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PREFACE

The progress toward a second edition of “ Activity Coefficients in Electrolyte Solutions" 
was well advanced by Dr. R. M. Pytkowicz, the editor of the first edition, when he resigned 
in early 1989 for health reasons. After a substantial hiatus, I was asked to take over the 
editorship. Most of the chapters and authors remain as were planned by Dr. Pytkowicz, but 
a few changes in authorship or coauthorship were necessary and one new chapter (8) was 
added. 1 am responsible for the present organization of the book but am happy to acknowledge 
the role of Dr. Pytkowicz.

My evaluation concerning the general state of knowledge in this field and the oppor
tunities for advances as well as certain specific comments concerning points of possible 
misunderstanding are given in the Introduction. At this point, I wish to thank all of the 
authors for the prompt completion of their chapters and my secretary, Peggy Southard, for 
assistance on various aspects of this project.

Kenneth S. Pitzer
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IN T R O D U C T IO N

It has been eight decades since activity coefficients came into use in the representation 
of the solute chemical potential in electrolyte solutions, together with the osmotic coefficient 
for the solvent chemical potential. While ionic solutions in other polar solvents have been 
and continue to be investigated, aqueous solutions dominate the electrolyte scene with respect 
to their importance in biological, geological, and industrial systems as well as in the range 
and intensity of scientific study. Although all of the concepts and theories are equally 
applicable to nonaqueous electrolytes, almost all of the particular systems that are considered 
here are aqueous.

In the earlier years, most research concerned pure, single-solute electrolytes at or near 
room temperature and at low and moderate concentration. Only a few systems were measured 
over the full molality range available. Subsequently, Robinson and Stokes and others through 
isopiestic measurements greatly extended the knowledge of a large number of electrolytes 
at 25°C. In their book Robinson and Stokes1 summarize this information as well as presenting 
an excellent account of the principles and the methods of measurement for electrolytes.

While a few measurements of mixed electrolytes were made in very early years, it was 
Hamed2 and his associates that measured quite a number of mixed systems and stated the 
rules bearing his name concerning their behavior. Again, this work was confined to tem
peratures near 25°C and to moderate molalities. Many others made substantial contributions 
to experimental research on electrolytes prior to the first edition of this book published in 
1979. It is impractical to list here all of the important contributors of that period; their names 
are cited in various chapters.

Even by 1910 it was recognized that the behavior of electrolytes in the dilute range 
differed from that of nonionic solutions. In 1912, Milner3 explained theoretically the cause 
of this difference in terms of the long-range nature of ionic forces, but his mathematical 
expression was so complex that it received little attention. In 1923, however, Debye and 
Hiickel4 presented a simple expression that captured the essential consequence of the ionic 
forces. Subsequently, various theorists investigated the difficult problem of an electrolyte 
with greater rigor and confirmed the correctness of the limiting law of Debye and Hiickel. 
As is described in certain chapters of this book, several of these later theories also contributed 
expressions for the behavior of more concentrated electrolytes.

The major advances in this field over the last fifteen years have been, first, in the area 
of mixed aqueous electrolytes of relatively high concentration extending to the limits of 
solid solubility, and second, for high temperatures up to 300°C and to pressures of hundreds 
of bars. Both of these advances are recognized in major additions to Chapter 3, a largely 
new chapter on natural waters, and new chapters on mineral solubilities and ion association 
at high temperatures and pressures.

With the ion-interaction (Pitzer) equations, including the theoretical terms for unsym- 
metrical mixing of ions of the same sign, together with ion-association equilibria where 
significant, it is now possible to predict activity coefficients and water activities accurately 
for mixtures of unlimited complexity and to the limits of solid solubility in most cases, 
provided, of course, that the solid properties are also accurately known. Computer programs 
are now available for such calculations.5 Special recognition is due to Harvie and Weare6 
for their pioneering calculations of mineral solubility by these methods including the key 
case of CaS04 solubility in aqueous NaCl where this method gave good results, whereas 
older ion-association methods gave a qualitatively incorrect trend with NaCl molality. Also 
important are the numerous treatments extending to solid solubility by Filippov and asso
ciates.7

In past years, ion-interaction and ion-association methods have been regarded as com
petitive. The first edition of this book gives a good account of the status and viewpoints of



1979. Clegg and Whitfield discuss both the history and current status of these methods in 
Section II of Chapter 6. While the title of Chapter 6 is "Activity Coefficients in Natural 
Waters," this discussion is comprehensive and not limited to "Natural Waters".

For systems with little or no ion association, specific interionic effects are still significant 
at substantial molality and the ion-interaction method has proven to be excellent. Even where 
there is unquestioned association to a moderate degree, such as to MgSOj in seawater and 
similar solutions, the inclusion of a special term in the ion-interaction equations has been 
found to be a better method at moderate temperatures than the inclusion of a formal association 
reaction. For H,SOj, however, the explicit inclusion of the association reaction to HSO„“ 
is essential. Thus, when HS04 orHCO, “ or similar species are formed by strong association 
reactions, one requires a combination of ion-interaction and ion-association methods to obtain 
accurate results. Also, the tendency toward ion association increases at high temperature 
where the dielectric constant of water becomes small (see Chapter 8).

For pure electrolytes at room temperature, there has been a good database since the 
1955 book of Robinson and Stokes,1 although significant improvements have been made as 
well as extensions to additional solutes. The appearance of accurate values at high temper
atures to 300°C and at high pressures is the second area of major recent advance. Particularly 
notable are the solvent vapor pressure measurements of Liu and Lindsay8 for NaCi(aq) and 
the isopicstic measurements of Holmes and Mesmer for several other salt solutions. Heat 
capacity, heat of dilution, and volumetric measurements have also been made extending to 
30O°C or above. This has allowed comprehensive thermodynamic treatments; many of these 
are listed in Chapters 3, 7. and 8.

There have been a number of interesting theoretical advances including those allowing 
statistical calculations for more realistic physical models; these are reported in Chapter 2. 
Nevertheless, it remains necessary to use semi-empirical methods to represent data to the 
full experimental accuracy.

As described in Chapter 1, various measures of composition can be used for electrolytes: 
mole fraction, molality (moles per kg of solvent), molarity (moles per liter of solution), 
weight fraction, etc. Most electrolytes have a range of solubility limited to about 15 mol ■ kg 1 
or less, and for such solutions molality has been found to be by far the most convenient 
measurement system. Thus, molality is used very generally in this book, but for exceptional 
cases of extremely wide solubility range, mole fraction is used. Indeed, for a pure ionic 
liquid the molality is infinite; hence, the change to mole fraction is necessary.

The words "ideal" or "ideality" are ordinarily associated with behavior that corresponds 
to unit activity coefficients on the mole fraction basis. The behavior given by unit activity 
and osmotic coefficients on the molality basis is similar, has the same limiting property at 
infinite dilution, but is quantitatively different at other compositions. It is very convenient 
in either system to use expressions for an excess Gibbs energy defined as the difference of 
the actual Gibbs energy from that of the ideal or another simple reference pattern. In each 
system, mole fraction or molality, it is most convenient and useful to use, as the reference 
pattern, that of unit activity coefficients in the same system. Thus, two slightly different 
"excess Gihbs energies” are now used. No confusion need arise provided each system is 
used self-consistently and with clear statements and definitions,

That the advances of the last decade are important to geochemistiy and chemical ocean
ography is clear from the results presented in various chapters, especially in Chapters 6 and 
7, The application to aerosols which comprise aqueous electrolytes is less obvious but 
important; at low humidity these aerosol solutions become highly concentrated. This is 
recognized in Chapter 6.

There are many biologically important aqueous fluids where chemical thermodynamics 
has been applied and has been essential to an understanding of the complex array of processes 
taking place. Ions are present in most of these fluids; indeed, it is (he activity of a particular



ion that is related to a biological function in many cases.’ 16 The ionic strength is rather 
low. however, so that a simple approximation for activity coefficients may suffice,

Thus, the numerous reactions involving adenosine mono*, di-, and triphosphates with 
various ions present and with varying pH constitute a very interesting system subject to 
treatment by the methods of chemical thermodynamics with equilibrium quotients for various 
reactions.9 11 Some of the early treatments were for constant ionic strength. They omitted 
activity coefficients and used equilibrium quotients assumed to be valid for that fixed ionic 
strength. Other treatments consider data for different ionic strengths but assume that an 
activity coefficient depends only on the ion charge and the ionic strength and is independent 
of the specific ions present.

As die precision of thermodynamic measurements for biologically important systems 
increases, it will be necessary to recognize the specific effects of other ions on the activity 
coefficient of a given ion. Since these effects are now accurately known for many ions, this 
information can be included without introducing unknown parameters. There may be other 
interactions in a particular case which are not known independently, bill it will be a better 
approximation to include the known ion-interaction terms than to ignore all interionic in
teractions and use only the ionic strength.

There is one area with a biological connection where highly concentrated electrolytes 
are involved. This is the use of concentrated solutions of NaCl or other salts to control the 
moisture content of foods in storage and its relationship to microbiological growth. Kitic et 
al.17 have used the ion interaction equations and reported their methods in the literature for 
food science.

Some biologically oriented investigations are now using the ion-interaction equations 
(Chapter 7 of the 1st edition. Chapter 3 of this edition) in the treatment of their data. Indeed, 
Baumgarten18 has published in a biological journal a simple computer program for this 
method. It seems probable that the more precise and complete treatments described in this 
volume will find increasing application in biological systems in the near future.

Finally, I note that in the geological area and in engineering there is great interest in 
aqueous electrolytes at still higher temperatures, far above 300°C, and this range requires 
a different theoretical approach from that used in this book. There is the phase separation 
of water and an appreciable salt solubility in the steam phase. Also, the compressibility of 
the solvent becomes infinite at its critical point. These aspects require the use of the Helmholtz 
energy rather than the Gibbs energy as the basic function. While several research contributions 
have been made, which are related to this higher temperature range, many aspects are still 
to be investigated. It will be an interesting field both theoretically and in applications in the 
near future.
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I. BASIC THERMODYNAMIC FUNCTIONS U H  V S G  A AND 
THEIR PHYSICAL SIGNIFICANCE; DIFFERENTIAL RELATIONS

A. THERMODYNAMIC FUNCTIONS
The thermodynamic properties of a substance or system at equilibrium may be grouped 

into (1) intensive properties, of which the most familiar are the temperature and pressure, 
and (2) extensive quantities, of which the volume and mass are most familiar. The former 
are independent of the size of the sample taken for measurement and are constant throughout 
each phase of the system. The temperature, in fact, must be the same in all phases of the 
system for true equilibrium to exist, though the pressure may be different in different phases, 
as in osmotic equilibrium. Other intensive properties are the density, refractive index, 
dielectric constant, percentage composition, and the various molar quantities (see Section
II.B).

Extensive quantities are directly proportional to the amount of the sample taken for 
measurement. The various energy quantities and the entropy are also extensive quantities 
when they refer to a phase or system as a whole, but their values per mole are intensive 
quantities.

The most frequently encountered thermodynamic functions in work on solutions are

The total energy or intrinsic energy U
The enthalpy H = U + PV
The entropy S
The Gibbs free energy G = H -  TS
The Helmholtz free energy A = U -  TS
The heat capacities at constant pressure and at con

stant volume c P =
( h ) .
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Cv = VanVv
The isothermal compressibility

Pt =
/ B  In V
l  B P

The adiabatic compressibility
ps =

/ b  In V
V 3P ,

The thermal expansion coefficient n — 1f B  In V\
“ 1l  aT

The last three properties above are intensives.
The thermodynamic properties and others defined in terms of them are functions of the 

state, that is. their values depend only on the existing state of the system and not on the 
route by which that state has been reached.

B. EQUATIONS OF STATE
If the nature and amounts of substances are specified, the volume, temperature, and 

pressure are related by an equation of the form:

V = f(T,P)

known as the equation of state. Thus only two of V, T. and P can be varied independently.

C. CONVENTIONAL AND ABSOLUTE VALUES OF THERMODYNAMIC 
PROPERTIES
The existence of a true zero pressure, that of a perfect vacuum, is obvious, and the 

aboslutc zero temperature is equally familiar. The entropy of a pure substance also has a 
true zero, that of its pure crystalline solid form at zero (Kelvin) temperature, according to 
the third law of thermodynamics. The energy quantities U, H. G, A, however, do not have 
a natural zero, and are consequently measured relative to arbitrarily chosen standard states. 
Thus the total energy U of a compound is usually referred to that of its constituent elements 
either at absolute zero or at 25°C.

D. PHYSICAL MEANING OF THERMODYNAMIC QUANTITIES
Temperature, pressure, and volume need no discussion. The total energy U is defined 

by the first law of thermodynamics

dU = q + w (I)

where q is the heat absorbed and w the work done on the system in an infinitesimal change. 
Hence, AU is measurable as the heat absorbed at constant volume, e.g .. in bomb calorimetry. 
Solution calorimetry, on the other hand, is usually carried out at constant (atmospheric) 
pressure, and the heat absorbed in this case is identified as AH. The entropy, and the free 
energies that involve it, are the least obvious of the thermodynamic functions, and textbooks 
of general thermodynamics should be consulted for a full explanation.1'7 The Gibbs free 
energy G is the most important function in dealing with chemical equilibria, being so defined 
that it is a minimum for equilibrium at constant temperature and pressure, it may be thought 
of as the chemical analogue of potential energy in a mechanical system, and. in particular, 
as closely related to electrical energy through the equation for reversible electrical cells

AG = -nEF
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where n is the number of electrons transferred and E is the reversible potential for a cell 
operating at constant temperature and pressure. The change AG in a process at constant 
temperature and pressure is equal in magnitude to the maximum reversible work which can 
be done by the process.

E. THE LAWS OF THERMODYNAMICS
The first law of thermodynamics, also known as the law of conservation of energy, says 

that the quantity U defined by

dU = q + w

is a function of the state of a system. Here q is the heat absorbed by, and w is the work 
done on, the system. The second law concerns the behavior of the entropy (S), stating that 
in a natural or spontaneous process taking place at a Kelvin temperature T, in which the 
system absorbs heat q from its surroundings,

d S > 3
T

and that in a reversible change

Processes in which dS <  q/T cannot occur according to the second law, and are called 
unnatural processes.

In measurements of the heat capacity C,. of a pure substance at constant pressure, heat 
is added at temperature T under reversible conditions, so that

q = CpdT

where

dS = %  dT 
T

and

S(T2,P) = S(T,,P) + f  ^  dT
JTl I

or S(T,P) = I + f  ^  dT (3)
Jo  I

where I is an integration constant.
The third law of thermodynamics states that for a pure crystalline solid the integration 

constant I is zero, i.e., the entropy itself is zero at the absolute zero. (In some cases allowance 
has to be made for the existence of different states of nuclear spin, which persist at the 
absolute zero.) This law arises from the statistical nature of entropy, expressed by Boltz
mann’s famous equation



S = k In W

5

(4)

where W is the number of complexions (distinguishable states) of the system.
In a perfect crystal. W = I, so S = 0.
Some authorities refer to a zeroth principle of thermodynamics, which amounts to a 

statement of the existence of temperature. Guggenheim' formulates this as, “ If two systems 
are both in thermal equilibrium with a third system, then they are in thermal equilibrium 
with each other."

F. DIFFERENTIAL RELATIONS BETWEEN THERMODYNAMIC FUNCTIONS
For a closed system, i.e.. one which no matter enters or leaves, the first and second 

laws are summed up by the equations

dU = TdS -  PdV 

dH = TdS + VdP 

dA = — SdT — PdV

dG =  -S d T  + VdP (5)

The last of these is the most important in solution thermodynamics, giving the very 
useful results

Equation 6 with G = H -  TS yields the very important Gibbs-HeItnholz equation:

^  = “  H/T=3T VTVp

which may also be expressed as

d(G/T)/a<I/T) = H (9)

Equations 5 to 9 are used in treating change of equilibrium constants with temperature and 
pressure.

II. SOLUTIONS: PARTIAL MOLAR QUANTITIES; CHEMICAL
POTENTIALS

A. OPEN PHASES: THE CHEMICAL POTENTIAL
An open phase is one which matter is able to enter or leave. When a chemical substance 

is added to or removed from a phase (e.g., when water evaporates from a solution), the 
thermodynamic properties of the phase are altered. These changes are described by adding 
to Equation 5 terms representing the energy, enthalpy, or free energy associated with each 
substance added. Each such term takes the form; chemical potential of substance x differ
ential quantity added. Thus
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dU = TdS -  PdV + X  pi.dn,
I

dH = TdS + VdP + X  V-M
i

dA = — SdT -  PdV' + £  p.dn,

dG = -  SdT + VdP + ^  M " (10)

where n, denotes the number of moles of species i present in the phase. The last of these 
equations gives the dearest physical meaning to the chemical potential, since by considering 
the addition of dn, mo! of species j to a phase at constant temperature and pressure we find

The subscripts as usual denote which state variables are held constant during the partial 
differentiation: i #  j means that the amounts of all species other than j are heid constant.

B. PARTIAL MOLAR QUANTITIES
For a phase such as a solution, any of the extensive thermodynamic properties (e.g., 

V. H, U, S. A. G) can be regarded as a function of the state variables P, T. and nt. Using 
X to denote an extensive property in general. we can then define the partial molar value of 
X for component j. denoted X. relation:

{The term partial molal is often used instead of partial molar. In this context, either molar 
or molal means simply per mole, and has nothing to do with the molarity or molality 
concentration scales.)

The chemical potential of species j in the solution is thus identical with its partial molar 
Gibbs free energy:

A physical interpretation of the chemical potential of a substance is therefore that it is the 
free energy change per mole of substance added to the phase when the amount added becomes 
vanishingly small; or the Gibbs free energy change when l mot of the substance is added 
to an infinite amount of the phase, the temperature and pressure being held constant in either 
case,

C. ADDITIVITY OF PARTIAL MOLAR QUANTITIES
Equation 12 can he integrated at constant temperature and pressure, with respect to the 

quantity of each component in turn. The components can he added in infinitesimal quantities, 
each proportional to the final amount of that component in the phase. This process can be 
described by

(U)

Xj — (dX/flnJ)Tp:n î ( 12)

U3)

dn, = n,dx

where dx is the same for all components, and x increases from 0 to I during the integration.
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dX = ^  X,dn, = £(nXW)tI 1

Now the n, are constants during the integration (since they describe the final state, and the 
relative amounts of the components remain unchanged as the additions proceed); hence, the 
X, are also constant since they depend on the temperature, pressure, and composition. The 
integration therefore gives

Xfinal I n,X,

= 2  n X
i

Furthermore, Xlllltlnl refers to the start of the process, when the amount of the phase is zero; 
so clearly XinillJ., is zero. The result is

X = 2  n,X
i

(14)

showing that the value of the extensive property X for a phase is composed additively of 
the partial molar values of its components, each weighted by the number of moles present. 
In particular.

" ip , (15)

III. CHEMICAL POTENTIALS AND ACTIVITY COEFFICIENTS; 
STANDARD STATES AND COMPOSITION SCALES FOR 

NONELECTROLYTES AND ELECTROLYTES

A. ACTIVITIES OF COMPONENTS
The activity a, of a component in a solution is a convenient alternative means of describing 

its chemical potential:

p, = + RT In (a,/at) (16)

Here the superscript ° denotes an arbitrarily chosen standard state for the component i. 
p° is then called the standard chemical potential of i. It is conventional to choose the 
corresponding standard activity a° as unity, giving the simpler relation:

p, = p° + RT In a( (17)

The reason for the logarithmic form requires some comment. In the simplest case, that of 
a single-component ideal gas phase containing n, mol. Equations 14 and 7 give

G = n,p,

(c)G/dP)TiBi = V = n,RT/P,

hence

dG = n.RT d In P,
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and

p, = const 4- RT In F, (18)

This means that the chemical potential approaches minus infinity as the pressure goes 
to zero, and the chemical potential is therefore an awkward quantity to discuss or tabulate 
for low pressures. Similar problems occur with solutions; in this case the logarithmic term 
involves the concentration instead of the pressure. However, when activities with appro
priately chosen standard states are considered, no infinite values occur; they are always 
positive, tending to zero at infinite dilution.

To avoid problems concerned with units. Equation 18 may be rewritten as

|x, =  p? + RT In (P,/P°) (19)

where p° is the chemical potential of the gas at the standard pressure P°.

B. STANDARD STATES
It must be emphasized that the choice of standard state is arbitrary; indeed, it is sometimes 

convenient to use different standard states for the same substance in the same solution. There 
is nothing arbitrary about the chemical potential itself: for a component of a given solution 
at a given temperature and pressure, its value is uniquely defined. It follows from Equation 
17 that if we change the standard state, we also change the value of the activity.

In some cases it is convenient to use an actual physically realizable state as the standard 
state. In the thermodynamics of mixed liquid nonelectrolytes, the usual choice is the pure 
liquid component at the same temperature and pressure as the solution. With this choice, 
the activity of any component must lie between 0 and I at equilibrium. This standard state 
is also almost invariably adopted for the solvent component of electrolyte solutions. Thus 
the activity of pure water is defined as unity, and the water activity in any solution is

a. = p;/p:* -  p j p :  ao>

The starred pressure symbol denotes the fugacity, an idealized partial pressure, which can 
be evaluated from the actual partial pressure P by the use of data on the nonidcal gas behavior 
of the vapor. ̂  The superscript zero refers to pure liquid solvent at the same temperature 
and hydrostatic pressure as the solution.

C. CHEMICAL POTENTIALS IN ELECTROLYTE SOLUTIONS
For substances that are solids at the temperature of interest, the use of the pure liquid 

as the standard state is inconvenient since it represents a metastable or unstable condition. 
Nevertheless, if the enthalpy and free energy of fusion are known, it is possible to retain 
this standard state for the solution, as is done, for example, in Hildebrand's1* treatment of 
the solubility of solid nonelectrolytes.

For electrolytes, however, a standard state is required which recognizes the ionic char
acter of the solution. This raises a problem peculiar to electrolyte solutions, which must 
now be discussed. We may define the chemical potential of the ion of species i by

P, = (21)

where j refers to all ionic species other than i and s to the solvent. However, the physical 
operation represented by Equation 21 cannot be carried out: there is no way in which we



can add to the solution ions of species i only, because only an electrolyte with equal amounts 
of positive charge on its cations and negative charge on its anions can be handled. For the 
electrolyte (formula B) as a whole there is no difficulty; the definition

M-b =
OG \
dllB/

(22)

represents a physically realizable process.
Equation 21 is actually incomplete in that it does not recognize that in adding charged 

ions of one species only, we will build up a charge in the solution. The free energy required 
to build up this charge from zero is in principle calculable from electrostatic theory, but 
will depend on the shape of the body of solution involved. Guggenheim' proposed the use 
of the “ electrochemical potential” for individual ionic species as a way of avoiding this 
difficulty. The internal electrical potential i|#inl of any phase, charged or not, may be defined 
as the work done in bringing a unit of electrical charge from infinity to the interior of the 
phase. Then the free energy of the phase is the electrochemical potential p,|.

K  = M-. + 2,F4i,n1

where F is the faraday and z( is the (signed) charge number of the ion. This concept finds 
its main application in the study of electrodes and other charged interfaces. For the present 
problem, it suffices to note that provided the internal electrical potential is the same, dif
ferences in electrochemical potential are equal to differences in chemical potential defined 
by Equation 21. This overcomes the conceptual difficulty, but not the physical obstacle that 
we cannot actually add one kind of ion only. The consequence of this fact of life is that 
there is no rigorous method of measuring the chemical potential of a single ionic species; 
all experimental methods lead, if fully analyzed, to values for the chemical potential of an 
electrically neutral assemblage of ions, or else to differences between the chemical potentials 
of electrically equivalent amounts of ions of the same sign. Theoretical treatments, on the 
other hand, frequently lead to calculated values for the chemical potentials of single ionic 
species. In order to compare these with experiment, they must be combined to give the 
chemical potential of an electrically neutral assemblage.

D. ACTIVITY, ACTIVITY COEFFICIENTS, AND STANDARD STATES
Accepting the conventional use of chemical potentials of individual ionic species, we 

may write

(i, = + RT In a, (23)

This places no restriction on the choice of standard state. Several different choices are in 
common use for electrolytes.

First, when the composition of the solution is described in terms of the molality scale, 
the standard state is the “ hypothetical one-molal solution" of the ion. It is so chosen that 
as the molality approaches zero, the ratio a/m, tends to unity. This ratio is defined as the 
molal activity coefficient y,:

= a/m*; —* 1 as m —* 0 (24)

■i = F-°m, + RT In (m.y.) (25)

The additional subscript (m) has been added to p.° to emphasize that the standard state 
in question applies to the molality scale.
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There is an awkward problem of dimensions concealed in Equations 24 and 25. The 
activity coefficient y is a dimensionless quantity, tending to 1 at infinite dilution. The molality 
m,, on the other hand, has dimensions mol kg 1. Strictly speaking, then, Equations 24 and 
25 should be written

-y, =  ajiiT/nii

M-i = M-imi) + RT l*1 (m ^/m 0)

where m° is the unit molality, i.e ., 1 mol kg 1. The inconvenience of inserting the m° factor 
in all expressions deriving from Equation 25, including equilibrium constants, is, however, 
sufficient to deter all but the most rigorously minded from doing so, and we shall use the 
handier form of Equation 25.

The standard state has the same composition as a real 1 molal solution, but its hypothetical 
character involves the imagined absence of all interactions between ions due to their charge, 
size, and other relevant properties. In this respect, the analogy between the ideal gas standard 
state of 1 standard atmosphere pressure and an actual gas at the same pressure is useful. In 
particular, the standard state must be such that Equations 24 and 25 hold at all temperatures 
and pressures. It follows from Equations 7 and 9 that the partial molar enthalpy and partial 
molar volume of the ion have the same values in the standard state as at infinite dilution. 
Also, ~y, must be unity in the standard state. We see that the standard state is an imaginary 
one in which the molality of the ion is 1 mol kg but all the partial molar functions not 
involving the entropy have the same value as in the actual infinitely dilute solution.

Second, for the molarity scale (q = moles of ion i per liter), a different standard state 
and activity coefficient are used: the hypothetical 1 molar solution and the molar activity 
coefficient (yj):

M-, =  M-°o + RT In (CiYi) (26)

Again the standard state is chosen so that y; —* 1 as c —» 0.
Some care is needed in the use of thermodynamic relations derived from Equation 26 

by differentiation with respect to temperature or pressure, e.g., from Equation 6 or 7. It 
must be remembered that, unlike the molality, c varies with temperature and pressure.

Third, the mole fraction scale often appears in theoretical treatments, and very recently 
has come into practical use for very concentrated electrolytes.9 The standard state is now 
one that has unit mole fraction of the solute species concerned, but in other respects has the 
properties of the solute in infinitely dilute solution. This is an even more theological concept 
than the hypothetical molal and molar solutions.

|Xj = p.°x, + RT In Xj f, (27)

where f, is the rational or mole-fraction scale activity coefficient,

E. MEAN ACTIVITIES AND ACTIVITY COEFFICIENTS
Thermodynamic measurements yield chemical properties not of individual ionic species, 

but of electrolytes as a whole. Taking the general formula to be X,., where the cation 
M has charge = z.e and the anion X has charge z,e, we have

v, z, = -  v ,  z. (28)

for electrical neutrality. The chemical potential of the electrolyte is
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X,„) = + v3pfX/Jt)

= p.°(Mlf|XV!) + v, RT ln(m,7 ,) + v, RT In (m372) (29)

Here the |x° term is a combination of those for the separate ions.

M -m .X J  = v .p W ' )  + v,p°(X'*)

More briefly, putting B for the formula of the electrolyte and denoting the cation by I and 
the anion by 2:

M-b = Pb + RT In (m,1 m3:) + RT In (7’,'' 75’) (30)

The mean molality and mean activity coefficient are now defined as

m . = (mj'' m3- ) '" (31)

y ,  -  (7;'' ypy1" (32)

where v = v, + u,, so that Equation 30 becomes

-  Pb + v RT In (m. - 7 .) (33)

In single electrolytes, m . is easily evaluated from the molality m and the formula, e.g., 
m_ = m for 1-1, 2-2, or 3-3 electrolytes, and m. =  4”  m for 1-2 and 2-1 electrolytes. 
In mixtures, m , can be evaluated from Equation 31 for any arbitrary choice of the electrolyte
B. subject to the condition of electrical neutrality.

The mean activity coefficient is the commonly tabulated quantity, and the subscript ( ± ) 
is often omitted from tables and equations where no ambiguity is likely to arise.

F. RELATIONS BETWEEN ACTIVITY COEFFICIENTS ON DIFFERENT 
SCALES
Occasionally it is necessary to convert activity coefficients for one concentration scale 

to those for another, in particular to convert molal activity coefficients 7 to molar activity 
coefficients y. The relationship can always be established by noting that the chemical potential 
of a substance in a given solution is unaffected by the choice of composition scale, but the 
standard states for different scales will differ by a constant amount (which may. however, 
change with temperature). The amount of this constant difference is fixed by the requirement 
that as the solution approaches infinite dilution of all components, all the solute activity 
coefficients must approach unity. (This condition applies to all the concentration scales used 
for electrolytes, but not to the case of liquid mixtures where the pure liquid component is 
the standard state.)

The most often needed conversion is between the molality and molarity scales, for 
which:

■y- (34)

where d,, is the density of the pure solvent. Calculation of the ratio c/m of course requires 
a knowledge of the density of the solution, or of the apparent or partial molar volumes of 
the solute components.
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G. THE SOLVENT CHEMICAL POTENTIAL, SOLVENT ACTIVITY, AND THE 
OSMOTIC COEFFICIENT
For the solvent s

fjis = + RT In as (35)

where the standard state is by convention the (real) pure solvent at the same temperature 
and hydrostatic pressure as the solution. Hence, the activity of the pure solvent is unity. In 
dilute solutions of electrolytes, the activity, and even the activity coefficient of the solvent 
are very little different from unity, so that the reporting of solvent properties in these terms 
requires a large number of significant figures. To overcome this problem and to simplify 
many calculations the osmotic coefficient <)> is defined by

4> = — 1000 In as/(Ms2  vt n \) (36)
k

where M, is the molar mass of the solvent, and the electrolyte k is present at molality mk; 
1 mol of the electrolyte k gives vk mol of ions in solution.

The corresponding molar scale osmotic coefficient is seldom used. The osmotic coef
ficient is so defined that it must tend to unity at infinite dilution of all solutes, i.e., it 
recognizes the fact that Raoult’s law for the solvent component becomes exact at infinite 
dilution.

IV . T H E  G IB B S -D U H E M  R E L A T IO N ; V A R IO U S  F O R M S  F O R  
T W O - A N D M U L T IC O M P O N E N T  S Y S T E M S

A. THE GIBBS-DUHEM EQUATION
A general differentiation of Equation 14 at constant temperature and pressure gives

d X = 2  n, d X( + 2  V dn, (37)

However, by Equation 13

d X = 2  x , dni (38)

Hence

2  n, d X, = 0 (39)

gives a relation between the values of any partial molar extensive property for the components 
of a solution. This trivial-seeming result is of enormous importance in solution thermody
namics.

When X represents Gibbs free energy, it becomes

2  ni d p., = 0 (40)

for any change of composition at constant T and P.
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B. RELATION BETWEEN MEAN ACTIVITY COEFFICIENT AND OSMOTIC 
COEFFICIENT
Since the chemical potentials in the standard states are independent of composition, 

Equations 40, 33, and 36 give for a single electrolyte solution

v m d In(my,.) = — (1000/M,) d In a, =  v d(m<t>) (41)

d In y ± = d <h

Integrating from m = 0 (where In = 1)

In "Y. = 4> -  1

Another manipulation of Equation 41 yields

4> = I +  — 
m

Equation 43 is used when vapor pressure measurements have been made on a solution, 
yielding values of 4> via Equations 36 and 20. It is clear from Equation 43 that the mea
surements must be made down to as low concentrations as possible, and must be spaced 
closely enough to permit accurate evaluation of the integral. However, with electrolyte 
solutes the limiting behavior of the osmotic coefficient at low concentrations makes Equation 
43 impractical in the form shown. This is because

d> -* 1 — Am1'3 as m -* 0

where A is the limiting Debye-Huckel slope for the osmotic coefficient. Hence, the integral 
in Equation 43 becomes

+ <tt> — 1 Idm/m 

we obtain

fm±_
Jo

dm

/" m d In y.

(42)

(43)

(44)

— A m 1,2 dmJn

in which the integrand approaches — *  as m —*■ 0.
This difficulty is overcome by changing the independent variable from m to ml 2 when 

Equation 44 becomes

Jr m Jj.   |
---- rr-  d m1'1 (45)

u m11

in which the integrand now approaches the finite value — A as m —* 0. The fact that A is 
calculable from interionic attraction theory assists in drawing the curve of (4> — 1 )/m‘ 2 vs. 
m12 in the region where experimental results become inaccurate.

The vast majority of vapor pressure measurements on electrolyte solutions are made by 
the isopicstic method (see Chapter 5) In this method, a known amount of the solute under 
study is placed in a small silver or platinum dish, and another dish contains a known amount 
of a reference solute such as sodium chloride; appropriate amounts of water are added (or 
already present in the stock solutions if the solutes are used in this form), and the dishes 
are placed in a desiccator on a copper or silver block to ensure good thermal contact between 
them. The desiccator is evacuated of air as far as possible and held in a thermostat for a
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day or two, with mechanical rocking to keep the solutions uniform. Under these conditions 
water passes from one solution to the other through the vapor phase until the vapor pressures 
(and hence the water activities) are equal. The equilibrium molalities m and mrel are then 
determined by weighing the dishes, and are related to the osmotic coefficients by

v m <(> = Uef mret r̂ef

4) = mref
v m rU (46)

The ratio (mret/m) is called the isopiestic ratio. In practice it is found that <|> can be measured 
with —0.1% accuracy by this method at molalities down to about 0.1 mol kg~ With 1-1, 
1-2. and 2-1 electrolytes, this is low enough to permit a reasonably accurate estimate of the 
integrand in Equation 45 between 0.1 m and zero concentration (where its value is -  A), 
and hence to determine true values of 7 ,. For higher valency-type electrolytes, however, 
the gap in the integrand between 0.1 m and zero concentration is usually too large for this 
method to be applied. The activity coefficients above 0.1 m can then be evaluated only 
relative to the value at 0 . 1:

J~m 1   j
---- —  d m12 (47)

m --<> 1 m

and recourse must be had to EMF (see Chapter 4) or freezing point studies to determine In 
y , (m = 0. 1).

Equation 44 finds its main application in cases where y T has been found by EMF 
measurements, and osmotic coefficients are required. The integral may be evaluated graph
ically or analytically. The results of measurements of activity coefficients are often given 
in the form of a Debye-Hiickel expression plus a power series in m

, am 12
‘ • ’ • “ - m * * 4  h , , * *  1481

for which Equation 47 becomes

am 12 , i
4> = 1 ------—  F(Pm‘ i  + 2  . B,m‘ (49)

3  , 1 . - - l -f* i

where

F(x) = 3 [1 + x -  2 In (1 + x) -  1/(1 + x)]/x3 (50)

The function F(f3m‘2) approaches unity as m -* 0. The factor a/3 in Equation 49 is the 
constant A referred to in the discussion of the integration of Equation 45.

In a solution with several solutes besides the solvent S, the Gibbs-Duhem relation
becomes

(1000/Mj d In as + 2  U mi d In y = 0 (51)

where the summation is carried over all the solute electrolytes.



V. IDEAL SOLUTIONS; ENTROPY OF MIXING ON VARIOUS 
STATISTICS; REGULAR SOLUTIONS; ATHERMAL SOLUTIONS

A. IDEAL SOLUTIONS
The idea] solution is defined by the condition that the chemical potential of component 

i at ail compositions is given by

p, =  |A| ( x) +  RT In Xj (52)

Hence the activity coefficients f, are unity at all concentrations. If there are only two 
components, it is sufficient to specify that one of them obeys Equation 52; it can then be 
proved by the Gibbs-Duhem equation that Equation 52 must hold for the other component, 
also. It should be noted that though the mole fraction scale activity coefficient f, is unity, 
this does not hold for the molal activity coefficient y or the molar activity coefficient y in 
an ideal solution.* Consider a nonelectro I yte A, which forms an ideal solution in the solvent 
S, at molality m. and let n,° denote the number of moles of S in 1 kg of pure solvent. Then

Ha = Hi 00 + RT In ■ ™ „ (53)m + n,

pA = p A (m) + RT In myA (54)

Hence, In y = B/(m + n^) where B is a constant to be fixed by the condition yA —» 
I as m —* 0. Thus, B = n,°. and yA = t/( 1 + m/n,°) for an ideal solution of a nonefecirolyte. 
For an ideal solution of an electrolyte in water (an unrealizable case) we should obtain

y t = 1/(1 + 0.018 wn) (55)

where v is the ion number defined in Section III.E. This expression is found as a term in
some versions of the Debye-Hiicke! equation, when it is argued that the solution would be
ideal but for the ion-ion interactions.

Ideal solutions have (as a necessary consequence of Equation 52) the property of mixing 
without enthalpy or volume changes, i.e., the partial molar enthalpies and volumes of the 
components in solution are the same as those of the pure liquids. One can probably say with 
safety that no actual solution is known that conforms exactly to the idea) solution model, 
but mixtures of substances differing only in isotopic composition come very dose to it. and 
Equation 52 can also be shown to hold for the solvent as a limiting case in very dilute 
solutions.

B. THE ENTROPY OF MIXING
When n, mo! of substance l are mixed with n, mol of 2 at constant temperature to form 

a single phase, the entropy of mixing ASmi, is defined by;

ASmil = S (solution) -  n, 5“ -  n2 5° (56)

where the superscript zero refers to the pure substances.
If the solution is ideal, it follows from Equation 52 that

* One may define <f> = I . y, = I as an alternate reference pattern of solution behavior in the molality system: 
sec Chapter 3. Equations 25 through 33.
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ASmix (ideal) = -Rfn,  In x, + n2 In x2) (57)

where the mole fraction x, = 1 -  x, = n,/(n, + n2). Also, the partial molar entropies are 

S, = S, -  R In x,; S, = S2 -  R In x2 (58)

These equations clearly generalize for any number of ideal components.
The statistical mechanics of the entropy of mixing of molecules of differing shape and 

size have been intensively studied.10 Flory and Huggins, dealing with the problem of long, 
flexible, polymer molecules dissolved in normal small-molecular solvents such as benzene, 
concluded that the entropy of mixing should be given more accurately by

ASmjx = — R(n, In , + n2 In <t>2) (59)

where <t>, the volume fraction of the component, has replaced the mole fraction of Equation
5 1 .  _ _ _ _ _

Since <!>, = nlV,/(nlV, + n,V2), the Flory-Huggins equation reduces to the ideal mixing 
Equation 57 only when V, = V2.

Solutions which obey Equation 59 as regards ASI111X, but which also have the ideal 
properties of no volume change or enthalpy change on isothermal mixing, are called athermal 
solutions.

The expression Equation 59 is frequently and appropriately used in discussing polye
lectrolyte solutions in regard to that part of the entropy of mixing that does not arise from 
coulombic interactions. It has also been used with some success in the case of simple 
electrolytes,1112 where it was first proposed by Glueckauf" for dealing with the entropy of 
mixing of solvated ions with the solvent. Its theoretical foundation in this case is a good 
deal more shaky, for the solute is now far different from the flexible chain model used for 
polymers.

A question with obvious relevance to the simple electrolyte problem is what is the 
observed behavior of the entropy of mixing of globular molecules of widely different sizes? 
This has been studied particularly by Marsh1314 and collaborators, who have measured free 
energies and enthalpies of mixing of cyclo-paraffin solutions of other cyclo-paraffins and 
of siloxanes such as octamethyl cyclo-tetrasiloxane. From these measurements, entropies of 
mixing are derived by the relation

AGm = AHm -  TASm (60)

The general conclusion is that the entropy of mixing of these real molecules usually lies 
between the ideal value (Equation 57) and the value given by the Flory-Huggins or “ volume- 
fraction statistics" (Equation 5 9 )  and somewhat nearer to the latter. To this extent, it supports 
the use of Equation 5 9  in calculations on electrolyte solutions.

In this case, however, it must be understood that it refers only to a part of the entropy 
of mixing, that part due to neither the coulombic forces between ions nor to the entropy 
changes that occur as the result of solvation of the ions or their effects on the structure of 
water, but due essentially to the differences of size between water molecules and (solvated) 
ions.

In many models of electrolyte solutions, starting with that of Debye and Hiickel, the 
ions are treated as charged hard spheres, and the solvent as a structureless continuum 
separating them, characterized only by its dielectric constant; this is known as the primitive 
model. With this model the above discussion of the entropy of mixing is scarcely relevant. 
A more appropriate model would treat the water molecules as another collection of hard 
spheres. The entropy of mixing of hard spheres of different sizes has been calculated by



Lebowitz and Rowlinson,'5 and differs from the ideal value by amounts depending on both 
the ratio of diameters and the packing density. The complexity of the expressions is, however, 
such that they are unlikely to find general use in electrolyte theory except for molten salts.

C. REGULAR SOLUTIONS
A “ regular solution" is defined as one for which the entropy of mixing is given by the 

ideal expression Equation 52, but the enthalpy of mixing is nonzero, being given by

dH„, = Wx,x, (61)

where W is a constant characterizing the interaction of the two species, and dH^ is the 
enthalpy increase when 1 mol of solution is made at constant temperature by mixing x, and 
X, mol of the components. From this definition, it follows that the mole-fraction activity 
coefficients are

In f, =  (W/RT) x|

In f, = (W/RT) xf (62)

Further, it can be shown that when W > 2RT there will be a range of compositions for 
which the solution will separate into two phases: the upper critical solution temperature is 
given by Tc =  W/2R.

This model is mainly used for mixtures of nonelectrolytes, sometimes in combination 
with Equation 59 instead of Equation 56 for the entropy of mixing. The tegular solution is 
the next simplest approximation to the ideal solution. It is relevant to electrolyte solutions 
in suggesting an appropriate form for the “ noneiectrolyte” interaction terms to be added to 
theoretical expressions for the coulombic contributions to the activity coefficient. The f, and 
f, in the above equations are referred to unity in the standard state of the pure liquid
component. This is the standard state used for the solvent component in electrolytes, so
Equation 52 suggests that the nonelectrolyte interactions will contribute to In a,, a term of 
the form

d In a, = (W/RT) xf = a m*

The corresponding contribution to the osmotic coefficient 4> will be

d<t> = a 'm (63)

where a and a' are constants.
By Equations 48 and 49, a similar term in the first power of m will appear in the 

expression for In y. This argument gives a qualitative justification for the inclusion of first- 
order terms in m in the expressions for osmotic and activity coefficients. Higher integral 
powers are sometimes necessary as well.

VI. COLLIGATIVE PROPERTIES

A. FREEZING POINT DEPRESSION
Freezing point depression measurements provide a useful means of studying activities 

in electrolyte solutions and fill an important gap in the region below 0,1 m where the 
isopiestic method is insufficiently accurate. The only other feasible method in this region 
is the measurement of EMF of cells, and this is frequently impossible because no suitable 
reversible electrodes are known.
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At the freezing point T, of a solution, the chemical potential of the solvent in the solution 
is equal to the chemical potential of the pure solid solvent at T,-. The latter quantity can be 
calculated from the freezing point of the solvent by the Gibbs-Helmholtz equation, provided 
that the latent heat of fusion of the pure solvent and its temperature dependence are known. 
For the solvent S in the solution we use unprimed symbols, and for the pure solid, primed 
symbols. Then for equilibrium at temperature T

p.j(T) + RT In a„(T) = p,'(T) (64)

In ajT) = [fx'(T) -  (x°(T)]/RT (65)

For an infinitesimal change of composition, while equilibrium between solid and solution 
is maintained by a corresponding infinitesimal change in T:

d In a„(T) 
dT — ( ^ )  - 

dT VRT/

h ° h ;
RT2 RT2

AH,
RT2

— ( — )dT \  RT /

( 66 )

where AH, is the molar enthalpy of fusion of the pure solvent. In general, AH, is not quite 
constant but is a function of T

AH, = AH° + ACp (T -  T°) (67)

where T° is the freezing point of the pure solvent.
Integrating Equation 66. subject to Equation 67 with ACp assumed independent of T. 

gives

—  + f  ( , r  + r ) + D
where D is an integration constant.

To evaluate the integration constant, take the case of the pure solvent, where as = 1 
and T = T°, finding

so that

AHj
RT°

In as (T)
T

+ li!
T 1] (69)

This equation may be simplified by expansion in powers for AT T . where AT is the freezing 
point depression AT = T° -  T, but there is little point in this in the age of personal electronic 
calculators. The left-hand side of Equation 69 reminds us that freezing point data give the 
solvent activity at the temperature of the freezing point of the solution concerned.

For dilute solutions, where T is no more than a degree or so below T . the difference
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between In a, for the same solution at T and at T° is usually negligible. However, the freezing 
point method can be used at higher concentrations: in that case the conversion from T to 
T 3 requires the use of data on enthalpies of dilution, as discussed in Section VII. These data 
are also needed in conversion from T° to higher temperatures.

Activity coefficients may be obtained from freezing point data via Equations 69. 36, 
and 45. Alternative methods of calculating are available to give them more directly, but as 
both osmotic and activity coefficients are of interest there is no particular advantage in doing 
this.

B. BOILING POINT ELEVATION
Boiling point elevation measurements may also be used to determine solvent activities, 

though they are not popular since the same information may be obtained more conveniently 
by high-temperature isopiestic measurements. The freezing point method assumes that only 
the pure solvent freezes out from a solution. With electrolyte solutes, this is generally true, 
but a long-standing discrepancy in the activity coefficients of ammonium chloride was 
resolved by the discovery that the solid phase in this case is a dilute solid solution. Similarly, 
(he boiling point method assumes that the solute is involatile.

Direct measurement of the vapor pressure is important chiefly as having provided some 
of the standard osmotic coefficient data2 for the reference electrolytes used in isopiestic 
measurements — e.g., NaCl, CaCL, and H2S 04.

C. OSMOTIC PRESSURE
The osmotic pressure of electrolyte solutions is of great biological importance, but its 

measurement is seldom used as a direct source of thermodynamic data on simple electrolytes 
owing to the difficulty of making genuinely semipermeable membranes for small ions. 
Because of the industrial importance of “ reverse osmosis” in water purification, the basic 
thermodynamic relation is shown below,

In osmotic equilibrium across a truly semipermeable membrane, the solution under a 
pressure P =  P° + II is in equilibrium with pure solvent at pressure P° and at the same 
temperature. Hence, for the solvent component:

P. (P) = p^P") (70)

Now the pressure dependence of p, is given by Equation 7:

3P V. (71)

where V, is the partial molar volume of the solvent. Making the approximation of treating 
this as independent of the pressure (i.e.. depending on temperature and composition only), 
we have for a given temperature and composition by integrating Equation 71

P.(P) = p,(P°) + V,(P° -  P)

= p : <P°) + RT In a. (P°) + V.cP0 -  P)

Hence, by Equation 70

In a. (P°) = V, (P° -  P)/RT = -  IIV./RT (72)

from which follow various approximate forms, including the familiar equation for dilute 
nonelectrolyte solutions
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n  = RTc (73)

Equation 71 with 36 shows that the osmotic pressure is related to the osmotic coefficient <j> 
and the molality

II = RT v m <|> Ms/1000Vs (74)

This is a case where a careful look at the units involved is required. If Equation 36 were 
written with proper attention to units, it would read

<f> =
1 kg m° 
Ms vm

In as (75)

where m° is unit molality (1 mol • kg ') and the 1000 in Equation 36 is recognized as really 
meaning 1000 g.

Hence, Equation 74 should strictly be

II = (RT M/Vs) (1 mol k g 1) (v m 4>/m°) (76)

e.g., for 0.1 m aqueous NaCl at 25°C, taking <j> = 0.932, Vs = 18.0 cm1 • m o l 1, Ms = 
18.016 g • mol-1, and v = 2, we obtain

II = 8.314 x 298.15 x 18.016 x 0.2 x 0.932/1000 x 18.0 J - c m - 3 

= 0.462 J • cm 3 

= 4.62 x 105 Pa = 4.62 bar

It should be noted that the basic osmotic pressure Equation 72 holds for any mixed 
electrolyte or nonelectrolyte solution, since it involves directly only solvent properties as, 
Vs, and Ms. The first two of these are, of course, functions of the composition, though for 
dilute solutions Vs is close to the pure solvent value. In a solution of a single solute at 
concentration c, is conveniently calculated from

V. Ms/( p
dp1'
dc/

(77)

where p is the density of the solution.

D. DERIVATION OF THERMODYNAMIC QUANTITIES FOR ELECTROLYTE 
SOLUTIONS FROM ELECTROMOTIVE FORCES OF CELLS
The applications of electromotive force measurements are the subject of another chapter 

in this volume. Here we give only some basic thermodynamic relations. If an electrical cell 
with perfectly reversible electrodes is held at constant temperature and pressure, and its EMF 
E is measured under conditions of zero current drain, the Gibbs free energy change for the 
cell reaction is given by

AG = nlii (78)

where n is the number of electrons transferred in the equation for the cell reaction, and F 
is the faraday. Equation 78 implies that E is counted as positive for the spontaneous cell 
reaction, so that the spontaneous free energy change is negative. In other words. E is given 
the sign of the electrode from which electrons are abstracted in the spontaneous cell reaction.



For a particular celt, E depends on rhe chemical potentials of all the substances involved 
in the cell reaction. If these are all taken to be in their standard states, the EMF is the 
standard cell potential E°, and Equation 78 then gives the standard free energy charge for 
the spontaneous reaction, AG°. Since the electrode constituents themselves are usually pure 
substances (or arc at least in states that do not alter with the solution composition), the 
quantity E-E° can be expressed in terms of the activities of the components of the cell 
solution. It should be noted that these may include the solvent as well as the electrolyte and 
nonelectrolyte solutes, and it is essential to start the thermodynamic analysis of EMF data 
by writing out the chemical equations for the electrode and cell reactions, to be sure that 
no relevant component is overlooked.

From Equation 78. other thermodynamic quantities such as activity coefficients and 
equilibrium constants can be derived. Also, by measuring the temperature dependence of 
E, the entropy change and hence the enthalpy change can be obtained:

AH =AG + TAS (79)

Some care must be taken in assessing the reliability of entropy and enthalpy data obtained 
in this way.

For a cell reaction involving a one-electron transfer (n = 1), Equation 78 shows that 
an error of 0.1 mV in E corresponds to approximately 10 J/mol uncertainty in AG for the 
cell reaction. The same error in AE over a 10° temperature range, i.e., an error of I0‘ 5 
VK“ ! in SE/flT, corresponds to 1 JK 1 mol 1 in AS. and therefore to —300 J mol 1 in 
AH. These are realistic limits for the best EMF data, and it follows that enthalpy changes 
can often be obtained more reliably from direct calorimetric studies.

VII. ENTHALPY AND VOLUME PROPERTIES; APPARENT 
MOLAR QUANTITIES

A. TEMPERATURE AND PRESSURE DEPENDENCE OF ACTIVITY 
COEFFICIENTS
The chemical potential of component i of a solution may be written:

Y = Y  +  R I" nt,y( (80)

Applying the Gibbs-Helmholtz relation Equation 9 to Equation 80 gives, since is inde
pendent of T:

/d J rn A  = H? -  H, 
 ̂ dT ) P„mp RT- (81)

Because the standard state is so chosen that at all temperatures In y, —* 1 as m —» 0, it 
follows that

Lim H, = H“

confirming an earlier remark that the partial molar enthalpy in the standard state is the same 
as at infinite dilution. The term on the right of Equation 81 may therefore be written (H,‘
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-  H.i RT for any solute component. For the solvent, the corresponding result is

/ d In a>\  _  n;: -  Hs
V dT / P ,c o m p  RT2

(8 2 )

where H° is the enthalpy of the pure solvent.
For an electrolyte B, applying Equation 81 to each ion, we find

/ d In 7 ±\  = Lb
V aT / p,co„1p v RT2

(83)

where LB = HB — HB is the relative partial molar enthalpy of the electrolyte (i.e., relative 
to infinite dilution).

B. PRESSURE DEPENDENCE OF ACTIVITY COEFFICIENTS
By a similar argument based on Equation 7, we find for the variation of activity coef

ficients with pressure at constant temperature and composition

( 3 l n-yA = VB -  Vg
V aP / Tcl)mp v RT

where VB is the partial molar volume of the solute, and also

/ d In aA _ V, -  V°
V dP / '[ ' .c o m p  RT

(84)

(85)

C. PARTIAL MOLAR ENTHALPIES AND VOLUMES
Equations 82 to 85 involve the partial molar quantities corresponding to the extensives 

H and V.

H ; v, = ( —)Vdn,/ T.p.n, Vdn,/ r.p.n,
( 86)

For electrolytes, both these partials vary with composition, the variation of H being 
more pronounced than that of V, It is possible in principle to approximate physically to the 
operations implied by Equation 86, e.g., when i is the solvent, a small amount of it can be 
added to the solution and AH or AV can be observed directly. This method is quite practical 
with nonelectrolytes, using, respectively, the isothermal dilution calorimeter16 or the isoth
ermal dilution dilatometer.17 For electrolytes, however, the Vc-dependence makes it difficult 
to use such methods at low enough concentrations. Most experimental methods therefore 
depend on measurement of apparent molar quantities and the analytical conversion of these 
to partials.

The apparent molar value *X„ of the extensive X for the solute component B of a solution 
is defined by

X -  n,X°
(87)

where ns and nH are the numbers of moles of the components present, X is the value of the 
extensive for the total quantity of solution (ns + nB mol), and X  ̂ is the molar extensive



23

for the pure solvent at the same temperature and pressure. Thus in the case of volume, ,bVH 
= ( volume of solution — volume of solvent before mixing)/moles of solute, or

V = nH *V„ + n, V; (88)

This is to be compared with

V = nD VB + n. V, (89)

where VH and Vs are the partial molar volumes.
By differentiating Equation 88 partially with respect to nH we find

= + nH (r>'t‘VH/rtnH)n% T p

and since the molality m is defined for constant ns. this becomes

VB = *V„ + m(d"-VH/dm) (90)

Vs then follows from Equation 89.
The advantage of this method is that ,hVH can be determined directly from the composition 

of the solution and the densities of the solution and the pure solvent by Equation 87; the 
differentiation is the carried out graphically or analytically using Equation 90.

For electrolytes, theory shows that the limiting behavior of '“’V in dilute solutions is 
given by

*V = •bV° + A m,jJ (91)

where the limiting slope A is known from theory. Hence Equation 90 is transformed to

VB = *VB + 1/2 m ':(d-VH/d m1J) (92)

before calculating the differential.
The limiting value ,!’V may be obtained by plotting “'V against m12 according to Equation 

91, the extrapolation being guided by the requirement that the theoretical slope should be 
approached as m '2 —* 0.

The accuracy with which *V can be determined in this way depends essentially on the 
uncertainty in the quantity (p -  p°)/m. Pyknometrically determined densities have errors 
of (at least) a few parts in a million, and the error in *V is therefore inversely proportional 
to m. With higher valency types than M  electrolytes, it is necessary to go to quite low 
concentrations {<0.01 m) in order to reach the region of validity of Equation 91. and the 
errors become unacceptably large. They may be reduced by using a diiatometric method11 
for the dilute solutions. A stock solution is prepared of such concentration that *V for it 
may be obtained, within say 0.01 cm' mol ' by density measurement. A known amount of 
the stock solution, containing n„ mol of solute, is then mixed isotherntally with a much 
larger volume of solvent in a dilatometer. in which the volume change AV on mixing can 
be directly observed in a calibrated capillary. The apparent molar volume of the solute in 
the solution after mixing is then given by

*V = *V (stock) + AV/na (93)

F o r e x a m p le , if  0 .5  c m ' o f  2 ,0  M so lu tio n  is m ix e d  w ith  w a te r  in a d ila to m e r  o f  l I v o lu m e .
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nB — 0.001 mol, and AV may be measured within — 2 x 10 4 cnv\ so that *'‘V for the final 
(0.001 M )  solution is known within ±0 .2  cm' mol ’. The uncertainty in AV arises mainly 
from variations in temperature before and after mixing; the figure quoted corresponds to a 
change o f —0.001 K on the Id volume, which is well within the capacity of a good thermostat. 
To obtain the same accuracy in ,bV by direct density measurements at 0.001 M  would require 
an accuracy of 1 x 10 7 g c m i n  both p and p°.

Enthalpy changes for electrolytes are measured in two main ways. First, the enthalpy 
of solution of the solid electrolyte is measured in a calorimeter1” in which usually a known 
quantity of the solute is contained in a thin-walled bulb that is broken under a known mass 
of solvent, and the heat change is measured against an electrical heating standard. Second, 
the enthalpy of dilution of various solutions is measured.19 70 This is frequently done19 in a 
twin calorimeter. In one vessel, pure solvent is mixed with pure solvent; in the other, a 
similar amount of a solution is mixed with the pure solvent. Stirring is necessary, and in 
this method its heating effects are largely cancelled. The temperature difference between 
the two vessels is followed and kept close to zero by heating one or the other liquid 
electrically. Another technique uses an isothermal dilution calorimeter16 in which solution 
is progressively added to the pure solvent, electrical heating (and cooling, if necessary) 
being used to hold the temperature constant. Both these methods measure changes in the 
apparent molar enthalpy, *H, and after extrapolation to infinite dilution one obtains values 
of the relative apparent molar enthalpy ^L. From these values the partial molar enthalpies 
Lb and Ls (Equation 83) relative to infinite dilution may be calculated by methods similar 
to that discussed above for the volume.

VIII. EXCESS THERMODYNAMIC PROPERTIES

An ideal solution has the following thermodynamic functions of mixing at constant 
temperature and pressure:

AHltlix = AU,llix = 0 

AVmlx = 0

AS. . = R 1 \ in \

AGmix = RT A x, In x, (94)

Molar excess functions, XH, are defined by the general equation (wTtere X denotes any 
extensive)

Xh = X (actual) -  X (ideal) (95)

and conveniently refer to 1 mol of the mixture. Hence, for example,

Gf = RT A x, In f, (96)

If we consider an electrolyte solution containing 1 kg of solvent ( = s mol of solvent) 
and m,  mol of various ionic species i, its total free energy G is given by

G -  s (xs + A m, (x, (9?)

= s (fx6 + RT In u j + Amjp,6 + RT In (m, y,)|

For the corresponding ideal solution, where the activity coefficients f, and f are unity:
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G (ideal) = sfp.? + RT In -----+ - m ip ? ' + RT In --------------) (98)
V s + \  s +

For the solvent, the standard states in Equations 97 and 98 are the same (the pure 
solvent); but for the solute species p°’ is not identical with p°. To establish the relation 
between them, we note that p, is independent of the composition scale

p, = p? + RT In m, + RT In y,

= p°' + RT In — + RT In f, (99)
s + im ,

Considering the special case when all m, —» 0. and f, and -y, —* 1, Equation 99 gives

p? = \l°' -  RT In s (UK))

From Equations 97. 98. and 100 we find

(G -  G ideal)/RT = £ m, In y, + s In a. + (s + 1 mt) In ------(101)
s

Applying this to the case of a single electrolyte at molality m. and using

S m, In y, = v m In y r

s
<|> = -------In a,

v m

we obtain for the excess free energy of the solution per mole of electrolyte present

G1 = (G -  G ideal)/m

. s + vm . s + vm\
=  v RTI In y . — d> + ----------In -----------] (102)

\  vm s /

Since s (in aqueous solutions at least, where s = 55.51) is typically large compared to vm. 
we may expand the logarithm in the last term of Equation 102 to give

(s/vm)ln(l + v m/s) = 1 -  l/z(v m/s) +  (103)

where

G1̂ = v RT(ln y ,  -t- I -  <h) (104)

The approximate expression Equation 104 is treated in many papers as giving Gf ex
actly* Certainly the error is usually small, and being a function of m only, it cancels when 
comparing Gh values for different electrolytes of the same valency type; also, it disappears 
on taking derivatives of G’ at constant composition, as. for example.

* With the alternate definition y, = t . <J> = I as a reference pattern in the molality system. Equation t(M becomes 
the exact expression lor the excess quantity in that system: sec Chapter .3. Equations 25 through 3.3.
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S' = (dG,1/f)T)p,,,

v h = (f)GH/aP),,m

Hl = RT i,XI' -Vl'i,, „ (105)

From Equation 101. however, the exact expression for G H is

CC =  RT[v In + (s/m) In f j (106)

Here fs is the mole-fraction scale activity coefficient of the solvent: f  = a/'xs where x„ is 
calculated counting each water molecule and ion as a separate particle.

IX . M U L T IC O M P O N E N T  S Y S T E M S  —  T H E R M O D Y N A M IC  
R E L A T IO N S ; S A L T IN G -O U T  A N D S A L T IN G -IN  E F F E C T S

A. THERMODYNAMIC RELATIONS FOR MULTICOMPONENT SOLUTIONS
The total Gibbs free energy G of a solution containing n,, n,, n, mol of components 

1,2,3...........respectively, can be written in terms of the chemical potentials of the com
ponents

G = n, (JL[ 4- n, p 2 + n, p, + . . . (107)

One relation between the chemical potentials is the Gibbs-Duhem Equation 40. Another 
may be obtained by using the cross-differentiation relation of partial differential calculus. 
If W = f(x,y . . . ), then

4 d W  d f)W d’W
tty Ox dx fly d xd y

(108)

This relation states that the order of two successive partial differentiations with respect 
to different variables is immaterial. From Equation 107

Fi
ae
on,

Applying Equation 108 to these results

Op., 0
On 2 ftn2

flG • 
On, /

0
On,

dM-2
On,

(109)

(110)

It is understood here that temperature, pressure, and all the n's except the one that appears 
in the denominator of the partial are kept constant.

When using Equation 1 10 in solution thermodynamics, it is usual to express the com
position in terms of the molality of each electrolyte present. In the case of a solvent S with 
two solutes 1 and 2, this amounts to putting

„ = 1000 g/Mn.
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n, = m,

iij “  m2

so that Equation 110 becomes

( i l l )

Equations 40 and 110 make it possible in principle to determine the changes in chemical 
potentials of all the components of a solution from measurements of the chemical potential 
of any one component over the entire range of solution compositions. Thus isopiestic vapor 
pressure measurements on mixtures of two electrolytes can be used to find the activity 
coefficients of both electrolytes. For most electrolytes, however, solute solubility limits the 
range of composition for the solution, and this restricts the possibility of calculation of other 
activities from measurements of the activity of one solute (see Chapter 3. Section IV.C).

Equation ! 11 can he expressed in terms of the mean activity coefficients. If there is no 
common ion.

M-i = M-? + v, RT In (Qm, -y,) ( 112)

where Q is a numerical factor calculable from the formula of the electrolyte. Hence

RT(iJ!LiiO
rlii ij/ ui V t) MIi /

and Equation 10H becomes

‘'i

(113)

(114)

For a nonelectrolytc solute, v is replaced by 1 and y is simply the molal activity coefficient 
rather than the mean activity coefficient.

B. SALTING-OUT EFFECTS
Salting-out (or salting-in) is the phenomenon by which the solubility of one solute in a 

solvent is altered by the presence of another solute. In a solution saturated with respect to 
a solute I, the chemical potential of 1 is constant at constant temperature and pressure, 
because; p.,{sat) -  fx,(soJid) = ftT.P) only.

Hence

p.,(sal) \ _
V (i m  /  y  p (115)

and from Equation 112

/ i f  In m.(sat>\ / t )  In v .  \
( — IT 1----- ) = " )  m h >\ o /  t.p \  o m_> /  t p

Thus, if the addition of solute 2 to the solution increases the activity coefficient of solute
1. the solubility of solute 1 is reduced, i.e., 1 is ‘‘salted-out” by 2. In dilute solutions of
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electrolytes, y, decreases as the ionic strength increases, and the right-hand side of Equation 
116 is therefore positive. The solubility of a sparingly soluble salt is therefore increased by 
the presence of low concentrations of another salt. This argument implicitly assumes that 
the added salt has no ion in common with the first salt.

When there is a common ion, Equations 111 and 40 still hold, but (x, does not take the 
simple form of Equation 112. Considering the case of two electrolytes, say NaCl and KC1 
at molalities m, and m2:

|x, = |x° + RT{ln[(mk-)(yK -)] + ln[(mCI )(yCI )]}

= |A° + RT{ln(m,yK. ) + Inftm, + m2)ycl ]} (117)

and the calculation of ( d  m,(sat)/d m,)T,P follows.
The uses of solubility measurements in solution thermodynamics are discussed elsewhere 

in this volume.
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I. IN T R O D U C T IO N

Statistical mechanics is the science of drawing macroscopic conclusions from micro
scopic hypotheses about systems composed of a large number of particles, atoms, molecules, 
ions, etc. In this chapter, we shall outline how statistical mechanics has been applied to 
electrolyte solutions. Our object will be to provide an overview and an introduction to the 
more detailed considerations of several of the later chapters. We shall try to concentrate on 
the physical ideas necessary for understanding liquid solutions, particularly ionic solutions, 
and how these ideas are reflected in the mathematical formalism. We shall not be sparing 
of equations, though we shall, more often than not, omit detailed derivations. Our treatment 
is not intended for the complete novice. We hope it will appeal to the partially knowledgeable 
scientist who may not be conversant with development in solution theory and wishes an 
entree to the subject.

It is customary to distinguish between the theory of liquids and the theory of solutions, 
even though one may be primarily interested in liquid solutions. The difference is that any 
theory of liquids, pure or mixed, is essentially a description of a dense, disordered phase 
of matter. A theory of solutions, which by its very nature refers only to mixtures, is concerned 
primarily with the differences between the mixture properties at differing concentrations and 
those of its pure components. In solution theory, many of the vexing questions of liquid 
theory (such as, why does a liquid state exist at all?) are merely not asked; the properties 
of the pure components are regarded as given. Of course, one is not compelled to adopt 
this distinction, but it is commonly done. In this chapter we shall concentrate on solution 
theory.

We shall treat only classical systems and not discuss quantal mixtures at all. Furthermore, 
we restrict ourselves to equilibrium theory and do not even mention transport phenomena 
from here on.

Statistical mechanics begins with given data; the microscopic nature of the system must 
be known. We must know the nature of the particles that constitute the system, and we must 
know their interactions, that is, the intermolecular forces. Given these data, there is a well- 
defined, unambiguous algorithm for computing the macroscopic thermodynamic properties. 
Although the problem is solved in principle, in practice rigorous computations are often 
beyond our capabilities. We must be content with approximations.

Statistical mechanics has had much of its success in cases where the interactions between 
particles are small. Either the interactions can be transformed away (phonons in solids), are 
intrinsically weak (a case beloved by theoreticians, but not common in practice), or the 
system is dilute (so that the interactions, while possibly strong, are rare). Unfortunately, 
none of these circumstances holds for liquids, in general, and solutions, in particular. Solution 
theory is therefore replete with models and approximations.
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I I . S O M E  F O R M A L IS M

A. PARTITION FUNCTIONS
In (he description of systems containing many particles of different species, the notation 

specifying the state of the system becomes a problem. We shall adopt the following concise 
notation. Our system consists of N, particles of I , N;. of type 2. . . . .  N., of type rr. We
shall denote the set N......... .N„ by N. The coordinates of the jth particle of species s will
be denoted by (jj. The coordinates of n. molecules of species s will be denoted by {n.}
rather than x,, y,. z,...........xn>, ym. z„,. In general, a boldface symbol will refer to a set
of variables, one for each species. Thus we will write N = N,...........N,.. {N} =  {N,},
{N J ...........{N„}. The chemical potentials of the species in the system are p.,, p,,, . . . , p„,
which we write coltectivley as pi. The sum X* ,, Nkpv often arises: we shall abbreviate this 
by N-p~ Similarly, we shall write N! for N,!N,! . . . N,r! and ah for i r j \ , a*1.

We shall have occasion to integrate over very many variables so we need a shorthand 
for such integrals, also. For particle j of species s, we shall write.

d tjj = dx(, dy,. dzjh (la)

d^nj =  d( 1J  d(2j. . .d(nj (lb)

d{N} = d{N,}------ d{NJ (Ic)

It takes a bit of practice to get used to this notation, but it proves to be extremely 
convenient. It is due to McMillan and Mayer.'

The quantity that one must calculate in classical equilibrium statistical mechanics is (he 
partition function, defined by

Q(N, T. V) = (A -W/N!) f  exp [ - 0  U(N)| d{N} (2)

Here U({N}) is the potential energy of interaction of the N particles in the system, as a 
function of their mutual configuration. V is the volume of the system. 3 is defined by 3 = 
(kT) and A, is defined by A, = (2irmJcT/h1) 1'1. m, is the mass of a particle of species 
s, k is Boltzmann's constant, h is Planck’s constant, and T, the absolute temperature. The 
integral is over all possible configurations of the molecules.

Our notation has tacitly assumed that the molecules that make up the system under 
consideration have only translational degrees of freedom. Of course, in reality, molecules 
also have orientational and vibrational degrees of freedom. In the interests of keeping the 
notation and the ideas as simple as possible, we shall, in this chapter, consistently neglect 
such internal degrees of freedom. This is not to say that internal degrees of freedom are 
unimportant, but only that we can present the ideas we want to emphasize without their 
explicit introduction.

Let us return to the partition function. Equation 2. and inquire into the meaning of the 
various factors. The A lN factors come from integrating exp< -  3^1 over momentum space, 
where K is the kinetic energy of the entire system. These factors are essentially uninteresting 
in the sense that when one calculates the changes of thermodynamic properties on mixing, 
they cancel out. The N! factors correct for an overcounting of configurations in the integral 
of Equation 2. For any given configuration of labeled particles, any permutation of like 
particles gives a physically indistinguishable configuration, differing only in the labels 
assigned to the panicles at the given positions. The labels are mathematical artifices for the 
integration variables: the particles of a given species are indistinguishable. Hence, we must 
divide by the number of possible permutations of N particles, namely. N!
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The integral can be looked on as follows: one can write

Z = Jexp( -  3U({N}))d{N}

= Jexp(-(|3E)8(U({N}) -  E)dE d{N} (3)

= Jg(E)exp( -  (JE)dE

where g(E) = J8(U — E)d{N}, and 8 is the Dirac delta function. g(E) is the volume of 
configuration space corresponding to energy E. By Boltzmann’s formula

g(E) = exp(S(E)/k) (4)

where S(E) is the entropy of a system with energy E. Since the Helmholtz function is given 
by (3 A = 3(E -  TS), we can finally write Equation 3 as

Z = Jexp(-|3A c(E))dE (5)

That is, the configuration integral, Z, can be interpreted as a soil of average of the exponential 
of a local configurational free energy, At , over energy. Note that Ac is not a macroscopical 
thermodynamic quantity. It is a function of the system’s configuration energy, E. It is the 
Boltzmann factor containing the local free energy, and not the energy alone, which weighs 
the various energy regions.

The relation between Q and the Helmholtz free energy. A, is

A = -k T  InQ (6)

We shall not derive this fundamental formula here, though the preceding paragraph may 
serve to motivate it. Once the Helmholtz free energy is determined through Equation 6, all 
other thermodynamic functions can be obtained by standard thermodynamic derivatives, 
e.g..

E = [a(A/T)/fl(l/T))v (7a)

P = - (M /a v ) r (7b)

S = -  (r)A/dT)v (7c)

Q(N,T,V) is called the canonical partition function. It is the appropriate quantity to 
compute to describe a system with a given temperature, T, volume, V, and number of 
particles, N, The problems of statistical thermodynamics are solved, in principle, by Equa
tions 2 and 6. However, in practice, the rigorous evaluation of Q is usually impossibly 
difficult.

In the theory of solutions, it is often more convenient to work with a different quantity, 
the grand canonical partition function. E, defined by

E ( | i ,  V. T) =  ex p (p N  • H )Q (N , V. T) ( 8 )
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In the summation over N, . . . N„, we arbitrarily define Q(0, V, T) = I and the sum is 
over 0 s  N, <  “ ,

H is the appropriate quantity for the treatment of an open system in contact with reservoirs 
of given chemical potentials, p.. In practice, whether to use Q or 5  is a mater of computational 
convenience. They are thermodynamically equivalent. H is related to thermodynamics by 
the formula

pV/kT = In 5  (9)

and various thermodynamic relations, e.g..

(fl(pV/kT)/dT)ViMAT = E/kT3 (10a)

(fltpV/kTyaV)^ = p/kT (I Ob)

(r)(pV/kT)/d(p,/kT))Vi r = N„ i = I ..... or (10c)

In deciding whether to compute Q or H in a given setting, one has to balance two sets of 
considerations. E is usually easier to compute mathematically; the elimination of the con
straint of fixed N is often a considerable simplification. On the other hand, N is a more 
common thermodynamic independent variable than is p. Answers in terms of p usually 
need appreciable manipulation to get them in terms of N. Which of these considerations 
wins out depends on the case at hand. In solution theory, H is often the function of choice.

One might think that the most direct evaluation technique for the partition function would 
lie direct numerical evaulation of the multiple integral, say Equation 2. This is not feasible 
because numerical integration methods require evaluation of the integrand at a grid of points 
in the integration region. The number of grid points needed increases exponentially with 
the dimension of the integration region; each additional particle cubes the needed number 
of points. A ten-particle system with each axis broken into ten intervals would need 10w 
points. Obviously this is impractical.

However, there is a powerful numerical method which is much less demanding. This 
is the Monte Carlo method, which was first applied to statistical mechanics by Metropolis 
et al.3 It has proved to be a very useful tool in the statistical mechanics of liquids, and is 
discussed in Section VII.

B. IDEAL SOLUTIONS
The microscopic property giving rise to ideal gas behavior is the absence of intermolecular 

forces. The microscopic property giving rise to ideai solution behavior is the independence 
of the intermolecular forces of the species of the interacting molecules. The interactions 
may be as strong as one wishes. In other words. U({N}) is independent of the precise values 
of N, . . . N„ as long as 2 ”N, = N. Let us see how this gives rise to thermodynamically 
ideal behavior.

For simplicity, we consider a two-component system, with components a and b. N = 
We wish to compute the difference of Helmholtz free energy. AA„ = A(N_, + Nh) 

-- A(N4) -  A(Nh). Using liquation 2.

AAM = , T1 Q(N4 + N„> 
" QlN.) Q(Nh) ( I D

Now A is an extensive quantity for a pure system. Therefore. Q(N.V.T) must be of the 
form (q(p,T)p where p is the number density, N/V However, because of our hypothesis
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about U({N}) above, Q(Na + Nb) for the mixture can be written as

Q(N, + Nh)
N!

N„! Nb
Q(N)

N!
N„!N '

12)

where Q(N) is the partition function for a hypothetical pure material. Q(Na) and Q(Nb) are 
qNj and qN|’, respectively. Hence, Equation 11 becomes

4 A m = -  kT In
(N, + Nb)i 

Na! Nb!
(13)

Using Stirling’s approximation for the factorials, this can be written

A. Am = (Na + Nb)kT(xa In xa + xb In x„) ()4)

x.t = N.,/(N., + Nb); xh = 1 -  xa

which is well-known ideal mixing law. The function q, which is, in general, difficult to 
compute, cancels out completely and does not have to be computed! In other words, the 
free energies of the pure components, a and b, may be quite complicated functions of 
temperature and density. However, they do not enter into the mixing property AAM because 
of the hypothesis that the intermolecular forces are species independent. The X factors all 
cancel, also. It is quite simple to extend this calculation to a cx-component system.

Thus we have shown that a sufficient condition for ideality of a mixture is that, for a 
given configuration of the molecules, the interaction energy is independent of which species 
are there. In nature there are no ideal solutions, strictly speaking. Isotope mixtures come 
closest. The deviations of isotope mixtures from ideality are due to quantum effects and are 
quite small, except for He and H2 at low temperatures. There do exist pairs of species whose 
interactions are so similar that the mixtures can be described as ideal to a good approximation; 
chlorobenzene-bromobenzene is one such pair. However, the condition for forming an ideal 
mixture is rather severe; the class of ideal solutions is rather small. We therefore pass on 
to more general cases.

C. MOLECULAR DISTRIBUTION FUNCTIONS
In this section we shall describe some functions useful for solution theory and for liquid 

theory in general. They can be defined either from the canonical (definite N) or grand 
canonical (definite fx)  point of view. We shall only deal with the grand canonical case. The 
functions to be defined describe the probability density for finding N particles in a specific 
configuration, {N}, in a grand ensemble, that is averaged over the positions of all of the 
other particles that may be in the system. We can get a proper definition by the following 
considerations.

According to the fundamental hypothesis of the grand ensemble, the probability that the 
system contains N + n particles in the configuration {N + n} is

PN + n({N + n}) = E 1 X 1,N - expfpjt • (N + n) -  pU({N + n})f (15)

Integrating PN + n with respect to d{n}, and dividing by n! averages over configurations of 
the n particles that are present in addition to the N we wish to consider. To complete the 
story, we must sum over all possible values of n, the number of “ extra" particles. The 
result is a function which has the physical meaning we described, the probability density 
for finding N particles in configuration {N}.
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We shall call this function pNFN({N}). Here pj = (N^V, where (N,) is determined by 
Equation 10c. p is the mean number density of species j. p, is the concentration variable 
that we shall use throughout this chapter.

As a result of the manipulations described above, we can write

pNF„({N}y =  E  1 ^,„f~  expl-(JU({N +  n})d{n} (16)
J  n!

where we have introduced the notation

= (17)

z, is called the absolute activity of species i. Do not be misled by the name. While z, is 
related to the conventional thermodynamic activity, it is not the same thing.

The functions FN are called molecular distribution functions for N particles. Of course, 
they depend on T and p. as well as {N}; we have omitted specific mention of T, pi on the 
left-hand side of Equation 16. in order not to make the notation too heavy.

The factor of pN is factored out as a matter of convention in order to give FN the property 
that Fn({N}) —* 1 as all of the coordinates, symbolized by {N}, get far from each other. This 
occurs because when the specified N particles are far apart, they are statistically independent, 
and the probability density of N statistically independent particles is pN, Note that, as p. gets 
large and negative (p. —» -  *), p goes to zero in such a manner that pN —* exp( + J3N • p)/XN. 
and pV/kT —* i,N,. This follows from the statistical mechanics of ideal gases, which we 
assume known. Hence in this limit

lim Fn({N}) = exp| — fJU{N})| (18)

which is further corroboration of the probabilistic meaning of Fv, since the probabilistic 
interpretation of the Boltzmann factor in Equation 18 is well known. It is important to 
remember that Equation 18 is valid only in the limit of dilute gases.

The most important FN functions in practice are those for which X,N, = 2. These functions 
are often given the special symbols g„, where i and j refer to the species of the two particles 
being considered. They are called pair correlation functions, or radial distribution functions. 
This latter name arises because, for spherically symmetric interactions. U. and for homo
geneous systems, g,,(r,.r,) = gt|(|r, -  r ;|), a function of the radial distance between the 
two particles only.

D. POTENTIALS OF MEAN FORCE
We can give a further physical meaning to the functions F*. In a given configuration 

of a system of N particles, {N}. the force on a particular particle, say particle 1 for defi
niteness. is

f,HN}) = -V„U({N}) (19)

We have assumed that the system is conservative; the force is derivable from a potential. 
U

Now let us consider a slightly different problem. We have N particles in configuration 
{N} in an open system, so that there are more than N particles in the volume considered. If 
particle I is one of the N fixed particles, what is the average force on particle 1? From
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Equation 15, the average force is

<i'i((N})> = S /f,({N  + n})PN, „({N + n})d{n} (20)

where we have used carets, (...), to denote average values. Some manipulation then yields

<f,({N})) = ^ V Ki W„({N})

where WN is defined by

Fn({N}) = e (22)

In other words, the average, or mean force on a particle, when N particles are held fixed, 
is also derivable from a potential, WN. This potential is not U; it is simply related to FN, 
by Equation 22, or, alternatively , by

Wn({N}) = — kT In Fn({N}) (23)

Fn bears the same relationship to the mean force that the Boltzmann factor, exp( — fJU({N})), 
bears to the unaveraged force. WN is often called the potential of mean force.

E. COMPOSITION FLUCTUATIONS
In any open system, the composition is not fixed. In an open system describable by a 

grand canonical partition function, the mean composition is determined by Equation 10c. 
Fluctuations about the mean can occur, because the system is open. The magnitudes of these 
fluctuations are very small (except near critical points, which are not discussed in this 
chapter). Nevertheless, fluctuations can, on the one hand, be related to observable ther
modynamic properties, and on the other hand, they can be expressed in terms of molecular 
distribution functions. These observations form the basis of the Kirkwood-Buff theory’ of 
solutions which we discuss shortly. For the present, we want to show the relations between 
composition fluctuations and molecular distribution functions, which are as follows:

Pi F, ((1,))d( 1) = <N.) (24a)

PiPjj F,({ 1 i. l,})d{2} = (N.N,) -  (N,)5m (24b)

or

PiPjj [g„ -  1 ld|2} = (N.N,) -  <N,}<N,> -  <N.) 8„ (24c)

In a uniform system, F, is just 1, so that Equation 24a is a rather trivial statement. 
Equations 24b and 24c express the fluctuations; they say the same thing in different notation. 
The right-hand side of Equation 24a is just the mean value of N,, whereas Equations 24b 
and 24c are the second-order moments. Of course, fluctuations are irregular and complex 
phenomena and are not characterized completely by their second-order moments. Never
theless, the mean square values do suffice for applications to solution theory.

We cannot give an intuitive argument for these formulas. In fact, they are rather re
markable. They state that the local distribution of type i molecules in the neighborhood of
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a type j molecule determines the overall fluctuation in composition of the entire system. 
The left-hand members are local quantities, even though integrals over the entire system, 
because the F, functions are short ranged. The right-hand members are clearly overall 
descriptors of the magnitude of the fluctuations. The reader wishing to see a derivation of 
Equation 24 may consult References 3 or 4.

in. E X A C T  T H E O R IE S

There are a number of exact theories of solutions. Among them, those due to Kirkwood 
and Buff and to McMillan and Mayer1 are particularly worthy of note. Both theories are 
based on the grand partition function, and both are exact. They are therefore completely 
equivalent. However, they look quite different on the surface. We will discuss both of them.

A. KIRKWOOD-BUFF THEORY'
We have previously asserted that composition fluctuations are related to thermodynamic 

quantities. If we differentiate Equation 8 with respect to 0p.,, we get <N,); that is Equation 
10c. If we differentiate again, we get

( - J  ln~~ ) = (N,N) -  (N>)(N) (25)VdpMPM-./T-V.M..

where the prime on p. means that all of the p,‘s, except those displayed, are kept constant 
in the differentiation. However, the left-hand side is kT(d(N}/<lp.j)r v It is a standard result 
of many-variable calculus that the inverse matrix to (tKN1)/dp,j)TV (1. is (f)p./r)(Nj)TV(N,.. Hence, 
we can move from chemical potentials to particle numbers as independent variables. Finally, 
we can use Equation 24c to write

kT \ W ) / r . V.i»r |R|
(26)

where |R| denotes the determinant of the matrix R. and jR^ denotes the cofactor of Rt| in 
R R is the matrix whose elements are

R., = Pi&ij + P,P,G|, (27a)

G„ = (1/V) f  |glJ -  ljd{2} (27b)

Equations 26 and 27 express chemical potential derivatives in terms of composition fluc
tuations.

This does not Finish the story, since we are still using volume as an independent variable, 
and not pressure. The pressure, p, is a more convenient experimental variable. One can go 
from V to p by standard thermodynamic derivative manipulation and one Finds

(28)

where V,. V( are the partial molecular volumes of species i and j. and k  is the isothermal 
compressibility. The partial molecular volumes and the compressibility can also be expressed 
in terms of the composition fluctuations, i.e., in terms of the matrix R. and the Final result
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is

V / M-, \ I y  (PkPi(lRi„[R iki ~ iRl.kiRin)] p9
kT \ r'J (N,)/ r.p.,s4»- |R| Pt P, |R|kl

T o  s e e  w h a t  t h i s  p l e t h o r a  o f  s u m m a t i o n  s i g n s  a n d  i n d i c e s  m e a n s ,  l e t  u s  l o o k  a t  t w o  
c o m p o n e n t  s y s t e m s .  E q u a t i o n  2 5  b e c o m e s

1 / ft lux 1 G,, — G„
—  ( - r ^ l  =■ —  +  ---------------------------------^ ---------- ( 3 0 )
kf  op./  i p p ,  1 + p, (G,, — G(,)

a n d

V ,
I +  p 2 i C j , ,  —  G , , )

Pi + p ,  +  p|p^ ( G i j  +  G I2 — 2 G | . )
(31

( r * j o . , / r i p j ) ,  , ,  a n d  V  . c a n  b e  o b t a i n e d  b y  j u s t  s w  i t c h i n g  i n d i c e s ,  a n d  ( f t p y / b p , ) ,  , ,  i s  c o m p u t a b l e  
f r o m  t h e  G i b b s - D u h e m  e q u a t i o n .

A n o t h e r  q u a n t i t y  o f  i n t e r e s t  f o r  s o l u t i o n s  i s  t h e  o s m o t i c  p r e s s u r e  t r .  Th is v a n  also b e  
e x p r e s s e d  i n  t e r m s  o f  o u r  d e n s i t y  f l u c t u a t i o n  i n t e g r a l s .

ft'TT \ 
0 f > , /  i

kT E
k 3IV

i n
\ R ' \

( 3 2 )

w h e r e  R '  i s  t h e  ( t r  -  I )  x  ( < r  —  1 )  d i m e n s i o n a l  m a t r i x  f o r m e d  b y  o m i t t i n g  t h e  f i r s t  r o w  
a n d  f i r s t  c o l u m n  f r o m  R .  F o r  a  t w o - c o m p o n e n t  s y s t e m ,  t h i s  b e c o m e s

/  b i r  \  k  T

o lp /t.io  1 + T o  P.I
( 3 3 )

H e r e  w e  h a v e  c a l l e d  t h e  s o l v e n t  c o m p o n e n t  1 ,  a n d  p y  i s  a  u s e f u l  i n d e p e n d e n t  v a r i a b l e ,  
s i n c e ,  i n  o s m o t i c  p r e s s u r e  e x p e r i m e n t s ,  o n e  w o r k s  a t  c o n s t a n t  c h e m i c a l  p o t e n t i a l  o f  t h e  
s o l v e n t .

T h e  r e a d e r  i n t e r e s t e d  i n  p u r s u i n g  t h e  d e t a i l s  o f  t h e  d e r i v a t i o n  o f  t h e s e  f o r m u l a s  m a y  
c o n s u l t  t h e  t r e a t i s e  b y  R i c e  a n d  N a g a s a w a . 4  S e c t i o n  1 . 2 ,  b a s e d  o n  u n p u b l i s h e d  l e c t u r e  n o t e s  
o f  o n e  o f  t h e  p r e s e n t  a u t h o r s ,  g i v e s  m a n y  o f  t h e  i n t e r m e d i a t e  a l g e b r a i c  s t e p s .

B. MCMILLAN-MAYER THEORY1
T h e  M c M i l l a n - M a v e r  t h e o r y  i s  l o g i c a l l y  e q u i v a l e n t  t o  t h e  K i r k w o o d - B u f f  t h e o r y ,  b u t  

l o o k s  q u i t e  d i f f e r e n t  o n  t h e  s u r f a c e .  I n  p o i n t  o f  t i m e ,  i t  w a s  t h e  e a r l i e r  o f  t h e  t w o .  I n  t h e  
M c M i l l a n - M a y e r  d e v e l o p m e n t , 1 s o l u t i o n  t h e o r y  i s  e a s t  i n t o  a  f o r m  w h i c h  h a s  s t r o n g  s u p e r 
f i c i a l  r e s e m b l a n c e s  t o  t h e  t h e o r y  o f  g a s e s ,  t h e  i n t e r m o l e c u l a r  p o t e n t i a l s  b e i n g  r e p l a c e d  b y  
t h e  p o t e n t i a l s  o f  m e a n  f o r c e  b e t w e e n  s o l u t e  m o l e c u l e s .  T h e  s o l v e n t  d o e s  n o t  a p p e a r  e x p l i c i t l y  
i n  t h e  t h e o r y .  H o w e v e r ,  i t  i s  n o t  g o n e ,  j u s t  h i d d e n ,  f o r  i t  i s  t h e  s o l v e n t  w h i c h  l a r g e l y  
d e t e r m i n e s  t h e  p o t e n t i a l  o f  m e a n  f o r c e .  T h e  t e c h n i c a l  d e t a i l s  o f  t h e  d e r i v a t i o n  a r e  r a t h e r  
i n t r i c a t e :  w e  i n t e n d  t o  g i v e  o n l y  a n  o u t l i n e  a n d  s o m e  m o t i v a t i o n  h e r e .

T h e  f i r s t  o b s e r v a t i o n  i s  t h a t  E q u a t i o n  16 e x p r e s s e s  Fn({N}) i n  t e r m s  o f  t h e  s e t  o f  f u n c t i o n s ,  
e x p ( — 5 -  n } ) | ,  i . e . ,  t h e  B o l t z m a n n  f a c t o r s .  A s  w e  h a v e  s e e n  i n  E q u a t i o n  1 8 .  t h e s e  
l a t t e r  f u n c t i o n s  c a n  b e  t h o u g h t  o f  a s  t h e  F N  i n  t h e  l i m i t  p — »  0 .  i e . .  z  — >• 0 .  I n  o t h e r  w o r d s .  
E q u a t i o n  16 e x p r e s s e d  (/,; {N}) a s  a T a y l o r ' s  e x p a n s i o n  i n  z .  w i t h  c o e f f i c i e n t s  d e t e r m i n e d
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by (he set of functions Fv , „((>, N + n). For the sake of clarity, we have here reintroduced 
the z dependence of the F's into the notation.

Now the set of Equation 16, one for each N, can he inverted, i.e., solved, for Fn(0;N) 
in terms of the entire set of FN , „(z,{N + n}>. This is the difficult part of the derivation and 
we content ourselves here with the mere assertion that it can he done. There is. of course, 
nothing privileged about the fugacity z we started with, so that Fn(0;{N}) can be expressed 
in terms of FN. „(£-{N + n}> for any fugacity set. £. Once this is realized, we can return to 
Equation 16 and insert in it our new expressions for exp| -  [3U({N + n}l] in terms of the 
distribution functions at fugacity £■ We shall only write down the end result

=7T P' Fn <N»  = =<£) 2  ''TTnTT f ps -. (U N  + n})d{n} (34)Z n O C z

This remarkably symmetrical result is the product of a great deal of complicated analysis.
The obvious next question is. why is this interesting or useful? We partially answer this 

question by considering the special case N = 0. By definition F„ = 1 for all z. Therefore, 
we have an expression for Elz), the grand partition function at fugacity z. in terms of Ef£) 
and molecular distributions at fugacity The fugacity set. £,, may be regarded as a reference 
state.

Now. specialize still further. We single out one component as the solvent; call this
component I . Take z to be the set {z,. z,. z,. . . . 7 . J  Take £ to be the set {z,. 0 ........... 0}.
These are so-called osmotic conditions. One can think of two phases, one pure, one a 
solution, for which component I has the same chemical potential in both phases. Then, 
since E  = exp(ppV), we have immediately

expt-rrV'kT) = E(z)/E(£) (35)

for the particular z and £ being considered, where it is the osmotic pressure. Recall that the 
osmotic pressure is the pressure difference between pure solvent and a solution in equilibrium 
with it.

Equation 30 now reads

expOrV/kT) = X *  ~ T ~  f n .«<£{N + n})d{n| (36)n n!y" J

The prime on the summation sign in Equation 32 means that only solute molecule numbers, 
n; . . n,„ are to be summed over. All terms with n, = 0 vanish, since they all contain 
z, — £i, which is zero by construction, y  is the set of numbers

y , = lim C,/p, i = 2.........rr (37)
Cj *<>

y , denotes the activity coefficient of component i in a solution infinitely dilute w ith respect 
to the solutes but not the solvent, y , is n o t the usual thermodynamic activity coefficient, 
which is unity at infinite dilution in the solvent, for we have defined y , to be unity in the 
ideal gas limit, when all components, including the solvent, arc dilute.

Thus we have the osmotic pressure as a power scries in the fugacity. in a form extremely 
analogous to the fugacity expansion of the pressure of a nonideal gas. Indeed, the nonideal 
gas is a special case of Equation 36, with the solvent taken as vacuum. There are two further 
steps to be taken, both of which also have close formal analogies with gas theory The first
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is to take the logarithm of Equation 36, to bring the osmotic pressure "downstairs” , so to 
speak. Since the logarithm of a power series (with nonzero constant term) is itself a power 
series, this operation will yield a power series in z for the osmotic pressure, t t . The deter
mination of the coefficients in this new series in terms of those in the old series can be 
carried out by standard techniques. In the present context, the coefficients are called cluster 
integrals. They are integrals of sums of products of the FN functions; we omit formulas.

The fugacity, z, is not a very convenient experimental variable; the concentration p is 
preferable. So the second step is to eliminate the z variables in terms of the concentrations 
p, = (Ni)/V. This is another technically difficult part of the theory. The general idea is as 
follows; from Equation 10c and 35, one has

z, I 8  ir/kT \
7, I d  (z ,/7,)/c.t

(38)

The power series for t t  as a function of z thus gives rise to a power series for p as a function 
of z / y .  This series can be inverted to give z / y  as a power series in p. One then inserts these 
series for z / y  in the original power series for -t t ,  and collects terms with given powers of 
the P|.

The net result is an expansion of t t  in powers of the concentrations, p. This is conven
tionally written in the form

Tt/kT = 2  P. ~ 2  <2 -  1) B„.„ p-
i 2 n s

(39)

Again, the sum is only over solute species. The B0 „ are called irreducible cluster integrals. 
The zero subscript means that they are evaluated at infinite dilution in the solvent. For a 
two-component system (one solute-one solvent), the first several B’s are

B(C = 2rv/ / d{2}(FTze 0; {2}) -  1) (40)

B„, = ^jd{3}[F.,({3}) -  F2( 1,2)F,( 1,3)

-  F2(2,3) F,(l ,2) -  F2(l ,3) F2(2,3) (41)

+ F,(l ,2) + F,( 1,3) + F2(2,3) -  1]

In Equation 41, we have omitted the fugacity arguments of the F's; they are all (z,,0). 
F ,(l,2) means F,(R,.R2) etc. The higher B’s get notationally complicated rather rapidly.

If we recall Equation 22. it is clear that the B’s are rather like the viral coefficients in 
a gas. in a formal sense. The physical difference is that, in the solution case, the potentials 
of average force at infinite dilution in the solvent replace the bare intermoleeular potentials 
which occur in gas theory.

Both of the solution theories described above are exact formal theories although the 
computation procedures are quite different. Our ability to use them is limited by our ability 
to compute the molecular correlation functions that appear in the formulas. This ability is 
meager at present. Nevertheless, the theories are useful. They provided a framework upon 
which one can attempt to hang physically motivated approximations.

Different kinds of solutions involve quite different kinds of interactions between mol
ecules constituting the solution. The kind of force will dictate the kind of approximation or
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model one uses to describe the solution being considered. For ionic solutions, the subject 
of this book, this will be particularly apparent. Before we discuss various approaches of 
approximation, we will turn our attention briefly to the variety of intermolecular forces.

IV . M O L E C U L A R  IN T E R A C T IO N S  IN  S O L U T IO N S

From the previous sections, one sees that a complete calculation of the thermodynamic 
properties of a solution requires knowledge of all interactions,3 solute-solute, solute-solvent, 
and solvent-solvent. We will discuss them separately at first, with special reference to ionic 
solutions.

A. SOLUTE-SOLUTE INTERACTIONS
Coulomb Interactions — Obviously these are the dominant interactions between isolated 

ions.

u „ =  T " ' -  r „ =  k  -  r,\ ( 4 2 )
rij

Since uy varies as r ^ 1, this potential is very long ranged. It is this long range that causes 
most of the special problems associated with electrolytes.

Charge-induced dipole -— The ions induce dipole moments in other ions, which are 
polarizable, resulting in a polarization interaction potential proportional to r 4 and to the 
ion polarizabilities, a , and a 2.

u,2 = — (z? «• + A  ai)/r?2 (43)

z, and z2 are the charges. In contrast to coulomb interactions, these interactions are not 
pairwise additive, although in dilute solution they can often be approximated as additive. 
See Section IV.D.

Dispersion interaction — When two molecules approach each other, the mutual influ
ence of the fluctuating electronic clouds of the two molecules produces an attractive potential 
proportional to r 6. In London’s quantum mechanical approximation, the dispersion energy 
for a pair of atoms is

= - (% )  <*, <*2 W ( I ,  + I2) ty (44)

where the I’s are the ionization potentials of the atoms. These attractive potentials also 
operate for ions, with the interpretation of I as the energy required to remove an electron 
from the ion.

Core repulsion — The finite size of the ions results from the high energy of overlapping 
of the electronic clouds when two ions approach each other very closely. Usually, this 
repulsion can be approximated by an exponential function Ae~br, but, for mathematical 
convenience, an even simpler approximation, a hard-core model, is often used.

B. SOLUTE-SOLVENT INTERACTIONS
Except for coulomb interactions, the other three types of interactions also operate between 

solute and solvent molecules. In addition, solvent molecules often have permanent dipole 
moments, quadrupole moments, and so on. The interaction of ions with water is of special 
interest because important chemical and biophysical phenomena are related to ion-water 
interaction. Recent experimental and theoretical investigations have given detailed infor
mation about ion hydration. Among the experimental techniques, X-ray and neutron scat
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tering yield much insight about ion-solvent interactions. With the advent of efficient a b  

i n i t i o  computation methods, quantum chemical calculation can give us fairly good ion- 
solvent potentials for simple ions. For a review see Reference 6. Ion-solvent interaction 
potentials are often used directly in computer simulations of ion-solvent liquid structures, 
or indirectly in interpretation of the above-mentioned experimental results concerning ion- 
solvent structure. For investigating activity coefficients of concentrated ionic solutions, ion- 
solvent interactions will strongly influence the short-range structure of ion-ion correlations. 
This happens when hydration shells of ions overlap substantially as two hydrated ions 
approach each other. We will discuss this more in detail in Section IV.E.

C. SOLVENT-SOLVENT INTERACTIONS
All of the above interactions, with the exception of charge-charge or charge-dipole 

interactions, are operative between the neutral solvent molecules. In addition, multipole 
moments induced by the ionic solutes in the solvent molecules will interact.

D. ADDITIVITY OF INTERMOLECULAR POTENTIALS
It is very commonly assumed that the total potential energy of interaction, U({N}>. is a 

sum of contributions from pairs of particles, u.^r,,).

U({N}) = ('/,) 2  S  W,d7,()
IV.(! ! IV,

where, in this formula, Greek letters label species and Latin letters label particles. This 
means that the presence of a third, fourth, etc. body does not influence the interaction of a 
given pair of particles. For certain kinds of forces, this assumption is a good approximation 
to reality; for others, it is a poor one.

For example, coulomb forces are pairwise additive. Dispersion forces are largely pairwise 
additive, but there are nonnegligible many-body contributions at liquid densities. Any in
teractions involving induced moments are not pairwise additive. To see this imagine that a 
body labeled 2 is interacting with a body labeled 1. A third body, capable of inducing a 
moment in 2, is brought up. The moment of 2 depends on where 3 happens to be. So the 
interaction of 1 and 2 depends not only on where 1 and 2 are, but also on the position of 
3. Thus the interaction energy would not be pairwise additive in this case.

Many-body potentials are difficult to handle analytically. For the most part, what is 
done is to assume pairwise additive potentials, determined semiempirically. One hopes that 
this takes some of the many-body contributions into account in an average way. For example, 
in Equation 44. one would retain the r 6 dependence, but determine the coefficient from 
experiment. The effects of many-body forces on the properties of matter are not well 
understood as well as we should like. References 5 and 6 give descriptions of the current 
state of our knowledge.

E. THE POTENTIAL OF MEAN FORCE
With all of these contributions to the interactions of molecules, an a p r io r i statistical 

mechanical calculation will be, indeed, very complicated. Further simplification of the 
problem is necessary. From the point of view of the Kirkwood-Buff theory, one needs to 
calculate all the gl(‘s; simplification can be obtained only through approximation of individual 
u„’s. One has to know both the solvent-solute and solvent-solvent interactions, at least 
approximately. On the other hand, the McMillan-Mayer theory offers one conceptual ad
vantage for electrolyte solutions. The theory is formulated so that pure solvent is the reference 
state and the effect of solvent-solvent and solute-solvent interactions can be completely 
included in an effective solute-solute interaction, the potentials of mean force WM(r). From



43

the discussion in Section II.D. one would not expect that the potential of mean force WN(jN}) 
will be pairwise additive. Using Equation 23 without making the pairwise additivity as
sumption will make the MacMillan-Mayer level theory formally correct. However, it will 
make it also computationally unfeasible. It seems likely that the MacMillan-Mayer approach 
will be useful mainly when applied to models in which Ws. is pairwise additive. At present, 
it is often done in some semiempirical way. The potential of mean force W(|(r) is split into 
a short- and long-range part.

In the case of simple electrolytes, the long-range behavior of W(| can be represented by 
using a single dielectric constant, e. for the solvent, to account for the indirect influence of 
solvent on solute.

where W‘(r) is the short-range part of WM(r).
The long-range term, with the dielectric constant in the denominator, seems intuitively 

reasonable for large r. based on the macroscopic interactions of charges in a dielectric 
medium. Nevertheless, a real justification of Equation 45, based on a model involving hard 
core plus dipole for the solvent, and hard core plus charge for the solute, is relatively recent. 
In physical terms, what happens is that one ion polarizes the surrounding solvent. The 
induced moments in the solvent molecules then interact with the other charge. The net effect 
is a reduction of the direct coulomb forces by the factor l/e. The reader interested in seeing 
how this works out in detail for charged impurities in a nonconducting crystal may consult 
an article by Mahan and Mazo.7 Bellemans and Steeki" have also considered the general 
case for fluids.

The short-range part W*(r) is nonadditive because it includes (l) the direct short-range 
interaction between ions, and (2) the effect of solvent, including ion-solvent structuring. 
The simplest assumption about W’(r) is that it is zero. However, this is insufficient; there 
would be nothing to prevent the positive and negative charges from piling up on top of each 
other, and the system would be unstable toward collapse. The next simplest assumption, 
which is certainly idealized, is that W‘(r) is a hard core potential, i.e..

where aj, as are the radii of ions i and j. This is called the primitive model; the case a, = 
a, for all i, j. is called the restricted primitive model. The importance of this model is that 
it does full justice to the coulomb part of the interaction, and it can be solved by many 
different approximate approaches, which we will discuss in later sections. Monte Carlo 
calculations1' 13 for the model can be used for comparison with the approximations, and thus 
the usefulness of different theoretical approaches assessed. Since the primitive model contains 
the two extreme elements of the function W„ (short range and long range), it does provide 
a severe test case for any approximate statistical mechanical theory. However, model cal
culations based on the primitive mode! are found to be in poor agreement with experimental 
data for real systems except for very dilute systems. Evidently a better model for the short- 
range forces is needed. To get a better model for the solvent-averaged potential of mean 
force at short range and in the same time making it effectively pairwise additive, one usually 
uses an adjustable potential consisting of two terms to treat W 'lr).1'

W,/r) = W* (r) + (45)

r <  a, + aj 
r >  a, + 3j (46)

W'(r) =  COR„(r) + GUR„(r) (47)
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F I G U R E  1. C o s p h e r e  o v e r la p  in  the  G u r n e y  m o d e l o f  io n  h y d ra t io n . T h e  sh a d e d  a re a  is  
h y d ra t io n  c o s p h e r e  w ith  h ig h e r  fre e  e n e rg y  d e n s it y .  W h e n  tw o  io n s  i a n d  j  a re  c lo s e  e n o u g h  
that c o s p h e r e  o v e r la p s ,  th e  net fre e  e n e rg y  b e c o m e s  lo w e r .  T h e  e n e rg y  o f  a ttra c t io n  is  th u s  
p ro p o rt io n a l to  the o v e r la p  v o lu m e .

The first term is the core repulsion term representing ionic size. It is often taken in the 
form

CORy(r) = c (s„/r)9 (48)

with sit taken to be the sum of ionic radii of ion “ i” and “ j ” .
The second term is called the Gurney term and is due to the overlap of ion-cospheres; 

a cosphere is a region of polarized, abnormal water structure caused by the strong electric 
field near an ion. Let w be the thickness of abnormal water near an ion. When the interionic 
distance is greater than sab + 2w. the Gurney term is small and can be neglected. However, 
an effective, attractive potential exists when cospheres overlap because a region of high free 
energy would be reduced in size (see Figure 1). In the first approximation, GURl((r) is 
assumed to be proportional to the overlapping volume V-(r),

GUR„(r) = A,, V,f(r) (49)

where A„ is an adjustable parameter.
Other forms for the Gurney term have been tried, a square-well potential, for example. 

In applying Equation 47 to calculate the free energy of mixing and osmotic coefficients, the 
results can be brought into good agreement with experimental data up to 1 M  concentration 
for typical strong electrolytes by reasonable choice of parameters.14

In the last decade, due to rapid advances in computer simulation techniques, one has 
been able to obtain fairly realistic approximations to the pair contributions to potentials of 
mean force. The Monte Carlo or molecular dynamics method can be used to evaluate the 
distribution functions in Equation 23 and Wj(r) calculated. For example, Dang and Pettitt’5 
calculated the potential of mean force for the ion pairs Cl CD and Na * N a1 in water (with 
a realistic potential for water) using Monte Carlo and molecular dynamics methods. They 
show more structure than would be given by Equation 49, due to the hydrogen bonding of 
the water molecules. The integral equation method has also been used to calculate the 
potential of mean force in aqueous electrolytes.16 It is likely that more work will be needed 
to obtain an accurate picture of the molecular details of ion-ion potential of mean force, 
especially the nonadditive contribution.

V. L A T T IC E  A N D  C E L L  M O D E L S

If we return, for a moment, to Equation 2. we see that the fundamental technical problem 
of equilibrium statistical mechanics is to evaluate the integral of a rather complicated function 
over a very high dimensional space: the partition function. Lattice and cell models are 
devices for simplifying this difficult problem, through replacing the physical system of actual
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interest by a simpler system. The criteria of simplicity are that the calculations should be 
easier, but that no important qualitative physical effects discarded.

A. LATTICE MODELS
In the integral of Equation 2. the possible configurations of the particles of the system 

are distributed continuously in space. Let us permit the particles to occupy a set of discrete 
points only and replace the integral by a sum over these discrete points. For the sake of 
symmetry and computational convenience, the discrete points are usually taken to be the 
points of some crystallographic lattice. This procedure gives rise to a class of theories called 
lattice theories.17

Newcomers often remark that lattice theories cannot possibly treat kinetic energy con
tributions to the partition function correctly. This is true, but irrelevant. By the time one 
has reached Equation 2. the kinetic energy has already been accounted for, completely and 
exactly. Lattice models are only designed to treat the configurational aspect of the problem.

As an illustration of lattice theories, let us suppose we have a binary' mixture of particles 
of type A and of type B. Restrict the location of the particles to the lattice points of a simple 
cubic lattice (for simplicity of visualization), and suppose the intermolecular forces are short 
ranged, so that a particle will only interact with its nearest neighbors on the lattice. The 
number of A molecules is denoted by NA, the number of B molecules by NB. NA + NB = N. 
the total number of available lattice sites. Let us call the total number of A-A nearest- 
neighbor pairs of particles on the lattice NAA. the number of B-B nearest-neighbor pairs, 
NBB, and of A-B pairs. NAB. Let EAA be the interaction energy of a nearest-neighbor A-A 
pair and similarly for EBB, EAB.

The numbers NAA. NBB, and NAB are not independent. For example, the total number 
of pairs must be zN/2, where z is the coordination number of the lattice (z = 6 for the 
simple case we are considering); and there are other restrictions. When these are taken into 
account, one sees that the energy of a given configuration depends only on one of the N„'s, 
say Naa. and on the single parameter w = EAA + EBB -  2EAB. The canonical partition 
function for the lattice model can be written

Q' = 2  g<N*A* (50)Na!Nb! Naa

Here g(NAA) is the number of configurations of particles on the lattice consistent with 
a given number of A-A pairs, NAA, and C is a number which may depend on NA, N„. and 
the E's, but is independent of configuration, g, as used in this section, should not be confused 
with the two-body distribution function.

Thus, at the expense of restricting the particles to lattice sites the problem has been 
reduced from a very complicated integral to what is essentially a counting problem, i.e.. 
the determination of g. If g|NAA) is known, carrying out the sum in Equation 50 is no real 
problem. Of course, g and. therefore QL also depend on NA and N„. These are the variables 
which fix the composition of the system.

The calculation of g(NAA) is no easy task. In three-dimensional cases, we only have 
approximations to guide us. However, suppose we were to solve the three-dimensional case 
exactly. How much could we trust the answer? After all. in going from the continuum liquid 
to the lattice, we have changed the very problem. At best, we have a theory of solid solutions. 
The answer is that lattice models for liquids can only be expected to give indications of 
trends, of qualitative features, and of phenomena taking place on a scale large compared to 
the lattice spacing.

In the case of electrolyte solutions, the long range of the forces makes Equation 50, or 
any close analog, even qualitatively inappropriate, since Equation 50 was written down
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using the hypothesis of nearest-neighbor force. In principle, it is possible to incorporate 
long-range forces into a lattice theory. The very successful theory of ionic crystals is a case 
in point. For dense systems, such as fused salts, modifications taking the long-range forces 
into account have also proved useful.18 For dilute systems, an assumed lattice appears to be 
too unlike the actual physical distribution of ions for lattice theories of this type to be 
sensible. An example of some historical interest is a theory of dilute solutions of electrolytes 
due to G h o sh ,b ased  on lattice ideas. This theory predicted deviations from ideal solution 
laws varying as c 1 c being number density. This excited a great deal of interest, because, 
as Planck20 wrote in 1921, it was "in agreement with the measurement to date". We now 
know that the theory was wrong and the measurements not sufficiently accurate.

One thing seems to be intuitively very clear: lattice models of fluids overly restrict the 
available configurations. This, then, underestimates the entropy of the system. It is possible 
to correct this, in part only, by allowing the particles some limited freedom of motion about 
their lattice sites. The resulting models are called cell models.

B. CELL MODELS21
In order to introduce the idea of cell models, let us first consider a pure fluid. Equation 

2 gives us the partition function, Q. which we cannot evaluate rigorously. So, let us suppose 
that the volume. V, is divided into N cells, each of a volume V/N. Each cell will contain 
one particle, and the integration over the jth particle's coordinates will only be carried out 
over the interior of cell j. A , .  In this approximation

However, this does not help very much, since the intermolecular correlations in U({N}) 
make the integration almost as difficult as in Equation 2. The next step is to assume that 
the potential that a given particle, say the one in cell j, sees is an average potential, averaged 
over the positions of all of the particles in neighboring cells. It only depends on the coordinates 
of particle j in the jth cell, since all other coordinate dependence is averaged out. If we call 
this average potential u(j). then Equation 51 becomes

So, once the potential, u, is determined, the problem is reduced to a single particle (three- 
dimensional) integration, which is relatively easy to carry out, numerically if necessary.

But what is the mean potential, u? It cannot be arbitrarily chosen, but must bear some 
relationship to U. u must be determined by a self-consistency argument. The function 
exp( ~Pu) determines the distribution of a given particle in its cell. This distribution deter
mines the average potential experienced by another particle, and this average potential is. 
itself, u. The self-consistent potential, u. can be obtained by solving a certain integral equation 
expressing the self-consistency requirement. We need not go into the details of this.

For mixtures, or solutions, there is an additional complication. How do we distribute 
the particles of various species over the cells? Clearly, the mean potential experienced by 
a particle depends on the nature of its neighbors. In principle, one has the order-disorder 
problem of atomic arrangements to solve simultaneously with the determination of u.

In practice, one adopts still a further approximation, that of random mixing. If we have 
a mixture of species A and R, and uA is the self-consistent potential of an A particle in pure

( 51)

(52)
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A. u„, that for a B particle in pure B. then one might guess

u = xA uA + xu uH (53)

where xA and xa are the mole fractions of A and B, respectively. A basic condition for 
Equation 53 to be reasonable is that the molecules have roughly the same size, since Equation 
53 scales the strengths of the interactions, not the ranges. The approximation can be gen
eralized to molecules of different size.

The advantage of this procedure is that the partition function is just like that of a pure 
fluid (aside from the N! factors that give rise to the ideal mixing terms). The fictitious 
"pure" fluid has a certain effective potential (Equation 53 in the equal size case) and the 
composition dependence of the thermodynamic functions arises from the composition de
pendence of this effective potential. Higher order effects, due to deviations from random 
mixing, are calculable in principle, but are very difficult to obtain.

The idea of using some sort of average potential can be divorced from the cell model, 
and the theory thus developed, the average potential model, is not subject to the artificial 
geometrical constraints of the cell theory. In its crudest form, the average potential model 
is an application of the law of corresponding states. Let us suppose that U is a sum of pair 
potentials

U({N}) = '/j X I  u„tJ(ri!) (54)

where utt(i(r,,) is the potential between particles i of species and panicle j of species (3. 
Furthermore, suppose that the u’s are conformal, in the sense that

u„B(r) = e,1(!f(r/o,1(J) (55)

The function f is supposed the same for all pairs, i. j. Only the energy parameters. e„{i. and 
size parameters, o-„B, differ from pair to pair.

As an approximation, we replace U in Equation 54 by

U'<(N» = 2  u(r„)
i.j

u(r) = « f(r/<T)
(56)

e and a are some composition-dependent averages of the and a-,,,,. The partition function 
derived from Equation 56 is that of a pure fluid, plus, of course, the ideal mixing terms. 
This pure fluid is hypothetical: it is characterized by potential parameters which do not. in 
general, correspond to any fluid found in nature. Note, however, that the e enters into Q 
only in the combination e/kT (refer to Equation 2) and u enters only in the combination 
V/<r\ Therefore, the hypothetical fluid, at temperature T and number density N/V, will have 
exactly the same thermodynamic properties as a real fluid, u. at temperature e,„T t . density 
(N/V)(tTi'o-„(>) \  This is the law of corresponding states for the present situation Thus the 
properties of the hypothetical fluid and, hence, the approximate properties of the mixture 
ma> be obtained from experimental information on pure fluids.

Clearly, this approximation can only be expected to be reasonable if the intermolecular 
forces among the several components of the solution are similar. For example, it is clear 
that Equation 55 cannot hold for all pairs, if some of the components arc polar, some 
nonpolar, or some charged. Nevertheless, when the hypotheses are fulfilled, the results are 
very reasonable. Furthermore — and this is a great advantage — the theory is verv easy to 
apply.
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V I. P E R T U R B A T IO N  T H E O R Y  A N D V A R IA T IO N A L  M E T H O D S

A. PERTURBATION THEORY22
In quantitative physical theories, it is a well-known fact of experience that there are 

very few problems that have been solved exactly. The problems are not intrinsically insoluble. 
It is just that we are not good enough mathematicians to solve them. One can, however, 
often make progress by a series of successive approximations. We want to describe several 
ways of doing this in context of solution theory. Suppose one has a potential U„({N}), for 
which one can evaluate the partition function and the molecular distribution functions exactly. 
Unfortunately, one is interested, not in U0, but in a different function, U. Let us suppose 
that U = U — U(1 is, in some sense, small, and let us expand in powers of this ' “small'' 
quantity. We write

Q = I j r  J ‘  “"“M  ’ i c r / '  “,r' <W(

= /‘1,1" K  ,iur J|Ni
This can be expressed in the form

Q  = Q o  2  <(AU)">„ (58)

where

Q„ = (A ,N/N!) J  e lJ<!" d{N}

<(A U = J e  (AU)n d{N}/[ e P'"d{N} (59)

The quantity of interest, of course, is InQ = \  k 1 So, taking logarithms, we have

-P A  = -p A „  -  p(AU)0 + p 2/2 {<(AU)2>(, -  <AU)2} + . . . (60)

In going from Equation 59 to Equation 60, we have used the expansion of the logarithm 
ln( 1 + x) = x — xv2 + . . . , and have only written the terms of first and second order 
in AU.

There is another way to formulate the perturbation theory which may sometimes be 
useful. Suppose that U depends on some parameters, y (force constants, molecular radii, 
etc. t. We write U(y) to emphasize this dependence and drop, for typographical reason only, 
the explicit dependence on {N}. the coordinates. C h o o s e  y it as some reference set of param
eters. Then

A ( y )  = A < y , J  + ^  (y, ~  y llt)(<> A/dy,,,) f . . . (61)

This is just the Taylor expansion of A(y) about y„. The coefficients (OA/dy,),, are (ftU/ 
dy.iy,,,), and the higher terms are similar, but more complicated, averages. The usefulness 
of this expansion, again, depends on our ability to evaluate the individual terms.



Note that, at any given finite order. Equations 60 and 6i are not necessarily equivalent, 
for these two equations represent A expanded with respect to different expansion parameters. 
Which should one choose? The one that converges more rapidly. How can one tell? Only 
by trial and error, or well-developed intuition.

This is the entire formal structure of the classical statistical mechanical perturbation 
theory. Those familiar with the perturbation theory in other fields, e.g., quantum theory, 
will appreciate how much simpler the statistical perturbation theory is. Of course, the real 
problems are hidden in the simple formalism, namely, how to evaluate Ao, (AU)„, etc.

The art of applying the perturbation theory consists of choosing a U0 with two primary 
properties: (I) it is simple enough to handle and (2) it contains as much as possible of the 
physically important part of the interactions. If the important physics is in U„, then the 
higher order terms, which are usually difficult to compute, will not be too important. 
Unfortunately, desiderata (1) and (2) are generally incompatible. Simplicity and realism arc 
not comfortable partners. Compromises must be made.

Let us look at the significance of the various terms in Equation 60. The first term. pA,,. 
is just the free energy of the unperturbed system. The second term (first-order perturbation) 
is the mean value of the perturbation energy. The higher order terms, not exhibited in 
Equation 60. are higher order fluctuations. It is interesting that powers of AU occur in Q, 
but that fluctuations of AU occur in A. This transition from powers to fluctuations is typical 
of the many-body perturbation theory. Technically, it corresponds to passing from moments 
to cumulants. We shall not pause to explain the meaning of these terms. It seems reasonable 
to conjecture that the series for A would converge better than that for Q, but we are not 
aware of a general proof of this.

Let us consider an interesting special case. Suppose Uf{N}) is of the form given by 
Equations 34 and 53. Take Uu to be

Uu = 2  hn rr«) (62)
■J

with

Uo ( r )  =  2  w . ,  <r> (63)
u

with x, the mole fraction of species 1. Then (AU)„ = 0. The leading corrections to the 
unperturbed free energy, A*,, are thus second order in the perturbation. If one decides to 
ignore terms of second order, one has A s  Au> and A,, is the free energy of a pure fluid 
with pair potential u„. Unfortunately, u0 is not necessarily conformal with the u, as in 
Equations 55 and 56, so that A., cannot, in general, be determined by corresponding states 
arguments.

What information is needed to compute the correction terms (AU), ((AU)’) -  (AU)1, 
etc.? The answer for (AU) is simple if U is a sum of pair potentials. In fact, from Equation 
54 and 62

(AU) = X  f  P.Pj K ,(r,; ) -  u„(rl;Hg(rl,)d(f2} (64)
i.) J

(see Section 1J.C for the definition of g).
If U„ is not of the form of Equation 62, but is species dependent, then Equation 64 

becomes more complicated, but stilt only depends on pair correlation functions for the 
reference fluid, i.e., the fluid interacting according to the potential U„. These pair correlation 
(unctions are sometimes available, for example, from corresponding states arguments or 
Monte Carlo calculations.
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The second-order terms are more complicated. Each second-order term contains two 
u's. These can be of three types: (1) tr(rM); (2) u(rM)u(r|k); and (3) u(rM)u(rkl). The terms of 
type 1 involve only two body correlations and can be expressed in terms of the pair correlation 
functions, g or F,. of the reference fluid. This is the same information needed to evaluate 
the first-order term. Equation 64. The terms of type (2). however, involve three particles, 
i, j, and k. and one needs F,({3}) to evaluate them. Similarly, terms of type (3) require 
knowledge of F4({4}) for carrying out the average. Unfortunately, one rarely knows F, or F4.

Higher order perturbation terms involve higher order F„'s for the reference system; these 
F„'s have never been studied in any detail. As a rule of thumb, one can say that if second 
or higher order terms are necessary for the desired accuracy, one has probably chosen an 
inconvenient reference system.

Perturbation theories are of little direct use in treating coulombic interactions in elec
trolyte theory. This is because the electrical contribution to the free energy is a collective 
effect, depending on the simultaneous interaction of all of the ions present. This is a 
consequence of the long range of coulomb forces. Collective effects are not handled properly 
in any finite order of perturbation theory. The same is true for problems such as electrons 
in metals, and plasmas, as well as electrolyte solutions. On the other hand, if one constructs 
a theory for a reference system that treats the electrical, coulombic effects as accurately as 
possible, then effects due to short-range forces can be taken into account by perturbation 
theory.

B. VARIATIONAL METHODS
Nowadays, students learn about variational methods in quantum mechanics courses. 

However, there are variational principles in statistical mechanics, too, and these have been 
applied to solution theory. They have been reviewed at some length by Girardeau and Mazo.’5

The basic formula is simple. Let U({N}) be the intermolecular potential for a system of 
interest, and A its free energy. Let U„({N}) be some reference potential and A0 the free 
energy of the corresponding system. Then

A <  A„ + (U -  U„)0 (65)

where the caret, ( . . . ) ,  is defined as in Equation 59, i.e., (X)„ is the average of X, over 
the distribution function of the reference system.

Equation 65 is the Gibbs-Bogoliubov variational principle. It was published by Gibbs 
for classical statistical mechanics in 1901.24 It is a variational principle, since U„ is at our 
disposal, and we may vary U„ to minimize the right-hand side of Equation 65.

Let us note that Equation 65 can be interpreted as saying that, once having picked U„. 
the first-order perturbation theory (refer to Equation 60) gives an upper bound for A. On 
the other hand, as we have mentioned in Section V.A, it is possible to formulate the 
perturbation theory in other ways, which have no obvious relation to variational methods,

V II. M O N T E  C A R L O  A N D M O L E C U L A R  D Y N A M IC S

In Section II.A we mentioned the Monte Carlo method for the direct evaluation of 
thermodynamic and structural properties. There is also another method based on the use of 
high speed computers, the molecular dynamics method. In this section we present the basic- 
ideas of these techniques.

A. MONTE CARLO METHODS
The fundamental idea of the Monte Carlo method is to invent a game whose mean or 

average score is the quantity which one wants. The game need have nothing to do with the



original problem. It is only required that one be able to prove that the average score is the 
same as the answer to the original problem. Instead of solving the original problem directly, 
one then plays the game a number of times (usually on a computer) and averages the outcomes 
of the trials. This provides an estimate of the true, but unknown, mean score, and hence of 
the quantity one wants.

To give an example of how this might work, suppose one wants to evaluate J,'f(x)dx. 
where 0 s  f(x) s  l and is a given function. A Monte Carlo method for evaluating the 
integral would be to draw a graph of f(x) on paper of a convenient size, attach the paper to 
a wall, blindfold oneself, and throw darts at the paper. The ratio of the number of darts 
which hit the paper below the graph of f to the total number which hit the paper is an 
estimate of the area below the graph of f, and hence of the integral.

Of course, this is a terribly inefficient way to evaluate a one-dimensional integral, but 
it illustrates the general idea of Monte Carlo. Better Monte Carlo methods are available. 
However, one would not ordinarily use them on one-dimensional integrals either. Monte 
Carlo methods become more efficient relative to ordinary grid sampling methods as the 
dimensionality of the integration region increases. In practice, of course, one would not 
throw dans, but instead generate pairs of random numbers on a computer to simulate the 
coordinates of the dart's impact point in the illustration just given. In most problems, a very 
large number of trials is needed Tor acceptable accuracy. However, the needed number of 
trials does not increase exponentially with the dimensionality of the integral as does the 
number of points necessary for grid sampling methods.

The number one gets from a .set of trials is only an estimate of the integral, A different 
set of trials would give a different numerical estimate, in other words, the result of a Monte 
Carlo experiment is a random variable whose mean value is the quantity one wants. It is 
obviously also desirable to have an estimate of the probable error, the deviation of the trial 
value from the true but unknown mean. Such an estimate can often be obtained in the same 
way as one estimates the precision of replicated laboratory experiments.

One can compute the sample standard deviation from the same set of trials used to 
calculate the sample mean. Standard statistical methods then yield the probable error of the 
mean. The probable error, roughly speaking the precision of the estimated value, decreases 
as the inverse square root of the number of trials. To get one more decimal place in evaluating 
an integral, one needs 100 times as many points. It is therefore important to tty to minimize 
the fluctuations about the mean.

Techniques which enable one to do this are called variance reduction techniques. One 
such technique is importance sampling. In the evaluation of an integral, the regions where 
the integrand is large contribute more to the integral than do the regions where the integrand 
is small. Importance sampling means devising a technique to sample preferentially from the 
former regions, and to weight these contributions properly. If the weighting is done correctly, 
the true mean value wilt be unaffected, but random deviations about the mean may be 
appreciably reduced.

This is very important for evaluating configurational averages in statistical mechanics, 
in particular the configurational integral. Z. Equation 3. If one considers a system of several 
hundred particles in a volume at typical liquid densities and places the centers of the particles 
in the region at random (uniform distribution), the vast majority of the configurations so 
generated will have overlapping molecules. Thus they make negligible contributions to Z. 
The probable error of such a uniform sampling technique for the integrand of Z is so large, 
when only a finite number of configurations is sampled, as to make the method useless. 
The original paper of Metropolis et al.*’ devised a method to avoid this problem for liquid 
state simulations.

One wants to sample from the Boltzmann distribution exp( — U/kT)/Z in order to evaluate 
configuration averages. As just discussed, this is inefficient, and, in fact. Z is unknown.
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The Metropolis et al. idea was to sample from the Boltzmann distribution by first constructing 
the transition matrix of a Markov chain of configurations in the configuration space of the 
molecules. This chain is constructed so that the limiting form of the probability distribution, 
as the number of states in the chain becomes very large, is the Boltzmann distribution. Thus, 
if one takes enough samples, one is eventually sampling from the Boltzmann distribution, 
although one does not have to construct the distribution directly. This avoids the evaluation 
of Z. Other Markov chain algorithms have subsequently been proposed and used, also.26

To construct the Markov chain, one starts with an arbitrary configuration and chooses 
a particle at random. The chosen particle is moved randomly to a new location, and U for 
the move is computed. If AU is negative, the move is accepted. If AU is positive, the move 
is accepted with probability exp(-AU/kT). This can be done by comparing exp(-AU/kT) 
with a random number between 0 and 1.

This set of operations is repeated, giving a sequence of configurations which, after many 
repetitions, are Boltzmann distributed. This asymptotic property is not obvious and must be 
proved. We shall not give the proof here. Note that the transition probabilities are independent 
of the (unknown) configuration integral, Z. The first group of configurations generated from 
the arbitrary initial configuration is discarded, since the Boltzmann distribution has not been 
reached for it. Averages are then calculated using the set of configurations retained. One 
might, in a practical case, take 1 (¥ ' configurations to equilibrate to the limiting Boltzmann 
distribution and another 10s or more for the averaging.

There is another problem in the implementation of the Monte Carlo method for fluids. 
This concerns the size of the system. Real physical systems of experimental interest have 
of the order of Avogadro's number of particles; they are effectively infinite. The systems 
which one can handle on presently available computers have only several hundred particles. 
This finite size means that surface effects can become important. Although surface effects 
can never be completely avoided, they can be minimized by using periodic boundary con
ditions. The volume in question is supposed to be part of an infinite periodic lattice of 
identical volumes. Thus the surroundings of particles near the boundary of the chosen volume 
are fluid-like, and not wall-like. Although the imposed periodicity generates strong corre
lations between distant particles, for particles with short-range interactions experience has 
shown that these residual correlations are not important.

On the other hand, for ionic systems the forces are of long range, as we have often 
emphasized. Therefore the distant periodic images of the chosen volume will exert forces 
on the particles in the chosen volume which fall off only slowly with distance. Valleau and 
Whittington26 have suggested that the effects of these artificially imposed long-range cor
relations may be appreciable. However, subsequent authors27 have shown that the effects 
are rather small compared to other errors introduced by the finite size of the system, and 
periodic boundary conditions are commonly used.

The review articles by Valleau and Whittington26 and Valleau and Torrie28 give more 
details on the technique than we can give here. More recent reviews by Levesque et al,29a-29b 
are a good source for further references on the technique and on specific applications.

B. MOLECULAR DYNAMICS METHOD
A second numerical technique which has been used with profit on electrolyte solutions 

is the molecular dynamics method. Like the Monte Carlo method, it computes quantities of 
interest by averaging over configurations generated on a computer. In the Monte Carlo 
method, the configurations are generated by some artificial probability scheme. On the 
contrary, in molecular dynamics the configurations are those which fall on the natural 
trajectories of the system. By natural trajectories are meant the orbits on which the particles 
would actually move if they existed in fact, and not just in the memory of a computer. 
These orbits are determined by the numerical integration of Newton’s equations of motion
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for the particles. The integration is carried out for some period of time, and then quantities 
of interest are computed by time averaging along the trajectories.

In a simple case,'*’ the time step for the numerical integration might be 10 '* s and a 
trajectory might be calculated for 10 12 s in a system of 256 particles of dense fluid density.

Current Monte Carlo calculations are restricted to yielding structural and thermodynamic 
information about the equilibrium states of the system. Molecular dynamics calculations 
yield these quantities, also. Because they utilize the true (within the numerical precision of 
the integration of the equations of motion) orbits of the system, they also give dynamical 
information, time correlation functions, and transport properties, for example. Such time- 
dependent properties are outside the scope of this review.

Molecular dynamics has the same small system difficulties which we have discussed 
above. Generally speaking, Monte Carlo calculations are less demanding of machine ca
pabilities and time than are molecular dynamics. Therefore, unless time-dependent properties 
are desired, Monte Carlo is usually the method of choice. A recent review of molecular 
dynamics calculations has been given by Heinzinger."

Numerical simulations are extremely demanding of computer time and storage. However, 
the calculations are feasible, in contrast to direct numerical integration, which is completely 
impractical. Because of the large amount of computer time necessary, simulations are usually 
carried out only on certain key problems rather than on a variety of potentials, although 
with improvement in computing facilities and technique this situation is changing. The 
simulation results may be looked upon as experimental results for these model systems, and 
serve as bench marks for assessing the quality of various approximate analytical methods 
that might be used to evaluate thermodynamic properties.

In comparing theory with experiment for real systems, there are always two questions 
which must be asked in interpreting results. First, how well does the theoretical model 
approximate the real system? For example, is the potential energy function realistic? Second, 
how good is the theoretical method? For Monte Carlo and molecular dynamics calculations, 
the first question is irrelevant. The simulation and any subsequent analytical theories are 
perforce done on the same model. Thus we have a pure case of testing theoretical methods.

VIII. STATISTICAL MECHANICAL THEORIES FOR 
ELECTROLYTE SOLUTIONS

We have seen that the McMillan-Mayer theory1 provides a clear framework for devel
oping approximate calculations of Lhe thermodynamic properties of solutions, and of elec
trolyte solutions in particular. One naive way to proceed might be through the simple virial 
expansion of Equation 39. However, when one attempts to apply Equation 39 to electrolyte 
solutions, a serious difficulty arises. Since the potential of mean force falls off as r the 
cluster integrals in Equations 40 and 41 do not converge, and the expansion appears mean
ingless. For a long lime, this difficulty was a stumbling block for the statistical mechanics 
of ionic systems.

The reason the integrals do not converge is because of the long range of the coulomb 
potential, and this suggests the cure for the disease. IT the interionic potential is of long 
range, the particles cannot be considered as acting as independent pairs in first approximation, 
independent pairs and triples in second approximation, etc. Rather, many, many particles 
must interact all at once. This is often expressed by saying that the system acts collectively. 
In ionized gases, plasmas, where there is no solvent present, such collective effects can be 
clearly seen in charge density oscillations of the gas, the plasma oscillations. In electrolyte 
solutions, such oscillations are strongly damped by solvent friction, but the collective modes 
are still present.

The presence of collective effects means that any power series representation of the
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thermodynamics of a solution is bound to fail if the coefficients purport to represent the 
effects of small interacting clusters of solute ions, A technical way to introduce the collective 
effects within the present formalism would be to replace the potential of mean force by one 
of finite range, and sum the density series to infinite order. Then, let the potential of mean 
force become coulombic, i.e., let the range become infinite, after the sum has been carried 
out.

It is the infinite sum of the divergent terms (divergent in the coulombic limit) which 
expresses, mathematically, the physical collective behavior that is occurring. The collective 
effects give rise to a screening of the long-range ionic forces.

At present, there are many different approaches to the statistical mechanical theory of 
electrolyte solution. Various starting points focusing on the mean electrostatic potential, the 
free energy, or pair correlation functions characterize the different approaches. For each 
approach, various approximations at different levels further enrich the development. It is 
one of the purposes of this introductory chapter to present the fundamental ideal of several 
popular approaches. Detailed developments and comparison with experiment can be found 
in several of the general references.

A. POTENTIAL ENERGY APPROACH (DEBYE-HUCKEL THEORY AND ITS 
DESCENDANTS)
The basic assumption in this approach is that the nonideal behavior of an electrolyte 

solution can be separated into an electrostatic part and a short-range nonelectrostatic con
tribution. Thus if A is the Helmholtz free energy of the solution, and A0 the free energy 
when all the ions are discharged, one has

A -  A0 = -kT In Je f»U(<">'d{N}/f  e = e2“ ’0,d{N} (66)

Debye and Huckel further assume that Aq, the uncharged free energy, is to be taken as the 
free energy of an i d e a l  solution. Thus the activity coefficient, is

kT In 7 , = dAA/dpi (67)

In this section, as earlier, we shall use the theoretically convenient concentration unit, 
ps, as the number density of species i. The practical concentration unit, molar concentration, 
ct, is related to p, by c, = 1000 p,/NA, where NA is Avogadro’s number.

Now, if one assumes that the ionic charges, ei; can be varied independently and considers 
a variation of the charges de,, the change of the free energy, A, can be written as

dA = 2  (M/de,)T vde, = 2  4>,* de, (68)
i i

Writing ( d A / d e j  = t|/* is, of course, mere notation. The physical significance of i|/‘ is 
that it is the mean electrostatic potential at the position of particle i, due to all of the other 
ions. The justification for this interpretation is that (dA/d\)x v 8X is the work done in making 
a small change, h k ,  in some parameter, k ,  determining the system. If the parameter, k ,  is 
taken as a species charge, e(, then the work done is the potential times the variation in 
charge. This gives the identification of i|ij with the electrostatic potential.

Of course, we cannot physically change the ionic charges by infinitesimal amounts. 
However, we can certainly do it mathematically, in our equations, and that is all that is 
necessary.
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Integrating Equation 68, one obtains

AA/V = f >K (A) dA (69)
.  •*>

The summation is over all species of ions, p, Ls the concentration of ionic species s, and A 
is the charging parameter, i.e.. the fraction of the total charge at any stage of the charging 
process.

Equation 69 is called the Debye charging process. Since A is a state function, other 
charging processes (paths) could also be used. Gunteiberg” showed that

kT In y. = . /V - (X)d\ (70)

by considering the charging of one test ion only, while the remaining N-l ions have their 
full charge. Equations 69 and 70 should give the same result if one has the correct if/,*. For 
an approximate i|»‘, these two equations need not give the same answer. The extent to which 
the answers agree constitutes a consistency test for the approximation.

Therefore, a statistical mechanical calculation of the mean potential i|i‘ is equivalent to 
a calculation of A, so we compute i|/'. The easiest way to compute this quantity is actually 
to consider a more general problem. We ask what is the potential, iii,(r) at a distance r from 
ion i? Then

<K = lim (4»,(r) -  e/er) (71)

where the potential due to ion i itself has been subtracted off.
The potential st/,(r). at a distance r from an ion i, is the coulomb potential, due to all 

ions, averaged. However, the averaging process is conditional. That is. the other ions are 
not randomly distributed, but their distribution in space is condition by the fact that ion i is 
fixed, The conditional distribution is just exactly what is described by the pair correlation 
function, g„, and the formal expression of these facts is

Wr) =

g„(R) = e x p ( - p W ^ R ) )
(72)

where WK(R) is the potential of mean force between ions i and s. Equation 72 excludes the 
contribution of ion i. Using the l^aplacian to eliminate the integration. Equation 72 can be 
rewritten as

V; iji, (r) = -(4-ir/e) £  e, p. exp ( - 0W„{r)> (7.1)

Of course. Equation 7.1 is just an exact relation rephrasing the definition. Equation 72, 
of iji, in terms of the potentials of mean force W„(R). In general, in the presence of thermal 
fluctuations, the mean potential energy, c.iji,, is different from the potential of mean force. 
il»,(r) represents the mean potential at a distance r from ion i regardless of what, if anything, 
is present at r. On the other hand. W„(r) gives the potential at r, if it is known that an ion 
of type s is present at r. The presence of an s ion at r will change the average ionic distribution 
about the i-s pair, and there is. thus, no reason for e, i|/,f r) and W„ to be simply related.
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Debye and Hiickel made the closure assumption (central approximation) that

W1S -  es4»i (74)

With this approximation, Equation 73 becomes closed; it yields an equation called the 
Poisson-Boltzmann equation

Vnji; (r) = -  (4ir/e) 2 e sps exP( ~  P e ^ r ) ) ;  r >  a
s

V 2i|ij (r) = 0; r <  a
(75)

where a is the hard-sphere diameter. The reason for the name is that Equation 75 can be 
regarded as a form of Poisson’s equation of electrostatics, with Boltzmann’s law being used 
to relate the charge density to the potential.

Assuming (3 esi|*i 1, Debye and Hiickel then linearized Equation 75 to get

V2̂  = (4-rr|i.e>( V] e2 ps)t(ri = k2̂ ;  r >  a (76)

which has the solution obeying proper boundary conditions

(r) = (e/er) exp( -  «|r -  a|)/( 1 + K a ) ; r >  a (77)

By using either the Debye or Guntelberg charging process, one obtains

kT In 7 ; = — Ke2/2e( 1 + Ka) (78)

« p1'2 as p —» 0 (79)

The resulting limiting law behavior, Equation 79, has been confirmed by extensive exper
iments and also by later, more rigorous statistical mechanical derivations.

In dealing with experimental data, the Debye-Hiickel limiting law, Equation 78, is of 
use as an extrapolation formula. One needs to know higher order terms in k  in order to treat 
the finite concentration region. If one looks at Equation 78, it does provide an extrapolation 
formula that can be used at higher concentration, but usually one has to choose a  empirically 
to fit experimental data. Such a procedure is not satisfactory for two reasons. Theoretically, 
Equation 78 has been only derived at the price of several severe approximations, e.g,, the 
central approximation, linearization, and the oversimplification of the primitive model itself. 
Practically, even if one tries to use Equation 78, the empirical value one has to use for a  

usually is concentration dependent and no physical interpretation of a  can be really mean
ingful.

Within the framework of the potential approach, many attempts have been directed at 
improving the original approximations in the Debye-Hiickel theory. The most obvious one 
is the linearization approximation, which has been the subject of much concern. This ap
proximation was avoided by direct integration of the n o n l i n e a r  Poisson-Boltzmann equation 
as done in Guggenheim’s book.14 However, when nonlinear terms are considered in the 
Poisson-Boltzmann equation, the approach becomes thermodynamically inconsistent; the 
two charging processes. Equations 69 and 70, give different results. This is due to the central 
approximation (Equation 72), which neglects the mutual fluctuation effect of the central ion 
with respect to other neighboring ions.15 More recently,16 the Poisson-Boltzmann equation 
has been reinvestigated using a variational principle in an attempt to provide the “ best” 
estimate of
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Going back to the exact equation. Equation 73. Kirkwood'7 was able to show that

V ^ f r )  = -  (4tt/€) 2e,P ,5» e »«-*•('> ♦ (80)

|  is a short-range function; it approaches unity rapidly, as r —* and is sometimes called
the “ volume term” . «)>,. has the form of a third-order fluctuation, representing mainly the 
departure of the potential of mean force from the mean potential; it is given by

r « o dc„ de, de, (81)

for an s ion at r.
In the limit of infinite dilution, t|r, becomes a linear function of charge; Equation 81 thus 

gives a vanishing value for <!>;, in this limit. Therefore, the Poisson-Boltzmann equation is 
exact in the limit of zero concentration, However, in general, the mean potential ijt, is a 
nonlinear function of charge, and <!>„ is not zero. Kirkwood and Poirier have given approx
imate solutions of Equations 80 and 81. Further attempts to treat the fluctuation terms more 
exactly have been carried out by Falkenhagen and Kelbg.w Kelbg,4” Bell and Levine.41 and 
more recently. Outwaite and Bhuiyan.42

Because of the technical difficulties in going beyond the Debye-Hiicke! approximation 
in the potential approach, other approaches have been investigated We now turn to some 
of these.

B. CLUSTER EXPANSION THEORY4’
Wre recall from Section II that the McMillan-Mayer theory enables us to apply the formal 

procedures, originally developed for gases, to solutes in solution. Equation 39 has the same 
form as a density expansion of the pressure for an n-eomponent gaseous mixture. For 
simplicity, let us write Equation 39 for the case of a two-component system. We have

ir/kT = p, + p, -  2  In, + n, -  1) Bnii„, p?1 pT (82)
tt| ,«2

where BM| is an integral of the form

Bn,.n, = (l/n l!n2!V) J. . .jTs, , d(n, + m) (83)

and the integrand. S, is a sum of products of Mayer's f„ functions, where

f = e "yw" -  1l,|

One can represent the individual terms in any S by a diagram notation44

j
O

O—O = f„. iO — — Ok = f f,v f|k
i i

etc. This is an extremely useful notation, so much so that the integrals themselves are often 
referred to. by a mild abuse of language, as diagrams.

Equation 82 involves a triple summation, considering the integral as a sum (in the case
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of simple pure fluid, it would be a double summation). For a normal dilute solution (or 
dilute gas), one usually does the summation for Bn| 02 first (i.e ., the integral) and obtains a 
straightforward density expansion; truncations to low powers of the density can be expected 
to be good approximations. However, for dense or strongly interacting systems, such a 
procedure converges very slowly, or the series does not converge at all. For long-range 
interactions, like coulomb systems, even the individual terms, the B„in,, diverge. Such 
divergences are artifacts of the summation procedure. An alternative procedure can be 
developed by summing the series in Equation 82 over all values of n,, n2 first, for some 
specified types of term or cluster diagrams in Bni and then summing all types of diagram. 
By doing this in a particular way, a convergent result can be obtained.

For electrolytes, Mayer classified the cluster integrals in the following way:45 from 
Equation 45, the effect of short-range and long-range interactions can be separated in f ;̂ by 
defining two kinds of function

then

kjj (r) = |e~

z.z.e-
Pii W = e r k T

fy = kjj + (ky + 1) (e p'i -  1)

=  kj, +  (kjj + 1 ) 2  p !j
1̂ 1 J'

(84)

(85)

( 86)

These may be represented diagrammatically by drawing a dotted line for a k-bond 
between two particles and a solid line for each P-bond. Some examples are

O------O = Py; O ......... O = ky
' j * i

0 - " - 0  = kijP2ikPjk; etc.
i j

Then the various terms in Sni can be classified according to their topological nature. 
The simplest kinds of diagram are the so-called ring diagrams, e .g ., all points in the diagram 
are connected by P-bonds, forming a ring. They are

.o-

n n g r° v _ J °  + 0 ----0  + 0 o

o

o
o

+ . . .

The contribution of all these ring diagrams to the free energy can be summed in closed form 
by a technical trick which we shall forego describing. The result is,45 for the free energy 
per unit volume,

0 A A (nng) =  -  k 1 12 (87)

where k is given by Equation 76. This is just the Debye-Huckel result for point charges!
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However, note that to obtain this result we had to retain diagrams containing arbitrarily 
many particles. This is a manifestation of the collective effects discussed earlier.

Higher order diagrams involve the short-range interaction terms ky in addition to the 
coulomb bond Py: they are complicated, and the resummation procedure involves classifi
cation of each S into various types of contribution according to the topological structure of 
the diagrams.

Within each topological type of diagram the summations over n,,n, are performed first 
to obtain a new convergent cluster integral Bs ,(k). The formal result of these resummations 
of the series for the free energy is45

pAA =  —  k 3 / 1 2  -  s  S  P" pr ( k )  ( 8 8 )
s,i n ^ 2

The classification of diagrams is, of course, not unique. Each classification corresponds to 
a different ordering of the higher terms in the expansion, Equation 88.46 The interested 
reader should consult Reference 43 for details of the cluster summation method.

It is difficult to develop a feel for the intuitive meaning of these expansions without 
working directly with the expansions themselves. Even in the short-range case, the cluster 
symbolized by the diagrams are mathematical clusters, not physical clusters. In the case of 
long-range forces, the conceptual problems are compounded by the extra resummation 
necessary to account for the collective effects. Equation 88 is no longer a density expansion, 
since each B " , ( k ) depends on density through the Debye parameter k ,  because of the series 
summation which defines the B s  (refer to Equation 87).

If one only keeps the first term in the series of Equation 83, one has the so-called DHLL 
+ B2 approximation43 (DHLL stands for Debye-Hiickel limiting law),

PAA = - k-712 -  2  PSP. Bs, (k) (89)

where

B5t ( k ) = 2 tt {exp( —p w *  + qst) -  l -  q2/2}r2dr

with

( 9 0 )

q„ = - e se, exp( -  K r ) / e k T r  (91)

The DHLL + B2 approximation is useful, since the first correction to the Debye-Hiickel 
limiting law due to short-range interactions can be investigated carefully. W* need not be 
limited to a hard core interaction, as in the previous potential approach.

Higher order terms than those included in Equation 89, comparison with experiment, 
and the consideration of more realistic potentials, W* are beyond the scope of this chapter.

C. INTEGRAL EQUATION APPROACHES47
As we have seen, knowledge of the radial distribution functions, g„(r), also yields the 

thermodynamic properties of the solution. The structural information contained in gy(r) is 
more complete than that contained in the mean electrostatic potential. Hence, recent ap
proaches to electrolyte solution theory have tended to shift to the determination of gH(r) 
rather than ^(r). This is also, no doubt, due to the rapid advances in the theory of simple 
fluids, made in the past three decades.48 49

There are three known routes for determining the thermodynamic properties from the
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functions gy(r). Let us consider the internal energy E. Using the definition of the partition 
function Q, Equation 2, we can write

E = -7, NkT -  = V2 NkT + <U> (92)
d  p

(U) = j Ue ~pud{N}/Je “ pud{N} (93)

The first term in Equation 92 is the mean kinetic energy, and the second term is the mean 
potential energy. Let us assume that the total potential energy of the system is the sum of 
pair interaction energies.

U = ( V  I  uy(ru) (94)

U is the sum of NjN/2 terms for a pair of species i and j, all of which give the same 
contribution upon carrying out the integration for (U). We then have

< U )  = 2 , J e  uM d[N]

= S  ^  J u„ d(i) d(j) f e - ™ ™  d{N -  2}/Z

= 2  /  «u (0 gij(r) d ’r (95)

therefore

P E/V = (3/2)X  Pi + S O P .P /2) f  uy g,j 4rrr2dr (96)
i i. j

Next we shall consider the pressure, which is p = kT (dlnQ/dV)N T. Upon carrying out the 
differentiation, under the pair additivity assumption of Equation 94 one obtains

P P = S P i -  2  ^  [  r ^  gy 4 ™ 2 dr (97)

Another relation relating g,f to thermodynamic functions is the compressibility equation. 
This can appear in several equivalent forms for multicomponent systems; they have been 
derived in Section III.A on the Kirkwood-Buff theory. One example is Equation 32. For a 
simple 1-1 electrolyte system of number densities p + = p = p, Equation 32 becomes

B iE  = 2 > P (G , . t G -  2G ,
P 3p 1 + p (G ++ + G ... ) + p2(G + „ G -  i

The summation is over the charged species only, and we have replaced literal subscripts 
with the sign of the ionic charge for the species concerned. In Equation 98, the properties 
of the solvent do not enter explicitly on the right-hand side, but lay implicitly in the potential 
of mean force that determines git. Recently, a completely general development was given 
for the fluctuation thermodynamic properties of multi-salt solution that includes ionic as
sociation.30
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Equations 96 to 98 are three routes to thermodynamic equations from pair correlation 
functions. For any given approximate giJ(r), the results of the three routes may not be 
thermodynamically consistent. The extent to which they are consistent constitutes a check 
of the accuracy of gij. Other thermodynamic properties, such as chemical potential deriva
tives, can also be obtained from the g’s, as shown in Section III. A.

In the McMillan-Mayer formalism,1 the solutes can be treated as particles interacting 
through a potential of mean force W(r) in a vacuum. The excess thermodynamic quantities 
can be calculated directly. Equations 96 and 97 can be rewritten as

3 E“  =  (V2) (3 2p.pjj[ ^W y/ap ) gy 4rr r2 dr (99)

P p« = p-n- = 2(P iP/6) J  rCaWy/arJgi^rr r2 dr (100)

Here, the summation is over solute components only. One should note that Equations 99 
and 100 involve one more assumption — the pair additivity of Wy(r). This assumption is 
not exactly correct even if the uy are pairwise additive; however, for the long-range part of 
W(r), it is usually a good approximation.

Now, the next step is to derive approximate pair correlation functions gij, from the 
knowledge of pair interactions, u(j, or the potentials of mean force (in the infinite dilution 
limit) Wy. In Section III, we sketched the derivation of a density expansion, pressure as a 
power series in the activity, and then we were able to convert that to a power series in the 
density. We can use the same kind of procedure to calculate a density expansion of the pair 
correlation function.48-49 Again, we should not be surprised to find that the straightforward 
density expansion is not useful for electrolyte solutions; one has to perform complicated 
cluster diagram analysis for gy just as for A. The techniques are quite similar to those 
mentioned previously and will not be further discussed here. Rather, in the following, we 
will present some of the currently interesting approximations to gy in an alternative way, 
through the introduction of another useful function — the direct correlation function. It is 
defined by the Omstein-Zemike equation.48-49

gij -  1 = Cy + 2  p5 | ( g , s  -  1) csj d(s) (101)
s *'

The direct correlation function is usually a simpler looking function than the pair cor
relation; its long-range behavior reflects the long-range part of the direct interaction uy very 
simply. It has been shown rigorously that the asymptotic behavior of cy is

Cy(r) — » -  puy (r) (102)

Note that Equation 101, by itself, is just a definition of Cy. Without other information, it 
does not help us to derive an approximate solution for the pair correlation functions in any 
systematic way. However, if we had an additional relation between cM and gy, and known 
pair interactions, we would have a set of equations whose solution we could investigate, 
rather than merely a definition. In the following, we will present several currently useful 
approximate integral equations, using Equation 101 as a starting point. We will not discuss 
their solutions, however. Returning to Equation 101, if one chooses

g„ =  g u — 1 — In glJ — puy ( 103)
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one has the hypemetted-chain approximation (HNC). The picturesque name comes from the 
diagram analysis of the cluster expansion of the pair correlation function, in which only 
diagrams having a certain chain-like structure are retained.49 Another closure is to let

One then has the Percus-Yevick approximation (PY).52
For the primitive model, both the HNC and PY approximations have been solved 

numerically by Carley53 and Rasaiah and Friedman,54 and compared with Monte Carlo 
simulations.55 56 It is found that HNC provides very good results for the primitive model in 
the case of 1-1 electrolytes up to 1 M  concentration compared to MC simulations.55 56 With 
adjustable short-range interaction potentials, the HNC gives a fairly good description of 
common salt solution mixtures.57 As an example of further developments of the HNC 
approach, Kusalik and Patey58 have developed the so-called RHNC approximation59 (ref
erence hypemetted-chain); the closure is based on the separation of the pair potential and 
correlation functions into reference and perturbation parts. In this work the reference system 
is taken to be a mixture of spherical particles. A mixture of spherical ions immersed in a 
solvent of multipolar polarizable particles can be treated. This is a combination of the integral 
equation approach with the perturbation theory.

There are some other closure approximations for the Omstein-Zemike equation. Another 
integral equation, especially designed for the primitive model of electrolyte solutions, is the 
mean spherical approximation (MSA).60 Here, one has an exact condition on the pair cor
relation function

due to the hard sphere potential. On the other hand, one knows the asymptotic behavior of 
Cjj, from Equation 102. We agree to approximate cu for all r„ >  au by its asymptotic behavior.

which strictly holds only for r„ —» s».
Equation 106 with the exact relation, Equation 105 (the Omstein-Zemike equation), can 

be solved exactly. Waisman and Lebowitz60 first did this for the case of the restricted primitive 
model. Recent Monte Carlo calculations61 of ionic chemical potentials find good agreement 
with MSA at low to moderate concentration.

There have been proposals to improve the MSA scheme, among them the generalized 
mean spherical approximation (GMSA).62 In the GMSA, one tries to improve the direct 
correlation function by adding an extra short-range term of the Yukawa potential form with 
its parameters chosen by thermodynamic self-consistency requirements.63 With this chosen 
form of the direct correlation function, the GMSA can be solved analytically; this is a distinct 
advantage. The GMSA represents a significant improvement over the MSA when compared 
with Monte Carlo simulations.63

MSA has the advantage that it can often be solved analytically for more realistic treatment 
of solute and solvent molecules. So one can investigate the effect of solvent dipole on 
potentials of mean force analytically. In a recent example,64 one can solve MSA for arbitrary 
mixture of ions and dipolar solvent.

D. ION PAIRING65 67
The Debye-Hiickel theory is essentially a theory of weak interactions, although the long- 

range force causes complications, as we have seen. Physical interactions are weak at large

= gy (1 -  expf(3u„)) (104)

glJ = 0 for r„ <  a1( (105)

(106)
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distances, but may become quite strong for short distances. This suggests that one might 
try to treat the long-range and short-range parts of the interaction separately. An intuitively 
appealing way to make the separation is due to Bjerrum,68 and is called the ion pair theory. 

An important length in the electrolyte theory is

d =
z +z_e2
T k F

(107)

If r >  d, the potential energy of a pair of ions is less than their (average) kinetic energy, 
while if r <  d, the potential energy is greater than the kinetic. The length, d, would, thus, 
seem to be a reasonable dividing line between the regions of weak interactions (r >  d) and 
strong interactions (r <  d).

Bjerrum proposed that two ions whose mutual distance was less than a length q, of order 
of magnitude d, be regarded as a separate neutral species, an ion pair. These i o n  p a i r s  are 
assumed to be in equilibrium with free ions

Az* + W  ^  (AB)2* 2 (108)

with association constant K

K = [(AB)2* 2 ]/[A2* ] [B2 ] (109)

If the association process is completely described by the coulomb attraction, then the as
sociation constant K is given by

K =  4—N J  e x p i  / .  /  c '  ekTrjr'dr ( 1 1 0 )

Unfortunately, we do not know exactly how close a pair of ions needs to be before they 
can be regarded as “ associated ions” . Bjerrum took the choice that the potential energy is 
equal to 2kT at q; e.g.,

q =
z . /  e2 
2e kT (111)

Equations 109 to 111 enable one to compute the concentration of ion pairs for any given 
electrolyte concentration. For the case of a simple one-component electrolyte (symmetric), 
one further assumes that the ion pair is a n e u t r a l  species, not interacting with other charges 
through coulomb forces. The ion pairs contribute nothing to the electrical part of excess 
thermodynamic quantities (or to electric conductivity). The rest of the “ free” ions can be 
treated by the Debye-Hiickel theory, and the equilibrium properties of the ionic system can 
be calculated by methods already discussed. For complex unsymmetric ionic systems, a 
simple pairing procedure, such as Equation 108, will not lead to neutral ion pairs; one may 
need to consider more complicated equilibria than that suggested by Equation 108.66 The 
ion pairing idea has been mostly used for interpreting emf, conductance, Raman, and NMR 
data on ionic solutions, since it gives us an easy interpretation of the physical process 
involved.66

In highly concentrated electrolyte solution, higher aggregates of ions also need to be 
considered. Experimental evidence is mostly indirect, such as the minimum in conductivity;66 
and in some ionic systems one finds coexisting phases which are taken to be differing in 
ionic association.69 In Monte Carlo simulations70 of 2-2 electrolytes, it has been found that
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the like pair correlation g + + shows remarkably large enhancement at nearly twice the ionic 
diameter. This was interpreted at the formation of triplet and higher clusters.

From the point of view of rigorous statistical mechanics, the ion pair theory is unsat
isfactory, not only because of the oversimplified energy calculation of the ionic association 
constant, but also because of the ambiguous nature of the very definition of pairs. Different 
choices of q have been made by other investigators, but these are really mostly dependent 
on how well the data can be fitted. Furthermore, the meaning of independent species can 
be quite different for different kinds of experiments, for example, in conductance, ther
modynamic, and spectroscopic studies. On a practical level, the choice of q has to be 
carefully balanced against two factors. The larger q, the worse will be the approximation 
of treating all pairs as ideal neutral species. If q becomes too small, the Debye-Hiickel 
equation itself will be an increasing invalid description, since the ionic interaction at small 
distance can be much larger than kT. Friedman and Larson69 71 have made extensive studies 
of the Bjerrum ion pair theory in relation to integral equation and simulation results.

In a hybrid approach mixing the idea of integral equations and ion pairing, one can 
modify Bjerrum’s theory in two steps: (1) an ion pair is defined in an abstract way by 
associating it with a mass action constant and (2) the unpaired ions are approximated by the 
primitive model or with added short-range interactions, treated by some integral equation 
such as the MSA or HNC. The separation of overall ionic particles into free and paired ions 
can be done by minimizing the total free energy.

The work by Ebeling and Grigo, termed the MSA-MAL,72 using the MSA with the 
primitive model, exemplifies this approach. These authors calculated osmotic coefficients 
and the coexistence curve for a 2-2 electrolyte and obtained very good results.

Tani and Henderson7’ generalized this approach by considering all dimer and trimer 
clusters, and the choice of cluster diameter q to be such that the thermodynamic functions 
are independent of q. This seems to be more satisfactory than the choice of constant q by 
Bjerrum. In this improvement, the theory incorporates the possibility of ionic clustering 
when it is necessary to account for large short-range interionic interactions, i.e., in excess 
of those included in the MSA. The total partition function of the system has two contributions, 
an intracluster contribution which can be calculated by evaluating coulombic partition func
tion, and an intercluster contribution which may be calculated using the MSA. For this 
distinction of clustering to be possible, strong long-range attractive forces should play a 
leading role in the energetics of the system. The notion of cluster has physical meaning only 
if typical cluster sizes are smaller than the mean interparticle distance which is proportional 
to c l/3. Later, Gillan74 and Pitzer and Schreiber75 suggested that clusters having 3-6 ions 
are important in describing ionic systems affected by strong interionic coupling. They, 
therefore, refined this approach further by including clusters up to hexamers. With this 
refinement, it is possible to have significant improvement over MSA.76

E. KIRKWOOD-BUFF APPROACH
Most of the theories of electrolyte based on correlation functions belong to the McMillan- 

Mayer approach. Applications of the Kirkwood-Buff approach to electrolytes face some 
intrinsic difficulties and hence lag far behind.

For solutions of uncharged species, each component can be independently varied and 
the thermodynamic expressions (Equations 26 to 33) in terms of correlation functions can 
be directly applied. However, for electrolytes one has correlation functions between depen
dent constituents; the chemical potentials of the ions are dependent due to the charge- 
neutrality condition; and the computational application of the Kirkwood-Buff theory then is 
not immediately obvious. Friedman and Ramanathan77 indicated that the applications of 
Equations 26 to 33 become indeterminate.

Nonetheless, the Kirkwood-Buff theory of solution can be useful for electrolytes in two
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respects. First, it is particularly useful for extracting thermodynamic quantities from distri
bution functions generated by other methods"'® (integral equation approach or potential the
ories). For example, recently Newman,79 starting from the nonlinear Poisson-Boltzmann 
distribution function, has used the Kirkwood-Buff equations to forge the connections with 
the chemical potential. Thus, one avoids the thermodynamic inconsistency incurred in a 
charging process. Indeed, Newman found that he can model the activity coefficients of KC1 
solution up to 4 M by just using two parameters.79 The approach holds considerable advantage 
for the analysis of the thermodynamic properties of electrolytes.1,0 It should be developed 
further in the future.

Another advantage of the Kirkwood-Buff approach is it gives explicit treatment of solvent 
structural function together with ion-solvent ones. This is desirable when one wants to 
include the solvent as a discrete molecular species. At present, this approach is mostly 
limited to simple (spherical) solvent panicles.*1*3

F. SURVEY OF SOME NUMERICAL RESULTS
We have described many theoretical methods for the description of electrolyte solutions. 

To finish off the story, we should indicate how useful these theories are. First, it is necessary 
to be more precise on the usefulness of a theory. One can list three possible uses: the accurate 
prediction of the results of the experiment, the provision of a conceptual framework for the 
understanding of experimental results, and the furnishing of functional forms for the empirical 
fitting of experimental data. In this chapter, the second of these is the most emphasized. 
The accuracy of a theory is usually ascertained by comparisons with simulation results. In 
these comparisons, we have to distinguish between thermodynamic properties and structural 
properties (correlation functions). At present, there are several theories which give a con
centration dependence for thermodynamic properties that is at least qualitatively reasonable. 
When viewed as structural theories, on the other hand, most of the approximations must be 
regarded as disappointing. In this section, we will limit ourselves only to thermodynamic 
properties. For the third use of theories, many semiempirical constructs for thermodynamic 
properties of electrolyte solution are based on the theories discussed in this chapter; the 
Debye-Hiickel theory and its descendants are particularly useful in this respect. We do not 
discuss these developments. Readers should consult Chapter 3 for details.

With respect to the accurate prediction of the results of the experiment, at the present 
time one cannot expect much success for ionic solutions at high concentrations. The reason 
is that one must have both an accurate approximate theory and an accurate intemiolecuiar 
force law in order to make an accurate prediction. To paraphrase an analogy by Andersen,"' 
if a patient has a diseased appendix and a brain tumor, and the appendix is successfully 
removed, the patient stilt is very ill. At the present state of our knowledge of irnermolecular 
force, accurate predictions cannot be expected for solutions at high concentrations, where 
deviations at short range from Coulomb’s law for the potential of mean force are to be 
expected.

As an example of this, consider the primitive model of electrolyte solutions. The HNC 
theory for this model has been compared to Monte Carlo calculations for the same model."* 
The two computations agree quite well, indicating that the HNC approximation is a good 
approximation for coulomb interactions in solutions up to 2 M. On the other hand, the 
comparison of these results with experiment is quite poor above 0.5 M. This indicates that 
the hypothesis of pure pairwise coulomb interactions (aside from the hard core) for the 
potentials of mean force ts the culprit spoiling agreement with experiment. Reviews of these 
calculations have been given by Friedman'7 and Andersen.*’

In order to see how a different intermolccular force might change this agreement, lei 
us look at the calculation of Kusalik and Patcy.'* These authors solved the RHNC equation 
numerically for a model consisting of spherical ions with a hard core in a solvent made up
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FIGURE 2. The concentration dependence of mean ionic activity coef
ficients (In y t ). The solid and dashed lines represent theoretical (RHNC) 
and experimental results, respectively. The limiting law lines are labeled 
(L.L.). (From Kusalik, P. G. and Patey, G. N., J, Chem. Phys., 88, 7715, 
1988. With permission.)

of polarizable particles with permanent multiple moments. Specifically, the solvent molecules 
had a dipole moment and a quadruple moment appropriate to tetrahedral symmetry; the 
values for the moments and the polarizability were chosen to be those of water. The dielectric 
constant for the model is 93.5, which should be compared to the experimental value of 78.5 
for water. Note that hydrogen bonding has not been specifically introduced.

We shall only discuss the results for the activity coefficients, although other thermo
dynamic functions were also considered by the authors.58 Since the dielectric constant is 
different from the experimental one, the limiting slope of the activity coefficient will nec
essarily be different from the experimental slope because of the explicit occurrence of this 
quantity in the DHLL (cf. Equation 78). However, even aside from this discrepancy in the 
limiting slope, whose origin is easy to understand, the agreement between theory and 
experiment is poor. The relation between experiment and theory is shown in Figure 2.

How should one understand this? The thermodynamic properties of ionic solutions are 
sensitive to the potential of mean force between the ions, except at the lowest concentrations. 
Hence what might seem to be minor changes in the potential model used can give marked 
effects on the thermodynamics. In particular, the integral G +s (cf. Kirkwood-Buff theory, 
Section III.A), the correlation integral between solvent and the positive ion, has a large 
effect on the activity coefficient, so that the deviation from pure coulomb forces is empha
sized.

Kusalik and Patey84 have made another calculation which exemplifies this same sensi
tivity. From the computations previously discussed, they have calculated the portion of the 
potential of mean force which is expressible as a sum of pair potentials. They then used 
this potential in the HNC equation and solved it. According to the McMillan-Mayer theory, 
if the potential of mean force is exact and the integral equations are exact, this should be 
equivalent to the previous calculation. In fact, for some ions the results differ by as much 
as 20%. For NaCl, the iterative solution of the equations does not even converge for 
concentrations above 0.25 M .  Clearly, the nonpairwise additive part of the potential of mean 
force cannot be ignored. It is also possible that a part of the discrepancy is due to the 
approximate nature of the RHNC and HNC equations.
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This calculation by Kusalik and Patey does not use the primitive model. A solvent made 
up of molecules with specific intermolecular force is used. Pettitt and Rossky*’ had previously 
done a similar calculation using a different integral equation for a solvent treated as mul- 
ticentered, the RISM equation (which we have not previously discussed). From this model 
the potential of mean force was calculated, then was used in the HNC equation to compute 
thermodynamic functions. Agreement with experiment is reasonably good up to about 0.7 
M and satisfactory up to I M.

These calculations exemplify the point made at the beginning of this section; one needs 
both a good set of intermolecular potentials and an accurate theory to reproduce the results 
of experiment.

There does not appear to be any Monte Carlo calculation for ionic solutions beyond the 
primitive model, i.e.. in which the molecular nature of the solvent is given full weight. (For 
a single ion in waterlike solvents such calculations have been carried out to study solvation.) 
Monte Carlo results on the restricted primitive model have been reviewed by Friedman,47 
More recently, results for the primitive model with ions of unequal size have been reported. 
Abranto et a!.13 have studied 1-1 electrolytes for several ratios of anion-to-cation radius, 
from 0.1 to 2 M, and compared their results to the MSA and to the HNC approximation. 
Their results are reported in terms of the osmotic coefficient instead of the activity coefficient; 
there are not enough data points to make an accurate transformation to the activity coefficient 
of the salt, so we present their results in Figure 3.

It was found that the HNC equation agreed well with the Monte Carlo results in the few 
cases where HNC results were available. MSA results were available over a somewhat wider 
range of radius ratio and concentration. Both of these approximate integral equations seem 
to be competitive in accuracy in the parameter range where the available data overlap.

Vallcau and Cohen1" have studied the restricted primitive model for electrolytes of higher 
valence type than 1-1. also by Monte Carlo. Their Monte Carlo technique used a Metropolis 
sampling technique in a grand canonical ensemble where the chemical potentials are fixed, 
but particles can be randomly inserted and removed, in addition to just being displaced. The 
advantage of this method is that it avoids a certain extrapolation needed in conventional 
canonical ensemble Monte Carlo to obtain activity coefficients from the computer output. 
The extrapolation leads to numerical uncertainties which it would be desirable to avoid. 
Grand canonical Monte Carlo is not efficient at liquid densities, according to the authors, 
but is sufficiently efficient at the ionic densities met in electrolyte solutions.

We show in Figure 4 the results for the activity coefficient for 1-1, 2-1, 3-1. and 2-2 
electrolytes. It will be seen that the results from grand canonical Monte Carlo and canonical 
Monte Carlo are in very good agreement for 1-1 salts. For higher valence-type electrolytes 
the agreement is less good, as is to be expected because of the inherent extrapolation problem 
mentioned above. The grand canonical results are more reliable. There is some scatter in 
the 2-2 results at concentrations greater than 2 M due to excessively large dependence on 
particle number (compared to the other cases) in the numerical experiments. They further 
compared Monte Carlo results with various theories of a dilute coulombic system for 2:2 
primitive mode! electrolytes." It is found that HNC, DHLL + B,. and MPB (modified 
Poisson-Boltzmann) are comparably successful; they are accurate in the dilute regime (C 
<0.04 M).

Qualitatively, the Monte Carlo numerical results for activity coefficients are just those 
which one would expect from experimental experience. One must remember, however, that 
a detailed comparison with experiment is not warranted because these are restricted primitive 
model results.

Another demonstration of the use of theory in providing a conceptual framework for 
the understanding of experimental results is the liquid-liquid coexistence region at low 
temperature and density. Graham and Valleau"'1 reported a Monte Carlo study of the restricted
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F IG U R E  3. Osmotic coefficients (PV/NkT) at various radius ratios. Pri
mitive model for 1-1 electrolytes, a  =  R ,/R _ , and R . =  0.42 nm. (From 
Abramo et a l., J Chem. Phys., 89, 4396, 1984. With permission.)

primitive model around the critical point of this region. Their results allow one to obtain 
some bounds on the location of the critical point; and their data allows one to evaluate 
various theoretical predictions about the location of the transition.

We cannot leave the subject of the numerical results of theories without mentioning a 
very careful study of very low concentration ionic solutions by Sorensen.87 This paper studied 
the primitive model with moderate Bjerrum parameter, d/a (c.f. Equation 111) and low 
concentration with na = 0.015 to 0.45 by Monte Carlo. This corresponds to concentrations 
of 1.3 x 10 4 to 0.12 M  for water at room temperature, assuming a = 0.4 nm. The number 
of particles used varied from N = 32 to 1000. At these low concentrations there is appreciable 
N dependence of the results of the computation, and Sorensen finds that a very careful 
extrapolation to infinite N is necessary for reliable results. In fact, he reports that In y ,  
must be extrapolated against N 13 for reliable results, while the internal energy must be 
extrapolated against N ""2ii . This is in contrast to previous work which extrapolated with 
respect to particle number according to 1/N. The conclusion of this work is that the true 
limiting law for low concentrations is the Debye-Hiickel law with «a corrections (Equation 
77 in this paper) and not the DHLL, which is only a “ secondary consequence” , according 
to Sorensen.



6 9

F I G U R E  4 .  M e a n  io n ic  a c t iv i t y  c o e f f ic ie n t s  ( In  y t ) a s  a  fu n c t io n  o f  
c o n c e n tra t io n  c a lc u la t e d  b y  M o n te  C a r lo  s im u la t io n s  fo r  p r im it iv e  m o d e l. 
(F r o m  V a l le a u ,  J. P .  a n d  C o h e n ,  L .  K , , J.  Chem. Phys., 7 2 , 5 9 3 5 , 1 9 8 0 . 
W it h  p e r m is s io n .)

In all of the computations described in this section, the determination of activity coef
ficients was only a part of the effort. Pair correlation functions, internal energies, and other 
thermodynamic functions were also calculated. Different methods of extracting these func
tions from the raw numerical data were also considered, since methods which are equivalent 
when applied to exact results need not be when applied to approximate data. There is still 
much to be done in this field, however. In particular, Monte Carlo calculations which take 
the molecular nature of the solvent into account, though difficult and expensive, would be 
quite valuable.

IX . SU M M A R Y  A N D  C O N C L U S IO N S

In this chapter we have tried to present some basic concepts in the statistical mechanical 
theory of solutions, with special reference to solutions of electrolytes. Our purpose has been 
to introduce the reader to some of the theoretical ideas which underlie the notion of activity 
coefficient. We have purposely tried to avoid emphasis on technical details. On the other 
hand, we have tried to emphasize the physical and mathematical ideas that have been found 
to be important in this area. We can only hope that we have sailed successfully between
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the Scylla of superficial discussion and the Charybdis of overly technical exposition. Each 
reader must judge this for himself.

Over the past 20 years, a great deal of progress has been made in the theory of fluids, 
particularly through the distribution function approach. The ionic solution theory has shared 
in this progress. Numerical simulations, Monte Carlo and molecular dynamics, have de
veloped to a higlf degree of sophistication and have been of the utmost importance in the 
development of the theory. For simple electrolyte models, direct Monte Carlo simulations 
have become routine, providing us with a kind of ideal experimental test of the statistical 
mechanical methods applied. At present, theories such as the cluster expansion, HNC, or 
MSA can be trusted to give reliable predictions for the primitive model with soft short-range 
potentials from infinitely dilute to moderately concentrated solutions. For highly concentrated 
solutions and fused salts the theory is still underdeveloped. Here, numerical simulations will 
perhaps show us the directions in which our analytical theories must go.

Still, the development of more realistic models of ionic solutions is very important. 
Recently, more attention has been paid to treating the solvent as a molecular system, not 
as a continuum, and attempts have been made to take the dipolar nature to most common 
solvents (of electrolytes) into account. However, explicit treatment of solvents, like water, 
with complex hydrogen-bonding interactions is still a problem for the future.

It seems to us that the direction in which theoretical research must go to improve our 
understanding of electrolyte solutions beyond the limiting law regime is in the direction of 
shorter distance interactions. A better treatment of the long-range collective effects is always 
desirable, of course. However, we believe that the bottleneck is in our understanding of 
short-range effects and their subtle interplay with long-range phenomena. We hope we have 
given enough background so that the reader can, at least, appreciate these problems.
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I. IN T R O D U C T IO N

The first objective of this chapter is the accurate, compact, and convenient representation 
of the experimentally determined properties of electrolyte solutions. The equations must be 
consistent with the basic principles of thermodynamics and statistical mechanics. A second 
and equally important objective is the prediction of properties of systems not directly mea
sured but related to those measured. This predictive capacity must be based on the underlying 
statistical mechanical theory. In particular, we shall show that the properties of mixed 
electrolytes can be predicted with considerable accuracy if the properties of each pure 
component are known and that the accuracy is further improved if there is some minimum 
knowledge of simple mixtures of these or similar solutes. The accuracy of these equations 
is now established for a wide temperature range extending to 300°C or a little higher. Much 
of this chapter is based on a series of papers by Mayorga, Kim, Silvester, Roy, Bradley, 
Rogers, Peiper, Busey, Phutela, Simonson, Pabalan, or Yang, and the writer.126 In many 
cases, these papers give details or references in addition to those included below. Also, a 
recent review (Pitzer27) summarized this work with emphasis on aspects of geochemical 
interest. These equations are now commonly called the “ Pitzer equations” .

While there are alternate approaches to these objectives, the merit of the ion interaction 
method is strongly supported by the successful applications to complex mixed electrolytes 
by Harvie and Weare,28 Harvie et al.,29 31 Filippov and associates,32 41 and others.42 47 The 
primary advantages of the specific interaction approach are its simplicity in calculation, a 
major factor for a complex mixture, and its adaptability for the inclusion of repulsive 
interactions and of higher order interactions without disturbing the basic pattern. In its 
simplest form, a limitation arises when there is a strong association of ions; then an association 
equilibrium should be recognized. There is no difficulty in combining an association equi
librium for particular ions with an ion interaction treatment for all other species, as was 
illustrated for phosphoric6 and sulfuric7 acids and for carbonates.131819 Neutral species may 
be included in the same equations.

The current status of basic statistical theories for electrolytes is reviewed in Chapter 2, 
but it seems desirable to summarize briefly my own views. Although theories for liquid
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water are rapidly improving, they remain very cumbersome. Thus, any useful theory for 
aqueous electrolytes must start with assumptions about the interionic potential of mean force 
in the solvent and make use of the McMillan-Mayer theory4" to derive solution properties 
from these potentials. Thus, current theories do not start from first principles or from the 
properties of ions and molecules determined in microscopic experiments, but rather from 
plausible models. However, the electric charges on the ions and the dielectric properties of 
water are well known, as is the repulsion of ions at short distances, and these yield the 
essential features of the mode! potentials. We do now have an exact theory which can be 
applied numerically to any desired accuracy relating the thermodynamic properties to these 
interionic potentials of mean force40 (also see Chapter 2). This theory yields also the radial 
distribution functions (or pair correlation functions) for the various species.

Thus, there is no longer any need to speculate about the inaccuracies of the Debye- 
Hiickel theory or other approximate treatments of a particular model. These questions can 
be answered by comparison with calculations based on the use of exact equations for the 
same model.”

For practical purposes where the representation and generalization of experimental data 
arc the first objective, some mixture of theory with empirical parameters is indicated. Theory 
should be used for the effect of the electrical charges in the dielectric of the solvent, while 
effects of short-range forces arc described empirically. The empiricism can be introduced 
either at the level of a model for interionic forces or at a later stage. Both methods should 
be explored. For practical purposes, however, it is more convenient and more precise to 
obtain the proper form of thermodynamic equation from basic statistical theory and then to 
evaluate empirically those parameters whose numerical values cannot be obtained from 
theory. That is the approach described here.

In most of the literature on ionic solutions, the composition is given in terms of molality, 
moles of solute per kilogram of solvent, and the primary presentation of this chapter is on 
that basis. Molality becomes inappropriate for extremely concentrated solutions, however, 
and some recent research on ionic systems has been reported in terms of mole fractions. 
Equations based on the same general concepts but using mole fraction as the composition 
measure are given in Appendix I. Chapters 6 and 7 contain applications using these equations.

I I .  S IM IL A R IT Y  O F  N O N ID E A L  S O L U T IO N S  T O  IM P E R F E C T
G A SE S

A. THEORETICAL BASIS
In 1945 McMiilan and Mayer4* showed that the relationship of the osmotic pressure of 

a solution to potentials of mean force of solute species in the solvent was the same as the 
relationship of the pressure of a gas to interparticle potentials. Other solution properties can 
be calculated from the osmotic pressure. Corrections are needed to obtain solution properties 
at constant pressure — the condition under which most measurements are made, however. 
But, these corrections are small and do not affect the general similarlity of nonideal solutions 
to imperfect gases in relation to the appropriate interparticie potentials. Thus, a comparison 
of solutions with gases is useful in selecting an optimum general formulation of an equation 
for solution properties.

B. FOR IMPERFECT GASES: VIRIAL COEFFICIENTS OR ASSOCIATION
EQUILIBRIA
In the case of imperfect gases one has, as an ideal state for comparison, the ideal or 

perfect gas defined by the equations

PV = nRT (I)
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(<3U/3V)t = 0 (2)

Here n is the number of moles, R the gas constant, and U the energy content, while P, V, 
and T have their usual meanings. Real gases generally approach ideal behavior as the pressure 
is lowered at constant temperature.

A common type of equation for the volumetric behavior of a real (imperfect) gas is an 
expansion in series in either P or 1/V. The perfect gas expression appears as the first term 
and the coefficients of the terms in P or I/V are known as virial coefficients. Thus for 1 
mol

PV B c D--- _ 1 + -  + — 4- —:
RT V V2 V3 (3)

or

PV = RT + BP + C 'P ’ + D 'P1 + (4)

The perfect gas term is the first virial coefficient. The second virial coefficient B is the 
same in either Equation 3 or 4; the higher coefficients are different but interrelated. It is 
readily shown by statistical mechanics that the second virial coefficient arises from the 
intermolecular forces between pairs of molecules; the third virial coefficient from the in
teraction of three molecules with each other; etc. If the intermolecular force between a pair 
of molecules depends only on the distance r and is given by the potential u(r), the equation 
for the second virial coefficient is

B = 2itN„ [ 1 -  exp( -  u/kT)] r2dr Jo (5)

where Nn is Avogadro’s number if B is for 1 mol and k is the Boltzmann constant. While 
the intermolecular force for diatomic or polyatomic molecules depends on other coordinates 
in addition to r, this dependence can often be ignored. Thus, Equation 5 applies strictly for 
Ar, Kr, etc., and approximately for N2, CH4, etc. For neutral molecules in a gas, u falls 
off rapidly with r and the integral converges. Parenthetically, we note that for electrostatic 
forces between charged particles, u falls off only as r~' and the integral diverges; this is 
the special problem of electrolytes which must be handled by the Debye-Hiickel method or 
some equivalent procedure.

Typically, u(r) is large and positive at small r and then negative for a region before 
approaching zero (usually as r 6) at large r. One speaks of repulsive forces in the inner 
region and attractive forces in the intermediate region. Such a function yields a positive 
contribution to B in the inner region of positive u and a negative contribution in the region 
where u is negative. Thus, B may have either sign. This is shown in Figure 1 where the 
compressibility factor (PV/RT) at finite pressure is greater than 1 at high temperature and 
less than 1 at low temperature. From the curvature in various parts of the diagram, one can 
see that C, D, etc. become significant and that at least some of them may have either sign.

We are interested primarily in the region of relatively low pressure where the curves 
are nearly straight lines; here the initial slope is B and the effect of C is small. It is evident 
that a virial equation will represent the observed behavior as accurately as desired with only 
a few terms. Also, there are thermodynamic relationships between the temperature derivatives 
of the virial coefficients and the difference in enthalpy, entropy, heat capacity, etc. of the 
real gas from that of the ideal gas. Thus, the virial coefficient method is convenient for 
these various functions; also, from Equation 5 there is the relationship to the intermolecular 
potential, i.e., to the properties of the system at the molecular level.
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FIGURb 1- The compressibility factor (PV/RT) for nitrogen

While the pattern shown in Figure l is typical of all nonnal gases or fluids, there are 
exceptional cases showing different behavior. An example is NO, which associates to the 
dimer N ,04.

2NO, = N ,04

This equilibrium can be described by the familiar equilibrium constant expression

K, = ( 6.)

where f, and f,. the fugacities of the dimer and monomer, respectively, are given approx
imately by the partial pressures P, and P, if the gas is nearly ideal (except for the association ). 
Also, in this approximation and if a  is the fraction of NO, associated, P, = 0  -  a) P„ 
and P, = aP,/2. where P„ is the pressure which would arise for complete dissociation. Then

K.
ot

2( I -  a)-P„
(7)

The actual pressure is

P = P, + P, = II -  tx/2) P„ (8)

and we see that the observed value of PV/RT will decrease from 1 to as the NO, associates 
to N ,04.

For any gas which associates in this manner under pressures where it would otherwise 
be nearly an ideal gas. this association treatment is clearly the proper method to use However, 
we also note from Figure I that PV/RT for N, decreases to V, at about 30 atm at — 147°C. 
Thus. in a formal sense we might assert that the N, has. on the average, associated into 
double molecules (N4). Actually, PV/RT for N, at — I47°C continues to decrease below '/, 
as the pressure increases', also, there is a negative curvature (C is negative). Heme, we must 
assume further association to larger clusters of molecules.
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Let us return to the region of low pressure and of low association of NO,. In this region 
of small a . Equations 7 and 8 may be approximated by

a s  2PKa (9)

and for 1 mol of NO,

PV s= RT -  (RTKjP (10)

Thus, — RTKa is an effective second virial coefficient for the associating NO,, assumed 
otherwise to be an ideal gas. At very low temperatures and pressures, this is a good ap
proximation even for normal gases such as N,.

In a limited region of temperature and pressure, the association and virial treatments 
are both satisfactory for either normal gases or the special examples of associating gases. 
Frequently, one wishes also to represent the properties of the gas over a wider range, and 
one then chooses the method which is valid over that larger domain. If one wishes to consider 
high temperatures, it is apparent from Equation 5 or Figure 1 that B becomes positive. This 
would correspond to a negative association constant which is impossible. Also, in the higher 
pressure domain for a normal gas the higher virial coefficients provide a convenient expres
sion, whereas Equations 7 and 8 do not fit the data. Thus, for normal gases the virial equation 
method is preferred.

C. FOR ELECTROLYTE SOLUTIONS: SIMILARITIES TO IMPERFECT 
GASES AND ADDITIONAL FEATURES FOR ELECTROLYTES
Although the complete theoretical analysis for electrolytes is considerably more complex 

than for imperfect gases, the same comparative features of interaction coefficients and 
association equilibrium methods are still valid. Since neutral molecule solutions are very 
similar to imperfect gases, when treated in the McMillan-Mayer theory, the principal addition 
for electrolytes is that introduced by long-range electrostatic forces; it adds a special term 
in the square root of the ionic strength for the logarithm of the activity coefficient or for 
similar properties. This is the term given in its simplest form by the Debye-Hiickel limiting 
law. There are various slightly more complex forms for this ‘'Debye-HiickeT' (or D-H) 
term which reduce to the limiting law at low concentration but yield better agreement at 
higher concentration. However, in any case one must add terms for short-range interionic 
forces which are specific to each solute. These terms can be presented as interaction or virial 
coefficients for each solute. Alternatively, unusually strong attractive interactions can be 
represented by association equilibrium constants for individual solutes. The problem of 
apparent negative association constants where repulsive forces predominate arises for so
lutions as it did for gases, however.

As in the case of imperfect gases, there arc examples where association reactions are 
so strong that the association equilibrium must be recognized and this can be done with 
other effects handled in either system. There are many cases where either method is satis
factory. However, for mixed electrolytes the required calculations are much simpler for the 
interaction coefficient approach, and therein lies a major advantage. The simultaneous so
lution of several association equilibria with their effects on the ionic strength and the sec 
ondary effects on various activ ity coefficients becomes very burdensome. Also, if is relatively 
simple to add third virial coefficients for triple interactions when required at high conceit 
tration; this is much simpler than the solution of the equations for the array oi association 
equilibria when triple ions, quadruple ions, etc. are included. The second major advantage 
is the straightforward treatment of cases where repulsive interactions predominate.
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I I I . H IS T O R IC A L  A S P E C T S

In this section the historical development of the ion interaction method is reviewed very 
briefly. The peculiarities of strong electrolyte solutions were a major puzzle to physical 
chemists in the first two decades of this century. The significance of the long-range character 
of electrostatic forces was pointed out by several scientists, and Milner’’ constructed an 
appropriate theory in 1912, but its mathematical form was complex and he obtained only 
approximate results. In 1923 Debye and HuckeP ,J effected a great simplification by ap
proximations in the formulation of the theory, and obtained the simple limiting law which 
resolved the primary puzzle. However, before Debye and Hiickel, Lewis and Linhart’'  had 
obtained essentially the same limiting law on an empirical basis, Bronsted’'' had proposed 
an interaction coefficient extension of the limiting law, and Lewis and Randall’7 had proposed 
the ionic strength as the appropriate electrical concentration. The ionic strength is

where m is the molality of the ith species of charge z, protonic units.

A. BRONSTED’S POSTULATE
From both empirical and theoretical arguments, Bronsted’'' proposed in 1922 (before 

the Debye and Huckel paper) the following form of equations for 1-1 electrolytes:

where 6 and y are the osmotic and activity coefficients, respectively. Of the two parameters, 
Bronsted recognized that a  is a general nonspecific property of the charges on the ions and 
the solvent (it is, of course, the Debye-Huckel parameter), while p is a specific parameter 
for each solute.

Bronsted”  also postulated that there would be specific interaction only between ions of 
the opposite sign and that the interaction between ions of the same sign would depend purely 
on the electrical charges. We shall find this Bronsted principle of specific interaction to be 
a good approximation but not fully in agreement with the best data now available. The 
theoretical basis is straightforward: ions of the same sign tend to stay away from one another, 
and thus differences in short-range forces between them should have little consequence. In 
contrast, ions of opposite charge tend to come as close together as possible and are affected 
strongly by the short-range forces, and these short-range forces are specific to each particular 
pair of ions.

B. GUGGENHEIM’S EQUATIONS
Guggenheim’” adopted the general principles advanced by Bronsted as well as those of 

Debye and Huckel and suggested the following modification in the form of equations for 
improved agreement with experiment. Guggenheim and Turgeon"' later used these equations 
to treat an extensive array of data. Also, the equations were generalized to mixed electrolytes 
and to any valence type. For a single electrolyte they obtained

(ID

I — <b = (a/3)m|,J + pm

In y = -  am 12 — 2pm (13)

(14)

where v , and v are the numbers of positive and negative ions in the formula and
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<x(y) = (3/y3)[l + y -  (1 + y) 1 -  2 ln(l + y)] (15)

, , I1'2 /  2v, v_ \
In 7- = - a  z t z. ;..-  + I ----- ;----- ) l2(i)ni (16)1 + I1'2 \ v + + v_)

The first term now corresponds to the Debye-Hiickel expression for a value near 3 A 
for the hard-core ion diameter, but this is still a general function. The only term depending 
on the specific solute is p.

For mixed electrolytes, the equation for the activity coefficient of the MX solute becomes

>n 7 mx
2v,- aZuZ,

1 + I 1 2  Pv
2v_

+ v S P c m,. (17)

where the sums in a and c are over all anions and cations, respectively.
Since the pca quantities can be obtained from measurements on pure electrolytes, Equation 

17 allows the prediction of the activity coefficients in mixed electrolytes from data on pure 
electrolytes which is a major objective.

Guggenheim and Turgeon60 state that these equations “ represent the facts with a useful 
degree of accuracy, at least for uni-univalent, bi-univalent, and uni-bivalent electrolytes, up 
to an ionic strength of about 0.1” . The present author agrees with the evaluation, and it 
was only to greatly extend the range of concentration over which good agreement could be 
obtained that he suggested further elaboration of this general system.

C. VARIABLE COEFFICIENTS FOR CONCENTRATED SOLUTIONS
For the treatment of data at higher concentration, one may solve Equations 14 and 15 

for (3, which is now not necessarily a constant.

p = m 1 [4» -  1 + (7,) a|z + z_|l1/2 cr(Il,2)](v+ + v_)/2v + v_ (18)

P = (2m) [In y ± + a|z + z_ |l1/2/(l + Il,2)j(v+ + v )/2v + v_ (19)

This procedure was suggested by Scatchard61 and was used by Brewer and the writer62 to 
provide a compact summary of the extensive data on aqueous electrolytes at room temper
ature. Actually, the quantity tabulated was B = 2p/2.303, which corresponds to Equation 
19 rewritten for base 10 logarithms, and was shown as B‘ to indicate the variability of B 
with m. Since B' varies only slowly with m, it is convenient for compact tabulation. However, 
once the B’s (or P’s) are dependent on concentration, many of the advantages of these 
equations are lost since rigorous thermodynamic transformations now become complex.

Figure 2 shows the variation of B‘ with molality for a few simple solutes. The remarkable 
aspect is that B' shows a consistent large variation at low molality, yet becomes nearly 
constant at high molality. It seemed important to understand the cause of this peculiar 
behavior before attempting to improve these general methods.

IV . T H E O R E T IC A L  BA SIS A N D W O R K IN G  E Q U A T IO N S

A. THEORETICAL BACKGROUND AND GENERAL EQUATIONS
The most important advance of recent statistical mechanics for electrolyte theory is a 

rigorous relationship which yields thermodynamic functions from knowledge of the interionic 
potentials of mean force and the radial distribution functions (also called binary correlation 
functions). The charging process used by Debye and HiickeF-54 and others prior to about 
1945 to obtain thermodynamic properties is an approximation which is valid for the coulombic
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Molality

FIGURE 2, The apparent ton interaction coefficient B for a few 
I-1 electrolytes (From Thermothmimics, by Pit/er. K S and Brewer.
L , revised from 1st ed. by Lewis, G. N. and Randall. M. Copyright 
Idbl by McGraw-Hill Book Company. Used with permission of 
McGraw-Hill Book Company.I

forces but which omits all of the direct effects of short-range forces. Thus, the older cal
culations obtained ihe correct limiting law but only a crude approximation at best for the 
properties at higher concentrations. Terms to represent these latter effects were added on an 
ad hoc basis by Broasted,'''Guggenheim,w and others.

There are alternate formulations of rigorous statistical mechanics for multicomponent 
fluid systems; see Chapter 2. The McMillan-Mayer1* syslem is appropriate where a solvent, 
in our case water, is always the most ahundam component. In this system the interactions 
between solute species are given by potentials of mean force in the solvent, and the detailed 
interaction of individual solvent molecules can largely be ignored. The excess Helmholtz 
energy can be expressed in a power series in concentrations c,, c.........  of solute species

A"/VkT =  £  V  c,c,B:, + V  £  ^  c,c,ck + . . . (20)
• i > i k

The quantities B°, C®)k. etc. arise from the binary, tertiary , etc. solute-solute interactions in 
the presence of the solvent and in the limit of low solute concentration; they depend on the 
solvent and the temperature but not on the solute concentrations, They can be calculated 
from ihe potentials of mean force andean be called the second, third, etc. virial coefficients.

When ions are present, with long-range (R ’) interparticle potentials, the integrals for 
B“, C“;|k. etc. for interionic interactions diverge. Maver'1' showed how the calculation could 
be rearranged to avoid this divergence, and Friedman1" further developed this method. 
Friedman's Equations 6.10 and 13.44, with minor changes in symbols, give for the excess 
Helmholtz energy

Ac‘/VkT = kM2tt + 2! ^  C.C,B1) (*) + 2  2  c.c,c\C„k ( k )  + . . (21)
i j i i t

The first term on the right is just the Dcbye-Hiickcl limiting law with the reciprocal length 
k  defined by

(2 2 )
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Here € is the dielectric constant or relative permittivity of the solvent, e the electronic charge, 
and Z; the number of charges on particle i. In SI units there is the additional factor 4iTe0 in 
the denominator, with e„ the permittivity of free space. The sum in Equation 22 is clearly 
related to the ionic strength.

In Equation 21 the virial coefficients By, ClJk, etc. differ from the corresponding 
B°, C°k, etc. in Equation 20 by the omission of the terms which, when rearranged, become 
the Debye-Huckel term. This transformation gives By, Cijk, etc. a dependence on k  in addition 
to their dependence on solvent properties etc.

While the virial coefficients B y(K),  C ijk(K),  . . . are, in principle, related to the interionic 
potentials of mean force in the solvent, at present they can be calculated only for simple 
models. We prefer to regard them as empirical quantities to be evaluated from experimental 
data. Theoretical guidance concerning the ionic strength dependence of B will be discussed 
below in Appendix A. We proceed now to the adoption of a general equation.

For this general equation, we prefer to use the variable molality instead of concentration, 
since the latter is dependent on pressure and temperature. One could use mole fraction; 
indeed, it must be used for very concentrated electrolytes approaching fused salts (see 
Appendix I), but molality is most generally used in the electrolyte literature. Also, we prefer 
pressure as an independent variable instead of volume. This last choice does introduce a 
limitation to conditions of limited compressibility, which implies that the equation cannot 
be used close to the critical point of the solvent or solution. Thus, we base the general 
equation on the excess Gibbs energy expressed as a series of terms in increasing powers of 
molality of the same form as Equation 21. The Debye-Huckel term can be transformed 
exactly, and it can be shown that other changes arising from the new basis are absorbed 
into the virial coefficients which are to be obtained empirically (see Appendix A). One then 
has the following equation for the excess Gibbs energy:

Gex/ww RT = ft I) + 2 2  m.mi \ j(0  + 2 2 2  I'Miyw P-ijk + • • • (23)
i j i j k

here ww is the number of kilograms of water and mi( m,, . . . are the molalities of all solute 
species. The ionic strength is given by

I = 'A 2  m,zf (24)

where z{ is the number of charges on the ith solute. The first term on the right in Equation 
23 includes the Debye-Huckel limiting law, but is an extended form chosen for empirical 
effectiveness. Note that f(I) depends only on the ionic strength and not on individual ionic 
molalities or other solute properties. The matrices of Xy and p,yk are symmetric, i.e., Xy = 
Xy etc.

The quantity Xsj(I) represents the short-range interaction in the presence of the solvent 
between solute particles i and j. This binary interaction parameter or second virial coefficient 
does not itself have any composition dependence for neutral species, but for ions it is 
dependent on the ionic strength; it does depend, of course, on the particular solute species 
i and j and the temperature and pressure. The similar quantity for triple interaction is |xljk; 
in principle it is ionic strength dependent, but with a single possible exception2” there is no 
experimental indication of such dependence. Hence, we shall write our equations without 
considering any I-dependence for p. Fourth or higher order interactions could be added; 
they are not included in our primary presentation but are considered in Appendix H. They 
are needed only for extremely concentrated solutions,64 and then alternate methods may be 
preferable (see Appendix I and Filippov et al.,41 Pitzer,65 Simonson and Pitzer,66 Pabalan 
and Pitzer67).
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Before proceeding further, we recall certain basic relationships for solution thermody
namics in the molality system.* For solute species the chemical potentials the activities 
aj, and the activity coefficients y i are related by

p, = p° + RT In a, (25)

a, = m, y, (26)

where p° is the chemical potential in the solute (molality) standard state. For the solvent, 
here taken to be water, the chemical potential is

pw = p° + RT In aw (27)

with p° the chemical potential of pure liquid water; also, the activity aw is commonly 
expressed by the osmotic coefficient <J>,

4> = -  (ft/Sm,)ln aw (28)

Here O is the number of moles of solvent in a kilogram (55.51 for water), and the sum 
covers all solute species.

The total Gibbs energy of mixing from the standard states is

AmiIG = nw(pw -  iO  + In, (p, -  p°)

= RT(nw In aw + I p  In a) (29)

If one then substitutes Equations 26 and 28 for the activities and notes that m, = n,fl/nw, 
one obtains

AmixG = RT 2n,f-4> + In (rpy,)] (30)

It is useful to separate this expression into two parts: one part independent of y, or <f>, 
which gives the primary dependence of Gibbs energy on solution composition, and a second 
part for the “ corrective” terms in (1 -  <j>) and y,. The latter can be called an “ excess” 
quantity; on that basis, one defines

G« = AII1IXG + R T ln ,(l -  In m.) (31)

Then Equation 30 yields

G • = RT i n  1 1 -  <|> + In y.) (32)

Often, o n e  p r e f e r s  t o  u s e  e x p r e s s i o n s  b a s e d  u p o n  1 k g  o f  s o l v e n t ;  t h e s e  a r e  o b t a i n e d  b y -  
division b y  ww =

Ge7ww = A „ , „  G/ww + RT Im ,(l -  In m,) ( 3 3 a )

= R T  i tn )  1 <!> • In y,i ( 3 3 b )

A l t e r n a t e  d e f i n i t i o n s  a r e  a l s o  u s e d  ( s e e  C h a p t e r  1 ) .  A l s o  n o t e  t h a t  m o l e  f r a c t i o n - b a s e d  d e f i n i t i o n s  a r e  u s e d  in  

A p p e n d i x  1. w h i l e  t h e  m o l a l i t y  b a s i s  is  u s e d  th ro u g h o u t t h e  r e m a i n d e r  o f  t h i s  c h a p t e r .
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One may now proceed to obtain y, and <J) by differentiation of (Gex/wwRT). 

In y i = [d(Gex/wwRT)/9mj]n̂

= (zf/2)f' + 2V Xyiiij + (z2/2) X 2  xj'kmjmk

+ 3 2 2  R,jkmjmk + • • • (34)
k

$  -  1 = -  (dGeV3ww)n/RT 2  mi

= ( 2  mi) 1 [ I f7 -  f) +  2  2  ( h  +
i » j

+ 2 2 2 2  M-nkniimi|nk + . . . ]■ j k
(35)

Here f' and X' are the ionic strength derivatives of f and X. The multiple sums in Equations 
34 and 35 are unrestricted, i.e., each sum covers all solute species. For solutions containing 
ions, the requirement of electrical neutrality makes it impossible to evaluate certain individual 
ionic quantities. This becomes more explicit as one derives the working equation for an 
electrolyte with a single solute.

B. PURE ELECTROLYTES
If the electrolyte MX has vM positive ions of charge zM in its formula and vx negative 

ions of charge zx, neutrality requires zMvM = |zx|vx; also, we take v = vM + vx. For a 
salt molality m, the ion molalities are mM = vMm and mx = vxm. The osmotic coefficient 
becomes

()> — 1 = (vm) 1 {(If — f) + m2 [2vmvx(Xmx + IXMX) + v̂ (XMM + IXMM)
+ vx(kxx + IXxx)] + m3 (6v^vxp,MMX + 6vMvxp.MXX + 2vf*,pMMM 

+ 2 v |p xxx) + . . .} (36)

From the experimentally measured properties of the pure electrolyte, together with the Debye- 
Hiickel term (If' — f), one can evaluate only the bracketed term in X’s, a function of ionic 
strength, and the final term in parentheses involving (x’s. Thus, we define f*, B^II), and 
C1' as follows:

®MX ^MX + IX\!\ + (vm/,2vx)(Xmm + + (vx/2vm)(Xxx + IXxx) (38)

At this point, we could have included the terms in pMMM and p-xxx in the definition of 
c*, but we shall neglect them later so omit them now. These terms relate to short-range 
interactions of three ions, all of the same sign. Since electrical repulsions make it unlikely 
that three ions of the same sign are often close together, these terms are expected to be very 
small, and no indication has arisen that they need to be included. Equation 36 now reduces 
to the simple form:

f* = ( f  -  f/I)/2 (37)

C mx = [3/(vMvx)1/2](vMp,MMX + vxp,MXX) (39)
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<!» 1 i*)Bs';x + rn'|2( r N1i \  f  ’ i'ICCK (40)

For a 1-1 electrolyte all of the coefficients become unity.
In the original development of this model,1 two choices were made at this point: the 

extended form of the Debye-Hiickel term f* and the form for the ionic strength dependence 
of BfiX. All combinations of the most likely forms were tested with an array of accurately 
measured experimental osmotic coefficients for several 1 -1 -, 2-1 -, and 1 -2-type salts at 25°C, 
and the best results were obtained for the forms:

f* = -A *  I1/2/(l + bl1'2) (41)

Bmx = Pmx + Pmx exp( —a l l/2) (42)

The general pattern of ionic strength dependence was indicated theoretically for each function 
(see Appendix A), but alternate forms were equally plausible, and the choice was made for 
empirical effectiveness. Here b is a universal parameter with the value 1.2 kg1'2 ■ moF 1,2 
and a has the value 2.0 kg1'2 • mol 12 for all of the salts in the test set. It will be possible 
to use a different value of a for other salts or salts of other charge types; this will be discussed 
below. The parameters (3iyx and are specific to the salt MX. It was expected that these 
parameters representing short-range interactions would be specific to the interacting ions.

As salts of other valence types were studied, it was found that Equation 42 with a  = 
2.0 served well for 3-1 and even 4-1 salts, but not for 2-2 salts such as MgS04.2-3 The 
2-2-type salts show an electrostatic ion pairing effect which has usually been represented 
by considering the ion pair as a separate solute species. Introduction of such a species in 
equilibrium with other species complicates the calculations considerably, however. We found 
that good agreement with observed properties was obtained for the 2-2 salts if one simply 
added another term to B'('1X as follows:

B.Sx = PKk + P&  e x p l- a .l1'2) + P&  e x p (-a 2I12) (43)

The values a , = 1.4 kg1'2 • mol-1'2 and a2 = 12 kg12 ■ mol 1,2 were satisfactory for all 
2-2 electrolytes at 25°C. The parameter (i^x is negative and is related to the association 
equilibrium constant.

In a very extensive investigation of aqueous HC1, where some association is expected 
at high molality, Holmes et al.68 found that the p(2) term was unnecessary below 250°C. 
From 250 to 375°C they obtained a good fit with a fi'2’ term and with a , = 1.4 and a 2 = 
6.7 Â ,. There is theoretical support for the proportionality of a 2 to the Debye-Hiickel 
parameter Â ,; this is considered by Phutela and Pitzer21 in relation to MgS04(aq) at high 
temperature.

Finally, we note the theoretical expression for the Deby^-Hiickel parameter ; 3 /
^ u £  t w  ! H rl I 1'*1 »

A* = (1/3) (2-nN„dJ1000)l/2 (e2/ekT)3/2 " °  (44)

with N0 Avogadro’s number, dw the density of water, e the electronic charge, k Boltzmann’s 
constant, and e the dielectric constant or the relative permittivity of water. For SI units e is 
multiplied by 4'rre0, with e0 the permittivity of free space. In many papers the symbol D is 
used instead of e for the dielectric constant.

Next we transform BJ,X and C&x as defined by Equations 38 and 39 to the corresponding 
forms for the excess Gibbs energy as follows:

B \ t \  T  ( v m/ 2 v x ) X m m  +  ( v x /2 v m ) \ x x (45)
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Cmx (3/2)(p,MMX/zM + fiMXX/|zx|) (46)

The excess Gibbs energy for a pure electrolyte now becomes

G'x/(nwRT) = f(I) + m2(2vMvx)[BMX + m(vMzM)CMX] (47)

Introduction of the selected forms from Equations 41 and 43 yields

f = — (4IAlj,/b)ln( 1 + bl1'2) (48)

Bmx = PSk + PLVx g(<M'2) + Pm’x g(a2r 2) (49)

g(x) = 211 -  (1 + x) exp(-x)]/x2 (50)

Further manipulations yield the useful relationships

Bmx = IPmx g' (a .I1 2) + & &  g' (ot2I>-2)]/I (51)

g' (x) = — 2[ 1 -  (1 + x + x2/2)exp( -  x)]/x2 (52)

CMX = C*/2|zMzx|''2 (53)

For the activity coefficient equation, it is useful to define the following:

P  = - A J I 12/(1 + bl12) + (2/b)ln(l + b l‘ 2)J (54)

Bmx = Bmx + Bmx (55)

Q,x = 3C‘mX/2 (56)

The mean activity coefficient for a salt is defined as

lny t = (vMlnyM + uxlnyx)/i.- (57)

and for the present model with a single salt this becomes

l n y = |zMzx|f'*’ + m(2vMvx/v)B lix + nr[2(uMvx)2,2/vJQ1x (58)

Equations 40 and 58 were applied to the very extensive array of data for 25°C with excellent 
agreement to about 6 mol - kg 1 for various types of electrolytes.2 2 The resulting parameters 
are discussed in a subsequent section.

C. MIXED ELECTROLYTES
In o r d e r  t o  t r e a t  m i x e d  e l e c t r o l y t e s ,  i t  i s  d e s i r a b l e  t o  r e w r i t e  E q u a t i o n  2 3  i n  t e r m s  of 

t h e  e x p e r i m e n t a l l y  d e t e r m i n a b l e  q u a n t i t i e s  B a n d  C i n s t e a d  o f  t h e  i n d i v i d u a l  i o n  q u a n t i t i e s  
k  a n d  p . .  A p p r o p r i a t e  t r a n s f o r m a t i o n s  y i e l d  f o r  t h e  e x c e s s  G i b b s  e n e r g y

G"/(wwRT) =  f ( I )  +  2 E E n y n J B * ,  +  (E mtzc)C J

+ EE mcmc-[24>Ct.. + E mA c al + EE mam, (24>ai, + E nyk,,a.]

+ 2 EE mr,mA.c + 2 EE + 2 E E  rn„mn Ann + E mn k,„ + • . . (59)
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where the sums are over the various cations c,c' and over the anions a,a’. If neutral solute 
species n,n' are present, the terms from Equation 23 in ki} and p.ijk are retained; only those 
in XM are shown in the last four sums. Appendix F gives the additional terms arising from 
triple interactions including one or more neutral species for various equations; these terms 
are usually negligible. Difference combinations of X’s and p,’s arise which are defined as 
follows:

4>oc. = X.v -  </. -2/JX, -  ( / -2 /  , (60)

•kc a = 6p.cc.a -  (3zc./zt)pcca -  (3zc/zc,)fxcVa (61)

Analogous expressions for 4>aa and (Jicaa. arise from permutation of the indices. Terms 
involving three ions of the same sign are expected to be negligible and are omitted. These 
quantities account for interactions between ions of like sign, which arise only for mixed 
solutions, and can best be determined from simple common-ion mixtures.

In terms of various quantities defined above, the following equations give the osmotic 
coefficient of the mixed electrolyte and the activity coefficients of cation M and anion X, 
respectively.

«<]> I) = (2 /2  mi) 1 A,.,I'" ( I + bl'-> + 2 2  nun., (B* + Z C j

+ 2 2  mcmc.(<l>*. + 2  »»>.. + 2 2  m.nvld’t- + 2  mc>J>caa.)c < c' a a<a' c

+ 2 2  mnmcXnc + 2  2  m„maXna + 2 2  mnmnXnn. + (V2) 2  X„n. . .] (62)
n c n a n<n'  n

I'17m = z ; F + 2  ma (2BMa + Z CM„> + 2  mc (2<l \ ll + 2a c a

+ 2 2  mama'I'Maa' + ZM 2  2  nvn.Cc + 2 2  mû nM + • • ■ (63)a <" a' c a n

lnyx = z£F + 2  mc (2BuX + Z CcX) + 2  "T (2<I>V, + 2  n>cy
c a c

+ 2 2  mcmc4c, x + lzxl 2  2  mcmaCca + 2 2  m„X„x + . . . (64)c<c' c a n

The third virial terms for neutrals are omitted in Equations 62 to 64.
The quantity F includes the Debye-Hiickel term and other terms as follows:

F = f ' + 2  2  m. Ill,B', + 2 2  |>1. (l’’ + 2 2  ‘I’i, (65)

Also, <f>' is the ionic strength derivative of <f>, and

Z 2  miN  (66)

«!>;'; = <1- + FI''. (67)
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The mean activity coefficient for the electrolyte M„ X„ in a mixture is readily obtained 
from Equations 63 and 64.

I ft y.MX = F 3" 2  Z CNlll14

+ 2{vxVvm) *fcxJ  + (vx/v) 2  m,l2BtX + Z CrX
t '

+ 2 [ v j v x ) d>Ml| + 2  2  v  ’|2vmzmC„
€ a

+ e„il»Mc» + + 2 2  mLm,{vx/i») i|itt X

+ 2 2  m»m« i v j v )  i|tM„  + 2 2  rnn (vMXnM + vx\ nX)/i> (68)
a* a '  m

There are many somewhat simplified forms of liquation 68 for cases where all solutes 
are of the same valence type and further where this is a simple type or where there is a 
common cation or a common anion or where there are only two solutes. Since these trans
formations are quite straightforward and in many cases do not shorten the expression very 
much, we will not burden this paper with them. For a mixture of just two symmetrical 
electrolytes of charge /  and with a common anion, the expression is considerably simplified. 
We write y for the solute fraction of the component NX. The activity coefficient of MX is

In = z’P  + m{BMX + (i -  yjB** + y B*x + m|(3/2 -  y)Cijx + yC£x]

+ yl^MN + (1 -  y/2)m<|»MNX + (I -  y)i<l\jN|} (69)

In this case the ionic strength is. of course. I = row; also, we have substituted B* = 
B + IB' and C* = 2zC.

Another observable combination of activity coefficients is that for the exchange of an 
amount of one ion by an equal electrical charge of a different ion of the same sign. This 
occurs, for example, with exchange between two liquid phases when positive ions are 
complexed to form neutral molecular species in the nonaqueous phase and in certain electrical 
cells. The pertinent combination of activity coefficients may be written, for M " w and 
N '

zs In yM -  zM In yN = zNzM(zM -  zN) F + 2  mJ2zNBMll
II

— 2zmBNj + Z(zsCMp. zmCNj )] + 2^  >nc(zxT>Ml. — z^d*^)

+ 2  2  mi;m„(zNi|iMui -  zMi|ts,.l + 2 2  m.m,.(zNt|»M„. -  zMi}tNjJ) (70)
C A *'

The corresponding equation for the difference in activity coefficients of anions is readily 
obtained by transposing symbols in Equation 70.

It is an interesting question to ask whether it is possible to determine the chemical 
potentials of all other components of a solution from measurements of the chemical potential 
of one component over the entire range of solution compositions. If the measurements are 
of the solvent, one obtains the osmotic coefficient, and one notes from Equation 62 that all 
parameters are included. Thus with sufficient precision of measurement and range of com
position. all parameters cars be determined, and by Equation 68, the chemical potential of 
any solute component can be calculated.
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If the measurements are of a solute component MX, however, an examination of Equation 
68 shows that terms in 32’ do not appear unless either c is M or a is X. Thus, it is not 
possible to evaluate 3™’, a very important parameter, for any component ca not involving 
either M or X, and consequently the chemical potential of that component.

In the case where there is a common ion and vM = vx, one finds that the quantities 
3S' and fl>Xa (and 3S’ and A , ) appear with exactly the same composition dependence. Thus, 
only the sum can be determined from measurements of yMX. Again, the activity coefficient 
or chemical potential of another solute component Ma (or cX) cannot be determined without 
some additional measurement.

Further analysis shows that the general proposition is valid provided the solution exists 
in the same phase over the entire composition range including each pure component. This 
is seldom the case for an electrolyte where the pure salt is usually a solid of limited solubility. 
Also, the molality cannot be used to describe solution compositions to pure solutes because 
m becomes infinite. Where only a limited composition range is available, it is important 
whether this range extends to the pure component whose activity was measured. Where it 
does, as for the solvent, then other component activities can be calculated. However, if it 
does not, as for solutes of limited solubility, then such calculations of other activities are 
not ordinarily possible.

In practical work, this limitation on calculations based on solute activities is not serious 
since some information on the osmotic coefficient is almost always obtainable. That addi
tional information will allow the evaluation of the remaining parameter. The more serious 
limitations are those related to the uncertainties in the experimental data and the near 
redundancy of parameters with only slightly different composition dependencies for a given 
set of measurements.

In a mixture with many components there are a large number of terms in Equations 62 
to 66 and 68 and accurate parameter values may not be available for every term. It is 
apparent, however, that terms involving very small molalities, and especially those involving 
a product of two very small molalities, will have little or no effect on the osmotic coefficient 
or activity coefficient. Thus, many successful applications have been made without values 
for the parameters for some of these very small terms. In calculations for solutes of very 
small solubility, the parameters for that solute may be unimportant; an example would be 
the solubility of BaS04 in a solution dominated by BaCl2 or Na,S04 where the important 
parameters are BBaC1, B 'BaC1, CBaC1, and <t>cis04, or BNaS04, B 'NaS04, CNaS04, and # NaBa, 
respectively, but the parameters BBaSOi, B 'BaS04, and CBaS04 can be set to zero or estimated 
to be the same as those for CaS04.

D. SINGLE-ION ACTIVITY COEFFICIENTS; pH
It should be remembered that single-ion activity coefficients are not measurable by 

ordinary thermodynamic methods because of space charge limitations. Also, in the trans
formation from Equation 34 to 63 and 64, certain terms in X’s and p ’s remain which cancel 
for any neutral combination of ions. The complete expression from this transformation for 
Equation 63 is

!'17m = 4 F  + 2  m.(2BMa + Z CMa) + 2  mc(24>Mc + 2

+ 2 2  " h 'M w  + 2  2  mcmaCca + 2 2  mn\ nMa<a' c a n

+ zm{ 2  hi A. a -  2  mAaa/Wc a

+ (3/2) 2  2  m cm a(|A cca/ z c -  pcaa/|za|)} (71)
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Terms for triple interactions with ail ions of the same sign are omitted. The corresponding 
expression for a negative ion X is obtained by interchanging X for M, a for c, and c for a 
throughout. It is important to note that the final set of terms (given by zM times the quantity 
in braces) cancels when the mean activity coefficient for a neutral electrolyte is calculated. 
Since these terms are not measurable (at least at present), they are omitted in calculations 
of single-ion activity coefficients, and as noted above this omission has no effect on the 
measurable quantities.

For complex mixed electrolytes, the use of the single-ion activity coefficients is much 
more convenient than the use of mean activity coefficients and electrically neutral differences 
of activity coefficients, although the final results are identical.

While an exact measurement of the activity of hydrogen ions is not possible, an ap
proximation can be made which, with certain definitions, is unambiguous and useful. This 
quantity is usually presented as pH = —log a(H + ). The conventional definitions are ap
propriate for dilute solutions where specific ion interactions are small. At higher molalities, 
ion interactions should be included, and Equations 63 and 64 provide unambiguous expres
sions for single-ion activity coefficients which could be incorporated in a defined pH. Indeed, 
Knauss et a].69 have proposed a system of this type, and have found it to be successful in 
tests for a variety of concentrated electrolytes.

E. MIXING TERMS
Since like charged ions repel one another, we expect their short-range interactions to 

be small and that k„ and \ cc. etc. are all small. We further note that d>, c and are 
differences between these small quantities; hence, they should certainly be small. Indeed, 
both Bronsted56 58 and Guggenheim’9 neglected these terms completely. We do not neglect 
these quantities, but we do find them to be small in most cases. There is an exception where 
the long-range electrical forces yield a term that appears in <!>„■ in this formulation. It appears 
only for unsymmetrical mixing, i.e., where the charges on c and c' (or a and a') differ. 
This term is given by theory.515 49 The complete expressions for <I>y are

%  = e„ + E0„ (i) (72)

SPIIo

(73)

<t>t = fly + ^  (I) + 1 %  (I) (74)

where ^B(I) and K0'(I) account for these electrostatic unsymmetrical mixing effects and 
depend only on the charges of the ions i and j, the total ionic strength, and on the solvent 
properties e and d*. (hence, on the temperature and pressure). The theory and equations for 
calculating these terms are given in Appendix B, which also describes a method of numerical 
calculation by Chebyshev approximations devised by Harvie.29 The remaining term ft,( arising 
from short-range forces is taken as a constant for any particular c.c' or a,a' at a given T 
and P. Its ionic strength dependence is very small and is neglected.

For symmetrical mixing the •'0„(I) term disappears, and it is found that <t>,. may be taken 
as independent of ionic strength in good approximation. From Equation 60, however, one 
notes that <$,, may have an ionic strength dependence, and this has been detected for the 
heal of mixing in a few cases2" (sec Appendix C which also considers the pertinent theory).

F. NEUTRAL SOLUTES
The situation is much simpler for uncharged solute species, and there is no need to 

rearrange the terms in in the basic Equations 23, 34, and 35. The terms for neutral species 
were included in Equations 63 and 64 for the activity coefficients of ions. The corresponding
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lnyN = 2(2 mckNc + 2  mXu, + 2  m„XN„) (75)
c a n

equa tion  for the ac tiv ity  coeffic ien t o f  a  neu tra l species is

Third virial terms from Equation 25 can be added to Equation 75, if needed (Appendix F). 
Even for neutral molecules interacting with ions, the forces are short ranged, and there is 
no need to modify the X’s. Electrical neutrality limits the evaluation of X’s to electrically 
neutral sums and differences, but it does not seem worthwhile to define new quantities. 
Often it is convenient to set to zero all ion-neutral parameters involving one particular ion, 
e.g., H+, whereupon the other ion-neutral parameters are determined. Since Setchenow in 
1892, the departure of neutral-species activity coefficients from unity has traditionally been 
described in terms equivalent to the X’s of these equations. An extensive review of neutral 
solutes in aqueous salt solutions was presented by Long and McDevit.70

Empirically, there is no evidence for an ionic-strength dependence for the X’s for neutral 
species. Thus all Xy terms in Equations 34 and 35 can be omitted for both neutral-neutral 
and neutral-ion interactions. There is some theoretical basis for a small ionic strength effect 
for interactions of ions with neutrals having large dipole moments (or higher order electric 
moments); this is described in Appendix D. However, this effect is so small that there is 
no reason to complicate the equations at present.

Also, the question may be asked whether the dielectric constant should be that of a 
mixed solvent, including neutral solute species, instead of the value for water. It is possible 
to set up equations for mixed solvents, and this is necessary if the solvent composition varies 
over a wide range, e.g., from pure water to pure methanol. However, the present equations 
assume a pure solvent, and its dielectric constant must be used. The effect of neutral- 
molecule solutes on interionic effects via changes in dielectric constant is included along 
with other effects in the second and third virial coefficients, including a possible ionic- 
strength dependence of the ion-neutral second virial coefficient. Such an ionic-strength 
dependence has not been detected up to the present, but the possibility should be kept in 
mind.

An example for the activity coefficient of a neutral species Si(OH)4 in various electrolytes 
is discussed in terms of the present equations in a recent review.27 A somewhat more complex 
case is that of the system Na€l-C02-H20 7i where third virial terms were needed for the 
C 02-NaCl interaction. See Appendix F for additional comments on systems with neutral 
species.

G. ASSOCIATION EQUILIBRIA
Up to this point, we have assumed that the selection of solute species was unambiguous 

a n d  that electrical neutrality was the only supplementary relationship between solute mo
lalities. H o w e v e r ,  there may be association equilibria as H+ + HCOs = CO,(aq) + H20  
which relate one solute molality to other molalities. The chemical thermodynamics of each 
such equilibrium is straightforward, with an equilibrium c o n s t a n t  relationship involving 
molalities and activity coefficients. For the carbonic acid this is

aH,om c:o27 c o 2''m H ' m HCO i 7 h * 7 hco  , (7 6 )

Each such equilibrium adds one or more relationships between t h e  m o l a l i t i e s  and an equi
librium-constant equation, all of which must be s a t i s f i e d  simultaneously in the complete 
s o l u t i o n  of t h e  problem.

F o r  c a r b o n a t e s  a n d  m a n y  o t h e r  c a s e s ,  t h e  a s s o c i a t i o n  c o n s t a n t s  a r e  l a r g e  ( i . e . ,  t h e  
dissociation c o n s t a n t s  are very s m a l l )  and there is no q u e s t i o n  about the need to recognize 
t h e  associated s p e c i e s .  E x a m p l e s  treated using the p r e s e n t  m o d e l  i n c l u d e  Na* -
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HCO, CO|-'-Cl -CCK-HX),11 H ‘ -HS04 -SOj-H,0.7 and H * -K -H,PO, -H,P04-H ,0 /’The 
last example is interesting in that it models the phosphoric acid to such high molality that 
a third virial coefficient for triple interaction of the neutral species is required.

In some cases the association, although significant, is not strong, and the fraction in 
the associated form is never large. In the dilute range the degree of association increases 
with concentration. However, at higher concentration, the activity coefficients of the ions 
decrease, and the degree of association levels off and may even decrease. This last effect 
is particularly strong for multiple charged ions such as the divalent metal sulfates. In the 
case of the M~ "-SO2 solutions, it was found1 that the associated species could be omitted 
provided an additional ionic-strength-dependent term with a large exponent « , was added 
to the second virial coefficient (see Equation 43). The coefficient in this term (3'c,x is negative 
and, in the limit of low molality , is related to the association constant K by P '2’ = — K/2. 
Also, the exponent a ,  is related to the Debye-Hiickel parameter A*. Indeed, the equation 
without the M S04 neutral species and with the P'2’ term represented the properties to high 
molality without difficulty. In contrast, association treatments with the simple inclusion of 
the ion-pair association equilibrium constant are not successful at high molality; further terms 
are required — either virial coefficients involving the M S04 species or association equilibria 
to triple or quadruple ions. Thus, the treatment with the (3l2) term and without the association 
equilibrium has many advantages.

With increase in temperature in the dielectric constant of water decreases rapidly and 
one expects ion pairing to become stronger. Archer and Wood72 found this to be the case 
in a general treatment of MgS04(aq). They included not only the neutral ion pair, but also 
the triplets (M,X + + MX; ) and a sextuplet M,X, with association constants at 25°C of 
126.4 for the pair, 557.3 for the sum of the triplets, and 3.813 x 10h for the sextuplet, and 
enthalpies of association of approximately 6, 6, and 27 kJ • mol ', respectively. They also 
adjusted heat capacities of association for each reaction as well as a simple pattern of 
temperature-dependent second and third virial coefficients to account for repulsive inter
actions and obtained good agreement with the available data up to 3 mol • kg 1 and 150°C, 
Soon thereafter, Phutela and Pitzer21 presented high-temperature heat capacity measurements 
for MgS04(aq) and a comprehensive treatment of that system without association equilibria, 
but with temperature-dependent p'”’, p " ’, p<2\  and C4’. They found that — P'2’ increased 
with temperature, as expected. They also investigated the effect of change of the exponent 
a , with temperature proportionally to A<t>. The temperature-dependent ot2 gave better agree
ment below 0.1 mol • kg ', but there was no difference above 0.1 mol • kg Thus, for 
mixed electrolytes at ionic strength above 0.4 mol • kg 1 the simple treatment with constant 
a , is usually satisfactory. The general agreement for various properties for the two treatments 
was comparable; the treatment without association equilibria gave agreement for the osmotic 
coefficient at 110°C to higher molality (5 mol • kg ') and better agreement at 140°C. The 
association treatment gives a better fit to the heats of dilution at high temperatures in the 
dilute range below 0.03 mol • k g '1. The more recent heat capacity measurements were not 
available at the time of Archer and Wood’s treatment; as expected, the Phutela and Pitzer 
treatment fits these data much more accurately.

In estimating the need to introduce associated species, these results f o r  MgSO., give the 
best guide for 2-2 electrolytes. For less highly charged ions, the ion pairs must be recognized 
for somewhat smaller values of the association constant because the activity coefficient for 
the ions decreases less rapidly with increase of molality. The case of aqueous HC1 was 
investigated very thoroughly by Holmes et al.h!i They found no need to include a P '2’ term 
below 25()°C. For higher temperatures up to 375°C, they obtained good agreement with an 
equation including a fj'-’1 term. In the range of their data, - P '2’ is as large as 32, corresponding 
to an association constant of 64.

At room temperature most 1-1 electrolytes are either unambiguously associated, such
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as acetic acid or ammonia, or are clearly strong electrolytes where the present equations are 
adequate without the (3<2’ term. The situation for 2-1 or 1-2 electrolytes at 25°C was studied 
carefully by Harvie et al.;3! they concluded that association should be recognized for cases 
with association constants greater than 20 (or dissociation constants less than 0.05).

H. TEMPERATURE AND PRESSURE EFFECTS; ENTHALPIES, HEAT 
CAPACITIES, AND MOLAL VOLUMES
In addition to the excess Gibbs energy and the activity and osmotic coefficients, there 

is interest in the enthalpy, heat capacity, and volume of electrolyte solutions. These quantities 
will be derived from appropriate derivatives of the Gibbs energy. This process could be 
extended to the compressibility or other properties, but such extensions are straightforward 
and need not be given in detail. Since these equations involve temperature and pressure 
derivatives of the parameters for the osmotic and activity coefficients, they yield the infor
mation needed to calculate these quantities at other temperatures and pressures.

The pertinent thermodynamic equations for the relative enthalpy, the heat capacity, and 
the volume are

L = H H = T |,<(G ' T) .VFI,,, (77)

Cp = (dH/5T)P n,

= Cp + (aL/5T)P-m (78)

V = V° + OGe7dP)T,m (79)

where the subscript m indicates constancy of composition (as well as pressure or temperature) 
for the partial derivatives. It is useful to recall that the excess Gibbs energy for a pure 
electrolyte is given by Equation 47, while the operational expression for a mixed electrolyte 
was given in Equation 59. We shall write out the explicit equations for enthalpy etc. only 
for a pure electrolyte, but the more general equations for mixtures are obtained by application 
of the same methods to Equation 59.

Experimental measurements of the enthalpy usually yield the apparent relative molal 
enthalpy, *L, defined as

6L = L/n2 (80)

where n2 is the number of moles of solute. If one takes the derivatives as indicated in 
Equation 77, one obtains

”1. = v|zMzx|(AL/2b)ln(l + bl1'2)

-  2 i\ti\RT'|niB'MX + m2 (vMzM)C^x] (81)

where

®mx = (dBMX/dT)PJ

= 3<0,L + 3 " ,L g (a ,l '2) + 3' 1 g(« .l'T  (82a)

port. = (ap'o/aTIp, i = 0, 1, 2 (82b)

and
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C'MX = (fCMX/aT)p = (dC^x/dTyilzyZxl12 (83)

Also, the Debye-Huckel parameter for enthalpy is 

Al/RT = Al(dk^dT)v

= -6 A <tl( l+  T(dlne/dT)P + Ta„/3] (84)

where = (dlnV/dT)p is the coefficient of thermal expansion of water.
A common type of enthalpy measurement is the heat of dilution. If this is reported for 

the dilution of solution containing 1 mol of solute from m, to m2, it is related as follows to 
the apparent niolal enthalpy:

AHI)(m, -* m2) = ‘‘’L, -  <t>L, (85)

The integral heat of solution of a solid salt MX is taken as the heat effect for the reaction 

n2MX(cr) + n,H20 (l)  = n2MX(aq,m)

The enthalpy change for this reaction is given as

AH, = n,H, + n2H2 -  n,H° -  mHjjs) (86)

which may be rewritten as

AH, = L + n2[H° -  H°(s)]

As the concentration m approaches zero, we have

lim (AH,/n,) = AH° -  H?(s) (87)

where AH° is the heat of solution per mole of salt at infinite dilution. At finite concentrations 
we therefore have

AHS = AH! + 4’L (88)

The value of AH: at a given temperature may be found by fitting the experimental values 
of AH, to Equations 81 and 88, treating AH: as an adjustable parameter.

The apparent molal heat capacity. *Cp. is defined to be

4>C,, = (CP -  n.C,. i n (89)

From Equations 78 and 80, we find that

'"Cp -  c ; .  = (<)','L/0T)l>111 (90)

From Equations 78 and 81 one then obtains

‘‘’Cp = Cp, + i'!zMzxl(A,/2b) ln( 1 + h i1 ■•)

~ 2 1 ..i-.. R I + m' (i>MzM)CJMX| (91)
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where

A, = (3A,/3T)P (94)

The superscript J is used in view of its definition as the relative heat capacity, J = (3L/ 
3T)P, and to minimize confusion between the use of the letter C with different subscripts 
for the third virial coefficient and for the heat capacity.

Heat capacity data on electrolytes are obtained by direct measurements on the solution 
using a calorimeter. The resulting total heat capacities, converted to *Cp,, may then be fitted 
to Equation 91, treating CP, as an adjustable parameter. Values of may also be obtained 
from heat of solution data according to

(3AHS/3T)P = *CP -  Cp,(s) (95)

provided CP,(cr). the heat capacity of the pure salt in the crystalline solid phase, is known.
For the volumetric properties, the derivations are similar and only the results will be 

stated. The definition of the apparent molal volume parallels that for the apparent molal heat 
capacity. The result is

«>V = V° + v|zMzx|(Av/2b)ln(l + bl1'2)

+ 2vMvxRT[mB^x + m2(vMzM) Q x] (96)

where

B£« = P(0,v + 0<,)Vg (a ,r '2) + p<2)Vg(a2I12) (97a)

0(i,v = (3p(,)/3P)T, i = 0, 1, 2 (97b)

CVMX = (3CMX/3P)T = (3C*x/3P)T/2|zMzx|1'2 (98)

Av = 2A<t>RT[3(dlne/3P)T + (31nVw/3P)T] (99)

Equations for the partial molal enthalpies, heat capacities, and volumes are readily 
derived from the appropriate derivatives of equations given above, while entropies are readily 
obtained from enthalpies and Gibbs energies. Some of these expressions are given in Ref
erence 17.

The most important use of the partial molal enthalpies and volumes is in calculating the 
effects of temperature and pressure on activity and osmotic coefficients. That task is best 
accomplished by the use of the temperature derivatives of the virial coefficients, which are 
more directly determined from the apparent molal quantities as described above. Conse
quently, equations for partial molal enthalpies and volumes will be omitted here.



V. EVALUATION OF PARAMETERS FROM EXPERIMENTAL
DATA

A. DEBYE-HUCKEL PARAMETERS
Before proceeding to the evaluation of data for particular substances, one needs the 

Debyc-Huckel parameters. Equations 44, 84. 94. and 99, which depend on the dielectric 
constant and density of water. At room temperature these quantities are well known and 
yield A* = 0.391, ± 0.001. We are also interested, however, in solutions at high tem
peratures and pressures and in the volume, the enthalpy, and the heat capacity. This last 
function involves the first and second temperature derivatives of the dielectric constant which 
are much less accurately known. There is also a need for consistency between parameter 
values at high temperatures and those involving derivatives, which is best attained from a 
general equation for the dielectric constant as a function of density and temperature. Such 
an equation was developed by Bradley and Pitzer" and is given in Appendix E together 
with discussion.

Table 1 gives the resulting values for the Debye-HOckel parameters over a range of 
temperatures extending to 350°C. Below 100°C the parameters apply to the standard pressure 
of 1 bar. while above I00°C they apply to water under its own vapor pressure. Values for 
higher pressures are given elsewhere.11,71 The uncertainties increase considerably near 350°C.

All of the tabulated entries have dimensions kg1'2 ■ mol 1/2 except Av, which has 
cm* - kg1/2 * mol" v2; also, R = 8.3144 J • mol" 1 • K_ 1 = 1.9872 cal • m ol"1 - K ~1.

B. PARAMETERS FOR PURE ELECTROLYTES AT 25°C
There is an extensive array of carefully evaluated data for the osmotic and activity 

coefficients of pure aqueous electrolytes at room temperature. The most extensive group is 
given by Robinson and Stokes.74 Their data, together with other measurements available in 
1973 for particular systems, were fitted2 -1 by least squares to the appropriate equations of 
preceding sections to evaluate the parameters 010’, 0‘". and C*. Ordinarily the data were 
weighted equally up to ionic strength of 4 mol • kg"1 and then as (4/I)2. The third virial 
coefficient C* was omitted in cases where the data extend only to moderate concentration, 
usually 2 M. In most cases the fit was satisfactory over the full range of experimental data 
available, frequently to 6 M. but in some cases there was significant deviation and the range 
of fit was reduced. The maximum allowable deviation in osmotic coefficient was 0 .01, 
except for valence types higher than I -1, 2-J, or 1-2 and for some organic salts where the 
data seemed less accurate; in those cases the limit was usually 0.02. In all cases a good fit 
was required for the dilute range and the weighting system was changed, as necessary, in 
a few cases to obtain this.

For electrolytes with one or both ions singly charged, the detailed references to sources 
other than Robinson and Stokes7-1 are given elsewhere,2 together with comments on various 
particular situations. The present tables also include results from fitting'1 these equations to 
an extensive array of excellent data for the rare earth chlorides, nitrates, and perchlorates 
from the laboratory of F. H. Spedding. Also given in these tables are the maximum molality 
for which the fit was satisfactory (or to which the data extended) and the standard deviation 
of fit tr. Where data of several types were simultaneously fitted the letter a indicates very 
high precision, while b and c indicate lower precisions.2 Tables 2 to 10 give the results for 
solutes with one or both tons univalent.

For salts of Th4* there is considerable hydrolysis; hence, the parameters7 based on 
experiments where this was not considered are subject to large correction and have not been 
included in Table 10. For certain special purposes, they may still be useful and they can be 
found in Reference 2 or the 1979 edition of this book. This problem may affect other entries 
with highly charged ions, but will be less serious where the charge is widely distributed as 
in Mo(CN)jJ .

9$  Activity Coefficients in Electrolyte Solutions. 2nd Edition
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TABLE 1
Debye-Htickel Parameters for the Osmotic Coefficient, Volume, 

Enthalpy, and Heat Capacity

t Ay A./RT A/R
(°C) [(kg/mol)12] (cm'kg' m ol'b [(kg/mol)12] I(kg moll

0.0 0.3767 1.504 0.556 2.95
10.0 0.3821 1.643 0.649 3.39
20,0 0.3882 1.793 0.749 3.76
25.0 0.3915 1.875 0.801 3.94
30.0 0.3949 1.962 0.854 4.13
40.0 0.4023 2.153 0,965 4.51
50.0 0.4103 2.372 1.081 4.92
60.0 0.4190 2.622 1.203 5.37
70.0 0.4283 2.909 1.331 5.86
80.0 0.4384 3.238 1.467 6.40
90.0 0.4491 3.615 1.611 7.00

100,0 0.4606 4.050 1.764 7.66
110.0 0.4727 4.550 1.927 8.40
120.0 0.4857 5.127 2.102 9,24
130.0 0.4994 5.795 2.290 10.17
140.0 0.5140 6.572 2.492 11.23
150.0 0.5295 7.477 2.712 12.45
160.0 0.5460 8.536 2.951 13.84
170.0 0.5634 9.779 3.213 15.47
180.0 0.5820 11.25 3.500 17.38
190.0 0.6017 12.99 3.819 19.65
200.0 0.6228 15.07 4.175 22.38
210,0 0.6453 17.6 4.576 25.72
220.0 0.6694 20.6 5.032 29.85
230.0 0.6953 24.3 5.556 35.05
240.0 0.7232 28.8 6.165 41.73
250.0 0.7535 34.4 6.885 50.46
260.0 0.7865 41.5 7.749 62.15
270.0 0.823 50.5 8.806 78.18
280.0 0.863 62.3 10.13 100.8
290.0 0.908 77.8 11.82 133.7
300.0 0.960 98.7 14.05 183.4
310.0 1.02 127. 17.1 261.
320.0 1.09 169. 21.4 391.
330.0 1.18 231. 28.0 622,
340.0 1.29 330. 38.6 1060.
350.0 1.44 493. 57.3 1920.

Alternate values for the rare-earth salts were given recently by Kodytek and Dolejs,75 
who included terms in (3 ’ . Since their values of p '2’ are positive, there is no indication of 
ion pairing. However, the extra flexibility does give a better fit for the low molalities. Their 
treatment is considered further in Appendix H, which includes examples of their parameters. 

Recent values for certain carbonates and bicarbonates'-1-'*• ,,-7A are included. Also, Kim 
and Frederick77-™ have published extensive tables of values. Many of their entries are 
essentially the same as the older values2 but vary a little because of a different pattern for 
weighting the data. In a few cases where Kim and Frederick have treated new solutes or 
have clearly superior parameters, their values are included and so identified. For several 
highly soluble solutes, parameters are given for fits to very high molality, but the precision 
of fit is much lower. One should be cautious in using these parameters, but they may be 
useful for some purposes. In several other cases, recent values for individual solutes™'** are 
included and so identified by the reference number in parentheses; where no reference is 
given, the values are from Reference 2 or 8.
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TABLE 2
Inorganic Acids, Bases, and Salts of 1-1 Type

Max
p«» pa, C* = 2C m a

HCI 0.1775 0,2945 0.00080 6 a
HBr 179i 0.2085 0.3477 0.00152 6.2 0.003
H I(80) 0.2211 0.4907 0.00482 6 b
HCIOj 0,1747 0,2931 0.00819 5.5 0.002
HNO, (80) 0.1168 0.3546 -0.00539 6 a
H(HSOt) (7) 0.2103 0.471 I
H(HSOj) (31) 0.2065 0.5556
UCi 0.1494 0.3074 0.00359 6 0.001
LiBr 0,1748 0.2547 0.0053 2.5 0.002
Lil 0.2104 0.373 1.4 0.006
LiOH 0.015 0.14 4 C
LiCIO, (77) 0.1705 0.2294 -0.00524 4.2 0.002
LiCIO, 0.1973 0.3996 0.0008 3.5 0.002
LiBrO, (77) 0.0893 0.2157 0.0000 5 0.001
UNO, 0..336 0.325 -  0.0053 6 0.003
UNO, 0.1420 0.2780 -0.00551 6 0.001
NaF 0.0215 0.2107 I 0.001
NaCI 0.0765 0.2664 0.00127 6 0.001
NaBr 0.0973 0.2791 0.00116 4 0.001
Nal 0.1195 0.3439 0.0018 3.5 0.001
NaOH 0.0864 0.253 0.0044 6 b
NaCIO, 0.0249 0.2455 0.004 3.5 0.001
NaCIO, 0.0554 0.2755 -0.00118 6 0.001
NaBrO, -0.0205 0.1910 0.0059 2.5 0.001
NaCNS 0,1005 0.3582 -0.00303 4 0.001
NaNO, 0.0641 0.1015 -0.0049 5 0.005
NaNO, 0.0068 0.1783 ..0.00072 6 0.001
NaHSe (81) 0.040 (0.253) 2 c
NaHCO, (13) 0.028 0.044
NaHSO, (31) 0.0454 0.398
NaH,P04 -0,0533 0.0396 0.00795 6 0,003
NaH,AsO, -0.0442 0,2895 1.2 0.001
NaB(OH)4 -0.0526 0.1104 0.0154 4.5 0.004
NaBF4 -0.0252 0.1824 0.0021 6 0,006
KF 0.08089 0.2021 0.00093 2 0.001
KCI 0.04835 0.2122 ..0.00084 4.8 0.0005
KBr 0.0569 0.2212 -  0.00180 5.5 0.001
KI 0,0746 0,2517 .0.00414 4.5 0,001
KOH 0.1298 0.320 0.0041 5.5 b
KCIO, -0.0960 0.2481 0.7 0.001
KBrO, -0.1290 0.2565 0.5 0.001
KCNS 0.0416 0.2.302 0.00252 5 0.001
KNO, 0.0151 0.015 0.0007 5 0.003
KNO, -0.0816 0.0494 0.00660 3.8 0.001
KHCO, (18) -0.0107 0.0478
KHSO, (31) 0.0003 0.1735
KHPO, -0.0678 -0.1042 1.8 0.003
KH.AsO, -0.0584 0 0626 1.2 0.003
KSCN <77) 0,0389 0.2536 -0.00192 5 0.001
K PF„ - 0.163 - 0.282 0.5 0.00 i
RbF 0.1141 0,2842 -0.0105 5.5 0.U02
RbCl (82) 0.0431, 0.1539, 0.00109, 7.8 0.003
RbBr 0.0396 0.1530 ■0.00144 5 0.001
Rbl 0.0397 0.1330 0.00108 5 0.001
RbNO. 0.0269 0.1553 0.00366 5 0.002



TABLE 2 (continued)
Inorganic Acids, Bases, and Saits of 1-1 Type
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Max
P<«> 0<» C* = 2C m a

RbNO, -0.0789 -0.0172 0.00529 4,5 0.001
CsF 0.1306 0.2570 -0.0043 3.2 0.002
CsCl (83) 0.0347, 0.03974 -0.000496 7.4 0.0)2
CsBr 0.0279 0.0139 0.00004 5 0.002
Csl 0.0244 0.0262 -  0.00365 3 0.001
CsOH 0.150 0.30 b
CsN 02 0.0427 0.060 -0.0051 6 0.004
C s N O j -0.0758 -0.0669 1.4 0.002
AgNO, -0.0856 0.0025 0.00591 6 0.001
t ic io 4 -  0.087 -0.023 0.5 0.001
T1NO, -0.105 -0.378 0.4 0.001
NH4C1 0.0522 0.1918 -0.00301 6 0.0)1
NH4Br 0.0624 0.1947 -0.00436 2.5 0.001
NH,I (77) 0.0570 0.3157 -0.00308 7.5 0.002
NH4HCO, (76) -0.038 0.070 0.7 —
NH,HPO, (37) -0.0704 -0.4156 0.00669 3.5 0.003
n h 4c io 4 -0.0103 -0.0194 2 0.004
n h 4n o , -0.0154 0,1120 -0.00003 6 0.001
(MgOH)Cl (31) - 0.10 1.658 — — —

N o te :  The numbers in parentheses are references; all other entries are either from Reference 2 or

In selection of expressions for the second virial coefficient, it was noted that there should 
be some relationship between the two parameters |3<0> and @n) for various electrolytes. This 
is shown in Figure 3 for the simpler 1-1 solutes. It is seen that there is, indeed, a general 
relationship between these two parameters for most solutes but that it does not appear to be 
an exact dependence. The corresponding figures for other valence types are given elsewhere.2 
The relationships displayed in these figures should be used to estimate P<u when there are 
no accurate measurements at low molality.

In a few cases [MgCl2, CaCl2, SrCf, Cu(N03)2, Na2S04, Cs2S04, and (NH4)2S04 in 
Table 7 and MgS04 in Table 11], two sets of parameters are given. In each case one, without 
reference number in Table 7 or with Reference 3 in Table 11, is the original set from 
References 2 and 3; these sets of values have been widely used in various calculations for 
mixed electrolytes including those of Harvie and associates.28 31 It is best to retain these 
values for use in connection with the mixing parameters of Tables 16, 18, and 20, most of 
which were derived on this basis. This will avoid possible inconsistencies. The differences 
are very small, however, as is apparent from the values listed.

Various chloride complex ions of copper and silver, CuCl2 , C ud , , . . . , AgCl2, 
AgClf , . . . , with H+, Na+, K+, and NH , ' as cations were considered by Fritz97100 and 
by Sharma and Millero.101 In the work of Fritz, the composition measure is molar concen
tration instead of molality; also, in many cases (3Ul was determined from the general cor
relation with p<(" (Figure 3 and discussion above). Fritz also gives the association equilibrium 
constants and, in some cases, temperature coefficients of some parameters. Parameters for 
chloride complexes of Pb2+ were evaluated by Millero and Byrne.102

In a number of cases where there is a tendency toward complex ion formation at high 
molality (e.g., ZnCl2), the standard equation fits in the dilute range with large negative C*. 
Various methods, which are considered in Appendix H, have been used to obtain a good 
fit at higher molality.

Also of note are very recent values for several borates from Simonson et al.,103104 from
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TABLE 3
Salts of Carboxylic Acids (1-1 Type)

p  <* 3'" C* = 2C
Max

m <r

I.i acetate 0.1124 0 2483 0.00525 4 0.001
Na formate 0.0820 0.2872 - 0.00523 3,5 0.001
Na acetate 0.1426 0,3237 0.00620 3.5 0.001
Na propionate 0.1875 0.2780 •• 0.01277 3 0 001
NaH muloiuile 0.0220 0.1600 -000106 5 0.002
NaH succinate 0.0354 0.1606 0.00040 5 0.001
NaH adipate 0.0472 0,3168 0.7 0.001
K acetate 0.15X7 0,3251 - 0 00660 3,5 0.001
KH malonate -0.0005 0.1423 0,00167 5 0.004
KH succinate 0.01 1 1 0.1564 0.00274 4.5 0002
KH adipate 0 0419 0.2523 1 0.001
Rh acetate 0.1622 0 3353 -0.00551 3.5 0.001
C’s acetate 0 1628 0.3605 - 0.00555 3.5 0 001
Ti acetate 0,0082 0.0131 0 00127 0 0.001

TABLE 4
Tetraalky (ammonium Halides

Max
|i‘» 3 "1 <7* = 2(7 m <r

Me.NF 0.2677 0.2265 0.0013 3 0.002
Et.NF 0.3! 13 0.6155 0.0349 2 0.002
PijNF 0 4463 0.4090 0,0537 2 o 002
Bu.NI- 0,6092 0.402 - 0.0281 1 0005
Me.NCI 0.0430 -0.029 0.0078 * 4 0005
ht.NCl 0.0617 0,099 0.0105 3 0.002
Pr.NO 0.1346 0.300 0.01 19 2,5 0.002
Bu.NCl 0 2339 0.410 0.0567 2.5 o.ooi
Me ,NBr 0.0082 - 0 147 0 0105 3.5 0004
Ht.NBr 0.0176 0.394 0.0156 4 0.001
Pr.NBr i) 0390 0 772 0.0099 3.5 0.003
Bu,NBr 0.0277 0.525 0 001 I 4.5 0.007
Me,Nl 0.0345 0.585 0.3 0.003
Hlj.NI 0.179 0.571 0.0412 0.007
Pr,Nl -0.2839 -  0.863 0.5 0.005

Pel my and Weare,1"' and from Hershey et a!.""’ Hershey and Millero1"' give parameters for 
Na |Si(OHhO] and Na,|Si(OH) (),), while Thurmond and Millero1"8Am give further con
sideration of carbonates, Clegg and Brimblecombe' give values for Bed, obtained indi
rectly from ternary solutions, but these results are probably affected by hydrolysis. Values 
for NuCl below 0°C are given by Thurmond and Brass.1" Many of these and other values 
are given in Chapter 6,

As was indicated above, there are special problems related to 2-2 or higher valence 
types of electrolytes in water. For the 2-2 type, at least, these can be handled by adding a 
third term to the second virial coefficient. Equations 36 and 42.

The full array of data for the sulfates of Mg. Ni, Cu, Zn. and Cd were fitted" by least- 
squares regression of the four parameters P“", J3'1 fF", and C !‘ for each substance. A series 
of values of u, and a, were used. While the optimum values of «, and a,  varied a little 
from case to ease, the values a, — 1.4 and <*, 12,0 fitted all eases very well and were
adopted for all 2-2 electrolytes. This value of u, is somewhat smaller than the value 2.0



TABLE 5
Sulfonic Acids and Salts (1-1 Type) (SA = Sulfonic Acid; 

S = Sulfonate)
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Max
p«»- pm C+ = 2C m a

Methane SA (84) 0.1544 0.4775 -0.0041 6
Li methane S 0.1320 0.271 -0.0030 4 0,010
Na methane S 0.0787 0.274 — 0.0024 4 0.002
K methane S 0.0581 0.165 -0.0046 4 0,001
Nil; methane S 0.0661 0.191 -0.0041 4 0.001
Me„N methane S 0.1458 0.168 -0.0043 4 0.004
Et„N methane 0.1548 0.090 -0.0034 4 0.005
Bu„N methane S 0.2145 0.235 -0.0392 4 0.015
Ethane SA 0,1536 0.341 -0.0056 4 0.003
Li ethane S 0.1799 0.319 -0,0118 4 0.007
Na ethane S 0,1316 0.374 -0.0082 4 0.003
K ethane S 0.0965 0.250 -  0.0074 4 0.001
NH4 ethane S 0.1142 0.179 -0.01 14 4 0.003
Me4N ethane S 0.1796 0,083 -0.0116 4 0,004
Et4N ethane S 0.1805 0.075 -0.0040 4 0.014
Bu4N ethane S 0.1827 0.445 -  0.0374 4 0.013
Benzene SA 0.0526 0.445 0.0036 5 0.002
Li benzene S 0.1134 0.466 -0.0075 4.5 0.002
Na benzene S 0.0842 0,351 -0.0181 2.5 0.001
p-Toluene SA -0.0366 0.281 0.0137 5 0,002
Li p-toluene S 0,0189 0.399 0.0046 4.5 0.004
Na p-toluene S -0.0344 0.396 0.0043 4 0.003
K p-toluene S -0.0985 0.453 0.0122 3.5 0.002
2,5 Mo benzene SA -0.0965 0.141 0.0210 4.5 0.01
Li 2,5 Me, benzene S -0.0098 0.361 0.0039 3,5 0,002
Na 2,5 Me, benzene S -0.0277 0.228 1 0.005
p-Et benzene SA -0.1736 0.435 0,0383 2 0.007
Li p-Et benzene S -0.1438 0.804 0.0317 5 0,01
Na p-Et benzene S -0.2240 0.895 0.0355 2.5 0.01
Mesitylene SA -0.2209 0.248 0.0432 2 0.01
Li mesitylene S -0.1998 0.871 0.0456 2 0.004
Na mesitylene S -0.2018 0,767 1 0.003

used for most electrolytes. There is some theoretical justification3 for a value near 12 for 
a 2. The resulting values, the concentration range of data used, the accuracy of fit, and 
references are given in Table 11. It is apparent that agreement is obtained substantially 
within experimental error.

For most of the solutes in Table 11, the data extend over a wide concentration range, 
and the resulting parameters should be reliable. Since data for CaS04 are solubility limited 
to dilute solutions, the third virial coefficient was omitted and 3'°’ was set at 0.20 on the 
basis of the results for other solutes. The data sufficed to evaluate the two remaining 
parameters.

There are no data below 0.1 M for the last two solutes, BeS04, and U02S04; hence, 
no meaningful value can be given for p<2’. If an estimate is desired, the rounded value —40 
might be chosen as typical of this type of solute.

For the osmotic coefficient, the large value of ot2 makes the term in p '2' negligible above
0.1 M. We see from Equations 49, 50, 55, and 58, however, that the corresponding term 
in the logarithm of the activity coefficient approaches the constant value (2mp,2,/a 2I) = 
pa,/288 at high concentration. Since this term is constant, it does not affect the relative 
values of the activity coefficient (or other functions) at various concentrations above 0.1 M,
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TABLE 6
Additional 1-1 Type Organic Salts

p<*> pm C* =  2C
M u

m <r

Choline Cl 0.0457 -0.196 0.0008 6 0.004
Choline Br — 0.0066 -0.227 0.0036 6 0.004
MeNH,C!04 (77) -0.0337 0.0057 0.00345 4 0.002
Me.NH-CIO, 177) -0.0440 -0.1719 0.0024 7.5 0.001
Me.NHCIO, (77) -0.1145 -0.1713 O.OI34S 1.8 0.00(2
MeiBzNCI -0.0821 -0.178 0.0162 3.5 0.01
McjBzNBr -0.1517 -0.545 0.0187 3 0.01
Me.OEtBzNCI -0.0879 -0.343 0.0134 4 0.01
Me:OE(BzNBr -0.1518 -0.778 0.0177 3 0.01
CHOC,H4)4NF 0.0938 0.128 -0.0030 4 0.001
(HOCjHjjNBr -0.0474 - 0  259 0.0106 3 0.002
Me,SCI 0.0314 -0.184 0.0023 6 0.005
Me,SBr -0.0228 -0.245 0.0044 6 0.004
Me,Sl -0.0601 -0.604 -0.0006 6 0.01
Bu,SCI 0.0726 -0.245 -0.0099 6 0.01
Bu,SBr -0.0803 -0 .616 0.0053 6 0.01

but it does affect the relationship to the solute standard state and the absolute values of the 
activity coefficients. This indicates the category of calculations which are valid even though 
f}13) is not known and the different category where P'J1 is required.

For salts of even higher charge types, there are few data. Recently, Reardon"4 has 
considered ALSO,, and recommends the parameters: Pl(*’ = 0.854, p '" = 18.53, PIZI = 
— 500, C* = —0.0911 with «, = 2 and a , = 50. Rard114 gives alternate sets of values 
for Lu,(SOj)j.

The data on heat of dilution or heat of solution have been fitted4" 1 to Equations 81 to 
88 which yield the temperature derivatives of the ion interaction parameters P11” etc. See 
Appendix E concerning a small shift in the Debye-Hiickel parameter from the value used 
in References 9 and 10. Where heat of solution data were included, a value of AH", the 
heat of solution of the solid to the infinitely dilute standard state, was also obtained; these 
values are given in Reference 9. Detailed references and discussions of special problems 
for individual substances or evaluation methods are given elsewhere."111 The results are listed 
in Table 12 for l-l electrolytes and in Table 13 for other valence types. These values may 
be used to convert the parameters for activity coefficients from 25°C to other temperatures 
not too different.

Volumetric data can be fitted to Equations 96 to 99 which yield the pressure derivatives 
of the ion interaction parameters p,ni etc. This treatment also yields the partial molar volume 
V" in the infinitely dilute standard state. As an example of such calculations, the values of 
V", pi,"v, etc. are given in Table 14 for the major sea salts involving Na", Mgz ’ . O ' ,  and 
SOi . Two sets of values are given for NaO; for the other salts the values are those of 
Connaughton et al .;117 in both sources,14117 equations or tables are given for these parameters 
at other temperatures, while Simonson and Ryther"* present values for NaOH. Monnin1'"" ll"t’ 
presents parameters for several additional solutes at 25"C and as a function of temperature. 
Kumar1-11 and Pogue and Atkinson'-’ have given equations and tables for a large number of 
cases. Chapter 6 includes many additional values for the volume parameters; the parameters 
for compressibility are also considered there.

C. PURE ELECTROLYTE PARAMETERS FOR HIGH TEMPERATURES
Various measurements can be used to obtain the pure electrolyte parameters for high 

temperatures. The isopieslic method, which is so useful at 25°C, has provided valuable data



TABLE 7
Inorganic Compounds of 2-1 Type
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MgClj 0.4698
MgCl2 (85) 0.4679,
MgBr2 0.5769
Mgl, 0.6536
Mg(C10„)2 0.6615
Mg(NO,)2 0.4895
Mg(HCO,)2 (19) 0.044
Mg(HS04)2 (31) 0.6328
CaCl, 0.4212
CaCl, (86) 0.4071
CaBr. 0.5088
Cal, 0.5839
Ca(C104), 0.6015
Ca(NO,), 0.2811
Ca(HCO,), (31) 0.533
Ca(HS04), (31) 0.286
SrCl, 0.3810
SrCl2 (83) 0.3779,
SrBr, 0.4415
Srl2 0.5350
Sr(C104)2 0,5692
Sr(NO,), 0.1795
BaCU 0,3504
BaBr2 0.4194
Bal2 0.5625
Ba(OH), 0.229
Ba(C104), 0.4819
Ba(NO,), -  0.043
MnCl2 (82) 0.4429,
FeCl2 0.4479
Fe(HS04), (87) 0.5697
CoCl, 0.4857
CoBr2 0.5693
CoI2 0.695
Co(NO,), 0.4159
NiCl2 (88) 0.46655
CuCl, 0.3955
Cu(NO,), (35) 0.3743
Cu(NO,), 0.4224
ZnCl, (89) 0,3043,
ZnBr, 0.6213
/n l ; 0.6428
Zn(C104)2 0.6747
Zn(NG,), 0.4641
Cd(NO,), 0.3820
Pb(C104)2 0.4443
Pb(NOj), -0.0482
r o c i , 0.5698
UOjlClO.,), 0.8151
UO,(NO,)2 0.6143
Li2S04 0.1817
Na2S04 0.0261
Na2S()4 (90) 0.0249,
Na2S.O, 0.0882

4
-  B"’ 
3 P

-  2sn c *  _  —
Max

C m a

2.242 0.00979 4.5 0.003
2.201 0.01227 4 0.003
2.337 0.00589 5 0.004
2.4055 0.01496 5 0.003
2.678 0.01806 2 0.002
2.113 -0.03889 2 0.003
1.133
2.305
2,152 -0 .00064 2.5 0.003
2.278 0.00406 4.3 0.003
2.151 -0.00485 2 0.002
2.409 -0.00158 2 0.001
2.342 -0.00943 2 0.005
1.879 -  0.03798 2 0.002
3.97
3.37
2.223 -0.00246 4 0.003
2.167, -0.00168 3.8 0.002
2.282 0.00231 2 0.001
2.480 0.00501 2 0.001
2.089 -0.02472 2.5 0.003
1.840 -0.03757 2 0.002
1.995 -0.03654 1.8 0.001
2.093 -0.03009 2 0.001
2.249 -0.03286 1.8 0.003
1.60 0.1
2.101 -0.05894 2 0,003
1.07 0.4 0.001
2.019, -0.04278 4 0.003
2.043 -0.01623 2 0.002
4.64
1.967 -0.02869 3 0.004
2.213 -0.00127 2 0.002
2.23 -0.0088 2 0.01
2.254 -0.01436 5.5 0.003
2.040 -0.00888, 2.5 0.002
1.855 -0.06792 2 0.002
2.310 -0.01580 8 0.003
1.907 -0.04136 2 0.002
2.308, -0.1235, 1.5 0.007
2.179 -0.2035 1.6 0.007
2.594 -0.0269 0.8 0.002
2.396 0.02134 2 0.003
2.255 -0,02955 2 0.001
2.224 -0.04836 2.5 0.002
2.296 -0.01667 6 0.004
0.380 0.01005 2 0.002
2.192 -0.06951 2 0.001
2.859 0.04089 2.5 0.003
2.151 -0.05948 2 0.0Q2
1.694 -0.00753 3 0,002
1.484 0.00938 4 0.003
1.466 0.010463 4 0,003
1.701 0.00705 3.5 0,002
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TABLE 7 (continued) 
Inorganic Compounds of 2-1 Type

4
,  b

4
3

-  2s 2 C* =  - 3
C

3 Max
m <r

Na-CrO, 0.1230 1.826 " 0.00407 a 0.002
■Na.CO, (13) 0.0483 2.013 0.0098
N'a.HPO, 01.077? 1.954 0.0554 1 0 002
Na.HAXh 0.0407 2.173 0.0034 1 0.001
K SO, 0,0666 1.039 0.7 0.002
K.CrO, 0 ION 1.652 0.00147 3.5 0.003
K.CO, (18) 0.1717 1.91 1 000094
K J ’t(CN).i 0.0881 3.164 0.0247 1 0.005
K HPO; 0 0330 1.699 0.0309 1 0.002
K II \  < > 0.1728 2.198 -0 .0 3 3 6 1 0.001
Rb,SO, 0.0772 1.481 0 00019 1.8 0.001
Cs.SO, (40) 0.0952 1.601 0.(8)549 5
CVSC), 0.1184 1 ,481 0.01131 1.8 0.001
l NH4),S04 (37) 0.0521 0,8851 0.00156 5.8 0.002
lNH,),SO, 0.0545 0.878 "0.00219 5.5 0.004
W.v|C'uien).NH,NO. |<NO,) 0.0928 0.271 0.6 0.002
I r a n s \ Colen) ,NH ,NO , |( NO,). - 0.0901 0.249 0.8 0.002
t ■/ v | C 'o( e  n  >: N H , N O :, ] C 1 > -0.0327 0.684 0.0121 2.8 0 005
^'(//Ls(Coien}:NH ,N(): JCL 0.0050 0.695 0.0066 2.4 0.005
a.v[Co(enLNH ,N().|Br. 0.1152 0.128 0.0158 1 0.004

0.0912 0.424 0.0223 2 4 0.005
t’/.y|Coten),NO,N(.)Jl; - 0.1820 0.594 0.6 0.004
m i n s  j C< >( en .kNO ,NCL I i - 0.1970 1.00.3 0.3 0 003

TABLE 8
Organic Electrolytes of 2-1 Type

(SA = Sulfonic Acid; S = Sulfonate)

3 ^
4 25 
3 M 3

: 16< •* = — c3
Max

m <r

w-Ben/enecii SA 0,5611 2 637 -0 .0463 1.6 0004
I ,i« w-Ben/enedi S 0.5464 2.564 0.0622 2.5 0.004
Nuy w-Ben/enedi S 0.34! 1 2.698 0,0419 3 0.004
4.4'Bihenzyldi S A 0.1136 2 432 0.0705 "! 0.01
Li; 4.4-htbenzyIdt S 0. 1810 1.755 0.0462 1.2 0.007
Na. 4.4'hibenzyldi S 0.0251 1.969 — 0.4 0.01
Na: funiarate 04082 1.203 0.0378 T 0.003
Na_. maloate 0. I860 0.575 0,0170 3 0.004
Na ‘• > u c c i n a ! t M () |  ! 0.4175 2.3915 0 0924 1 4 0.004
K ' - U L c m a t e  ( 9 2 ) 0.1673 2.1851 ....... 1.5 0.003

u p  to a b o u t  2 5 ( b C \  T h e  reference s o l u t i o n  i s  u s u a l ! ; ,  N a C I  w h i c h  h a s  b e e n  t h o r o u g h l y  s t u d i e d  
by o t h e r  m e t h o d s  i n c l u d i n g  t h e  v a p o r  p r e s s u r e  relative t o  t h a t  o f  p u r e  water. Heats o f  d i l u t i o n  
c a n  h e  m e a s u r e d  q u i t e  a c c u r a t e l y  at h i g h  t e m p e r a t u r e .  P r o v i d e d  t h e  h e a t  o f  d i l u t i o n  as w e l l  
as the e x c e s s  Gibbs energy is known at 25°(.\ measurements of t h e  heat capacity at higher 
t e m p e r a t u r e s  p r o v i d e  the r e q u i r e d  i n f o r m a t i o n  for b o t h  the s o l u t i o n  p a r a m e t e r s  a n d  t h e  
standard s t a t e  e n t r o p y  and chemical p o t e n t i a l .  In p r a c t i c e ,  two or m o r e  m e t h o d s  a r e  u s u a l h  
u s e d ,  a n d  t h e  p a r a m e t e r s  d e t e r m i n e d  f r o m  a  l e a s t  s q u a r e s  o p t i m i z a t i o n  o f  t h e  p a r a m e t e r s  t o  
fit all o f  t h e  a c c u r a t e  m e a s u r e m e n t s .

There i s  n o w  an e x t e n s i v e  a r r a y  of data for t h e  most geochemically or i n d u s t r i a l l y



TABLE 9 
3-1 Electrolytes

3 3 ,3/2 Max-B " -  C* = 9C
2P 2 m IT

A1C1, 1.0490 8.767 0.0071 1.6 0.005
ScCl, 1.0500 7.978 — 0.0840 1.8 0.005
YC1, (93) 0.939, 8.40 -0.040, 4.1 0.006
LaClj 0.8834 8.40 -0.061, 3.9 0.006
CeClj 0.907, 8.40 — 0.074, 1.8 0.007
PrCl, 0.883, 8.40 -  0.054, 3.9 0.006
NdClj 0.8784 8.40 -  0.049, 3.9 0.006
SmClj 0.9000 8.40 -0.053, 3.6 0.007
EuClj 0.911, 8.40 -0.054, 3.6 0.006
GdCl, 0.913, 8.40 -0.049, 3.6 0.006
TbCl, 0.922, 8.40 -0.046, 3.6 0.004
DyCl, 0.929, 8,40 — 0.045, 3.6 0.005
HoCl, 0.937, 8.40 — 0.045, 3,7 0.006
ErCl, 0.928, 8.40 -0.038, 3.7 0.006
TmCl, 0.926, 8.40 — 0.036, 3.7 0.005
YbCl, 0.923, 8.40 -0.033, 3.7 0.005
LuCl, 0.922, 8.40 -  0.033, 4.1 0.005
CrCI, 1.1046 7.883 -0.1172 1.2 0.005
Cr(NO,), 1.0560 7.777 -0.1533 1.4 0.004
Ga(C104), 1.2381 9.794 0.0904 2 0.008
InCl, — 1.68 -  3.85 0.01
Y(NO,), (93) 0.915, 7.70 -0.189, 2.0 0.008
La(NO,), (94) 0.737, 7.70 -0.198, 1.5 0.007
Pr(NOj)j (88) 0.724, 7,70 -0.173, 1.5 0.005
Nd(NO,), (95) 0.702, 7.70 -0.142, 2.0 0.008
Sm(NO,), 0.701 7.70 -0.131 1.5 0.007
Eu(NOj), (93) 0.713, 7.70 -0.125, 2.0 0.007
Gd(NOj), 0.776 7.70 -0.170 1.4 0.005
Tb(NO,), 0.838 7.70 -0.202 1.4 0.005
Dy(NOj), (96) 0.848, 7.70 -0.1809 2.0 0.008
Ho(NO,)3 (96) 0.876, 7.70 -0.1852 2.0 0.009
Er(NO,), 0.938 7.70 -0.226 1.5 0.006
Tm(NO,), 0.952 7.70 -0.222 1.5 0.006
Yb(NOj), 0.948 7.70 -0.208 1.5 0,006
Lu(NO,), (88) 0.926, 7.70 -0.174, 2.0 0.008
La(CIO,), 1.15, 9.80 0.001, 2.0 0.009
Pr(C104)3 1.13, 9.80 0.016, 2.0 0.006
Nd(C104), 1.13, 9.80 0.019, 2.0 0.007
Sm(C104), 1.146 9.80 0.014,, 2.0 0.005
GdfCIO,), 1.17, 9.80 0.014,, 2.0 0.007
Tb(C104)3 1.19, 9.80 0.012, 2.0 0.006
Dy(C104)3 1.20, 9.80 0.014, 2.0 0.006
HolClO,), 1.19, 9.80 0.013, 2.0 0.004
Er(C104)3 1.20, 9.80 0.014, 1.8 0.004
Tm(CI04)3 1.19, 9.80 0.024, 2.0 0.005
Yb(C104)3 1,20„ 9.80 0.013, 1.8 0,004
Lu(C104)3 1.18, 9.80 0,029,, 2.0 0.006
Na,PO„ 0.2672 5,777 -0.1339 0.7 0.003
Na3As04 0.3582 5.895 -0.1240 0,7 0.001
k ,po4 0.5594 5.958 -0.2255 0,7 0.001
K,P.,0, 0,4867 8.349 -0.0886 0.8 0.0)4
K,As0 4 0.7491 6.511 -0.3376 0,7 0.001
K,Fe(CN)6 0,5035 7.121 -0,1176 1,4 0.003
K,Co(CN)6 0.5603 5.815 -0.1603 1.4 0.008
Co(en),Cl, 0.2603 3.563 -0.0916 1 0.003
Co(en),(NOj), 0.1882 3.935 0.3 0.01
Co(en),(C104), 0.1619 5.395 0.6 0,007
Co(pn)3(C104)3 0.2022 3.976 0,3 0.003
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TABLE 10
4-1 and 5-1 Electrolytes

-  P'41 -  P "
16 u1

50 1 11u Max
4-1 solute 5 H 5 H 5 5 m or

NajP.O- 0.699 17,16 0.2 0.01
K.,P>0, 0.977 17.88 -0.2418 0.5 0.01
K4Fe(CN),, 1.021 16.23 -0.5579 0.9 0.008
KjMo(CN), 0.854 18,53 -0.3499 0.8 0.01
K4W(CN)„ 1.032 18.49 ..0.4937 1 0.005
(Me,N ).,Mo( CN )K 0.938 15.91 -0.3330 1.4 0.01

5 5 5” 50-  P'41 -  P"> c* = — c
5-1 solute 3 K 3 3 3

Na,P,0„, 1.869 36.10 -  1.630 0.4 0.01
K.P.O,,, 1.939 39.64 -  1,055 0.5 0,015

FIGURE 3. The relationship of pil1 to (3"" for 1-1 electrolytes. Inorganic 
solutes appear as circles ami carboxylate salts as triangles. (Reprinted with 
permission from Pitzer. K. S. and Mayorga. G., J . P h y s .  C h e m . , 77, 
2300, 1973. Copyright by the American Chemical Society.)

important aqueous solutes extending upward in temperature, as indicated in Table 15. How
ever. in many cases, additional work would be welcome to extend the temperature range 
further, to better account for the effect of pressure, and to increase accuracy.

Convenient equations and tables of parameters are given by Mqller17 and by Greenberg 
and Mtfller1” for several solutes. Their equations are valid for temperatures up to 250°C in 
most cases but are limited to a single pressure (I bar below 100°C and saturation pressure 
above). A review by P itzer7 assembles literature equations which include the pressure
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TABLE 11
2-2 Electrolytes (a, = 1.4 kg' 2 • m o r ,/2, a 2 = 12.0 kg12 • mol 1/2 throughout)

Electrolyte p«». pm pm C* = 4C Range a Ref.

MgSO, 0.2210 3.343 ” 37.23 0.0250 0.006—3.0 0.004 3
0.2150 3.365 ” 32.74 0.0280 0.006—3.6 0.004 90

NiS04 0.1702 2.907 ” 40.06 0.0366 0.005—2.5 0.005 3
MnSO, 0.213 2.938 -41.91 0.0155, 0.1—5.0 0.005 82
FeSO, 0.2568 3.063 (-4 2 ) 0.0209 0.1—2.0 — 87
CoSO, 0.1631 3.346 -30 .7 0.03704 0.2—2.4 0.001 32
CuS04 0.2340 2.527 -48.33 0.0)44 0.0)5— 1.4 0.003 112
ZnSO„ 0.1949 2.883 -32.81 0.0290 0.005—3.5 0.004 3
CdS04 0.2053 2.617 -48.07 0.0114 0.005—3.5 0.002 3
CaS04 0.20 3.197, -54.24 — 0.004—0.01 1 0.003 31
SrS04 0.220 2.88 -41 .8 0.019 — — 113
BeSO, 0.317 2.914 7 0.0062 0.1—4.0 0.004 3
uo,so4 0.322 1.827 7 -0.0176 0.1—5.0 0.003 3

TABLE 12
Temperature Derivatives of Parameters for 1-1 Electrolytes

Evaluated from Calorimetric Data

lOX'*' = 2 x Max
ioJP " ,> 104pm. m

HCl -  3.08, 1.41, -6 .21 , 4.5
HBr -  2.04, 4.46, ” 5.68, 6.
HI _ 0.23„ 8.86 -7 .32 6.
h c io4 4.90, 19.3, -11 .7 , 6.
LiCl -  1.68, 5.36, ” 4.52, 6.4
LiBr ” 1.81, 6.63, -2 .81 , 6.
LiCIO, 0.38, 7.00, -7 .71 , 4.
NaF 5.36, 8.70 — 0.7
NaCl 7.15, 7.00, -  10.5, 6.
NaBr 7.69, 10.7, -9 .3 0 9.
Nal 8.35, 8.28 -8 .35 6.
NaOH 7.00 1.34 -18 .9 , 4.2
NaCIO, 10.35 19.0, ” 9.29 6.4
NaC104 12.96 22.9, -  16.2, 6.
NaBrO, 5.59 34.3, — 0.1
NalO, 20.6, 60.5, — 0.1
NaCNS 7.80 20.0 — 0.1
NaNO, 12.66 20.6„ ” 23.1, 2.2
KF 2.14 5.44 -5 .9 , 5.9
KC1 5.79„ 10.71 -5 .09 , 4.5
KBr 7.39 17.4(, ” 7.00, 5.2
K1 9.91, 11.86 -9 .44 7.
KCIO, 19.8, 31,8 — 0.1
KC104 0.6o 100.7 — 0.1
KCNS 6.87 37,0 0.43 3.1
KNO 2.06 64.5 39.7 2.4
Kll.Pt J4 6.04, 28., -10 .1 , 1.8
RbF ” 0.76 14.7 — 1.0
RbCl 5.52, 15.0, — 0.8
RbBr 6.78„ 20.3, — 1.0
Rbl 8.57, 23.8, — 0.7
CsF 0.95 5.9, — 1.1
CsCl 8.28 15,0 -  12.2, 3.0
CsBr 7.80 28.4, — 1.0
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TABLE 12 (continued)
Temperature Derivatives of Parameters for 1-1 Electrolytes 

Evaluated from Calorimetric Data

t o se «  =  2 x Max
I 0 4( i " " 104p " " 1 0 5C m

C s l 9 . 7 5 3 4 . 7 - _ 0 . 7

N H , C 1 0 ,7 7 . , 1 2 . 5 , 2 . 1 , 4 .

N K . H _ . P O , 1.51 1"} S - 2 . 8 , 3 . 4

M e , N F -  0 . 8 2 1 6 .0 - 9 , 2 . 3.

E t . N F -  1 6 .4 4 3 , 4 — 0 . 5

P r . N F - 3 9 .1 4 1 . 6 ..... 0 . 8

B u4N F -  117.* 1 0 5 . , 4 3 . 5 1 9

M e H . N C I I t , 1 0 .8 — 0 . 5

M e . H . N C I 0 . 2 , 1 8 . , — 0 . 5

M e . H N C ' l 0 . 2 . 3 5 . 3 — 0 . 5

M e , N C I 5 . 9 3 4 9 . 0 -  7 . 6 6 8 .1

E t j N C l 2 .0 „ 6  i .4 -  13 .1 5 . 3

P r 4N C l ...3 2 . 2 8 5 .1 1 1 .3 4 . 4

B i i j N C l -  1 2 2 . , 1 6 3 , , 2 5 8 . , 2 . 5

M e . N B r 6 . 9 , 6 0 , 2 - 6 . 6 9 5 . 5

F . t . N B r 3.8, 7 3 . 4 -  1 1.3 4 . 6

P i . N B r - 3 1 . 0 1 0 9 . 0 2 6 . 5 3 , 0

B u . N R r 1 1 6 . , 1 6 7 , 2 8 4 . , 3 . 0

M e . N I -  7 .0 „ 100., , — 0 . 3

E r . N i - 1 .9 , 9 2 . , , -  3 6 . , s

P r . N I - 2 3 . 4 1 0 7 , , - - 0 . 5

dependency and are valid in some cases to 300°C. Parameters for temperature
and as low as — 60°C are given by Spencer et al.1 * for several common salts.

For NaCl(aq). there is an extensive array of thermodynamic data as reported by Pitzer 
et al.1' Their evaluation of these data yields a complete set of parameters valid in the region 
0 to 300°C and saturation pressure to 1 kbar, A more convenient expression based on the 
same data base is given by Pabalan and Pitzer2' and is also included in Reference 27. 
Solubility data were not used in the general regression; hence a comparison of calculated 
solubilities with experimentally measured values is a check on a prediction. As shown in 
Figure 4. there is excellent agreement between calculated and experimentally determined 
values with a maximum deviation of 1,5% at 275°C. This general equation is also consistent 
with the very recent heat capacity measurements of Gates et al.;124 most values agree within 
the uncertainty stated for the equation.

For KCI(aq). Pabalan and Pitzer24 combined their heat capacity measurements with other 
literature data to yield a thermodynamically consistent set of parameters for KC1 solutions 
extending to 3()()°C and to 500 bars.

In the case of MgCF, there is no fully satisfactory general treatment. The ion interaction 
parameters of de Lima and Pitzer12’ were based on isopiestic measurements of Holmes et 
al.126 at high temperature and Rard and Miller25 at 25°C. Pabalan and Pitzer25 (see also their 
chapter in this book) adjusted the trend of C* at the higher temperatures to better fit the 
solubility of the various hydrates of MgCF which rises to 14 mol - kg 1 at 2()0°C. This 
adjustment affects the agreement with the osmotic coefficients of Holmes et al.. which 
extend only (o 3.5 mol • kg hut the agreement is still good with standard deviations less 
than 0.003. The standard-state heat capacity is taken from Phutela et al.127 This investigation 
also reported ion interaction parameters, but their validity is limited to about 2 mol - kg F 
hence, they are not useful at higher molality or for solubility calculations. A comparison of 
calculated and observed solubilities is shown on Figure 5,



TABLE 13
Temperature Derivatives of Parameters Evaluated from 

Calorimetric Data. Results for Higher Valence Types

111

Part I: 2-1 and 1-2 Electrolytes*

ltPP’1" UPC'
Max

m

MgCl, — 0 .194 2.78 -0 .58 2.0
MgBr, —0.05* 3.8* — 0.1
Mg(C104), 0.52, 4.5„ -  1.25 3.2
Mg(NO,)2 0.51, 4.4, — 0.1
CaCl, (116) -0 .56 , 2.6* -0 .72 , 6.
CaBr2 -0 .52 , 6.04 — 0.6
Ca(NO,)2 0.53„ 9.1, — 0.1
Ca(C104), 0.83,, 5.0, -  1.09 4.
SrCl2 0.71, 2.84 — 0.1
SrBr, -0.32* 6.5, — 0.1
Sr(NOj), 0.17, 12.4, — 0.2
Sr(C104); 1.14, 5.3, -  1.10 3.
BaCl, 0.64,, 3.2, — 0.54 1.8
BaBr, -0.33* 6.7* — 0.1
Ba(NO,), -2.91 29.1 — 0.1
Mn(C104), 0.39, 5.0, -1 .18 4.
Co(C104)2 0.54, 5,3* -  1.27 4.
Ni(C104)2 0.66* 4.7* -  1.35 4.
CuCl, -2 .7 , 8.5 — 0.6
Zn(C104)2 0.59* 5.0, -  1.36 4.
U 2S04 0.50* 1.41 -0 .82 , 3.0
Na,S04 2.36, 5.63 -  1.72, 3.0
k ,s o 4 1.44 6.7„ — 0.1
Rb,S04 0.94 8.64 — 0.1
Cs,S04 -0 .8 9 , 14.4* — 0.1

* C*L = 2 s 2 O

Part II: 3-1 and 2-2 Electrolytes*

lO 'Ii1’" 102[ i " lOfJ2'1 lVC'
Max

m

LaCl,b 0.25, 0 .7 % _ - 0 . 1 0 , 3.6
LafC lO j/ 0.15, 1.50, — -0.19 , 2.1
La(NO,),b 0.17, 1.09, — -0.13,, 2.2
Na,Fe(CN), 3.05 1.52 — — 0.1
K,Fe(CN)* -0 .87 3.15 — — 0 .1

K.t cit Ni. 4.74 3.92 — — 0.2
M g S O , -0 .69 1.53" -2 .53 0.13, 2,0
C a S O , — 5.46c -5 .16 — 0 .0 2

C u S04 -4 .4 2.3/ -4 .7 , 1.2* 1.0
Z n S 0 4 -3.6* 2.3/ -3 .3 , 0.9, 1.0
C d S O , -2 .7 , 1.7/ -5 .2 , 0.6, 1.0

■ For 3-1 electrolytes C*L = 2V'3C'; for 2-2 electrolytes C*1 = 4C1, 
b Parameters for other rare earths are given in Reference 8.
1 The parameter a, is 1.4 for these cases: it is 2,0 in all other cases; a , = 12.0.
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TABLE 13 (continued)
Temperature Derivatives of Parameters Evaluated from 

Calorimetric Data. Results for Higher Valence Types

Part 111: 3:2 and 4:2 Electrolytes-

p ' M P " " P 1-"
M a x

m

C a . d d C N g g -  0 . 0 0 5 2 0 . 0 8 7 - 2 . 1  A 0 . 0 4
B a U F e t C N g ) , 0 . 0 0 0 8 0 . 0 6 5 , , -  3 . 5 4 , 0 . 0 4
L a g  S O g , 0 . 0 8 2 . , — 0 . 2 0 2 - 5 1 . 3 0 . 0 2 4
M g . F e t C N g 0 . 0 ) 6 , 0 . 0 4 ) , , - 2 3 . 9 0 . 0 4
C a . F e t C N 0 . 0 0 ) 6 0 . 1 5 8 . - 7 . 4 7 0 . 0 4
S n F e i C N g 0 , 0 0 5 2 0 . 1 1 8 , -  1 9 ,5 0 , 0 4

« ,  =  2 - 0 ;  on =  5 0  th ro u g h o u t .

TABLE 14
Volumetric Properties and the Pressure Derivatives of Parameters for the 

Major Sea Salts at 2S°C

Salt NaCl" N a tT N a,S 04b M gliy M y so p

V w c m S n o l  1 1 6 .6 8 1 6 .6 8 1 1 .48 1 4 . 4 0 • 7 . 4 8

10 s p " " A k g - m o l '■bar 1 1 . 2 5 4 1 .2 5 5 4.466 1 .8 4 3 5 . 1 3 7
lO -p '" '-kg-m ol 1•bar 1 — -- ) . 8 0 2 -0 .8 4 6 1 .3 1 9
IOJp '; 'Vkg-mol •bar 1 — — — 1 . 4 9 ,

I0 ' ’C ' A k g d n o l :-bar 1 -  1.29' -  1 . 3 7 6 -  3 . 7 1 4 -  ) . 9 4 8

R e f e r e n c e  14. 
l' R e f e r e n c e  1 17
' C1A - 20.

Pabalan and Pitzen’5 extended to 300 C the heat capacity measurements on Na,SO,(aq) 
and combined these with other heat capacities1' and various other data12* to develop a 
comprehensive treatment for the range to 300°C and to 200 bars. Holmes and Mesmeri;x 
made isopiestic measurements to 225°C and treated these and other available data for several 
alkali metal sulfates.

In the ease of MgSOgaq) solutions, a comprehensive regression of heat capacity, en
thalpy. and osmotic coefficient data by Phusela and Pitter' yielded parameters that are valid 
from 25 to 2O0°C. Figure 6 shows that calculated solubilities are in very good agreement 
with experimental data, to 2(H);C,

Holmes et al.,,x presented a comprehensive treatment for HC’lfaq). 'They gave three sets 
of parameters for the present model. The first set. valid to 523 K and 7 mol - kg 7 involves 
only the usual terms for a 1-1 electrolyte. A second treatment adds a fourth vtrial coefficient 
and is valid to Ibmol • kg 7 For temperatures from 523 (o648 K and from I) to 7 ino! * kg 7 
they include a (3‘ ’’ term.

For NaOHtaqi. an early treatment of Pabalan and Pif/eF’ extending to 350 C has been 
superseded for the range below 250 C by a study by Simonson et a l b winch incorporates 
very recent measurements of heat capacities and heats of dilution.

For LiCl and CsG, equations are given by Holmes and Mesmc-r,11,1 for NH ,(1 by 1 hiessen 
;uid Simonson.1 *' while data forCsCl and several other Id  electrolytes are given by Saluja
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TABLE 15
Pure Electrolyte Solutions with 

Available High Temperature Data

Range of T  and P
T/°C P/kbar Ref.

1:1 Electrolytes

HCl 0—375 0—0.4 68
UC1 0—250 * 130
NaCl 0—300 0— 1.0 17 '
Nal 25— 100 0—0.1 132
NaOH 0—350 0 -0 .4 22/129
KC1 0—325 0—0.5 24 v'
CsF 25— 100 0—0.1 132
CsCl 0—250 0—0.1 130, 132
Csl 25— 100 0—0.1 132
NH4C1 25—250 0—0.35 131

1:2 or 2:1 Electrolytes

u , s o 4 0—225 * 128
Na,S04 0—300 0—0.2 25
k ,so4 0—225 • 128
Cs,S04 0—225 * 128
MgCl; 25—200 0—0.1 b
CaCl2 25—250 0—0.1 47, 64
SrCl, 25—2CKJ 0—0.1 127

2:2 Electrolytes

Mg SO., 25—200 0 -0 .1 21
CaS04 25—250 a 47

a 1 bar below 100°C and P,a, above. 
b See text.

et al.m Values for SrCl2 are given by Phutela et al.127 Very recently, M0ller47 treated 
CaCl2(aq) and CaS04(aq) and gave equations for the range 25 to 250°C along the nonisobaric 
path 1 atm to 100°C and saturated water pressure from 100 to 250°C. The nonisobaric aspect 
is not serious for activity coefficients but should be considered if temperature derivatives 
are taken. The situation for CaS04 is complex, and her equations are based almost entirely 
on solubility data; hence, Muller's paper47 should be consulted for the full account. For 
CaCl2(aq), Mpller’s equation is valid to about 4.5 mol • kg 1. Ananthaswamy and Atkinson64 
also treated CaCl2(aq) to 100°C but to higher molality, and their equation, which involves 
six virial coefficients, should be used where appropriate.

D. PARAMETERS FOR MIXTURES AT 25 C
In the analysis of experimental data for mixed electrolytes with the use of the equations 

presented above, we seek two principal results. First, we want to learn how accurate our 
prediction would be on the basis of parameters from pure electrolytes only. Second, we 
wish to obtain values for the difference parameters <I> (or 8) and i|i, if they are of significant 
magnitude, or to determine that they are negligible and can be taken to be zero. It should 
be remembered that the principal effects on mixing electrolytes arise from differences in the 
pure electrolyte parameters (3<0), 0U), and C* and that the parameters #  and i(i have only a 
small effect, if any.
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FIGURE; 4. Calculated NaCI (halitel solubilities compared to experi
mental values; details are given bv Pabalan and PilzerT (Reprinted with 
permission from Pabalan. R. T. and Pitz.er. K .  S , Gcochim. Cosmochim.
A c ta ,  51, 2429. 19X7. Perganion Press pie.)

In principle, the df, depend on the ionic strength since they constitute differences between 
Xu's which are functions of I (Equation 60). Also. Friedman41’ has derived, from cluster 
theory, separate limiting laws for symmetrical and for unsymmetrical mixing. Each is valid 
in the limit nr —> 0, and its parameter is related to the Debye-Htickel parameter. For the 
unsymmetrical case, this ionic-strength dependence can be substantial, especially for 3-1 or 
4-1 mixing. Usually, it should be included by methods described below and in Appendix
B. For symmetrical mixing, the effect is much smaller and can be ignored in practical 
calculations at the present level of precision. Thus, the main treatment for symmetrical 
mixing is given below on the basis that each at a given T is a constant which will be 
written as 0M following Equation 72. Also. is zero in this case. It is possible, however, 
to treat symmetrical mixing in a manner fully consistent with Friedman's limiting law, and 
this is described in Appendix C.

The results are summarized in Table 16 for symmetrica) binary mixtures with a common 
ion. The sources are cited in References 4. 78. and 133. The values of 0 and »li were obtained 
by calculating the difference between the experimental value of 4> or In y and the value 
calculated with the appropriate values for all pure-electrolyte terms, but with zero values 
for 0 and vb in Equation 62 or 68. This difference, when multiplied by a function of 
composition, is found to be equal to 0 plus if times another function of composition. For 
the osmotic coefficient of a MX-NX mixture, one obtains

A<!>|2.m 2m,,m.J = 0MN + mxi|tMNX (100)
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FIGURE 5. Calculated solubilities of MgCl, compared to experiment; 
details are given by Pabalan and Pitzer.-33 (Reprinted with permission from 
Pabalan, R. T. and Pitzer. K. S., Geochim. Cosmochim. Acta, 51, 2429, 
1987, Pergamon Press pic.)

FIGURE 6. Calculated solubilities in the system MgS04-H20  compared 
to experiment; details are given by Pabalan and Pitzer.23 (Reprinted with 
permission from Pabalan, R. T. and Pitzer, K. S., G e o c h im . C o sm o c h im .  
A c ta , 51, 2429, 1987, Pergamon Press pic.)
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TABLE 16
Binary Symmetrical Mixtures with a Common Ion at 25°C

a  with 0
System Experimental Max I 0 = 1 =  0 e <!» and 4>

HCl-LiCl In 7 5 0.023 0.015 O.O(X) 0.007
HBr-UBr In y 2.5 0.027 0,015 0.000 0.011
HClOj-LiClOj <b 4,5 0.006 0.015 - 0.001, 0.00 i
HCl-NaCl In 7 3 0.040 0,036 -0 .004 0.002
HBr-NaBr In 7 3 0.028 0.036 - 0.012 0.002
HCiOj-NaClOj <!> 5 0.025 0.036 -0 .016 0.002
HC1-KC1 In 7 .3.5 0.014 0.005 -0 .007 0.010
HBr-KBr In 7 3 0.030 0.005 - 0.021 0.008
HCl-CsCl In 7 3 0.(382 -  0.044 -0.019 0.005
HCl-.NHjCI In 7 2 — 0.019 0.000
HBr-NH4Br In 7 3,0 -0.019 O.(XX)
HCl-Me4NCI In 7 0.1 0.003 - 0.0 0.003
HCl-EtjNCl ln 7 0.1 0.003 - 0.0 0.003
HBr~Pr4NBr In 7 2.0 -0 .17 -0 .15
HBr-Bii4NBr In 7 1.0 - 0.22
LiCI-NaCl <J> 6 0.002 0.012 -0 .003 0.001
LiNOrNaNO, <b 6 0.014 0.012 -0 .007, 0.002
LiCI04-NaCI04 4) 2.6 0.003 0.012 -0.008,, 0.001
LiOAc-NaOAc 4> 3.5 0.004 0,012 — 0.004, 0,002
LiCI~KCi <i> 4.8 0.045 - 0.022 - 0.010 0.003
LiCl-CsCl <t> 5 0.100 -0.095 0.0094 0.004
NaCl-KCl <l> 4.8 0.014 - 0.012 - 0.0018 0.001
NaBr-KBr 4> 4 0.009 - 0,012 - 0.002, 0.003
NaNO,~KNO, 4> 3.3 0.008 - 0.012 - 0.001, 0,001
Na,S04~K,S04 4> 3.6 0.011 - 0.012 - 0.010 0,004
NaCl-CsCl 4> 7 0.03 -0.0388, -0.0013, 0.001
KCl~CsCI 4> 5 0.003 O.(XX) - 0.001, o.oot
NaCl-NaF In 7 1 0.00
NaCI-NaBr 4> 4.4 0.001 0.000 0.000 0.001
KCI-KBr <t> 4.4 0.002 0.000 0.000 0.002
NaCl-NaOH inly/y') 3 0.155 -0.050 -0 .006 0.002
KC1-KOH \n(y/y') 3.5 0.196 -0 .050 -0.008 0.008
NaBr-NaOH \n(y/y') 3 0.225 -0.065 -0,018 0.009
KBr-KOH \n(yiy’) 3 0.212 -0.065 -0.014 0.012
LiCI-LiNOj 4> 6 0.008 0.016 -0.003 0.004
NaCl-NaNO, 4) 5 0.007 0.016 -0 .006 0.001
KCI-KNO, 4> 4 0.003 0.016 -0 .006 0.001
MgCi,-Mg(NO,g 4> 4 0.008 0.016 0.000 0.002
CaCl,-Ca(NO.,), 4> 6 0.014 0.016 -0.017 0.00.3
Nat i Nall I'D, 4> 1 0.10 0.00
kci~kh ,po4 4> 1 0,10 - 0.1

or the equivalent for mixing anions. For the activity coefficient of MX in this mixture one 
has

(A ln-yMX) b/2vMmN] = 0MN + '/2(mx + mM|zM/zx|) i|>MNX (101)

with equivalent expressions for other cases.
The quantity on the left was plotted against the coefficient of tj/ on the right. One should 

obtain a linear plot with intercept 0 and slope tj;. This presentation of the results, to which 
estimated errors could be attached, allowed one to judge whether values of 0 or 4/ were 
significantly different from zero and whether the data were consistent with these equations 
within reasonable limits of.error.

Table 16 gives, in the fourth column, the root mean square average of A<|> or A In y 
when 0 and i|i are taken as zero. Then the selected values of 0 and ik are given for the mixing 
indicated and finally the standard deviation when these values of 0 and 4< are included. Thus
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TABLE 17
Binary Mixtures without Common Ion at 25°C

System Experimental Max I
a

e = «!» = o
tr with 0 and

NaCl-K.Br <f> 4 0.012 0.002
KCl-NaBr <t> 4 0.012 0.001
NaCl-KNO, <t> 4 0.007 0.001
NaNOj-KCI <f> 4 0.007 0.002

for the first entry, the system HCl-LiCl relates to 0H Ll and i|jh , , ri; the quantity measured 
is In yHCI; the data range is up to I = 5; and the root mean square A In y  is 0.023 with 0 
= 4» = 0. The value 0H u = 0.015 is selected from consideration of the first three systems, 
all of which involve mixing of H+ with Li+. For the chloride, was found to be zero and 
with these 0 and 4/ values the standard deviation is reduced to 0.007.

The values of cr with 0 = <J» = 0 give an estimate of the accuracy to be obtained without 
difference parameters. However, these deviations are usually proportional to molality. Hence, 
a better estimate is obtained by noting the effect of 0CC. or 0aa. in Equation 62 or 68. Thus, 
in the former one finds the result (mcmc,/£m,) • 0CC,; and, if one has an equimolal mixture 
of HC104 and LiC104, for example, (mcmc/2mi) is m/8 where m is the total molality of 
C104. With 0H u = 0.015 one calculates the effect on the osmotic coefficient to be 0.0019
m. This is negligible for most purposes unless m is large (considerably above 1 M). The 
example chosen has a typical 0; in some cases the effect of 0 and 4* is even smaller, while 
in a few cases it is somewhat larger.

In a few cases data are available only for rather dilute solutions, and these results can 
be fitted quite well without the difference terms involving 0 and 4>- In these cases we report
0.0 for 0 in Table 16 to indicate that the correct value of 0 must be small but is not determined 
accurately.

Table 17 contains some results for binary mixtures of the HI type without a common 
ion. In this case we show only the standard deviation without the difference terms 0 and 
and that with these terms. It is apparent that in most of these examples, quite good results 
are obtained with only the pure electrolyte terms and in all cases there is good agreement 
when the 0 and tjt values are included. The values of 0 and if< were determined from the 
mixtures with common ion; hence, there were no adjustable parameters in this treatment of 
the mixtures without common ion.

In Tables 16 and 17, the maximum I is usually that of the most concentrated mixed 
electrolyte measured, but in a few cases the limit of validity of the equations for pure 
electrolytes determined the maximum I for valid comparison. In cases involving K .SO,, 
where solubility limits pure electrolyte data to I = 2.1 M, good fits were obtained for 
mixtures to considerably higher concentration, as shown in the tables. This suggests that 
the equation for pure K2S04 is valid somewhat above 1 = 2.1 M.

For unsymmetrical mixtures, one has to consider the additional electrostatic terms t;0i( 
and ,:0 'M, which are derived from theory (see Equations 72 to 74). It was originally thought5-1” 
that these terms were important only for 3-1 mixing and that they could be neglected for 2- 
1 mixing provided the 0 values were calculated without the ,:0 terms. It was shown by Harvie 
and Weare,2* however, that these terms are important for the activity coefficient of CaS04 
in mixtures with NaCl. For best results with accurate data, the K0,t and K0jj terms should 
be included. All parameters reported in Table 18 are calculated with B0M, ri0 ',, included where 
applicable. Now one must add additional terms to Equations 100 and 101, but this is 
straightforward with modern computers. Appendix B describes the derivation of ,:0 and E0' 
as well as methods of numerical calculation of their values.

In addition to single-phase data on mixed electrolytes, solubility-equilibrium data on
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TA B LE  18
Mixing Parameters for 2 5 ° C  (with ' 0  and K6' Included for Unsymmetrieal Mixing)

c c' <0 »lv-.1 s„4 lie HSO, >!c >k. H, O, MCr,„

Li Na 0.0029 _ - 0.0039 _ —
K - 0.0563 — -  04)086 — —- --- —-
Rb -0.0908 — 0.0024 — — —
Cs ..0.1242 — 0 0088 — — — —

Na K - 0.012 -0.0018 - 0.010 — — -  0.003 0.003
Rb -0.0319 — 0.0048 - - — —
Cs ■ 0.0153 — - 0.0035 __ - - __
NR, 0 -0.0003 — 0.0013 — — — —-
Ca 0.07 -0.007 -  0.055 — —
M g 0.07 - 0.012 -0.015 — — — —
MgOH 0 — — — — — —
H 0.036 -  0.004 — 0.0129 — — —

K Cs -  0.0049 — -0.0016 ■- — — —
Ca 0.032 -0.025 — — — — —
M g 0.0 -  0.022 -0.048 — — — —
M g O H 0 — — — — — —
H 0.005 - 0.011 — -0.0265 — —

M g M g O H 0.0 0.028 — — — — —
Cu 0.0085 — — — - 0.0031 — —
H 0.10 - 0.011 — -0.0178 — — —

Ca M g 0.007 - 0.012 0,024 — __ — —
M g O H 0 — — — — — -
C u -  0.0558 — — — 0.0026 —
H 0,092 0.015 — — — — —

Sr H 0,0642 0.0033 — — - - —
Ba H 0.0708 0.0018 — — — — —
Ni Cu 0.0131 — — — -0.0031 — —

H 0.0690 0.0056 — — — — —

a a' 0„, »IC»K vlCa Ms MgOH

Cl so , 0.030 0.000 -0,005 - 0.002 - 0,008 --- —
H S O . , -0.006 — 0.006 — — — — 0.013
OH -  0.050 -0.006 -0.006 -  0.025 — — —
HCO, 0.03 -0.015 — -0.096 — —
CO, - 0.02 0.0085 0,004 — — — —

so4 HSO, — -0.0094 -0.0677 — -  0.0425 — —

OH -0.013 -  0.009 -0.050 — — — —
HCO, 0.01 -  0.005 — — -0.161 — —
CO, 0.02 -  0.005 -  0.009 — — ~~ —

OH CO, 0.10 -0 ,017 0.01 -— — —

HCO, C O , -0 ,04 0.002 0.012 — — — —

mixtures are particularly sensitive to the values of Harvie and Weare-* and Harvie et 
al.!1 have considered many such cases, as have Filippov and associates;314'’4 ” 1 w their values 
are shown in Table 18 along with values from single-phase data. Values from Roy et al.'4'* 
from electrochemical cell measurements are also included in Table 18. in a few cases, values 
in Table 18 differ from those in Table 16. The differences are not large, but values of both 
0 and \b should be taken from the same table,

Kim and Frederick K give 0 and i|» values for additional interactions. Other values are 
given in References 5. 27, and 144 to 147. Several values of ion-neutral mixing parameters 
for CO,(aq) are given in Table 19; parameters for NH,(uq) are given by Clegg and Brini- 
bleeombe.148 while Reference 27 gives information involving silica. Some of these and other 
parameters are given in Chapters 6  and 7.
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TABLE 19
Ion-Neutral Parameter 

Values for 25°C

i ktJi. l

H 0.0
Na 0.100
K 0.051
Ca 0.18.X
Mg 0.183
MgOH —
Cl 0 005
SO, 0.097
HSO, — 0.003

TABLE 20
Mixing Parameters for 25°C for Use without f 0 and K0'

c c" e„ e c’ 4cr <i

H Sr -0 .037, 0.020, _ Na Mn 0.0432 -0 .0 1 3 6 -0 .0 2 1 6
Ba -  0.036 0.024 — Na Co -0 .0 1 9 4 -  0.0085 -0 .0 1 7 4
Mn 0 0 — Na Ni 0.0591. 0.0115; —

Li Mg 0 — 0 Na Cu 0.000 -0 .0 1 4 - o .o n
Mn 0 — 0 Na Zn 0.0507 — . -0 .0 3 8 9
Co 0 — 0 Na Cd -0 .0 0 0 3 — -0 .0 1 5 2
Nt 0 — 0 K Mg -0.0828 -0 .0139 -  0.0235
Cu 0 — 0 K Ca -0 ,0 4 0 -0 .015 —

Zn 0 — 0 K Ba -0 .0 7 2 0 (XX) —

Ba -0 .0 7 0 0.019 — Cs Ba -0 .1 5 0 0 000 —

Na Mg 0 0 0 NH, Mg 0.0275 — 0.0334
Ba - 0.003 0 —

a a' >K- <k.„.

Cl SO, -0 .0 2 0 0.004 -  0.007 - 0  007 0.043

In many cases of 2-1 mixing, where there are data only for rather concentrated solutions, 
the inclusion of the 10 and K0' terms has little effect and no advantage. Indeed, it is often 
impractical to evaluate both 0 and iji, and one assumes one or the other to be zero. Filippov 
and associates'2 w l'w' ’** report several situations of this type. In some cases, solid solubilities 
are the only data available for (he mixed systems, and one obtains satisfactory results on 
the basis 0 = 0  and t]» zero or nonzero, as indicated. In these cases, the insertion of an E8 
term serves no useful purpose and it has been omitted. Table 20 presents mixing parameters 
for use without the *0 and '0' terms.

Sulfuric acid ts both interesting and important. The species HSO, must be recognized 
whereupon the solution becomes a mixed electrolyte with anions HSO, and SO; . A 
comprehensive treatment was first given7 without H0 and '0'. The problem of redundancy 
of parameters was carefully considered; only PiY.so, = 0.0027 and C^ SOi = 0.0416 were 
needed in addition to the H.HSO, parameters in Table 2. Subsequently, slightly different 
parameters were obtained when h0 and f 0’ were included by Harvie et al." for 25°C and 
by Reardon and Beckie1*7 for the range 0 to 70°C. It is important that the ion interaction 
parameters be consistent with the dissociation constant for HSO„ . Thus, it is probably best 
to use the full set of parameters from either Reference 7, 31 or 07. Interesting applications
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to multicomponent electrolyte systems including H2S 0 4 were made by Reardon and Bcckie 
for FeS0.,-H2S 0 4-H,0 and by Reardon154 for NiS0,-H,S04-H,0.

Volume changes on mixing are related to the pressure derivatives of 0,, and if)lk (O' = 
fJ0/dP). For mixing of the major sea salts (NaCl, MgCF. Na,S04, MgS04). measurements 
were made and equations fitted by Millero et al.,5? and Connaughton et al.156457 Oakes et 
ul.1' 5 report data for the system NaCTCaCF-H-,0 at 25 and 35°C. Monnin116‘ " ,,h considered 
many mixed systems and concluded that the effects of 0' and i|h were within the range of 
experimental uncertainty in most cases. Consequently, he omitted these terms in his cal
culations for various brines.

Both 0„ and i|j,|k undoubtedly vary with temperature, and there are heat of mixing data 
which give their temperature derivatives at 25°C.15 2" Until heat of mixing measurements 
become generally available at higher temperature, however, we must depend on isopiestic 
and solubility data for the values of 0̂  and at high temperatures. Chapter 7 of this book 
concerns solubility calculations with these equations, and mixing parameters at high tem
peratures will be considered there.

In the sections on evaluation of parameters, an extensive array of results are presented 
of various types, but many other results have been published (see Chapter 6 of this book). 
It is beyond the scope of this chapter to present a complete bibliography. An extensive 
bibliography has been presented by Plummer et al.1' 6 in a report on the computer program 
PHRQPITZ.

Finally, we note that for very concentrated solutions, molality is no longer an appropriate 
measure of composition and that it is best to use mole fraction instead. Appendix 1 presents 
equations on the mole fraction basis and examples of their use are given in Chapters 6 and 
7.
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A P P E N D IX  A: A D D IT IO N A L  T H E O R Y  R E L A T E D  T O  T H E  
G E N E R A L  E Q U A T IO N

Included heie is material related to the shift in the Debye-Hiickel term from the limiting 
law to an extended form and to the tonic strength dependence of the second viriul coefficients 
A,, and B,r After the shift from the Helmholtz energy to the Gibbs energy ami to molality 
instead of concentration, one has

(o x ti R f - u l ‘ - 2d nymBpl t  4 . . . (A-it

whore n , is the number of kilograms of water and << ts the Debye Hiickel parameter. One 
now finds that the tome strength dependency of (A is very great, hut that it can he reduced 
In replacing the Debve Hurkel limiting Ian by an extended term. This was first suggested 
on tin empirical basis by Guggenheim."’ A test'1 of several extended forms for the Dehve- 
Huekel term led to the choice (it h)lln( I * hF ') with b an empirical constant. {his can be 
expanded anti rearranged
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alln(l + bi1') h = a (F 2-  bl '2 + b2I5,2/3 . . .)

= a lw -  I2aq(I)

= a  I ‘ -  2  2  nyn./i'/fqtlMu 4) (A-2)
> J

where q(I) is a function of ionic strength but not of individual molalities. Thus, in addition 
to the limiting law term oeF2, the remaining contribution of the extended D-H term has 
exactly the same molality dependence as the second virial coefficient term of Equation 
A -l, and these can be combined. The particular form for the extended D-H term was chosen 
to minimize the ionic strength dependence of the resulting second virial coefficient term

Xyd) = py(I) + z2z2 q(I)(0t/4) (A-3)

In order to obtain more physical insight into this ionic strength dependence, it is useful 
to consider another basic formulation which involves the radial distribution function. The 
basic equation is

4» — 1 = (Il/ckT) -  1 (A.4)

= -  (6ckT) ~ 1 2  2  c,cj | (dUy/dr) gy 4-irr1 dr
i j

where uy is the potential of mean force, gM is the radial distribution function, c, is the 
concentration of the i-th solute species, and c is the total concentration of all solute species. 

Given the osmotic coefficient, one can derive the activity coefficient and other functions 
by thermodynamic methods.

If one adopts the hard-core or primitive model, the potential of mean force is

uM = oc, r <  a (A-5a)

= ZiZje2/er,r >  a (A-5b)

where e is the dielectric constant of the solvent. Now there is a mathematical anomaly at r 
= a where <3u/dr is infinite but g(r) is zero. This can be resolved and one obtains, for a 
single symmetrical electrolyte,

<j> -  1 = (e2/24ekT)(cz2) j  [g+ , (r) -  g + (r)] 4-rrrdr

+ c(iraV6)[g+ +(a) + g+ _(a)] (A-6)

Here g „ , = g ... is the radial distribution function for like-charged ions; also glf(a) is the 
value for r = a + 8, i e ., the limiting value of gM(r) as r-a approaches zero from the positive 
side.

The radial distribution functions can be calculated by any one of several methods. A 
method which is exact in principle, though numerically approximate in execution, is the 
Monte Carlo method as applied by Card and Valleau.50 Other results are compared with 
those from the Monte Carlo method by Rasaiah et al.51

The first term on the right in Equation A-6 includes the coulombic forces and yields 
results for the osmotic coefficient similar to those of Debye and Hiickel or to the first term 
in Equation 36. The second term is very sensitive to short-range forces, since it is proportional 
to a \  and it would be strictly proportional to the concentration if the final factor in brackets
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FIGURE A-l. Radial distribution functions at hard
core contact for the primitive model for a E l electrolyte. 
Also shown is the sum g . _ (a) + g ( a ) ,  which appears 
in the expression for the ion interaction coefficient.

were constant. Thus the second term Equation in A-6 is analogous to the second term in 
Equation 36. It is found, however, that the sum g , »(a) + g ,. (a) is not constant but depends 
on ionic strength, as shown in Figure AO. One notes at once the similarity between the 
curve for g , ,(a) + g ; (a) in Figure A-l to those for B' in Figure 2 for such solutes as 
HC1 and KC1, Here we have the explanation of the ionic-strength dependence of B or (3 in 
the Guggenheim equations. The relative probability of ions being close together (when 
corrected for the normal effects of concentration) is greater at low ionic strength than at 
high ionic strength. Also, this function g t . (a) + g, (a) changes rapidly in very dilute 
solutions and then approaches a nearly constant value at high concentration.

A P P E N D IX  B: T H E O R Y  F O R  l ASYMMETRICAL M IX IN G  O F  
IO N S O F  T H E  S A M E  S IG N  A N D  T H E  C A L C U L A T IO N  O F  ' 0  AND

E0 '

Here we give the theory and a practical method of calculation for the higher-order 
electrostatic term for unsymmetrical mixing.515 The second virial coefficient B ^k) of Equa
tion 21 is shown by Friedman49 to be given by

B m( k ) =  (2lTZ1Zil/K2)J,)(K,Zi,ZJ . . . ) (B-l)

with the electrostatic length

1 = e2/ekT (B-2)

We note that the interionic potential of mean force can be written as

vn = u„ + kTz,z,l/r (B-3)

where the second term is the electrostatic interaction and u,,, a function of the interionic 
distance r, is the short-range potential. Then the function J,, of Equation B-l is

J„ =  -  ( k2/z, / iI) J [exp(q1( -  u,/kT) -  1 -  qIf -  q2/2]r2dr (B-4)

with
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qy = -  (ZjZjl/r) exp( -  Kr) (B-5)

The integral in Equation B-4 cannot be evaluated, in general, without knowledge of the 
short-range potential uy. Since the quantity is not known accurately, the entire second virial 
coefficient is treated as an empirical quantity. However, for the particular case of ions of 
the same sign, an approximation yields useful results.

Ions of the same sign repel one another strongly enough that they seldom approach one 
another closely; hence, the short-range potential should have little or no effect. This can be 
seen mathematically in Equation B-4. If qy is large and negative for the range of r for which 
Uy differs from zero, then the value of expfqy) is extremely small throughout this range. 
Thus, provided u,( is positive (or if negative, is small), the effect of Uy will be negligible.

In view of this situation, one can evaluate the effect of electrostatic forces on the 
difference terms <f>y without making any detailed assumption about short-range forces. We 
write

%  = 0y + E0„(I) (B-6)

where the first term on the right arises from the combined effects of short-range forces acting 
directly or through the solvent, of the use of molalities instead of concentration, and of the 
difference in the Debye-Hiickel term in Equation 21 from that in 23 and 41. The second 
term E0MN will be calculated from the corresponding terms of the cluster-integral theory with 
the omission of short-range forces. From the definition of <1>MN we have

h\iN ■ kMS ' (/ v 2/.m )' A vim ~ (/.M 2/s i1 As., (B—7)

EXy = (ZjZj/41)1 y with Uy = 0 (B-8)

h  = ~ t [  d  + + '/2 q? -  eq,j)r2 dr (B-9)

With the substitutions
y =  Kr (B-10)

X =Z,ZjlK  (B-11)

q = -(x/y)e-x (B-12)

J(x) = x _1 (1 + q + '/2 q2 -  eq)y2 dy (B-13)
JO

In our working units

Xy = (B-14)

where for ions of the same sign x{J is always positive. Also.

k0mn = (zmzn/4I)[J(xmn) -  V, J(xMM) -  '/, J(xNN)) (B-15)

We also need the ionic strength derivative of f 0 and therefore of J. If J' = dJ/dx, we 
find for E0' the expression
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FIGURE B-l. The functions h8 (solid curves) and 1 '0 ' (dashed curves) 
for mixing ions of charge types 2-1, 3-1, and 4-1. (Reprinted with per
mission from Pitzer, K. S.. J . S o lu tio n  C h e m . , 4, 249. 1975.)

(T\1n) f  M̂M ^

G ^NN J (*NN)1 (B-l 6)

For J the integrals of the second and third terms in the parentheses 
straightforward, with the results

in Equation B-l3 are

J = V4 x -  1 + J2 (B-17)

J' = l/4 — (J2/x) + J, (B 18)

J, = x 1 | (1 -  e'Oy’-dy
Jo

(B-l 9)

J, = X 1 exp(q -  y)ydv
Jo

(B-20)

There are no simple integrals for J, and J, but they are readily evaluated numerically with 
modem computers. The resulting functions K0 and K0' for 2-1, 3-1, and 4-1 mixing are 
shown in Figure B-l.

For more efficient computation of these functions than numerical integration, several 
methods have been proposed.51,1’9 Harvie’s method uses two Chebyshev polynomial ap
proximations, one for x s  1 and the other for x s  1. The appropriate equations for these 
regions follow:

Region I. \ • I

z = 4 x1" — 2 (B-21)

dz
dx X (B-22)

bk = z b ,. , -  K-  2 +
k = 0. 20

(B-23)



TABLE B-l
Numerical Arrays for Calculating J(x) and J'(x)
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k ai “l1

0 1.925l54014814667 0.628023320520852
1 -0.0600764777531 19 0.462762985338493
s -  0.029779077456514 0.150044637187895
3 - 0  007299499690937 -0.028796057604906
4 0 000388260636404 -0.036552745910311
5 0 000636874599548 -0.001668087945272
6 0.000036583601823 0.006519840398744
7 -0.000045036975204 0.001130378079086
tt 0.000<X>4537K957IO -0.000887171310131
9 0 0OtXX}2937706971 -  0,000242107641309
10 0,000000396566462 0 000087294451594
It -  0 000000202099617 0.000034682122751
12 -1) .000000025267769 ■ 0.000004583768938
13 0 (XXKXXXI13522610 —0.000003548684306
14 0.000000001229405 - 0  000000250453880
15 — 0 (XXX XXXXX1821969 0.000000216991779
16 — 0.000000000050847 0.rXXXXXX)80779570
17 0. (XXX XXXXKX346333 0.000000004558555
18 0 IXKXXXXXXXH) 1943 0.tXXXXX)006944757
19 (). OOOOOtKXXX K12563 -  0.000000002849257
20 0 (XXXXXXXNX11D991 0,00(XXXXXX)237816

dk = *\ .. + 7. dk,,  -  dk. , (B-24)

Region IT x a 1

z = */, x 1 1,1 -  ~/„ (B-25)

^  — _40/ „ II.IO— Adx (B-26)

K = 7. bk. I -  bk. ,  + a” (B-27)
k = 0. 2(1

dk = bk,, + z dk. , — dk, 2 (B-2K)

Using the calculated values for ihe bk and the dk. Jtx) and J'(x) can be calculated from the
following formulas;

J(x) =■ , x 1 + 7, (h„ -  b,) i B 271

d/
I'lx) = Ut + 7, — (d,, -  d,l 

dx (B-30)

Sonic discussion with regard to the calculation of the arrays h k and dk is appropriate. 
The coefllcients a| and a" arc given in Table B-l B\ definition b„ -  h,, = d,, = d>: = 
0 riierelbre. by using Equation B-23 or B-27. the numbers b can be generated in decreasing 
sequence Similar arguments apply to the array d. The values J( I ) =0.110437 and J ’( 11 
-  o 160527 can he used to check a program for this calculation.
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A P P E N D IX  C: T H E O R Y  A N D  A L T E R N A T E  P A R A M E T E R S  F O R  
S Y M M E T R IC A L  M IX IN G  O F  IO N S  O F  T H E  S A M E  SIG N

While the relatively large ionic-strength dependence of <t>MN for unsymmetrical mixing 
of ions, described in Appendix B, disappears for the symmetrical case, there is a much 
smaller effect which can be understood in terms of the radial distribution function at contact.
Figure A-1. The magnitude of g „ (a) is much smaller than g ,.. (a) and the change of g , , (a)
with ionic strength is likewise much smaller, but it is not zero. Also, the mixing term <J>MN 
involves the difference between XMN and the average of XMM and XNN. Thus, the expected 
magnitude of the ionic-strength dependence of <t>MN is expected to be very much smaller 
than that of BMX.

Friedman49 derived the limiting law for this effect from cluster expansion theory. In 
terms of the Debye-Huckel parameter Alt) and our general equation, it is

c)lng(/'f)Il 2 = 6z2A(l> (C-l)

where z is the number of charges on the ions mixed and g„ is the basic parameter in a widely 
used expression for the mixing process at constant ionic strength,

AniG/(nJRTI2) = y(l -  y)[g„ + (1 -  2y)g, + . . .] (C-2)

Flere y is the fraction of one of the solutions mixed and (1 — y) the fraction of the other 
solution.

After appropriate substitution of the molalities of various species into Equation C-2, 
one finds, for the simple case of the 1-1 type, common-ion mixing of MX with NX

g(1 = 24>MN + I i|»MNX (C-3)

Similar expressions with different numerical coefficients are found for other cases. Thus, 
for the 2-1 type MX2-NX, (mixing the doubly charged ions), one obtains

g0 = 2<Dmn/9 + 2Ii)jmnx/27 (C-4)

while for mixing the singly charged ions M,X-N2X the result is

go = 84>mn/9 + 4I0)mnx/27 (C-5)

In the case of 2-2-type mixing the result becomes

gn = 'I’m*. 8 + I4'vinx/64 (C-6)

For 4>mn we use the same form of I dependency as was adopted for the B,t. expressions

<J \ in =' K k  + < 2 0 c r l ) [  l -  (l + a T 2)ex p (-aI,2)l (C-7)

and give a the usual value of 2.0 kg12 • mol 12.
Differentiation of Equation C-7 with respect to F 2 yields an expression which, in the 

limit I —> 0. becomes

<><t>!riV 2 =  —  2a ( ¥ 1 '> '3 (C-8)

Also, in the limit 1 —> 0, one has
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g0 = K<f> = K[0(O) + 0">1 (C-9)

where K is a numerical constant depending on the charge type, as illustrated in Equations 
C-3 to C-6, If one combines Equations C-7 to C-9, one obtains

0'>> = — e,0V( 1 + a/9z2A4)) (C-10)

Thus, the limiting law serves to determine O'” in terms of 0“” and the Debye-Hiickel 
parameter, together with other known factors. If Equation C-7 is a good approximation, one 
now has an expression for the dependence of 0 on ionic strength which is valid, not only 
in the limit of small ionic strength, but at all values of the ionic strength.

The available experimental measurements are those of the osmotic coefficient of the 
solution or of the activity coefficient of one component. Yang and Pitzer26 developed working 
equations and treated most of the available cases of symmetrical, common-ion mixing with 
the results shown in Table C-l.

The limiting law for symmetrical mixing can also be applied to heat of mixing. Now 
the general equation is

AinH/(nwRTl2) = y(l -  y)[h0 + (1 -  2y)h, . . . .] (C-l I)

and h0 is related to g0 by

h0 = -  T(dgo/ciT)p (C-l 2)

Substitution of Equation C-l and rearrangement yields

d h J d V ' 2 =  6z2(A4,h0 -  A„g,/4RT) (C-l3)

One now assumes for <[>' = the same form as Equation C-7:

= ®MN +  (20L«i7orI)[ 1 -  (1 +  a l l,2)exp( — a l ' ' - ) ]  (C-14)

Also for 1-1 mixing of MX with NX,

ho = " Ti 2<!>U + iil.'MSA) (C-15)

with other numerical coefficients for other charge types. Eventually, one obtains

0"»L = + ((!'■' + t) ‘ )A„ 4RT A,.| i I + „ M/ A,J (C 16)

Note that the parameters 0<n’ and 0“ ’ for the Gibbs energy enter Equation C-l6 as well as 
0(O)L for the enthalpy.

The experimental data for heats of mixing were treated by this method by Phutela and 
Pitzer.20 Good agreement was obtained with the experimental values and the resulting pa
rameters are listed in Table €-2 for several cases. The enthalpy calculations were actually 
made before the Gibbs energy treatment had been made on the I-dependent basis; hence, 
the I-dependent values of 0 were used instead of the sum (Bm + 0"’) in Equation C-16. 
The effect of this difference is small and usually of no significance.
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TABLE C-l
Mixing Parameters" for 298.15 K Consistent with the Limiting Law for

Symmetrical Mixing

System Type Max 1 I020'01 1020 "’ 10A)i 10 V

HCI-LiCI Iny 5.0 2.2 -  1.4 -  0.3* 6.2
HBr-LiBr Iny 2.5 2.2 -  1,4 - 0 . 1, 6.2
h c io 4~u c io 4 4> 4.5 2.2 -  1.4 -0 .3 , 6.2
HCI-NaCl lny 3,0 5.0 -3 .2 -0 .80 7.1
HBr-NaBr Iny 3.0 5.0 -3 .2 -  1.33 7.1
HC104-NaCI04 * 5.0 5.0 -3 .2 -  1.92 7.1
HCI-KC1 lny 3.5 0.30 -0 .2 — 0,6* 10
HBr-KBr lny 3.0 0.3 -0 .2 -5 .2 10
HCl-CsCl lny 3.0 — 5.9 + 3.7 -  1.2, 4.4
HC1-NH4CI Iny 3.0 -  1.5* 1.0 -0,7* 4.4
LiCI-NaCl 4> 6.0 1.2, -0 .8 , 0.3* 3.4
1 iNU. \ . t \ 0 . 4> 6.0 1.2, -0 .8 , 0.7, 3.4
LiC10,-NaCI04 4> 3.5 1.27 -0 .8 , 0.9„ 3.4
LiOAc-NaOAc 4> 3.5 1.2, -0 .8 , -0 .4 , 3.4
LiCl-KCl <f> 4,8 — 2.5, 1.6, -0 .8 , 3.5
LiCl-CsCl <i> 5.0 -  10.0 6.3, -0.91 6.1
NaCI-KCl 4> 4.8 -  2.1, 1.3* 0,05 3.2
NaBr-KBr 4) 4.0 -2 .1 , 1.3,, -0 .07 3.2
NaNO,-KNO, 4> 3.5 -2 .1 , 1.3* 0.09 3.2
Na,S04-K,S04 <t> 3,0 -2 .1 , 1.3,. 0.3 3.2
NaCl-RbCI 4) 4.7 -3.5„ i v 0.0, 4.4
NaNO,-RbCl 4> 4.8 3.5„ 2.24 0.1, 4.4
NaNO,-NH4NO, 4> 6.0 - 1.6,, i.o* 0.2* 0.5
KCl-CsCI <t> 5.0 -0 .3 ; 0.2, -0 .06 1.8
NaCl-NaBr 4> 4.4 0.2, - 0 . 14 -0.0* 1.4
KCl-KBr 4> 4.4 0.2, -0 .1 , -0 .1 , 1.4
NaCl-NaOH ln(y/y') 3.0 -7 .0 4.4, -0 .3 , 2.4
KCI-KOH ln(y/y') 3.5 -7 .0 4.4, 0.1* 2.4
NaBr-NaOH ln(y/y') 3.0 -8 .5 5.4 -0.9„ 5.8
KBr-KOH lnty/y') 3,0 -8 .5 5.4 -0.6* 5.8
LiCl-LiNO, 4) 6.0 2.2„ -  1.4., -0 .4 , 3.6
NaCl-NaNO, 4> 5.0 2.2 -  1.4., -0 .7 , 3.6
KCI-KNO, 4> 4.0 2.2„ -  1.44 -0 .9 , 3.6
MgCI,-Mg(NO,): 4> 4.0 2.2(, -  1.4, 1 © Ui 3.6
CaCI,-Ca(.NO,), 6.0 2,2* -  1,44 -2 .2 , 3.6
HCI-HCIO., lny 3.0 3.7, -2.3* -0 .7 , 5.9
NaCI-NaOAc 4> 3.0 -  1.9, 1.2., 0.2, 1.5
KCI-KOAc <b 3.0 -  1.9, 1,24 0.3, 1.5

U n it s  a re  k g  • m o l 1 fo r  ftiP' a n d  6 " '  a n d  k g :  • m o l :  fo r  t|/.

The values of 0"”'-. 0 "’1. tj/1 in Table C-2 give the temperature derivatives at 298 K of 
the parent quantities 0"”, 0 "’, i|i in Table C -l. Thus, the values of the parent parameters are 
available for reasonable ranges of temperature near 298 K.

At the present level of experimental measurement, the refinement of this Appendix is 
not significant tor osmotic or activity coefficients. For enthalpies of mixing, however, it is 
very important for a few cases, LiCl-CsCl and KCTBu,NCh and significant for several other
eases with substantial values of f)... .. Details are given in Reference 20. Also, as precision
improves in the future, these theoretically based equations should become valuable in prac
tical calculations of activity coefficients.
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System I Range 1040WL I # " 1 10J>1»'

1:1 Electrolytes

HCl-NaCl 1.0—3.0 -5 .53 3.13 1.81
HC1-KC1 1.0—3.0 0.00 -0 .05 1.05
LiCl-NaCl 0.1—6.0 -3 .25 1.94 0.76
LiCl-KCl 0.1—3.0 1.72 - 0.86 0.71
LiCl-CsCl 0.03—3.0 5.99 -3 .55 0.78
NaF-KF 0.2—0.9 1.44 -0 .79 -0 .49
NaCl-KCl 0.1— 18 1.44 -0 .79 - 0.22
NaBr-KBr 0.1— 1.2 1.44 -0 .79 -0 .13
Nal-KI 0 1 o 1.44 -0 .79 0.02
NaOAc-KOAc 0.2— 1.0 1.44 -0 .79 -0 .34
KCl-CsCl 1.0—3.0 -0 .42 0.27 0.29
KC1-Bu4NC1 0.02— 1.0 84.9 -57 .0 —21.06
NaCl-NaBr 0.5—6.0 -0 .13 0.08 0.00

1:2 or 2:1 Electrolytes

I.i,S(); N.t SO, 1.0—9.0 -3 .25 1.94 1.59
Na.CO, K CO. 0.15— 1.05 1.44 -0 ,79 -2 .69
MgClr SrCl2 0.6—3.0 - 1.12 0.98 0.00
MgCl,-BaCl, © 1 o -2 .42 2.12 0.00
MgCI MgBr, 1.0—6.0 -0 .13 0.08 0.00

• Units: 0>°>L and 0<1,1 kg • mol 1 • K“ <(iL, kg3 • mol 2 • K '.

A P P E N D IX  D: IO N IC  S T R E N G T H  E F F E C T  O N  IO N -N E U T R A L
IN T E R A C T IO N S

Another theoretical topic concerns the possible ionic-strength dependence of second 
virial coefficients for interactions of ions with neutral molecules containing dipole or higher 
electrical moments. The work of Kirkwood160 pertains to this question, but it considers only 
electrical effects subject to a distance of closest approach and ignores all other effects of 
short-range forces which are normally the dominant terms. For charge-dipole effects on the 
activity coefficient of the dipolar molecule i, Kirkwood’s Equation (21) yields

8 In
_____ 3rre2p.j % csz]_____
2ae2k2T2(l + Ka + K2a2/3)

(D-l)

with p, the dipole moment of i and c} and zs the concentration and charge on ion j. Also, a 
is the distance of closest approach of an ion to the molecule and k is the Debye reciprocal 
length, which is related to the ionic strength. For each term in the sum, Equation D-l yields 
the electrical contribution to a second virial coefficient X̂ . The appearance of k in the 
denominator indicates an ionic-strength dependence. However, for typical values of the 
dipole moment and other quantities, this term is very small compared to that for short-range 
forces. For quadrupole or higher moments, the corresponding term is even smaller. Hence, 
there is no present indication that an ionic-strength dependence need be considered for the 
second virial coefficients for neutral-ion interactions.

A P P E N D IX  E : D IE L E C T R IC  C O N S T A N T  O F  W A T E R  A N D  T H E  
D E B Y E -H U C K E L  P A R A M E T E R S

Most calculations based on the methods described here have used the equation of Bradley 
and Pitzer11 for the dielectric constant or relative permittivity of water and the equation of
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TABLE E-l
Values of the Constants in 

Equations E-l to E-4 for the 
Dielectric Constant of Water

c = 3.4279E2 U„ = - I.8289E2
u. = - 5.0866E-3 U, = .8.0325E3
u, = 9.4690E-7 U* = 4 2142E6
u4 = -  2.0525 U„ = 2.1417
u< -  3.I159E3

Haar et al.161 for the density. The density is so accurately known that further comment is 
unnecessary. The equation for the dielectric constant is

e = e looo + C In [(B + P)/(B + 1000)] (E-l)

where the pressure P and the parameter B are in bars. The temperature dependencies are 
given by

I < H >0 U, e x p ( U / r  + U,T2) (E-2)

c  = U4 + U 5/(U h + T) (E-3)

B = U7 + U„/T + U„ T (E-4)

with the temperature in K and the various U’s in the appropriate powers of K. The numerical 
values are given in Table E -l. The range of validity for Equations E-l to E-4 is 0 to 350°C 
and to 1 kbar pressure.

Although the uncertainty in e is small, it is desirable to avoid error by retaining the 
same value of e as was used in determining other parameters. This is more important for 
derivative quantities such as volumes or enthalpies and especially important for heat capacities 
which involve the second temperature derivative of the dielectric constant. In attempting to 
fit closely the measurements of e over a very wide range of temperature and pressure, one 
is tempted to use a many-term equation which can “ overfit” the data and give spurious 
derivatives. The Bradley-Pitzer (B-P) equation was designed to avoid this overfitting dif
ficulty.

In the research prior to the development of the B-P equation in 1979, a different equation 
was used162 that gives exactly the same value of e at 25°C but a slightly different value of 
de/dT. Thus, no correction is needed for the older results for p,0), (T11, P‘2’, C \  but there 
is a small problem for values of the temperature derivatives in Tables 12 and 13. For most 
purposes, any correction would not be significant and is not needed. For optimum accuracy 
in reproducing the enthalpy values, it is best to use the original Debye-Hiickel parameter. 
This was A„/RT = 1.1773 on the basis used in Reference 9. Subsequently, the definition was 
changed (see Reference 11), and on the basis of Equations 81 to 84 A, /RT = 1.1773 (2/ J = 
0.7849. If one’s interest is in temperature derivatives of (3'°’, (3"', etc., for use with other 
quantities on the basis of the Debye-Hiickel parameters of Table 1, one can make corrections 
to the values in Tables 12 and 13. For 1-1 electrolytes, the corrections are -  1JE-5, 
+ 1.2E-4, and + 5.0E-6 for p"”1, P'"1, and C t’1, respectively. Corresponding values can 
be derived for other charge types (Table 13).

Several other equations have been used for the dielectric constant of water. There is 
good agreement for 6 itself, and therefore for A^, hut there are significant differences for 
the derivatives of e and especially for ife/dT2, which is needed for the heat capacity parameter 
A,. Recently, Archer and Wanglf>’’ have presented an improved equation and have discussed 
fully the differences among the earlier equations. Their equation has a very wide range of 
validity extending from the supercooled liquid at 238 to 823 K in the supercritical range
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and for pressures to 5 kbar. In comparison with the new equation, the B-P equation is in 
good agreement over its more restricted temperature range, although the second derivative 
does show some difference below 280 K, i.e., from 273 to 280 K. Archer164 has also 
presented a convenient method of making a very small adjustment in the parameters p'0’, 
p“ \  C4, for the slight shift in Â , from the B-P equation for e to the new Archer-Wang (A-W) 
equation. This method can be used, of course, for the adjustment in the opposite direction 
from the A-W or any other new A4 to the B-P A^; indeed, this will be the more useful 
procedure in the near future. For a multicomponent system, it will be easier to convert a 
small number of entries that may have been evaluated on a new basis to the B-P basis rather 
than to convert the remaining large number of values that have already been entered into a 
comprehensive computer program.

APPENDIX F: HIGHER ORDER TERMS INVOLVING NEUTRAL
SPECIES

In Equations 59 to 64 and 75 the binary terms for neutral-neutral and neutral-ion inter
actions are included but the triple interaction terms are omitted. Some binary ion-neutral 
parameters are given in Table 19. This appendix gives the additional terms representing 
three-particle interactions with at least one neutral particle. Also included are two examples 
where these terms are needed.

The terms under consideration here are all included in the final sum in Equation 23,

Ge7wwRT = . . . + 2 2 2  m.m »>k M-ijk (F-l)
i J k

We introduce the symbols c for cation, a for anion, and n for neutral, whereupon the terms 
including at least one neutral can be rearranged and collected to yield

G‘7w wRT = ■ • ■ + 2  mn Pnnn + 3 2 2  mn.m; |i ram.
n n' > n

+ 62 2 2  m„" m„, mn p-,,„■„■■+ 3 2 2  mnmc(mnp.nnt + m,(xnccn">n'>n n c

+ 2 2  "I. P,„. > + 3 2 2 mnm„(mnPnn» + + 2 2  in., P...i

+ 6 2 2 nV m n( 2 n\P w c  + 2maP„n'a) + 6 2 2 2  mnmcmap„C3 (F-2)n - n c a n c a

It is convenient to define two new quantities

Leo = 6|x,
za zc+ 3 — Pnec + 3 —
zc za (F-3)

TW = <'P„. -  3 ( ^  |A„ct. -  3 ( ) |A,lcV (F-4)

The analogous quantity Tjnaa. is obtained by substitution of a and a' for c and c'. The other 
terms in Equation F-2 can be retained as written. Then the terms for Equation 59 become

Ge7'WwRT = ■ • • + 2  mn P„n„ + 3 2 2  mn n̂nn-ti n’ -n

+ 6 2 2 2  mn mn m„ P w  + 3 2 2  mn W, P„„c
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+ 3 2 2  m~ ma (jinna -f 6 2 2  nV m„ ( 2  mc R n n V  + 2  ma Rnn'a)n a n' -n c a

+ 2 2 2  mnmcm., Cnca + 2 2 2  Tncc' + 2 2 2  mnm;im.,. t), (F-5)

After appropriate differentiation one obtains the additional terms for Equations 62 to 64 and 
75.

<t> — 1 = (2/£m,) [■ • • + 2  mr! Man,,, + 3 2 2  ^VIT^ M-„„„'n n -ri

+ 6 2 2 2  m„ m„ mn R„„„ + 3 2 2  mn mc Rnncn" -n' n n c

+ 3 2 2  m~ m., (xnna 4- 6 2 2  mn- mn ( X  m c P“nn'c + 2  ma l̂ nn'a)n a n’ a c a

+ 2 2 2  nownu v + 2 2 2  mnm,nv i]n XT' V  V
C O  + L Z Z ,  Tnaa' (F-6)

In 7m = ■ • • + 2l3mf,A„„M + m„(6 2  m.-M-m, m + 2 m „̂Ma + 2 mcT)„Mc)] (F-7)

In 7x = • • • + 2 l3 n i7M-m,x + m„(6 2  "4, R„„ x
n n’ -n

+ 2 n\LcX + 2m»T)„Xa)] (F-8)

n 7n = ■ ■ ■ + 3 2  m2 M-n„„ + 62 ' 2 '  m„m„ Rn™ + 62 '  mNm„ p,NN„
ii n' - n

+ 6 III.. ( 2  111 M-NNV + 2  "1. M-NNa) + 6 2 ' ( 2  "1 M-N„C + 2  M-N„„)

+ 22 mcma Cncu + 22 mcm, + 22 manV UNaa (F'9)

In the last equation the prime mark on certain sums indicates that N = n or N = n' is 
excluded, while in the first sum without a prime N = n is included.

While the triple interaction terms involving neutral species are not required for many 
systems, they can be significant. For phosphoric acid6 the value 0.0109, was found for 
M-h vha.ha- In their treatment of borate systems, Felmy and W'eare105 obtained values for £lu.a 
for B(OH), with H A Cl and with Na 1 , S 0 42 : indeed, they first used the symbol £nca for 
this interaction. It seems likely, however, that only a few of these terms, at most, will be 
needed for any particular system. Corti et al.71 treated the system NaCl-C02-H20  and found 
that C< U,_N,I ( I was needed but that (p.( r n , Nil 4  p.co, ( could be neglected. Their 
investigation extended in temperature to 250°C and in pressure to 600 bars.

APPENDIX G: COMPUTER CODES

A general code based on the equations of this chapter for multicomponent electrolytes 
(PHRQPITZ) was developed by Plummer et al.1' 9 Copies of that report (U.S.G.S. Water- 
Resources Investigations Report 88-4153) are available from U.S.G.S.. Books and Open 
File Reports Section. Federal Center. Bldg. 810, P.O. Box 25425, Denver, CO 80225, 
while the soffware is available from WATSTORF. PROGRAM OFFICE. U.S.G.S., 437 
National Center, Reston, VA 22092.

Additional information on computer codes is given in Chapters 6 and 7 and the Intro
duction of this volume and in Chapters 8 to 10 of Reference 165.
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A P P E N D IX  H : E Q U A T IO N S  W IT H  A D D IT IO N A L  T E R M S

Although the basic Equation 23 constitutes a power series with the possibility of many 
terms with increasing powers of molality, the standard working Equations 40 through 70 
include only terms for binary and ternary solute particle interactions. This basis has proven 
adequate to represent the properties of most aqueous salt solutions at 25°C to saturation with 
the solid. For a few solutes such as HNO, at 25°C or for any low-melting salt at its melting 
point, one may be interested in the entire range of composition to the pure liquid electrolyte. 
In that case, one cannot use molality as a measure of composition since it becomes infinite 
for pure solute; equations using mole fraction must then be used, and they are discussed in 
Appendix I. There are also intermediate cases such as CaCl2(aq) or ZnCl2(aq) where the 
molality basis may be used to saturation composition but where additional terms are required 
to represent the observed properties. Certain cases of this type are discussed below.

Also, there are systems where a modification of the standard pattern of Equation 49 for 
the binary interaction term BMX(I) yields an improved fit at low and moderate molality. 
Often this improvement extends also to higher molality. The simplest example of this type 
is the series of alkali metal sulfates where Holmes and Mesmer128 obtain better agreement 
with a  = 1.4 instead of the standard value of 2.0 k g '2 • mol 12. In that case no additional 
terms are needed.

For the lanthanide chlorides, nitrates, and perchlorates, Kodytek and Dolejs”  used the 
full three-term expression for BMX(I) but with very different values of (3‘2’ and a 2 than are 
appropriate for the divalent metal sulfates. For the sulfates, ■’1 is large and negative and 
the term models a partial ion association. In contrast, for the lanthanide salts with singly 
charged negative ions, P'2’ is positive. Hence, there is no indication of ion pairing; rather 
the extra term is just a small adjustment of the normal pattern of ionic-strength dependence 
of Bmx(I). Table H-l gives the parameters for the lanthanum and lutecium salts as examples. 
The values for the other lanthanides are similar and usually intermediate. The standard 
deviations of fit are reduced to about half by inclusion of the additional term.

Filippov and associates used the third term for BMX(I) for several cases including MnCE,166 
NiCU,39 CoCl2,149 Ca(N03)2,134 Mg(N03)2,134 Ni(N03)2,35 NalTPO,.1"’ and HC1.166 The 
extended equations for various salts were successfully used for treatments of salt solubility 
in multicomponent systems. The case of HC1 is especially interesting since the inclusion of 
the extra term made it possible to fit the properties up to 16 mol • kg ', whereas the standard 
expression was fitted only to 6m. The parameters are compared in Table H-2. Over the 
extended range the cr is 0.005, considerably larger as compared to about 0,001 for the 
original fit to 6 m.

Holmes et al.68 report a very comprehensive treatment of various thermodynamic prop
erties of HCl(aq) over a wide range of temperatures. They present three equations: (1) a 
standard equation valid to 523 K and 7 mol • kg (2) an equation valid to 523 K and 16 
mol * kg 1 with a standard B(I) but with a fourth virial coefficient D*, and (3) an equation 
valid above 523 K including a term with negative p(2) modeling ion association. The pa
rameters for the second equation valid to 16 m are given in Table H-2; those for the first 
equation are essentially the same as the original values of Reference 2 shown in Table 2. 
It is interesting that the addition of the fourth virial coefficient leaves (3(H) and (3'" essentially 
unchanged but does affect C*.

The standard equation fits the data for CaCl,(aq) only to about 4 m,8h while the solubility 
is about 9 m at 25°C and increases with temperature. Ananthaswamy and Atkinson64 added 
fourth, fifth, and sixth virial coefficients to the standard expressions and reported parameters, 
including their temperature dependency, for CaCl2 to 11 mol • kg 1 and for 0 to 100°C. 
They considered enthalpy and heat capacity data as well as osmotic and activity coefficients. 
Note that a term in fia> was not used for CaCl2.
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TABLE H-l
Parameters for Lanthanide Salts When an Additional Term in {Jai Is

Included75

3 3 3 V'2
-  P‘“> -  p»> pa, -  c*

Salt 2 ' «i 2 «2 2 (JT

UCL 0 . 7 9 5 1 1.6 5 , 5 2 6 . 0 8 . 0 ..0 . 0 2 2 4 0  0 0 1 0

LuCf, 0 , 8 2 5 4 1.6 5 . 7 9 6 , 0 8 0 0.0100 0 . 0 0 1 5

LalNOu. 0 , 4 9 6 0 1.4 4 . 8 8 6 . 0 6 , 0 ..0 . 0 6 2 1 0 . 0 0 2 3

LuiNCU, 0 .7 0 .1 4 1.4 4 , 9 3 6 . 0 6 . 0 -  0 . 0 6 5 9 0.0040
LalClOo, 1 , 0 2 5 3 1.6 6 , 5 5 6.0 8 . 0 0 , 0 6 5 6 0 . 0 0 2 4

LufClOu, 1 . 0 6 6 3 1.6 6.61 6.0 8 . 0 0 . 0 8 5 6 0 . 0 0 2 0

TABLE 11-2
Alternate Parameters for H€l(aq) at 25 C

«i p ,„ t t . pa, W‘< >• I0‘I>
Max

m Ref.

0.1775 2 0.2945 ____ ____ 0.80 ____ 6 7
0,17571 0.2940 — — 2.085 -2.6657 16 68
0.23159 i 0.61349 1 0.25785 -■ 5.254 16 166

In the initial treatment7 for various salts, the standard equation did not yield a satisfactory 
fit for CdCL, CdBr2, or CdL where there is known to be strong ion association and complex 
ion formation of CdX, and ( d .\ . . Filippov et al..41 however, obtained a good representation 
of the osmotic and activity coefficients of CdCL with an extended equation. They included 
a P'2' term in B(I) and added fourth and fifth order terms to represent the association to 
CdCi, and CdClj . The expression was also used successfully for the treatment of the 
ternary systems of CdCL. with CdS04 or with NaCl and H20 . Even the five-component 
system CdCL-CdS0r NaCLNa,S04~H20  was successfully described using this treatment for
CdCL. The terms to be added to the equations of Section IV are

A< 1' w. RI  = u)(Cd,3CDmtd m<'1 + u>(Cd,4CT)mrd m4, (H-l)

A<t> = (Hm,) l[3co(Cd,3CI)mrd nyf, + 4a)(Cd.4Cl)mrd m(4T| (H-2)

A In yrd = <o(Cd.3 0 )m(’.| -f o>(Cd,4Cl) m4-., (H-3)

A In 7 ( ! = 3oj(Cd, 3Cl)m< d m,2, + 4oj(Cd.4CI)mrd m,4, iII 4 1

The parameters for this equation for CdCL are given in Table H-3. The fit for the osmotic 
coefficient is excellent with a  = 0.001. The negative values of several parameters indicate 
ion association.

For the multicomponent systems, the usual 0,, and r|r,jk parameters were evaluated and, 
in addition, w(Na.Cd.2Cl), o>(Na.Cd,3Cl), and w(Na,Cd,4Cl). Reference 41 should be 
consulted for the remarkably successful treatment of the five-component system.

Very recently. Anstiss and the writer167 considered the extremely soluble and complex
forming salt ZnCL by applying the extended equation of Filippov with the terms in w(M,3Cl) 
and uj(M,4CI). Although concentrated solutions of ZnCL and CdCL are similarly strongly 
complexed. dilute solutions are different, CdCL shows association to CdCl' at low con
centration. as is indicated by the large negative p '2' in Table H-3. In contrast, dilute ZnCL 
is a strong electrolyte and was well represented by the standard equation up to 1.4 mol • kg 1



TABLE H-3
Parameters for CdCl2(aq) and 

ZnClj(aq)

1 3 5

CdCl, ZnCl2

-0.0169 0.041312
a, 1 1.5347
p‘" -0.3468 1.8016
0̂ 4 —
p.2, -5.829 —
£<b 0.00747 0.010082
v)(M,3Cl) — 0.000249 - 0 .  (XXI1773
w d v t . a c r i 5.8 x 10 6 1.3068 x 10

FIGURE H-t. The deviations of the osmotic coefficient and the activity 
coefficient of ZnCi, for the Anstiss-Pitzer {AP) equation and the Kim-Frederick 
(KF) equation from the evaluated experimental function of Goldberg.

with normal values of (T01 and (3"’ (see Table 7). However, above I m, ZnC'l. shows 
association to ZnCl2 and at higher concentrations to ZnC!, and ZnCl^ .

Goldberg168 evaluated various data for ZnCl2 and presented an empirical equation and 
table of recommended values of the osmotic and activity coefficients extending to 23 
mol • kg 1. Rard and Miller89 subsequently made further isopiestic measurements and present 
recommended values, but their treatment extends only to 13 mol • kg Since we were 
especially interested in the high molality range, the Goldberg treatment was chosen. Regres
sion of the full set of parameters of the CdCl2 equation for the osmotic-coefficient data for 
ZnCI2 indicated no need for the J3t2’ term, provided a, was optimized, as shown in Figures 
H-l and H-2, with the parameters shown in Table H-3.

Figure H-l shows the differences of the calculated values from the selected experimental 
curves for both the osmotic coefficient, which was fitted directly, and for the derived activity- 
coefficient equation. The former is fitted essentially within experimental uncertainty of 0.005 
at moderate m and 0.01 or 0.02 at high m. However, the slope is large above 22 mol - kg 
which indicates that this type of equation would be unreliable for extrapolation to higher 
molality. Also shown on Figure H-1 are the curves for the expression of Kim and Frederick77 
(KF), who fitted the standard equation to the same osmotic data to 10 mol • kg 1. The 
deviations for the KF treatment far exceed experimental uncertainty, but their expression 
may be useful for some purposes. Figure H-2 shows, for the dilute region, the experimental 
osmotic coefficient, together with the curve for the standard expression fitted to data below
1.5 mol • kg ‘,89 as well as the curves for the KF treatment and for the extended equation
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FIGURE H-2. The osmotic coefficient of ZnCl, in the dilute range for the 
evaluated experimental curve and three equations. See text for details.

(AP). The substantial deviation of the KF treatment is apparent, while the other expressions 
yield agreement within experimental uncertainty.

These examples indicate that simple extensions of the standard form of the ion interaction 
equations give useful expressions without adding great complexity.

APPENDIX I: EQUATIONS BASED ON COMPOSITION IN MOLE
FRACTION

While the equations presented above have been very successful for systems of molality 
up to 6 mol • kg 1 and somewhat higher with additional terms, they become unsatisfactory 
at still higher concentration and for a pure fused salt the molality is infinite. Thus an alternate 
framework is required for systems miscible to the fused salt and such an approach has been 
found to be advantageous for other systems of very high but limited solubility.

In this appendix we present equations appropriate for miscible, ionic systems with an 
unlimited number of components of ions or neutral species. This system is essentially that 
of Pitzer and Simonson,169 which was based in part on earlier treatments of several aqueous 
systems with low melting metal nitrates”' 170 and of the NaCI-FLO system171 in the range 
373 to 823 K.

A. DEFINITIONS: IDEAL MIXING TERMS
For a miscible system the appropriate measure of composition is a mole fraction, but 

for an ionic system one may either recognize or ignore the ionization of the salt. While 
much of the literature uses nonionized mole fractions for salts, it is both theoretically and 
empirically preferable to recognize the ionization.* Indeed, this is necessary for mixtures 
without common ions. Thus, the mole fraction of the j-th species (ion or neutral) is

x, = n /^ n , (1-1)

where n, is the number of moles of the ith species with cations and anions included as 
separate species. Electrical neutrality must also be maintained, of course.

At very high temperatures fur aqueous systems and lor many nonaqueous systems, the degree of ionization
remains very small except at extreme dilution: then the use of nonioni/ed mole fraction is appropriate
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The ideal entropy and Gibbs energy of mixing are

AmS'/R = — 2 niln(x/ x?)
i

(1-2)

A,„G' RT = S nM x/x f) (1-3)

where xf is the mole fraction of the ith species before mixing; i.e., x° = V2 for each ion 
in a pure salt MX and x° = 1 for a neutral species. This simple result is readily derived 
for the case that all particles mix randomly without respect to charge but that charge neutrality 
must be maintained for each pure component and for the mixture. Such completely random 
mixing is, of course, a poor structural model for fused salts where there is a strong pattern 
of alternation of charge. However, for the mixing of salts where the ions have the same 
magnitude of charge, the assumption that there is no cation-anion mixing when cations mix 
randomly and anions mix randomly (Temkin model) yields the same entropy of mixing as 
is given by Equation 1-2. This was demonstrated by Laity172 and by Blander.173 Various 
models have been proposed for mixing of unsymmetrical fused salts but none have been 
sufficiently justified to justify more complicated definitions for our purposes. Thus we take 
Equations 1-2 and 1-3 as definitions of ideal mixing and limit the present treatment to singly 
charged ions in a pure-fused-salt reference state. When the infinitely dilute reference state 
is used, the limitation to single charges is no longer necessary. Then xf takes the value for 
the standard state as defined below.

The excess Gibbs energy for any amount of material is GE and, per mole of particles, 
is gE. Thus

AmG = AmG' + GE (1-4)

g' = O' Vn, (15)
i

Since the symbol yt is commonly used174 for activity coefficients on a mole fraction 
basis, we follow that practice.169 Superscripts x and m can be used to distinguish the mole 
fraction and molality bases whenever there is ambiguity. Since all activity coefficients in 
this appendix, with one exception, are on a mole fraction basis, we omit the x. The exception 
is Equation I-12b where ym is shown for the molality-based quantity.

The activities aJ and activity coefficients ys are related by

In a, = InCXj-y/xO) (I-6a)

and for a salt MX

In aMX In(aMax) (Tbb)

Differentiation of GH with respect to nj at constant T, P, and other n, yields the excess 
chemical potential pf; also

p! = RT In y, (1-7)

gE = = RT Sx.ln 7 , (1-8)
i i

For electrolytes the activities and activity coefficients can ordinarily be measured only
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fur neutral combinations of ions. Thus for a salt mixture containing M ' .  N ' ,  X , Y one 
can determine (aMas ). (aMa,). (aNax), and (aNav) but not any of the individual a’s.

For systems with all pure components liquid at the conditions of interest, the normal 
standard states are the pure liquid components. This yields y( = 1 and a, =  1 for the pure 
liquid in Equation 1-b. Even if a component melts at a somewhat higher temperature, it may 
be useful to take the supercooled liquid as the reference state: this procedure was successful 
for the system NaO-H ,0 at temperatures well helow the melting point of NaCI.

Where there are more than one speeies of both cation and anion, the reference basis of 
pure fused salts becomes ambiguous. Thus an equimolal system of N a‘ , K ", Cl . NO, 
can be referenced to NaCt and KNO, or to KC1 and NaNO,. In some eases there is a 
preference. Thus in a system dominated by NaCI the reference should be to pure NaCI and 
to the Na salts of other anions and the C! salts of other cations. However, in other cases 
an arbitrary choice may be required.

There are various reasuns for wishing to define an infinitely dilute reference state on a 
mole fraction basis and for relating it to the standard state on a molality basis. While we 
first define an infinitely dilute solute state for either a pure or a mixed solvent, we wall 
consider thereafter only the case with a pure solvent which will be taken as component 1. 
We follow Prausnitz1"'* and others in using the symbol y* for an activity coefficient hased 
on ihc infinitely dilute reference state; thus on a mole fraction basis

y, — 1 as x, — x',1

y* —* 1 as x, —♦ 0. y, —* 1.0

(y^y,) = hm y, 1 (1-9)
\J Hi

where x‘* is the value for the pure fused salt.
In the limit of very small fraction of species j in a single molecular solvent, the mole 

fraction becomes a mole ratio.

X| —* n/n, as x, —* 0

Under these conditions the molality is

m, = (n/n, X1000/M,) (I-10)

where M, is the molecular weight of the solvent. II one has a mixed solvent, n, is replaced 
hy I he total number of moles of solvent and M, by the mean molecular weight. The ratio 
of m, to x, is

m/x, = 1000/M, (M I)

with M, replaced bv a mean solvent molecular weight when required.
The chemical potential must he the same for a given composition on either basis. Thus, 

in the very dilute range and with y'" the activity coefficient on a molality basis

p,(mole fraction) = p'/tmole fraction*) ■+ RT Infx/yf) (1-12a)

(jl<molality) = ^'(molality) + RT Intm.y"') (I-12b)

)!."(mole fraction*} = p'lmolality) a- RT !n( IOOOiM,) ( I - I2c)



1 3 9

where the last equation gives the conversion from the conventional standard Gibbs energy 
on a molality basis to that for the mole fraction basis retaining the infinitely dilute reference 
state. Again these jx’s are ordinarily measurable only for neutral combinations of ions.

The chemical potential for the pure liquid standard state may also be related to that for 
the infinitely dilute reference state. Take a salt MX as an example:

|xMX = p.H(MX,liq) + RT ln(xMxx7M7x/x^x5|) (1-13a)

= p |1x(mole fraction*) + RT In (xMxx7gyJ) (I-13b)

|i.MX(mole fraction*) = p,°(MX,liq) -  RT InU^xg-y^-y^0) (I-13c)

where y*° is the value of y* in the pure liquid MX. For a neutral molecular liquid these 
equations simplify for a single particle and x° is then unity.

We turn now to the excess Gibbs energy which arises from inequalities in interparticle 
forces. If there is a substantial ionic concentration, interionic forces are effectively screened 
from the R 2 long range to short range. Then interionic forces can be combined with all 
other interparticle forces on the same basis and one expects the same type of expression for 
excess Gibbs energy as was found for nonelectrolytes. At very low ionic concentration, 
however, the alternating charge pattern and its accompanying screening effect is lost and 
the long-range nature of ionic forces must be considered. This is the effect described by the 
Debye-Huckel treatment. For the full range of composition one expects the excess Gibbs 
energy to comprise two terms: a short-range force term Gs and a Debye-Huckel term GDH; 
thus

G‘ = Gs + GDH 11 14a i

gE = gs + gDH (l-l4b)

where the last equation refers to l mol of particles. The logarithms of the activity coefficients 
are similarly sums of terms for short-range forces and for the Debye-Huckel effect.

B. EXCESS GIBBS ENERGY FROM SHORT-RANGE FORCES
There is an extensive literature concerning semiempirical or purely empirical expressions 

for the excess Gibbs energy of nonelectrolytes. Prausnitz174 discusses the merits of many of 
these equations. Among the simplest and most generally effective are the van Laar equation, 
which involves two parameters for a binary system, and the various extensions of the 
Margules equation, which comprise series expansions. A “ three-suffix” Margules equation 
also involves two parameters for a binary system. Either equation can be generalized to 
multiple-component systems, but the Margules system, as generalized by Wohl,175 176 is 
more flexible and has been found to be more successful in various tests on nonelectrolytes.177 

A general Margules expansion can be written

gs/RT = + S I 2 % x ,x ,x k + . . .  (1-15)
i i  i i k

where a’s with all suffixes equal are zero. If there are only two components, one has

g-s/RT = x,x2(2al2 + 3x,a,l2 + 3x2a122)

= x,x2|w 12 + u12(x, -  x2)l (1-16)

with
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wl2 = 2a,, + (3/2)(an2 + a,,,) (I-17a)

u,2 = {3/2)(a,,, — al22) (I-17b)

where the second line for Equation 1-16 shows that only two of the three parameters in the 
first line are independent.

If one generalizes the definitions of Equation 1-17 and defines a third quantity related 
to a,2i, one can write for the general case

gs/RT = 2 2 x,x,Iwu + -  x,)l + 2 2 2 W r C 1Jk -  gso/RT (I-18a)
j 't k ! I

wy = 2au + (3/2)( aiM + aMj) (I-18b)

uM = (3/2)(ajij -  aMj) (M8c)

Cljk = 6a1|k -  (3/2)(ahj + aMj + allk + alkk + aJ|k + ajkk) (1-18d)

Note that interchange of subscripts leaves or Cljk unchanged but changes the sign of u„. 
Also, gso is the value for the same material in the reference states of the various components. 
The values are zero for neutral species but not for electrolytes if the pure-fused-salt reference 
state is used. In that case a term involving wM x remains for a pure fused salt MX.

A notation used by Wohl17'1 and others174177 is related by A', = wM — uy and A', = wM
+ u1(. We prefer a form in which one parameter (uM) will become zero in a symmetrical
case rather than two parameters becoming equal. Our third parameter, Cj|k, is equivalent, 
except for sign, to the C* or Q' used by others. Here we prefer a positive sign for a k in 
Equation I-18a.

The expression for the short-range-force contribution to an activity coefficient is obtained 
by differentiation of Equation I-18a.

ln Y? = 2 '  \ IH  ~ *,)Wi, + (2x, -  2x7 + 2x,Xi -  xfu,,]
1

~ X ' 2 ' x,xk[w,k + 2(x, -  xk)u|k 11 2 \ .)C |
k i

2xlxkx,Clkl -  yf°  (IM9a)
i -k -i

The prime on the summations is a reminder that terms with any two indices equal are omitted 
and that neither j nor k nor 1 may equal i in the multiple sums. The last term is a reference- 
state correction which is zero for the solvent. For salts on the pure liquid reference basis, 
it is best considered for the complete salts. For ions or neutral solutes on an infinitely dilute 
reference basis, it has the value

In -y*so -  w,, + u (1-1%)

Before concluding this section it is interesting to consider a few examples which illustrate 
the extent to which the parameters measurable from simple systems are able to determine 
the properties of more complex systems. Consider first the common ion mixture of two salts 
MX and NX with a cation fraction F of ion M. Then the mole fractions are xM =- F/2,xN 
= ( I . F)/2. xx = and
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ln(yM7x>s = ( 1/4){2wm x + (I -  F)’[2wMN + CMNX

~ uM.x -  u-j.k -  (I -  4F)umn|} -  ln(7MYx)'“’ fl-20)

For pure liquid MX, F = 1. yx, = yx = l. and In(yMyx)so ~  wMX/2. It is convenient to 
define

M̂.X.SX — (-WM.N 4" (-m n.x UM.X UN.X̂ 4 {1-2 I a)

Uxi.n = um.n|,4 (1-2 lb)
whereupon

gS/RT =  F(1 -  F)|WMXNX -  (I -  2F)UMNJ/2 (I-22a)

In(7xi7x)s =  0  “  F)-|WV1XNX -  (1 -  4F)Umn) (I-22h)

IK7k7x)s = F’|Wmxnx + (4F -  3)UMmJ (I-22c)

In the transformation from Equation I-22b to l-22e. wherein M and N are interchanged as 
are F and (I -  F). WMXNX remains unchanged, but the term in UMN changes sign because 
UN M = — UMM, Measurements at a variety of values of F allow the two parameters WMX NX 
and UM N to be determined.

Consider next the binary mixture of a neutral species. 1, with a single symmetrical ionic 
component MX. Now xM = Xx =  (1 — X,)/2 and

gs/RT = ( l/4)x,(I -  x,)|2w, m 4- 2w, x -  wMX

+ (3x, -  l)(u,.M + u, x) + (I -  x,)C, Mx| (l-23a)

In y? = (l/4)(l -  x,)J[2wIM + 2wi x -  wN1 x + (6x, -  I)

x (Ui.m + U|.x) + 0  -  2x,)C, Mx| (I-23bl

In (7m7x)s = x;Iw, M + w, x -  wN, x/2 + (3x, -  2)

x (uI M + u, x) + (I -  x,)CI MX| (l-23c)

Now define

^ 1  mx ~ 12w|m -t- 2w, x - wX!A 4- 2 4  2u, x)/4 (l-24a)

FI[ mx (3/4)(u, M u, x) 4- ( i \ t \ ’4 (l-24b)

whereupon

g\RT = x,(l -  x,)[WIMX + | |  -  xl)U,AIX| (l-25al

In y* = (1 -  x,)-|WI MX 4- (1 -  2x,)U, MX| (l-25b)

In <7m7x)s = X.I2W, MX + 4t 1 -  xtKJ,N,xI (l-25c»

Again we note in Equations I-24a and l-24b the combinations of the original parameters 
that can be measured with this system.
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From Equation 1-9 one finds for the infinitely dilute reference basis

In (7m7*)s = -  I )W, MX + 4xj( 1 -  x,)U,.MX <I-25d)

Next, consider the three-component system with a neutral species (1) and two sym
metrical salts with a common ion MX, NX and with cation fraction F of M. Also define a 
total mole fraction of ions x, = (I — x ,) whereupon x M = Fx,/2,xN = (1 -  Fix,,2, and
xx -= x, 2 and use the definitions of F.quations l-23a, I-23H, l-24a. and I 24b.

RT = MMIFWYmx 4- (1 -  F)W, NX -e x,[FU, m \  (I F) L.' j ^ v

4. Ft 1 1 .MX.NX]} 4 XT F( 1 -' F)[Wmx,sX 4 X(2F -  l)UM.N]/2 (I-26a)

In f f = x; {FW| :MX ~r (| _  1->W,.NX - Ft 1 -  F)WMX NX/2

4- (x, x , ) (FLj i .MX 4  (1 - F)U,.nx 4 Ft 1 -  F3Q, MX NX]

■ f x,F(l -  F)< 1 - 2F)UM N} (E26b)

ln(y\.,Tx >S =2x^( 1  - x,F)W,.MX r x,{ I -  F* f  2F.\| )U, MX

.. x,( 1 -  F)|W,,NX + (x i -  x,)U 1 .NX 1 1 -  2x,F)Q, MX N,x]}

4 x,( 1 .... F){(1 _  x ,F)WMX.NX x,[3F - 1 4 2x,F( 1 -  2F))UX, (1-260

ln("yxi7x>s = 21x31 - x i F ) -- 11W , MX +  2.X |X,{(1 -  F +  2Fx,)UI MX

- (1 - F)|W,.nx 4 (x, --  N > U , . X;x -  (1 -- 2x,F)Q, mx.nxH

4 x,( 1 -  F ){< 1 -  x.F)WMX. NX x,[3F ... 1 +  2x,F( 1 -  2F)1Umn} ( I - 2 6 d )

0:1 ,m\.n:X =  ( ULM + U, n f- C' v i M.N, ) /4 4  lu.ha "F uN x - F N1N X)/8 ( I - 2 6 e )

Thus we note that, for this ternary system, all but one of the parameters of Equation 1-26 
can be determined from the binary systems. The additional parameter Q, MX NX enters only 
with rather small coefficients and its effect may be rather small, but that remains to be 
determined from measurements on real systems.

A two-component system with an unsymmetricul electrolyte MX, with a solvent can be 
treated without ambiguity with the infinitely dilute reference state. We illustrate this case
with only the binary interaction terms. Now xM = (1 - X|)/3 and xx = 2( 1 -  >t,)/3.

a HI = x,( 1 - xiK3wim 4 6w , x -  2wmx)/9 (I - 2 7 a >

In y4 = (1 .. x ,)33wlxl c 6wlx ~ 2w’mx)/9 (l-27b)

/x; 2x; 2x,(l -  \ 4 2(1 ■ x. 1(2 e x,t
(I - 2 7 c )In yC, • -  — 4 --- - 1 V* , X , ■ ---------- --------------- wlx t --------- ------------------------------ ^   ̂^

'  3 3 3 9

In 7 ss r7. ( — ; - -  -  1 ' \ 3 3 /1 w,x -  —
(1 . X,)
--------------------w.

3 !

(
M 4

1 -  x i M I + 2x,)
------- y - -  ' WMX (I-27d)

In !y*yf (x ..  1 )(3w ,m 4  6 w , X --  2wmx)/3 ( l-27e)

Note that the same conbination of wPM. wix. w\tx appears in three of these equations but 
not in the other two.
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Another important type of three-component systems involves two neutral species num
bered I and 2, and one ionic species MX. Now x, I x, x. 2xM = 2xx, We 
give only the excess Gibbs energy in this case, but the activity coefficients can be derived 
by differentiation.

gs/RT = x.x.|w, , + ix, -  x.)u, . + x,Z12MX]

+ x,x,[W1MX + (2/3)( 1 -  x ,+  x,/2)U1MX) + x2x,[W2 MX 

+ (2 3)(1 -  x2 + x, 2 )i:.MX| (I-28a)

Z..J.MX = , M + C,.2.x)/2 -  (C,.M.X + C2 M x)/6 (I-28b)

Again, only one new ternary parameter appears in addition to those for the binaries in 
Equations 1-16 and 1-25.

While it would be desirable to present an equation for an indefinitely complex system, 
this becomes very involved when the ternary terms are included. Thus we give only the 
general equation for binary terms. Now the mole fractions of neutral species are xn, xn ,
. . . and the total mole fraction of ions x, = 1 — Xxn. For the ions the cation fractions 

are Fc, Fc , . . . and the anion fractions are F„, Fa., . . . Then

gs/RT = + X 2 2 x „ x ,F cFaWn,ca
n’ >n n c a

+ (x?/2 )l22  S  F F |. w ...... + 2 2  2  J-.I .I-W......I (1-29)

It is evident that all of the parameters in Equation 1-29 can be determined from two-component 
systems. Presumably, all ternary parameters for the general system could be determined 
from the full array of three-component systems.

For practical work with specific systems of four (or possibly a few more) components, 
the expression for the excess Gibbs energy with ternary terms can be derived more easily 
than the completely general expression. The types of terms will be those appearing in 
Equations 1-26 and 1-28, together with a few others if there are more than two neutral species 
or more than two salts.

The equations of this section are limited to second- and third-order Margules terms. 
This has been found to be adequate for most systems, but fourth- or higher order terms can 
be added when needed. It seems unlikely that the full array of all possible fourth-order terms 
will be required; hence it seems best to add just the particular term or terms required to fit 
the experimental data for a particular system. This was done by Clegg and Brimblecombe178 
for nitric acid.

C. DEBYE-HliCKEL EFFECT
In dilute ionic solutions the distribution changes from a random pattern at extremely 

low concentration to one of alternating positive and negative charges at moderately higher 
concentration. Debye and Htickel gave a simple treatment which describes this effect. The 
limiting term at low concentration is given rigorously; the effect at higher concentration is 
given approximately. There are various alternate forms with respect to the higher concen
tration range. We choose a form which has its origin in the pressure equation of statistical 
mechanics and has been most satisfactory in empirical tests.1170

The basic variable is the ionic concentration weighted by the square of the charge. 
Concentration is replaced by molality for most work at moderate dilution, but is replaced 
by mole fraction for our present problem of systems continuously miscible to the ficed salt. 
Thus, ionic strength on a mole fraction basis is defined as
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>S> ( 1-30)

where z, is the charge on the ith species of ions: and for singly charged ions I% = x,/2. Then 
the activity coefficient of a single uncharged solvent ish5 170

(In y,)l>H = 2 A J72/(1 + pi; A (1-31)

The excess Gibbs energy is

g 1” 1 HI = (4A I pi ln(«1 + pi. m ! +  pd f i| (1-32)

where I" represents IK for pure fused salt which is !/, for singly charged ions. The Debye- 
Hiicket parameter Av is

A, = (l/3)(2'rTNAd l/Ml)l2(e2/4TTe0ekT)7 ' (1-33)

where d,, M,. and e are the density, molecular weight, and dielectric constant (relative 
permittivity) of the solvent while NA is Avogadro's number, e is the electronic charge, k is 
Boltzmann's constant, and e0 is the permittivity of free space. Most of the literature on 
electrolytes is now written for esu's; in that case e() = (4-rr)

A Gibbs-Duhem transformation of Equation 1-31 or differentiation of Equation 1-32 
yields the mean activity coefficient of an ionic component of charge Zj for the infinitely 
dilute reference state

(In y*)1>" = - z 7 Aj(2/p) ln( 1 + pi; A

+ V ff (I -  2Ix/z;)/( 1 + pi; A} (1-34)

or for the pure fused salt reference state

(In 'y,)"11 •= -z - ’ Ajt2/p) ln|( I + pi; -)/(1 + ptl")1 :’)|

+ 1;- (i -  2i,/z-’)/( i + Pi; a ; a g m

Here l" is the ionic strength of the pure fused salt which is z.-’/2 for the MX type. One may 
note that when z: reduces to zero, Equations 1-34 and 1-35 reduce to Equation 1-31.

Many ionic systems are miscible to high mole fraction or to the fused salt only at high 
temperatures, and in most of these cases the measurements are of limited precision. Equations 
1-3 1 through 1-35 are adequate in these cases. Indeed, a precise optimization of the parameter 
p is not required. It is important, however, to maintain consistency between p and the
parameters for the short-range terms since there is considerable correlation between some 
of them. Thus, it was possible*’'' to treat the mixed electrolyte LiNO,-KNO,-H .<) o\ei the
range 373 to 43b K with the constant value p   14.9. For work of the highest precision,
however, the adjustment of p is more sensitive. Then, if the values of p for two or ittoie 
pure electrolytes differ, one cannot use Equations 1-31 to 1-35 fora multicomponent - w ent 
comprising these electrolytes.

The problem just described concerns die behavior of equations at low t<> moderate 
concentrations ami was recognized in research using the molality system. The most successful 
solution was that described in this chapter in which an additional, ionic strength-dependent 
term wets introduced. The antilogous treatment for the mole fraction system is described 
immediately below. An alternate approach using different values of p is presented subse
quently.
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Equation 62 for the osmotic coefficient, when converted to the activity coefficient of 
the solvent and rearranged, yields

In y, = 211' A,,,r ' (1 + bl12) + in, P’.V CXP< “ l 1' >

+ Pea’ + • ■ • (1-36)c a

Here the terms in and all subsequent terms correspond to the short-range-force terms 
given in an earlier section of this appendix and need not concern us further. The first term 
becomes Equation 1-31 when 1 is converted to Ix, whereupon b becomes p and f t 12A^ 
becomes Ax. It is the terms in the second sum, PJ,!,’ exp(—a l1'2), that need to be converted 
to the mole fraction system and added to Equation 1-31. Then the D-H contribution to the 
activity coefficient of the solvent becomes

In yf
2A,T

pi;
^  X  , e x p t  « ! ;  s (1-37)

The parameter a can be written aK if desired to avoid ambiguity; its magnitude is expected 
to be larger than the a  in the molality equations by the factor O '2 = 7.45; thus values in 
the range 10 to 15 are expected. Each parameter Bca is clearly specific to the electrolyte ca. 
From the experience in the molality system, it seems likely that a constant value of a  will 
suffice for a variety of electrolytes, but different values can be used without significant 
complications.

Standard transformations then yield for the excess Gibbs energy and the activity coef
ficient of an ion the following:

gDH

RT
4A,I,

In 1 + Pl‘/2
1 + p © ,/2_ 2 2 x A A ag ( « r )

(x) = 2(1 -  (1 + x)exp( -  x)]/x2

i;,2(l -  2Ix/z2)- z 2 Ax -  ln( 1 + p li2) + 
P

On y£)DH

+  g o d ;  3 > -  E 2 x A a  B

y" jexpi <d, l

p i;2

Zm g(«l| >
21,

+ t 1

(1-38)

(50)

(1-39)

Here the function g(x) is the same as that obtained in the molality system. For an anion x, 
one changes M to X, c to a, and a to c in Equation 1-39. The change of the activity coefficient 
for an ion to that based on the pure-fused-salt standard state is readily obtained if desired.

When the need arises, this system can be implemented by fitting the array of accurate 
data for several pure electrolytes using a common value of p but individual values of Bca 
and the various short-range-force parameters. Tests should be made using either a common 
value of a  or individual values for each solute; then a choice can be made. After these 
parameters are all established, the equations can be applied to multicomponent systems.

It is possible, as an alternative, to devise a system using different values of pca for 
different electrolytes. For equations in molality, this was done by Scatchard et al,'TO It is 
assumed that p is related to the distance of closest approach of ions of opposite sign, i.e.,
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p is associated with interactions c-a. c-a'. c'-a. etc., and not c-c' or a-a' in mixed electrolytes. 
Thus, we need to transform the expression of Equation 1-30 for 1, into a sum over the various 
cations c and anions a; the result is

I, = S S y c a JcJia  + k,l>/5>,|z,l d-40)

where the sum over i in the denominator includes all ions. Then, one can use this expression 
for 1. to weight different terms in ca in Equation 1-32 for the excess Gibbs energy. We 
define a function of pca and I, as follows:

Y
I + pcal, -

1 + Pcadx.c,)'2

where I‘,’Ci, is the ionic strength of pure liquid electrolyte ca. Then

RT - 4 A , 2 S  *A-Yk|(Zc + k l ^ / E c k !

(1-41)

(M2)

One notes that if all values of pca are the same, this reduces to Equation 1-32.
Activity coefficients can now be obtained by appropriate differentiation. For a neutral 

solvent, one obtains

In y
2 A X y y  X cZcX , J z j ( X c +  [ z „ | ) I ^

2 > , k l  i +  f\ j [ -i
(1-43)

or for a cation M

1,17 « y  | | 2 X k | z vt(ZM + k !)Y Mll

+ 2 X -m g  k l)
k . -  21, zmY,;,

.4122 (1 + p j l -) > x Iz

For the infinitely dilute standard state, one omits the denominator in Y(..,, i.e..

Y fa = p j  Inf 1 -F p j ; 2) (1-45)

whereupon the same expression in Equation 1-44 applies. For an anion X one changes M 
to X. z s, to |zxj. c to a. and a to c in Equation 1-44, The mean activity coefficient y . of an 
electrolyte MX is readily obtained from the expressions for y M and y K .

Eventually, as highly accurate data are obtained for various electrolytes over a wide 
range of mole fraction. I expect that Equations E37 to 1-39 with the terms in B will prove 
to be most effective. This is based on experience with the equations in the molality system. 
In this system even more terms can be added as required in special situations. The results 
for multicomponent systems are now extensive and very satisfactory. In the meantime, the 
equations with different p( , values will be useful since they do not require reevaluation of 
parameters for an extensive array of data.

In addition to the systems HNO,-H,0!7X and L iN 01-K N 0<-H ,0w> already mentioned, 
these mole fraction-based equations have been successfully applied to a number of other 
systems;1*" several are discussed in Chapters 6 and 7.
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I . IN T R O D U C T IO N : P R IN C IP L E S  O F  P O T E N T IO M E T R Y

Potentiometry has been an essential tool for experimental studies of electrolytes since 
the earliest quantitative work in the field.39-342 As direct measures of salt chemical potential, 
potentiometric data have provided an ideal complement to isopiestic measurements, which 
determine water activity. They thus provide an independent check not only on the experi
mental accuracy of other methods, but also on the validity of the thermodynamic relations 
used to calculate salt activity from water activity.

In a multicomponent solution, the activity of a salt may be measured if an electrode 
reversible to M + (and affected by the concentration of no other ion in the solution) can be 
found, and if an electrode reversible to X (and affected by the concentration of no other 
ion in the solution) can be found. Then the cell

“ M+ electrode’’/MX, H20 , etc/“ X electrode” 

has a potential given by

RT
K E ----- - In (aMX)

nF

Fora 1:1 electrolyte, with n = 1, this becomes

o R TE = E ---- — In (mMmxyv)F
Here mM and mx = molal concentrations of ions M+ and X : y . = mean activity coefficient 
of salt MX; E° = standard potential of the cell; R = gas constant (8.314 J/mol K); T = 
absolute temperature; F = Faraday constant (96497 C/mol). E° is determined by measure
ments in solutions of known MX activity or by extrapolation to infinite dilution.

For polyvalent electrolytes n may be 2 or (rarely) greater; the expression for the argument



157

aMx, = mM (mx)2 y'. and n -  2

Examples of cation reversible electrodes are the hydrogen electrode (Section II), metal 
amalgam electrodes (Section IV), glass electrodes (Sections III and V), liquid ion-exchange 
electrodes (Section VI), and neutral carrier electrodes (Section VII).

Examples of anion-reversible electrodes of the second kind are silver-silver halide and 
lead amalgam-lead sulfate electrodes (Section VIII). Other electrodes reversible to anions 
include liquid ion-exchange (Section VI) and solid-state membrane electrodes (Section IX) 
made of Ag,S (with additives) or LaFv

As ion-selective electrodes became commonly used during the 1970s, efforts were made 
to establish standard scales, analogous to the pH scale, for various ions.18-20-22-120

The most accurate electrochemical systems (e.g,, hydrogen-silver chloride) give results 
reproducible to ±0.02 mV, corresponding to an error of about 2 in the fourth decimal place 
of log y, or ± 0.05% in -y itself. This accuracy is limited by the accuracy with which solution 
concentrations can be determined, by the accuracy of temperature control, and by the noise 
inherent in electrical measurements.18 2,1 Other systems give less accurate data, but even an 
accuracy of ± 1 mV will give y to within ± 2.5%, often sufficient to test theoretical premises, 
and certainly an improvement over the approximation that all activity coefficients are unity.

Many of the basic studies of activity coefficients in single salt electrolytes have used 
cells with transport. Such cells are discussed briefly in Section VIII of this review. For 
further information, the reader is referred to the classic monographs.I82-184

II . H Y D R O G E N  E L E C T R O D E

o f  the natural logarithm  m ust be a ltered  accord ing ly . F o r exam p le ,

A. METHOD
The hydrogen electrode was chosen as the zero of the potential scale for good reason. 

Properly constructed and operated, hydrogen electrodes are probably as close in accuracy 
to the practical limits of potentiometry as one can expect to achieve.211 The electrode itself 
consists of a catalytic metal phase (platinum covered with platinum black), a solution phase 
(solvent, acidic solute, salts, dissolved hydrogen gas), and a gas phase (hydrogen bubbling 
through the solution): Pt/Hyll etc.

Variants on this theme include a palladium membrane electrode through which hydrogen 
can diffuse.297 Palladium and some other metals can dissolve hydrogen.169 ,18 Palladium 
oxide on palladium,251 as well as oxides of Pt, Ir, and Ti,252 respond reversibly to the
II. H couple.

The limitations of the hydrogen electrode arise primarily from two sources: (1) reducible 
solutions (especially O,) that react directly at the electrode — by doing so, they modify the 
equilibrium potential to a steady-state potential at which the solute is being reduced in 
addition to H % and (2) solute-solvent combinations which produce so few solvated protons 
(H *) that the electrode cannot achieve equilibrium.

When equilibrium is attained, however, the potential is given by

E = E° + —- In (m„ y ,  P„. 12) -  Eref + E, 
r

Here E° = 0 for all temperatures by definition, mH is the concentration of hydrogen ions 
(=  ml(X for a strong acid HX), and y , is the activity coefficient of hydrogen ion in the 
solution. In a practical system, electrolytic connection with the solution phase of this half
cell must be made by a liquid junction and a reference electrode of some kind. Even if Eref
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is held constant, E will depend somewhat on the composition of the solution phase in the 
hydrogen electrode, and thus y . and E( arc For practical purposes not separable to the 
accuracy implied by the measurement accuracy.1"

However, when the hydrogen electrode is used to measure the mean activity of a salt, 
a cell can be set up in which the liquid junction potentials are essentially negligible. Such 
a cell was exploited by Hanted and co-workers'"- for a long series of studies on the activity 
of HCl in a wide variety of solvent and solute mixtures:

Pi | H, | H ' .  Cl . etc. | H ' ,  C! . etc, j AgCl | Ag

The solution in the left-hand compartment is saturated with H. gas at a concentration’11 of 
about 8 x 10 '  M for a gas pressure of 1 atm (I atm = 1.10325 bars): the solution in the 
right-hand compartment is saturated with AgCl at about 10 ' M if HCl is about Q, l M. The 
liquid junction potential between ihese two solutions is 0.01 mV or less (depending on 
assumptions about the mobility of the anionic silver chloride complexes}." Normally, this 
liquid junction potential is neglected, and the cell is referred to as ‘‘being without liquid 
junction". J "

The potential of this “ Harned cell" is given by

RT
E -  EJ + —  In (m„nv,T. P«i, 1 ’) 

r

which can he rearranged to put all experimentally accessible quantities on the left side and 
the parameters E° and y _ on the right:

7RT RT 2RT
E’ = E + —r~ In -  —  In (P„J = E° -  ‘1—- In (7 .)F 2r r

Typically, a series of values is obtained for E' over as wide a range of m1l(, concentrations 
as possible. These are extrapolated to mHn = 0. at which point E’ = E° by definition. 
Although E° should be independent of the choice of extrapolation function, ti is not entirely 
free from such errors. The accepted method is to use a Debye-Hiicke! function to determine 
y ., so that only a small residua! term, nearly linear in m,1(l, is left for the extrapolation, 
as shown in Figure IT4,1*"

B. TYPICAL DATA
Typical data for 25°C are given in Table 1. These imply that the absolute accuracy with 

which polentiometric measurements can be made under the best circumstances is of the order 
of ±0.05 mV.

Studies in many aqueous, nonaqueous, and partly aqueous solvents have yielded ED for 
AgCI/Ag. AgBr/Ag, and Agl/Ag.'7-" Some recent ones are listed in Table 2. Values 
of En have been obtained over the entire range from I to KXTC.1 -1- ’ and some data 
have been obtained at elevated temperatures (to 275nC) where the aqueous phase is under 
pressures as grea! as 60 atm.1' ’ ’7’

The Hamed cell has heen used to measure the activity coefficient of HCl in aqueous 
electrolyte mixtures, electrolytes containing partly organic and partly aqueous solvent, and 
in nonaqueous electrolytes. Measurements in the presence of various standard buffers com
prise the empirical foundations of the pH scale.

Some recent examples of measurements in Hamed-type cells are listed in Table 2, 
Proposed standard values for the mean activity coefficient of HCl between 0 and 60°C are 
given in Table 3.2K These values can be used, with a standard 0,01-mol'kg solution of HCl. 
instead of the extrapolation method, to calibrate the Hamed cell directly.
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mX
FIGURE 1. Provisional s ta n d a r d  p o te n t ia l E' defined by E' = E + ——- In (m„a ) -  —  In (PH,) = 

2RT , ^ 2F 2
E° -  —— In (y .)  vs. molality of HC1. o Bates and Bower24, •  Hamed and Ehlers,S0. Extrapolation to mHrl
= 0 and PH, = 1.0 atm gives E° = 222.34 mV.

TABLE 1
Standard Potential of the Silver Chloride Electrode at 25 C

W orkers Date E° (mV) Note Ref.

Hamed and Ehlers 1933 222.46 a 180
Bates and Bower 1954 222.34 a 24
Hamed and Paxton 1953 222.39 183
Ahluwalia and Cobble 1964 222.38 1
Lietzke and Stoughton 1964 222.0 b 275
Dickson 1987 222.40 c 118
Bates and Macaskill 1978 222.42 c 25
Roy, Gibbons, Trower, and Lee 1980 222.59 c 400
Bates and Erickson 1986 222.58 c 30
Roy, Rice, Vogel, Roy, Millero 1990 222.58 c 422
Roy, Vega, Millero 1991 222.47 c unpublished

* Data plotted in Figure 1. 
b Lower accuracy than other data. 
c Based on 0.01 m HC1 only.

I I I .  T H E  G L A SS p H  E L E C T R O D E

A. METHOD
The use of the glass electrode for acidity measurements is so common18-211 that the slow 

development of its use in measuring activity coefficients was surprising. Part of the reluctance 
of physical chemists to trust the glass electrode came from two well-known properties: (1) 
failure to obey the Nemst equation perfectly — a glass electrode standardized in phthalate 
buffer at pH = 4.01 may read more than 0.02 units (> 1 mV) low in the standard borax 
buffer at pH = 9.18, whereas a hydrogen electrode would give perfect agreement; and (2) 
a tendency to drift in potential by millivolts over periods of minutes to days — thus, E° is 
not constant in time.

Although a glass electrode cell cannot be used in the same way as a hydrogen electrode 
cell to make a primary standard, it can be used to measure the change in activity between 
two solutions of different composition.535 The important change in method is to use the
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TABLE 2
Recent Hydrogen Electrode Studies

System Ionic strength Temp (K) Ret.

Hydrochloride Add, Aqueous {See also Table 1)

HCI — sid Ag/AgCI 0.01 273— 333 28
0.01 273—318 118
0.0! 400

298 335
HC1. H:S 0 4. std Ag'AgCI 0.1— 1 0 273—318 115.36
HCI, NaC! 0.1—0.9 278—318 296
HCI. NaCI. Hamed coefl High Var 38.7
HCI. NaCI. K.CI. NH.C! 0 .01— 1.0 298 71
HCI. NaCI, MgCl, 0.1—0.87 278—318 526
HCI, NaNO, 1.0— 4.0 288— 308 431
HCI, KCI 0.1— 3.0 298 294

0.1— IS 278— 318 295
298 70

HCI. KCI. NH.CI 0.5 298 240
HCI. CsCl 0.1— 3.0 278— 323 438
HGI, MgCl, 0.1— 3.0 2‘>K 241

0.1— 5.0 278—318 398
HCI. CaClj 0 1—3.0 (98 241

0.1—5.0 278—318 405
334

HCI, SiClj 0.1—3.0 278— 318 415
HCI. BaCI, 0,1— 3.0 298 242

0.005— 4 0 278—318 422
HCI. MnCI. 0.1—5.0 278— 318 400
HCI. NiClj 0.1—3.0 298 239

0.1—3.0 278—318 423
HCI. CoCI. 0 1— 3.0 298 243

278—318 429
HCI. U C I, 0.1—3.0 298 246

0.1— 5.0 288— 318 406
HCI. choline, acetylcholine 0.1—3.0 278— 308 299
HCI. PIPES, H.O 0.16 298—310 402
HCI, quui ammonium sails 298

Hydrochloric Acid. Nnnaqueous and Mixed Solvents

HCI. acetonitrile, H.O Sid pot 288—308 289
0 .01— 0.1 263— 298 510

HCI. /-BuOH. H.O Sid pot 125
HCI. 5(Vi diglyme in H.O 0 .01—0 1 278— 328 404
HCI. DMF. EG/Agt'l Std pm 298 97
HCI. DMSO, H.O/AgCl Std pm 261—298 488

Std put 298 115
HCI. DMSO. H.O. bicine 0 01—0 1 253 —298 409
HCI. DMSO. BCS. Irictnc 0. 01—0  1 253- 298 412
HCI. DMSO. EG, MOPS. H.O 0 01 0  1 253 298 414
HCI. DMSO. EG. HEPES, H.O (1.01—4). 1 2 5 7 -2 9 8 413
HCI. diocan. H.O.AgCI Std pm 138
HCI. EG. H;O.AgC! Std pm 288- 328 136
HCI. EG. BES. 11.0 0.01—0,1 253—298 417
HCI, EG. bicine, ineine 0.01—0.1 253—298 418
HCI. EtOH. H.O AgCI std pm 263—298 436

Std pul 288—128 133
HCI. ElOH, H.O 0 .01— 0  1 263—318 284
HCI, 2-etlumelbamil. H O Std pm 123
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System Ionic strength Temp (K) Ref.

HC1, formamide, DMF/AgCl 259
HC1, formamide, H 20/AgCI 260
HC1, formic acid, H,0/AgCI Std pot 3
HCI, formic, acetic acid Std pot 4
HC1, glycerol, H.O/AgCl Std pot 130
HCI, glycerol, HX), M O PS 0.01— 0.1 253— 298 411
HCI, HMPA/AgCI 75
HCI, MeOH, H 20/AgCl Std pot 130
HCI, NHjCl, MeOH, H O 1 298 237
HCI, var org solv, H 20 Std pot 273— 318 450
HCI, var org solv, H20 0.01— 0.16 298 102
HCI, 2-propanol, H 20/AgCl Std pot 131,100
HCI, 2-propanol, H20 0.01— 0.1 278— 323 511
HCI, PC, H,0/AgCl Std pot 298 132
HCI, propylene glycol 0.005— 0.05 LJ OO T u> OO 439
HCI, THF, H.O AgCI Std pot 128

Hydrobromic Add, Aqueous

HBr, M gB ra/AgBr 0.1— 4.0 278— 318 421
HBr, CaBr./AgBr 0.25— 5.0 278— 318 416

0.1— 2.0 298 245
HBr, SrBr2/AgBr 0.1— 3.0 278— 318 421

298 278
HBr, BaBr,/AgBr 0.1— 3.0 278— 318 421

0.1— 2.0 298 244
HBr, Et4NBr, H 20/AgBr 0.05— 1.5 278 395
HBr, Pr4NBr, H 20/AgBr 0.05— 2.0 298 395
HBr, PIPES, H 20/AgBr 0.02— 0.1 278— 328 399

Hydrobromic Acid, Nonaqueous and Mixed Solvents

HBr, 2-butanol, H.O/AgBr Std pot 316
HBr, /-butanol, BES/AgBr 0.01— 0.1 278— 308 410
HBr, 2-butanone, H20/AgBr 0.003— 0.1 288— 308 493
HBr, D M SO , H 20/AgBr Std pot 298 135
HBr, dioxan, H.O/AgBr Var 98
HBr, EG, H.O/AgBr Std pot 288— 328 135
HBr, EtOH, H O  AgBr 0.001— 0.09 298— 318 382
HBr, MeOH, BES, H.O/AgBr 0.02— 0.2 278— 328 394
HBr, MeOH, H 20/AgBr Std pot 127
HBr, MG, H,0, glycine/AgBr 0.01— 0.2 278— 328 392
HBr, N M A , H O AgBi 0 .01— 0.1 278— 318 450
HBr, var org solv, H.O 0,01— 0,16 298 450
HBr, PC, H.O/AgBr Std pot 298 132
HBr, THF. H20 , glycine/AgBr 0 . 01— 0.1 278— 328 392
HBr, THF, H 2O t BES/AgBr 0.01— 0,1 278— 318 393

Hydroiodic and Hydrofluoric Acids

HI, D M SO , H O Agl Std pot 298 135
HI, Dioxan, H20 325
HI, Dioxan, H,0/Agl Std pot 298 134
HI, EtOH, PtOH. H.O/Agl Std pot 298, var 100
HI, MeOH, HjO/Agl Std pot 126
HI, EG, H.O/Agl Std pot 288— 328 135
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TABLE 2 (continued)
Recent Hydrogen Electrode Studies

System Ionic strength Temp (K) Rer.

HI. var org solv. H.O 0.01— 0.16 298. var 227
HI. PC. H.O/AgI Std pol 298 132
HI, prop glycol. H..O Agl Sid pot 124
HI-, supcraciil media 110

Borate

BlOH),, BlOHl„ . pK* 0—6 0 298 195
BlOH),. NaBlOH).,, NaCl 0.01— 3.0 278— 328 464
BlOH},. NaBlOH), 0.1— 1.5 273— 318 113
B(OH)„ KB(OHu. KCI 0.01— 3 0 278— 328 464
BlOH),. NaBlOH),. C a d , 0.15— 3.1 278— 328 463
BlOH),. NaBlOH),. MgCI, 0.15— 3.1 278— 328 463
BlOH),. NaBlOH),. SrCl. 0,1— 3.0 278— 328 427
B(OH(„ NaBlOH),. Bad, 0.1— 3.0 278— 328 430
BlOH),, BlOH), . seawater 0.7 273— 318 114
Borate, Agl/Ag. dielhylenc glycol 278— 308 227

Carbonate

CO .. NaHCO,. NaCl 0.01— 6.0 278—318 393
CO ,. NaHCO,. seawaler Var 275— 308 117
CO ,. KHCO „ KCI 0.002—0 25 278— 318 407
CO ;. MgiHCO,),, MgCI, 0.003— 3 0 298 362
CO,. CalHCOOj. C'aCI. 0 003— 3.0 298 362
CO ., NH.HCO,. NH.Ct 0.07— 1.0 278— 318 419
NaHCO,. Na.C'O,. NaCl To 5.0 323— 523 354

0.1—6.0 273— 323 356
KHCO,. K .CO ,. KCI 0.03— 7.0 278— 318 408

0.2—6.3 368 465

Other Aqueous BufTcrs

A D A 0 .1 6 2 78— 328 40.3

A m in o  acid  pK 0 .0 2 5 — 0 .5 298 3 7 6
2 - A  rninopyridi n i u m 0 .0 1 — 0.1 2 7 8 — 3 1 3 5 3 4
2 - A M P ' . pH  std Seaw ater 2 7 8 — 3 1 3 3 0
B isH  . C l Seaw ater 2 7 8 — 313 27

D ig ly c o la te  buffer 0 .0 5 2 78— 338 87

H E PE S b u ffer  pK 0  0 1 — 0  16 2 7 3 — 3 2 3 147
M O PS buffer 0 ,0 1  —0.16. 278— 328 411
M orp holin ium  ion S eaw aler 2 7 8 — 3 1 3 9(1

T ris H 0 .5 7 — 0 .7 7 2 7 8 — 313 3 7 4

Tris H ' .  estuarine 0 .0 0 2 — 0 .6 298 3 23
Tris I f  . br in es. p K ’ 0 .5 — 6  0 2 9 8 3 7 4
Seaw ater . \ g  AgCI Std pol 2 7 8 — 313 2 4 )
S ilit  a le . poly si 1 N aC l 0  1— 5 II T n 5 7  3 s y

Strong a c id  pH 0 .0 0 5 — 0  7 298 5 3 0

T etm sa la tc  buffer 0 0 5 373— 4 7 3 303

Tartralc bull'er 0  0 5 3 7 3 — 4 7 3 3 0 3
I’hthalatc buffer (1 0 5 3 7 .3 - 4 7 3 303

V ariou s. pH  b o iler s 0  0 j _ u . | 6 298 531
V ariou s. pH  sca le S eaw ater 2 98 112
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System Ionic strength Temp (K) Ref.

Nonaqueous

Acetate, phosphate, EtOH/H,Q 0.05— 0.10 263— 298 31
Acetate and tris in 2-MeO-EtOH, 283— 323 454
H ,0

Ag/AgCl, Ag/AgBr std pot in 298 468
1,2-ethanediol-2,2-oxydiethanol

AgCI, AgBr, Agl, AgCNS, EtOH 298 102
BisH  ',  MeOH 0.015— 0.0053 283— 313 29
Deutero-phthalate, D ,0 0.02— 0.07 278— 323 529
Phosphate, TES, phthalate, 0.005— 0.2 261— 298 489
D M SO

Phthalate, organic 0.05 278— 323 283
Phthalate, EtOH, H ,0 0,005— 0.03 268— 318 288
Propylene carbonate 273— 298 473

Other

Kw and ioniz enthalpy of H ,0 Var 83
Single ion activity coeff 20

A D A
BES

Bicine
Bis
Diglycolate
Diglyme
D M F
D M SO
D TA B
EG
hi.Nit!
HEPES
M G  (Monoglyme)
MO PS
N M A
PC
PIPES

Pr„NBr
SD D S
TES

THF
Tricine
Tris

Codes for organic compounds

A-(2-Acetamido) iminodiacetate 
A',A'-Bis(2-hydroxyethyI)-2-aminoethane-sulfonic 

acid
Ar,1V-bis(2-hydroxyethyl)giycine
2- Amino-2-methyl-1,3-propanediol 
2,2’-Oxydiacetate 
Bis(2-methoxyethyl) ether 
Dimethylformamide
Dimethyl sulfoxide
Decyl trimethylammonium bromide
Ethylene glycol
Tetraethylammonium bromide
A?-(2-HydroxyethyI)piperazine-N'-ethanesulfonic acid
1,2-Dimethoxyethane
3- (A'-Morpholino)propanesulfonic acid 
A-Methylacetamide
Propylene carbonate
Piperazine-A',i¥-bist2-ethanesulfomc acid) monoso
dium monohydrate 

Tetrapropylammonium bromide 
Sodium dodecylsulfate
A'-Tris(hydroxymethyDmethyl-2-aminoethane sul

fonate
Tetrahydrofuran
A,-[Tris(hydroxyoxyethyl)-methyl)glycine
,¥-Tris(hydroxymethylamino)methane

Note: Cell is Pt/H, . , . AgCI/Ag except where noted. Codes for organic 
chemical names are at the end of the table.
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TABLE 3
Proposed Values for the 

Mean Activity Coefficient of 
0.01 M  HCIM

I rm p (’( ’) Y.

t) 0 9(18 1
s 0.9074

1(1 f) 9067
15 0.9060
2ft 0 9051
25 0 9042
50 0.9035
55 0.9024
4X1 0 9014
45 0.9005
50 0.8992
55 0 8980
00 0 8968

same glass electrode with two matched reference electrodes in the two solutions to he 
compared. The glass electrode is transferred back and forth between the two cells while the 
potential is recorded continuously. With a noise-free electrometer, proper shielding, and 
temperature matching of cells,1"’ measurements accurate to a few hundredths of a millivolt, 
comparable in accuracy to the hydrogen electrode, can be achieved.’1*'71'

An assessment of the accuracy of glass electrode response was made by Serjeant and 
Warner1"  using the two cells;

Glass electrode! HCKm = 0.02) | AgClj Ag . . .  Ceil S

Glass iKHjPOjtm,), Na,HPO,(m,), NaCt or KCKm,) AgClj Ag . . . Cell X

Cell S was used for standardization assuming

P<alf Y,,) = pH -  log (yn =  -  log (m„ y . )  = 1.815

(This value is from Bates.1,1 Note that in Table 3, 7 ,  = 0.9042 at 25°C,2,t which gives 
p(a„ yf )> = 1.786. This is a significant difference, but not one which affects the error 
analysis.)

Cell X contained the solution whose acidity function was to be measured. Values of 
p(a„ y<,) and range within each of ten data sets for m, = 0.002 to 0.05 and phosphate 
concentrations m, = m, as given below were

m, = m, P(a.< Yn> Range within a set

0.02 6.940 to 6.991 ±0.001 to 0.(X)3
0,0025 6 989 [0 7.1 13 ±0 001 to 0.003
0,001 7.000 to 7.142 ±0.002 to 0.008
0.0005 6.991 to 7 145 (Not given)

The errors in p{a„ yf() extrapolated lo m ,, = 0 at phosphate concentrations 0.001 to 0.02 
m were equal to or less than ( ±0.003), approaching that of the hydrogen electrode ( ± 0.001).

Experimentally simpler, because elaborate precautions for eliminating oxygen are not 
necessary, the glass electrode method can provide detailed activity coefficient data more
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TABLE 4
Thermodynamic Studies Using Glass pH 

Electrodes

System Ref.

Activity Coefficients

HCl 13
HC1, LiCl. NaCl, KC1, CaC),, etc. 516—518
HCl and chlorides 300, 301
HCl, HBr in brines 253
Trichloroacetic acid 143
A/-Tris(hydroxymethyl)-aminomethane
perchlorate

212

Acidity Constants

Trichloroacetic acid 143
Boric acid and polymers 264
Carbonic acid in NaCl 492
Phosphoric acid in EtOH-H20 37
Phosphoric acid in seawater 116
Phosphoric acid in NaCl 317
Ammonia in seawater 45
Ammonia in seawater 223
HS S 273
H +, K4 , citrate 92
Aliphatic dicarboxylic acids 108
Amino acids in isopropanol-H20 111
Malonic etc. acids in dioxan-HO 386
3-Butylacetylacetone, dioxan-H,0 458
Aromatic carboxylic acids in DMSO 166
Methoxybenzoic acids, dioxan-H20 357
3,5-Dinitrosalicylic acid 177

Stability Constants

Cu24 — histamine in PrOH-H,0 94
Ni2 * -Cl - -imidazole 153
H -II.VO., CO; 121
AT CO.(g) OH 193
Fe(CN)U 109
Fe’ ' -3,5-dinitrosalicylate 177

rapidly, and can work under some circumstances (e.g., reducible solutes) where the hydrogen 
electrode cannot be used. For example, the standard potential of the Co3+7Co24 couple was 
measured using a gold redox electrode and a glass electrode as reference.3*

The temperature range can be extended using ceramic membranes.196'347 The corrosive 
action of HF solutions can be overcome by using lithium phosphate glasses.34* Both acid 
errors312,313 and alkaline errors272 can be corrected if the electrode is calibrated in solutions 
of known activity. With enough data over a wide range of pH and ion composition, electrode 
parameters can be determined along with pKa or activity coefficient parameters.314-366 See 
Section V for further discussion.

B. TYPICAL RESULTS
A wide range of studies in both aqueous and nonaqueous17-4*7 4*9 (see Table 4) media 

have employed the glass pH electrode to determine activity coefficients, acidity constants, 
and complex stability constants.
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For example, a glass pH electrode and silver chloride electrode with double junction 
were used to determine activity coefficients and Filler parameters for “ iris” buffer \N- 
trislhydroxymethyl (amino methane | w ith perchlorate ion as w'ell as the acidity constant of 
this buffer."

Similarly, the activity coefficients of trichloroacetic acid and its anion, together with 
ionic association constants, were measured using a glass electrode, a 3 M KC1 salt bridge, 
and a silver chloride electrode.144

The first and second acidity constants of sulfurous acid were determined over the NaCI 
ionic strength range 0.1 to 6.0 and temperature range 278 to 208 K using glass and silver 
chloride electrodes, by Millero et al.1’4 The effects of MgCI,. NiCf,. CdCU. MnCI.. and 
CoCI, in NaCI on these constants were investigated by Roy et al.4314’'

A more complicated system involved multicomponent polyanions in the H ’ -H.VO, - 
C.Oj system in 0.6 M Na(CI) medium. A glass electrode and reference electrode with 
liquid junction were calibrated to determine E„ in solutions with known fH ‘ ) for each 
titration, and hence used as the basis of a hydrogen ion activity scale: Ej was found to he 
approximately -76 |H ' | mV. Measurements of hydrogen ion activity over a wide range 
of acidity, vanadate and chromate, were analyzed to find stability constants for the ternary 
complexes (H ' yH .V O, ),((C,Oj Jr. where p. q. r = 2. 1. 2 and 2. I. This particular 
study could not have used a hydrogen electrode because of the oxidizing nature of the 
vanadate and chromate ions.

A potentiometric study of speciation and equilibria in the Al’ ‘ -CO,(g)-OH system 
employed a glass pH electrode with a double junction AgCI/Ag reference, to evaluate 
hydrolytic aluminum and carbonate species in 3.0 M Na(CI):

AIOH3’ . A l,(O H )r. Al.jO.IOHg;. A!,(OH),C03\  AI,(OH)aHCO!'

pKa for HCO, was found to be 7.820 at 3 M NaCI and 7.619 at 0 I M NaCI.14'
A number of additional examples arc listed in Table 4. A more comprehensive survey 

is beyond the scope of this work, but much information can be found in the stability constant 
literature. ’",4«'-4'>l

IV . A M A L G A M  E L E C T R O D E S

A. METHODS
Fora reversible electrode to be effective in cells used for thermodynamic measurements, 

three primary criteria must be satisfied: (1) the exchange current (rate at the equilibrium 
potential) for the desired reaction must be high; (2) the concentrations of reactants must be 
either constant or accurately known: and (3) no other reaction must take place at appreciable 
rates at the electrode.

The requirement of high exchange current is well satisfied by the amalgams of all the 
alkali metals. For example, under conditions where the sodium amalgam electrode has been 
used to determine the activity coefficients of NaCI.1*1 the exchange current for the reversible 
reaction’"*

Na ’ + e ~  Na(Hg)

is of the order of ! A/c nr. comparable to that of the platinum-hydrogen and silver-silver 
chloride electrodes."

The second criterion is more difficult to satisfy. The electrolyte composition can be 
accurately analyzed, but because of the possibility of contamination hv traces of oxygen, 
the composition of amalgams (prepared by electrolysis, or by mixing weighed quantities of
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mercury and alkali metal) can be accurately determined only with great difficulty. For this 
reason, virtually all workers have used two identical cells fed from the same amalgam 
supply, with one containing a solution of known activity (as we described for the glass 
electrode) and the other the solution under study . IHI

The final criterion, absence of side reactions, is the most difficult to satisfy and is the 
primary cause of experimental errors with amalgam electrodes. Even though the activity of 
an alkali metal in a dilute amalgam (0.5% by weight) may be 1 0 14 that of the pure metal,36 
the dissolution reaction

Na + H O  ^  N a+ + OH + ‘/2 H,

may still take place at the amalgam-electrolyte interface.47 157-236
Dissolution of the amalgam affects the measured potential in two important ways; (1) 

it shifts the zero-current potential from the reversible value because the additional electrode 
process of hydrogen evolution adds cathodic current but not anodic current; and (2) it 
increases the concentration of sodium ion (and decreases the concentration of sodium in 
amalgam) in the diffusion layer immediately adjacent to the electrode surface, and thus shifts 
the electrode potential by concentration polarization. Both of these shifts are to more positive 
values: the first depending on pH, but not strongly on salt concentration, and the second 
becoming most important at low salt or low amalgam concentrations.

In addition to hydrogen evolution, reaction can also take place between the amalgam 
and another solute. For example, in NaCl-KCl electrolytes, the reaction

Na(Hg) + K + K(Hg) + Na +

can shift the potential of a sodium amalgam electrode by several millivolts.63 These various 
effects are discussed quantitatively elsewhere.55

B. TYPICAL RESULTS
The most careful early work done with sodium amalgam electrodes was probably the 

measurement by Smith and Taylor470 of the standard electrode potential of sodium. Working 
in a completely air-free system, they obtained the potential of the cell

Na(Hg) | Na ' . Cl . H O  | AgCl | Ag

reproducible within ±0.02 mV. Their results imply that the large (± 0 .5  mV) random 
deviations observed by other workers may have been caused by failure to exclude oxygen 
from the system rigorously.

Later work62 confirmed this. For the pair of cells

Ag|AgCl|NaCl, H O NaiHg. — Na(Hg) |NaCI, Na2S 04, H20|AgCl|Ag

with salt concentrations all at 1.000 m ,  both solutions 0.01 m  in NaOH, and an amalgam 
containing 0.365% by weight of Na, potentials measured on successive changes of solution 
were

22.25 ±  0.05 mV 
21.85 ±  0.05 mV 
21.65 ±  0.01 mV

The last value was constant for over an hour without appreciable drift.
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TABLE 5
Studies Using Alkali Amalgam 

Electrodes

System Ref.

LtCI 2X6
387
3X8

Li (salt'.') in THF 33
NuCl 1X1.18.
Nat'l in seawmer 363
NaC! 14V
NaClMgSO, 364
NaCI-LiCl. NaCI-KC! 63
NaCI-CaCfi. NaCI-MgCI, 5<J
NaCi-NaF 53
NaCI-NaHCO,. NaCl-Na.CO, 61
NaBF, 107
N a' (sail?) in THF 34
Nat’l and brine 16
Na SO, in seawater 365
KBr. Kt in ethylenediaroine 302
LiCI. NaCI. KCI in EtOH-H.O and 315
MeOH-H.O

Some studies of activity coefficients using sodium amalgam electrodes are listed in Table 
5.

Lithium, potassium, cesium, and rubidium amalgams in principle can be used in the 
same type of measurements as sodium amalgams. Some examples are listed in Table 5.

C. ALKALINE EARTH AMALGAMS
A word should be said about alkaline earth amalgams. Although some of the basic 

activity coefficient data for the alkaline earth chlorides were first obtained using amalgam 
electrodes, these have been supplanted by more accurate isopiestic and ion-selective mem
brane electrode data (see below').

Part of the reason for the lack of success of the alkaline earth amalgam electrodes is 
their much smaller exchange current, resulting from the necessity for two-electron transfers, 
as well as their more negative standard potentials (Mg: —2.1 V. compared to Na: — 1.96 
V),VJ A review of the literature on calcium amalgams’'' led to a "best" value for its standard 
potential of -  1.996 ± 0.002 V. The experimental errors of individual measurements were 
of the order of I mV. which is not nearly so accurate as the data obtained with alkali amalgam 
electrodes discussed above.

Recent work has established standard potentials for magnesium amalgam electrodes in 
the aprotic solvents dimethylformamidc. propylene carbonate, and acetonitrile,’0

D. OTHER METAL AMALGAMS
Amalgams of other metals have frequently been used in thermodynamic studies, espe

cially cadmium and /me. but also indium and thallium The same principles as discussed 
above apply the more positive the standard potential and ihe higher the exchange current, 
the more precise is the measurement. In many cases, amalgams saturated with the pure metal 
(e.g.. Zn. Cdl are used so that the activity of the metal in the amalgam is equal to that of 
the pure metal and the amalgam does not need to be separately analyzed Amalgams arc 
used instead of the pure solid metal because the liquid surface is easily renewable and not 
subject to the formation of electroactivc oxide or salt films.

Some examples are given in Table 6.
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Examples of Studies Using Other Metal 

Amalgam Electrodes
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System Ref,

In(Hg), InCl, 68
In(Hg), In(C104)3 509
Tl(Hg), T1C1, KC1 73
Tl(Hg), TIBr, KBr, KNO, 175
Tl(Hg), T1C1, KC1 290
Tl(Hg), Til, R4NI 14
Cu(Hg), CuS04 2

226
Zn(Hg), ZnS04 (activity) 202
Zn(Hg), ZnCl2, ethylenediamine 302
Zn(Hg), ZnCl2, dioxan, acetone, acetic acid, 268

h2o
Zn(Hg), ZnCl,, NaC104, LiC104, Mg(C104)2, 309

Mg(NO,)2
Cd(Hg), Cd2*-bipyridyl, Cd2 + -citrate 95
Cd(Hg), Cd2M~ complexes 293
Hg, Hg,2+, Hg2 + 435

525

V . C A T IO N -S E L E C T IV E  G L A SS E L E C T R O D E S

A. METHODS
Like glass pH electrodes, cation-selective glass electrodes were only recently used to 

determine activity coefficients. These electrodes are based on sodium aluminum silicate 
(“ cation” ) or lithium aluminum silicate (“ sodium” ) glasses which have little interference 
from hydrogen ion if the pH is near neutrality.

The activity coefficients of NaCl measured by the cell266 267

sodium glass electrode/Na+ ,C1 ±X/AgCl/Ag

(where X stands for any set of noninterfering anions or cations) agree with values obtained 
using the corresponding amalgam electrode cell,59'62 61 and with the isopiestic method226 227 442 
(see Figure 2).

To obtain accuracy better than ±0.1 mV it is necessary to record the cell potential 
continuously as the electrode is transferred between a test and reference cell. Transients122 
lasting 10 to 100 ms resulting from charging the ion-exchange surface of the glass, transients 
of the order of 30 s resulting from diffusion of solutions of different concentrations into the 
hydrated glass layer, and transients of the order of hours resulting from changes in the deeper 
structure of the glass are all compensated by extrapolating the recorded traces to the same 
point in time.5’5

Most reliable work has been done with the standard commercial “ Na-selective” and 
“ K-selective” glasses — but the universe of possible glasses is very large and it has not 
been thoroughly explored yet.122 Chalcogenide glasses have generated considerable inter
est.351 A glass composed of AgAs2 and Pbl2 responds in a Nemstian fashion to Pb2 * and 
Ag*.43 A lithium/lanthanum glass has been used as sensor for N a ' and NH. in liquid 
ammonia solutions; activity coefficients of NaNO, and NH4NO, agreed with those measured 
by transference methods.72

B. SELECTIVITY
With mixed electrolytes, the glass electrode potential may depend on the concentration
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HGl.'RE 2. Precision of glass elecnode-silver chloride ceil in comparison 
with other determinations of the activity coefficient of NaC'f glass11*
+ • — • — •. amalgam’"1 A — . isopiestic and other methods'*''IM ,4- !)— .

o ... .

of more than one cation, Typically this dependence is described in terms of a selectivity 
ratio K,;

RT
E -  E° + —  In (aNu T  X  K,a,)

r  ,

where u, is the activity rtf an ton that interferes with the sodium-selective electrode. If the 
cell is without liquid junction (e.g.. reference electrode selective for Cl ) the activity of 
the ion is replaced hy m, mt l -y;’. where y ,. is the mean activity coefficient of the metal 
chloride. If polyvalent ions are to he included, their activity is raised to the power tl 'z,), 
where is the charge on the cation.

Selectivity ratios defined in this way are more or less characteristic of the glass com
position. and in dilute solutions, relatively independent of solution composition. In concen
trated solutions, however, interaction of ions in the hydrated glass layer leads to quite a 
complicated dependence of K, on solution composition and the time scale of measure
ment;51' ' ^  unfortunately the theory of glass electrodes is not adequate to predict this de
pendence a priori, ft is thus necessary to verify glass electrode measurements hy other 
methods.

C. TYPICAL RESULTS
Studies of aqueous sodium chloride hy this technique have been frequent tsee Table 7) 

and all workers report satisfactory agreement with data obtained by olher methods (Figure
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2). Together, these studies cover the concentration range from below 0.01 to over 6 m, and 
the temperature range from 273 to 323 K.

In part because of its importance both in physiological systems and in the chemistry of 
seawater, the CaCl,-NaCl multicomponent electrolyte system has been studied by ion-se
lective electrodes more than any other. Moore and Ross328 provided the rationale: “ . . .  it 
is calcium ion activity rather than stoichiometric concentration which is physiologically 
meaningful. No thermodynamic data are available, however, which allow estimation of mean 
ionic CaCl2 activity in mixed electrolytic solutions with composition similar to that of 
extracellular fluid.” Their work employed a sodium-selective glass electrode. Its results 
were verified269 by additional work with glass electrodes, l68'266-2<’7 by the isopiestic method,385 
and by sodium amalgam electrodes.59 These studies have verified that Hamed’s rule is not 
fully obeyed: although log for CaCl2 is linearly dependent on the ionic strength fraction 
of NaCl, log for NaCl is not linear with the ionic strength fraction of CaCl,.6

These results are in generally good agreement with isopiestic studies184432 and with 
amalgam electrode measurements55 where such comparisons can be made. In particular, 
verification by amalgam electrodes has been obtained for

• NaCl-Na2S04 62
• NaCl-KCl and NaCl-LiCl 53
• NaCl-MgCl2 59
• NaCl-CaCl2 59
• NaCl-NaHCO, 61
• NaCl-Na2C O ,61
• NaCl-NaF53

In this last system, a LaF, membrane electrode (see Section IX) was used as a reference 
electrode, together with sodium-selective glass and sodium amalgam electrodes.

Attention should be called, however, to an unexplained systematic error obtained with 
sodium-selective glass electrodes in NaCl-NaHCO, electrolytes (Figure 6).61

Ion pairing in K2S04 has been inferred497 from measurements of salt activity using a 
cation-selective glass electrode. Similar measurements have been made in Na2S04 solutions 
using a sodium-selective glass electrode.233-235-370

As part of determining the second acidity constant of H2S in concentrated KOH solutions, 
corrections for potassium were established using cation-selective glass electrode.272-273 

Sodium ferrocyanide462 required use of a Pb(Hg)/Pb2Fe(CN)6 electrode together with a 
sodium-selective glass electrode.

Sodium-selective glass electrodes have also been used to obtain the free energy of transfer 
of NaCl between H20  and H,0-D20  mixtures.292 The LaF, membrane electrode (see Section 
IX) has been used with the cation glass electrode to determine the free energy of transfer 
of NaF from H20  to H20-H20 2 mixtures.84

These and other multicomponent systems studied using the sodium-selective glass elec
trode together with various reference electrodes in cells without liquid junction are listed in 
Table 7. Examples are shown in Figures 3 and 4. Note that Hamed’s rule is not always 
obeyed (Figure 5).

Nonaqueous as well as aqueous solutions have been studied using glass electrodes. For 
example, a wide variety of measurements on alkali halides in acetone-water mixtures have 
been reported.146 Sodium glass electrodes have been used in propylene carbonate to measure 
the complexation of uranyl ion with 18-crown-6 cyclic ether.159 The possibilities are vast 
and have been only slightly explored.
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TABLE 7
Cation-Selective Glass Electrode Measurements of 

Activity Coefficients in Multicomponent 
Electrolyte Solutions

System Ref. electrode Ref.

NaCI AgCl/Ag 266.267
AgCl/Ag 199
AgCl/Ag 276
AgCI/Ag 496
AgCI/Ag 446
AgCIMg 455
AgCI/Ag 358

NaCI, D ,0 AgCl'Ag 292
NaCI-KCI AgCI/Ag 122

AgCI/Ag 266
AgCI/Ag 329
AgCI/Ag 318
AgCI/Ag 204

Nat'1-Na.SO, AgCI/Ag,PW Hg )/PbSO, 267
AgCl'Ag.Pb<Hg)/PbSO, 168
AgCI/Ag ,Pb( Hg) - PbSO, 370
AgCt/Ag.Pbt Hg)/PbSO, 235
AgCI/Ag. Ph< Hg)/ PbSO, 480

NaCI-seawaler 441
NaCI-NaHCO, AgCl/Ag 61
Nan-Na,CO, AgCI/Ag 61
NaCI-NaOO, AgCI/Ag 267
NaO-NaNO, AgCI/Ag 267

AgCI/Ag 304
AgCI/Ag 306

NaCI-NaAcctate AgCI/Ag 267
AgCl/Ag. Na-glass 307

NaCI-NaF AgCI/Ag. LaF, 53
NaCl-LiOO, AgCI/Ag 446
NaO-MgCI, AgC'l/Ag 267

AgCI/Ag 234
NaCI-MgSO, AgCl'Ag 168

AgO/Ag 234
AgCI/Ag 235

NaCI-Mg(CIOj). AgCI/Ag 446
NaCI-CaClj AgCI/Ag 328

AgCI/Ag 269
AgCl/Ag 266
AgCI/Ag 267
AgCI/Ag 168
AgCI/Ag 62
AgCI/Ag 6

N aO SrC I AgCI/Ag 267
NaCI-BaCI; AgCl/Ag 267
NaCI Al<CIO,|, AgCl'Ag 446
NaO-BatO O,), AgCl'Ag 446
NaCIglyunc AgCl'Ag 358
NaCl-Na.FctCNc Hg.CI.,Hg:PbtHgi/Pb.FciCN i„ 462
NaF. H O , LaF, 84
NuRr, 2 propanol AgRt'Ag 372
Na.SO, fibre jet 370

AgCI Ag 235
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TABLE 7 (continued)
Cation-Selective Glass Electrode Measurements of 

Activity Coefficients in Multicomponent 
Electrolyte Solutions

System Ref. electrode Ref.

KC1-KNO, AgCl/Ag 352
AgCl/Ag 308

KC1-KF AgCl/Ag, LaF, 221
KC1 K.leiCNi.. AgCl/Ag, K-glass? 109
KC1 CaCl2 AgCl/Ag, K-glass 305
k 2s o 4 497
KOH, K 2S 272

273

-0 .3

0.0 0.5 1.0

/,//

FIG URE 3. Activity coefficients of NaCl in mixtures at total ionic strength 
3.0 m. (Reprinted with permission from Lanier, R. D  . J. Phys, Chem ., 

69, 3992, 1965. Copyright by the American Chemical Society.)
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FIGURE 4. Activity coefficient of 1 m NaC'l in the presence of other 
salts at concentration m  (From Schwahc. K. and Rwojak. J , Z !‘hv.v. 
t  hem (Frankfurt tint Main), 64, I. 1060 With permission.)

KCI

FIGURE 5 Activity coefficient of KNO, in KNO, KCI electrolytes at 
constant ionic strength, (Reprinted with permission from Padova, I . J, 
Phvt Chem . , 26. 4587, 1970 Copyright by the American Chemical So
ciety , i
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F IG U RE  6. Activity coefficients of NaCl in NaCI-NaHCO, electrolytes at ionic strength
I. 0 m  (note deviations of glass electrode data). (Reprinted with permission from Butler.
J. N. and Huston, R ., J. Phys. C hem ., 74, 2976, 1970. Copyright by the American Chemical
Society.)

V I. LIQUID AND POLYMER-BASED ION-EXCHANGE
ELECTRODES

A. INTRODUCTION — LIQUID ION EXCHANGE
The development since 1965 of liquid ion-exchange electrodes189 390 that were selective 

for various cations and anions, particularly Ca2 ‘ , Mg . Cu2 + , Pb2+, K . NO, , CIO, , 
Cl , and BF, , was motivated primarily by the need for easily automated analytical methods 
and not by the need to measure thermodynamic properties of electrolytes. These electrodes 
are subject to electrostatic instability of the membrane surface charge, which produces 
irregular drifts in potential. As might be expected, the ion exchangers are not perfectly 
selective — selectivity depends on site mobility as well as ion-exchange equilibrium476 — 
and so measurements in multicomponent solutions must be interpreted with caution. Never
theless, a number of studies relating cell potential to activity coefficients have been made.

B. ACTIVITY COEFFICIENT MEASUREMENTS
The earliest such studies were of calcium chloride using the ion exchanger calcium 

didecyl phosphate dissolved in dioctylphenyl phosphonate,189 in a cell such as

Ag/AgCl/€a€l2,H,0/ion exchanger/CaCl2,H,0/AgCI/Ag

Examples56 are the work of Huston and Butler201 in the concentration range 0.01 to 6 
m, Cachaza and Casal65 in the range 0.001 to 1.6 m, a student laboratory' experiment,265 
and the recent careful work of Briggs and Lilley48 over the range from 0.001 to 0.3 m at 
25°C, which established agreement within 0.15 mV with values calculated from cells with 
transport and from vapor pressure measurements (Table 8).

Early work with the calcium-selective liquid ion-exchange electrode in concentrated 
NaCl-CaCL solutions301 jst' showed that although the response of the electrode was Nemstian 
in pure CaCL electrolytes, the selectivity with respect to Na* became so poor at i >*’h tonic



176 Activity Coefficients in Electrolyte Solutions, 2nd Edition

TABLE 8
Accuracy of Calcium Liquid in 

Exchange Electrode

AErv  -
(mol/kgi imV) (mV)

I 1)275 1 19 49 -0 .0 7
3 . 2 5 1 9 7H.42 ft). 10

til. 165 19 1)5 0 IS
.1.1 m  \ 0 on o .o n
9*1.104 -1 5  ttt - 0 03

295. JW -  72.64 f() 19

Note: Oriun 92-02 calcium liquid urn exchanger
MeaNiifL'mcnfs are by Briggs and Lilies:1" ae-
1 iv Uy coefficients for AH ^ ,ire from fiet/ke
and Stoughton ” *

After Covinylon."'

strengths that no useful activity coefficients could be determined in mixed electrolytes. At 
low ionic strengths (0.03 to 0.12), however, satisfactory results were obtained,,,s and at 
ionic strength 0.3, satisfactory results were obtained with CaCL-NaNO,. CaCL-KCl. and 
CaCL-KNO, mixtures, although not with CaCI,-NaCI.'*'

An explanation for this behavior was proposed hy Whitfield and Leyendekkers.'-7 who 
developed a quantitative theory of the liquid ion exchange electrode based on extraction 
equilibria, under the assumption that regular solution theory applies within the ion exchanger. 
Data on CaCIJ-NaCl.lhM CaCh-MgCI,,’7" and CaCL-SrCL 1,11 were used to test the theory 
over the range of ionic strengths up to 6 with success (Figures 7 and K).

More recent studies of the calcium ion-exchange electrode process have evaluated not 
only the zero-current potential,'11' hut also the dissociation of the ion exchanger'"7 and the 
mechanism of transport under nonzero current conditions.'"'7

Activity coefficients of NaNO,. KNO,. and Ca(WO,), at molalities up to 4 m were 
measured using cells with a nitrate-selective liquid ion-exchange electrode, such as**’

Ag j AgCI | 0.1 m KC1 || MNO, Iw) ! M * LSI:

Ag | AgCI j 0.1 m KC1 |[ MNO, (m ) | NO, 1SE

where the left half of the cell is a commercial double-junction reference electrode. The 
difference in potential between these two cells corresponds to

E - E° — (S, + Sd log m IS, + S,t log y.

where E ‘ is a constant, S, and S, are the empirical "Nemst slopes”  of the two cells above, 
and y is the activity coefficient of MNO, at concentration m A number of cat ion-selective 
electrodes were used:

• A sodium-selective glass electrode
• A cation-selective glass electrode
• A commercial valinomycm-based K electrode tsee Section VII(
• A valmomycin-PVC eleclrotle (see Section Vfli
• A neutral carrier (ETH 10(11) C a '' electrode (see Section VII)
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FIGURE 7. Hamed rule coefficients for NaCI-CaCl2 electrolytes. Curves are theoretical.269 Experimental 
points obtained with sodium-selective glass electrode: o Moore and Ross,328 □ Lanier;267 with sodium 
amalgam electrode: O  Butler and Huston59; with isopiestic vapor pressure method: o, a Robinson and 
Bower;385 with calcium-selective liquid ion-exchange electrode: A Leyendekkers and Whitfield.269 a AB is 
the slope of the plot of sodium chloride activity vs. ionic strength fraction, divided by the (constant) ionic 
strength of the mixture. See Figure 3 for some of the data used.

• A PVC electrode based on the Orion 93-20-02 ion exchanger
• An Orion liquid ion-exchange electrode for Ca2 +
• An Orion liquid ion-exchange electrode for divalent ions

An important conclusion reached by this study was that even if the Nemst plot for an 
electrode is strictly linear, satisfactory activity coefficient values can only be obtained when 
random errors do not exceed 0.5 mV; otherwise a strong correlation between parameters 
such as the Nemst slope and the Debye-Hiickel linear term renders the results inaccurate.26

A perchlorate-selective liquid ion exchanger, 0.001 m tetraheptylammonium perchlorate 
in ethyl bromide, was used in the cell

glass pH|HC104 fm,) | ion exch ||HC104 (m2), MC104|glass pH

to determine the activity coefficients of perchloric acid at concentrations from 0.001 to 1.5 
m, and the activity coefficient of HC104 in solutions containing NaC104.495 This study is 
particularly important because it verifies isopiestic studies of a “ noncomplexing” electrolyte 
used in thousands of stability constant measurements.

C. ION PAIRING AND STABILITY CONSTANTS
A few studies have used the liquid ion exchangers to determine stability constants and 

related thermodynamic quantities. •

• Ion association in MgS04 was measured using a divalent ion-selective liquid ion- 
exchange electrode.M1-214-2’5
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% I S M (C I

FIGURE K Sul vent -extniel ion model o f selecrivicy for vala u m-se Iccl i vc liquid
ion exchange electrode*, in mixtures with MgCt.. Points arc experimental results, 
curves are calculated theoretically. (Reprinted with permission from Leyendek- 
kers. I. V. and Whitfield. M , Anal. Chem . 43. .122. 1971 Copyright hy the 
American Chemical Society.)

■ Ion association of CaS04 has been studied using a calcium-selective liquid ion-ex
change electrode.

■ The Orion 92-32 divalent cation-selective liquid ion-exchange electrode was used to 
study the association between MgJ * and SO; . and C V ' and S O ;. in NaCI of varying 
ionic strength and temperatures from i5 to 350C .l",■iJ,'

• The CaCl.-CaSO., system and the CaSO, system have been carefully studied by Briggs 
and Lilley.41' 277

• The ion association of Ca-' and Mg’ " with /n-hydroxy. 3,5-dihydroxy-, and 3.4.5- 
trihydroxy benzoate were measured at 25 to 45CC in aqueous NaCI or tetramethvlam- 
monium chloride electrolytes using the Orion 92-32 divalent cation electrode.lJJ

* Cells consisting of a glass electrode and a 3.5-dimtrosalicylate (DNS) selective 
membrane1™ were used to determine both ihc second ionization constant of DNSH. 
and the stability constant of DNSF-e ‘ 177

* The pKa of A/-chloro-/>-toluenesulfonamide. the acid of "chloramine-t”  (CAT), was 
measured with a CAT-ion-selective membrane electrode and a glass electrode at ionic 
strengths 0.15 to 0.75 and 25'C. in close agreement with reported values.

Other association equilibria have been inferred and their stability constants measured
by similar methods. (See Martel I and Smith'10 for a more complete bibliography.)

I). PVC MEMBRANES
The other popular way of using ion exchangers is to support them in a polyvinyl chloride



179

(PVC) membrane.126 155 501 Such electrodes are easier to construct, more robust, and in some 
cases more precise than liquid ion exchangers.

Electrodes selective for Ca2 +, Ba +, divalent ions, UOf . K , Li Na+, and substituted 
ammonium ions have been constructed and tested. They mostly exhibit Nemstian or near- 
Nemstian behavior over several orders of magnitude in concentration.126 However, other 
than the work of Bates et al.,26 no rigorous studies of activity coefficients have apparently 
been made using this type of electrode.

Thermodynamic studies using PVC membrane electrodes have been more numerous and 
apparently satisfactory. For example, a calcium electrode based on calcium bis[di(4-octyl- 
phenyljphosphate] was used in solutions of 10 7 to 10 1 m Ca2+ with citrate, malate, 
malonate, oxalate, EDTA, NTA, SO, . HPO, . tripolyphosphate, and pyrophosphate. Sta
bility constants agreed with the literature, and phosphates were found not to interfere with 
the electrode (aside from the known calcium-phosphate complexing in solution).88

E. OTHER POTENTIAL TOOLS
Many electrodes have been tested for selectivity and Nemstian behavior, which might 

easily be applied to activity coefficient or stability constant measurements. Here are some 
examples; others are briefly referenced in Table 9:

• A hydrogen ion-selective electrode stable in fluoride media was composed of iron (III) 
chloride hexahydrate in 1-decanol and tetrahydrofuran, and fabricated into a PVC 
membrane, which showed a linear pH response from 0 to 5 with a slope of 56 mV.522

• A PVC matrix containing Ca bis{di[4-(l,l,3,3-tetramethylbutyl) phenyljphosphate}, 
with dioctyl phenylphosphonate, tripentyl phosphate, or trioctyl phosphate as solvent 
mediator as tested for calcium response in 0.15 m NaCl, and interference from various 
materials was found in body fluids: starch, sucrose, uric acid, creatinine, and bilirubin 
produced changes of <0.5 mV; cholic acid, cholesterol, lecithin, and vitamin D2 
produced larger changes. The electrode employing trioctyl phosphate showed the 
greatest resistance to interferences.236

• The ion exchanger tetradecylammonium carbonate, incorporated in PVC membranes 
plasticized by hexyl trifluoroacetylbenzoate and o-nitrophenyl octyl ether, was tested 
in the cell

Ag|AgCl|NaCl,NaHC03|membrane|test soln|KCl(sat)|AgCl|Ag 

for its response to CO, activity.469
• A liquid membrane based on a lipophilic derivative of vitamin B12 was tested for 

selectivity and found to have preference for nitrite over nitrate (K^, >  104 2) and chloride
(1048).445

• A periodate-selective liquid ion-exchange electrode based on the perchlorate ion ex
changer was used in a kinetic study of the tartaric acid-periodate reaction. The selec
tivity factor is >105 for most anions other than perchlorate.186

• Perchlorate-selective electrodes were made from the natural lacquer Urushi with tri- 
w-octylmethylammonium perchlorate to form a hard, lustrous surface with response 
ranges and selectivity similar to the commercial liquid ion-exchange electrodes.197

■ Ionic activities in aqueous solution have reportedly been measured using ion exchangers 
based on epoxy resins.225

• Another C104-selective ion exchanger was based on the nitron-perchlorate ion pair in 
nitrobenzene. (Nitron is 4,5-dihydro-l,4-diphenyl-3,5-phenylimino-l,2,4-triazole.) It 
had a near-Nemstian response over the concentration range 2 x 10 5 to 0.01 m, pH 
range 2.5 to 8.5, with slope 56 mV. Selectivity with respect to 27 organic and inorganic
ions was measured; periodate, permanganate, and thiocyanate interfere most.191
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TABLE 9
Some Potentially Useful Ion-Exchange Electrodes

Selective lo Exchanger Ref.

L i Ba polyalkoxylatcs 162
Li polyalkoxylates 162

e s ' K.ZnFdCNl’ — PVC 91
Alkali Polypropylene glycol 213
Teiraalkyl cations 471
Tl- a-PicoJimum molybdoarsenate 216

483
Ca: - 176

207
Organophosphale 76
Bicyclic polyethcr amide 250

NaCt-CaCI. HNU-ISE 20-20-tXP 6
Ba: - In acetonitrile 340
Alkaline earth Polypropylene glycol 213
Cu: - 485

515
Bi‘ 484
NO, 2 ,2 ,-Bipyridine etc 206

Nitrobenzene aliquat 311
PF« Ouatemary phosphnnium salts 254
n c i 4 Quaternary phosphonmm salts 255
Au in CN 456
Tetraphenylborate 230
Bctuoalc 35
46 univalent anions Nitrobenzene-based 451
CO, 448

ton exchange'PVC 469
Thiobarhuuralcs 77
(J-Adrcncrgic blockers 89
Ca blockers 89
Nonionic surfactants Ca and Ba letraphenylboratcs with 479

poly(oxyethylerie) monofb-methyl- 
hcptyllphenyl ether

• This electrode is probably a liquid ion-exchange type, but no details were 
given in the original paper.

The nitron-tetrafluoroborate complex in nitrobenzene shows a rapid Nernstian response 
to BFj over the range from 10 5 to 0.1 m and pH 3 to 9. Selectivity was measured 
with respect to 21 anions and cations.1'*'
An ephedrine-flavianate ion pair in 1-octanol shows near-Nemstian response to ephed- 
rine from 10 '  lo 10 : m. pH 4 to 7; and this concept was extended to produce 
electrodes responsive to other neurotransmitters containing the fi-ethanolamine moiety: 
epinephrine and norepinephrine.""'
Both liquid and PVC membrane electrodes based on the ion pair of glycopyrroniuni 
with dicyclohexyt naphthalenesulphonate, di-isopentyl napihylenesulphonale. di-iso- 
butylnaphthalcnesulphonaie, and tetraphenylborate show near-Nemstian response to 
glycopyrroniuni ion over the range pH 4 to 8 and concentrations as low as 10 " m .'"  
The nafronyl-dinonylnaphthalenesulphonic acid ion pair in a PVC matrix exhibited 
near-Nernstian response to protonated nafronyl activity from 10 '  to 10 ’ in. Nafronyl 
oxalate [2-t l-naphthyl)mcthyl-3-(2-furyl)propanoic acid 2-(diethylamino)cthyl ester 
oxalale| is a well-known vasodilator.’1”
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V II. N E U T R A L  C A R R IE R -B A S E D  E L E C T R O D E S

A. METHODS
Ion exchangers based on neutral carriers such as the macrocyclic antibiotic valinomycin8*’-474 

and the synthetic crown ethers145-175-434 have been used as the basis for electrodes selective 
for H*, Li*, Na + , Ca24, Mg2 + , and a variety of other ions. Both liquid ion-exchange 
membranes and PVC-based membranes have been employed.126 Neutral carrier electrodes 
have proved particularly useful in designing microelectrodes (as small as 45 nm diameter) 
for physiological studies.5 However, few studies of activity coefficients have been published.

B. ACTIVITY COEFFICIENT MEASUREMENTS
Shortly after the neutral carrier electrodes were first developed, activity coefficients in 

the NaCl-KCl system were measured using a potassium-selective valinomycin-based elec
trode,58 and the results were within 10 mV of the predicted values based on isopiestic activity 
coefficient measurements at ionic strengths up to 4.2 m. The deviations were systematically 
in the direction of poorer selectivity and measurable Cl transport through the mem
brane.150154 More precise results can be obtained by using fresh, carefully purified ion- 
exchange materials.

As described in Section VI.B, activity coefficients of NaNO,, KNO,, and Ca(NO,)2 at 
molalities up to 4 m were measured using cells such as26

Ag | AgCl | 0.1 m KC1 || MNO., (m) | MNO, (m) | M 4 ISE

where the left half of the cell is a commercial double-junction reference electrode, and a 
similar cell was used to measure the activity of nitrate in another sample of the solution. 
Three neutral carrier-based cation-selective electrodes were used:

* A commercial valinomycin-based K 4 electrode
* A valinomycin-PVC electrode
* A neutral carrier (ETH 1001) Ca2 * electrode

Comparison of calculated and observed values over the full range of concentrations (e.g.,
0.001 to 2.00 m NaNO„ 3.00 m KNO,, 4.00 m Ca(NO,)2) showed a root-mean-square 
deviation of the order of 2 mV.

As with the liquid ion-exchange electrodes, the literature on neutral carrier electrodes 
is dominated by analytical method development, particularly in the medical area. For in
stance, the 346-page monograph on ion-selective microelectrodes by Amman5 with 840 
references contains only two citations of experimental activity coefficient measurements — 
one of which has been cited here — Bates et al.26 Most items in the text indexed under 
“ activity coefficient” were general and theoretical.

< . POTENTIAL TOOLS
Here are some examples of how neutral carrier electrodes have been used in analytical 

chemistry and in the determination of stability constants — which may suggest applications 
to activity coefficient measurements. Further references are given in Table 10.

* Lipophilic neutral earners in PVC membranes were designed to be selective for lithium. 
Best selectivity for L i' over Na * was obtained with the diamide: ACV-dicyclohexyl- 
N'.N'-diisobutyl-r/x-cyclohexane-l ,2-dicarboxamide; and the 14-crown-4 ether: 3-do- 
deeyl-3-methyi-1,5,8,12-tetraoxycycIotetradecane.161

* Calcium-selective neutral carriers (cyclic polyether amides) were synthesized. Their
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TABLE 10
Some Potentially Useful Neutral Carrier Electrodes

Selective to Exchanger Ref.

Na' Synthetic, intracellular niicrnelec- 5.475
trodes

PVC-cIeclron-iransfcr solid contact 459
design

K i impedance) Valtnomycin H
K Bis-crown ether PVT I5K
K* Valinomyctn 262
K I9X

2tm
K ' in seawater 440
Li 1 ,4 ,7 .10-Tctraoxacyclod ode- 

canel !2-crown-4|
160

CV Bis-crawn ether PVC I5K
Cs- Bistcrown clherliPVC 24K
NH; 2X7
K •. R h ' .  C s1. T1 ■. PVC-valinomycm 5211

A g ' .  NH,
Ba; - m acetonitrile Macrocyclic polyether 340
Guanidiiiiuni frow n ether/PVC 40
Cations Macrocyclic lactones 42

Macrocyclic lactonelactams 42

selectivity for Ca-’ ' relative to H ‘ . N a' .  K . and Mg-' was good enough to promise 
accurate determination of Ca: ' activity in blood scrum.’50
Another calcium-selective neutral carrier is A'.jV..V'.A, '-tetracyclohexyl-3-oxa- 
pcntanediamide. This compound forms an almost ideal coordination sphere of nine 
oxygen atoms around a calcium ion. resulting in selectivity of 10'4 and 10* with 
respect to Na 1 and K*.441 This represents a substantial improvement in ability to 
measure calcium activity in serum, soils, and other natural mixed electrolytes; it should 
also provide an improvement in measurement of activity coefficients in multicomponent 
salt solutions (compare Bates et al.:6).
A lead-selective electrode was developed using lipophilic amides which select for 
PbX * species. The neutral carrier A.A,-diocladecyl-Ar',/V'-dipropy 1-3.6-dioxaoctane- 
diamide was found to reject alkali metal cations by a factor of at least 10' and alkaline 
earth metal ions by at least I04.’K"
Thioethers 1,4-dithia-12-crown 4 and 1,4-dithia-15-crown-5 showed response to Hg: * 
and Ag4 over concentrations 10 * to 10 2 and 10 respectively, and were applied 
as sensors in titration procedures for Br and Cl with Ag* and of 1 and Cr,0; 
with Hg’ ‘ T**
Hasegawa et al.1*7 report lithium salt effects on the extraction of IS-crown-5. 18- 
crown-6, or their silver! I) complexes as picrates

V III. C E L L S  W IT H  T R A N S F E R E N C E : E L E C T R O D E S  O F  T H E
S E C O N D  K IN D

A. METHOD
In addition to the direct potentiometric measurement of activity coefficients as described 

in the previous sections, it is possible to measure activity coefficients in a cell with trans
ference at a liquid junction between two solutions of different concentration.'8- ”14 The two 
identical reversible electrodes arc almost always Ag/AgCl. (The silver halide electrode



TABLE 11
Results from Cell with Transference Using 

CsCI at 25 C
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102 m, 102 in. E (Eobs-Eealc)
(mol/kg) (mol/kg) (mV) (mV)

10.723 8.8261 4.46 -0.01
10.723 7.9822 6.78 0.00
10.723 6.8737 10.21 -0 .03
10,723 5.9933 13.41 -0 .02
10.723 3.0204 29.72 + 0.13
6.0436 4.9880 4.47 -0 .02
6.0436 4.0329 9.45 -0 .04
6.0436 2.9810 16.66 + 0.01
3.0242 2.0042 9.85 -0.01
3.0242 1.6924 13.92 -0 ,02
3.0242 1.0139 26.38 -0 .03

After Kelley and Lilley.2'2

literature was reviewed in Section II. See especially Bates and Macaskill,25 Mussini. " and 
Bates and Robinson.28)

For example, the potential of the cell:

Ag | AgCl | NaCl(m,) | NaCl(m2) | AgCl | Ag

is given by (Reference 384, pp. 201 to 204)

2rt fnu
E = ----- —  t d In (my)

F  * 'm I

where m, and m2 are the two salt concentrations, y  is the corresponding activity coefficient, 
and t + is the corresponding cation transport number — determined by a separate conductance 
experiment.

B. RESULTS
Differences between observed and calculated values approach the reproducibility of the 

electrode potential measurements. For example, recent results obtained with cesium chloride232 
are given in Table 11. Similar results were obtained for LiCl.231 The HCl-BaCl, liquid 
junction was thoroughly studied both experimentally and theoretically.349 350

Alkali halide solutions were studied in a cell with transference15 employing the LaF, 
electrode as well as the Ag .S AgCl and Ag2S/AgBr electrodes (see Section IX):

Ref. elec. || MX(m,)||MX(m,) |X selective elec.

For their studies, m, and m, ranged from 0.001 to 6 m  NaCl, 4 m  KC1, 4 m  KBr, 3 m  KF, 
and 1 m  LiCl. The results were consistent with other literature and with their model for the 
operation of crystal membrane electrodes.

Das et al."  measured the transference number of hydrochloric acid in dioxane + water 
mixtures by this technique. Activity coefficients for transfer of single ions between dipolar 
aprotic solvents were obtained from cells with liquid junction.170

C. POTENTIAL TOOLS
Although silver/silver halide electrodes are virtually standard for cells with transference,
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TABLE 12
Electrodes of the Second 

Kind

Klit (rode Ref.

Ag Ag benzoate inn
Ag AgCI ihigh tempi w>
Ag Ag.CrO, l«)l
Ag Ag-Stf,. Na.SO, 457
Hg Hg ben/onlc 4W
Hg/HgtIO,). <41
HgHgO 4X1

4X2
Hg Hg picrate 220
Hg Hg propionate 17
Hg Hg.SO, 22f>

522

amalgam, glass, and ion-exchange electrodes could in principle he used. These have been 
reviewed in Sections IV to VII. Some other systems based on metal-solid phase equilibria 
(electrodes of the "second kind") are listed in Table 12 isee also Ives and Jan /'"  and Jan/ 
and Tomkins-'*1

Other systems in this general style include the redox-based quinhydrone’- ' 4 and chlor- 
anil electrodes.1’” which were classic preglass-electrodc pH sensors. Another is a sensor for 
Al employing a glass pH electrode:*1

Glass | Laurie acid. Al lauratc AH'

Bromide interference with anodized Ag/AgCl electrodes was studied by impedance mea
surement. 417

IX . S O L ID -S T A T E  M E M B R A N E  E L E C T R O D E S

A. METHODS
This type of electrode includes both crystals and pellets made of pressed powder Like 

the other membrane electrodes, selectivity is established by a combination of ion-exchange 
reactions at the interlaces and transport through the membrane bulk It was made popular 
by the Franl and Ross'51 fluoride-selective electrode, which used a LuF, crystal as a mem
brane.

Related solid-state electrodes use a pressed mixture of Ag.S (which provides transport) 
with a silver halide or sulfide salt, such as AgCI. AgBr. PbS. or CdS (which provide the 
ion exchange reactions) These electrodes are thermodynamically equivalent to ihe classic 
Ag AgX or metal amalgam electrodes, but w ith the advantage of freedom from interference 
by oxidizing or reducing components 51

Agl Ag.S electrodes are selective lor CN . ot any other ligand which complexes more 
strongly with Ag than d o c s  I ' ' i  '1'" '*  The surface reactions

\gl * CN . * AgCN + I 
AgCN s CN Ag(CN).

release I in proportion to the flow ) surface concentration of CN . which in turn determines 
the potential of the electrode
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Activity Coefficient Studies Using Solid 

State Membrane Electrodes
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System

NaF;
NaCl-NaF
KF (and alkali halides?) 
NaF, acetone 
KC1-KF 
HC1
NaCl-KCl
NaCl-NaOH
NaCl-NaBr
NH4Br

Electrode Ref.

LaF, 21
LaF, 53
LaF, 15
LaF, 146
LaF, 221
AgCl/Ag.S 253
AgCl/Ag,S 253
AgCl/Ag.S 253
AgBr/Ag,S 253
AgBr/Ag.S 285

Selectivity of these electrodes depends on many factors, including concentration, solution 
mixing, measurement duration, and electrode history.5iooi,3f,<M77

Selectivity coefficients have been tabulated for LaF,, AgCl/Ag2S, and AgBr/Ag2S elec
trodes;201 ,27 CdS/Ag,S.504

B. ACTIVITY COEFFICIENT MEASUREMENTS
Some measurements of activity coefficients using solid-state ion-selective electrodes are 

outlined in Table 13.
NaF was a natural first choice.21 We have already mentioned in Section IV the studies 

of NaCl-NaF electrolyte mixtures where the LaF, membrane electrode was used as a reference 
electrode in addition to the Ag/AgCl electrode.53 The transference cell studies by Bagg and 
Rechnitz,15 employing the LaF, electrode in place of the usual Ag/AgCl electrode, were 
mentioned in Section VIII. Free energies of transfer for NaF from water to mixtures con
taining up to 60 wt% acetone were obtained using a sodium-selective glass and LaF, 
electrode.146

Knauss et al.253 compared potentials measured by pH-glass, Na-glass, AgCl-Ag2S and 
AgBr-Ag S solid state, and K-selective membrane electrodes with activity functions (pH + 
pCl, pH + pBr, pH -  pNa, pH -  pK) calculated using the Pitzer360 361 equations for 
activity coefficients in the geochemical modeling program EQ3/6.214

C. STABILITY CONSTANTS
The rapid response of the fluoride-selective LaF, membrane electrode making it possible 

to measure the rate of formation of the complexes FeF2 + and AH ' + was demonstrated soon 
after the electrode was first developed.472

The LaF, membrane electrode in conjunction with the glass pH electrode was used to 
determine the pKa of HF, in solutions with ionic strength 0.05 to 0.5, and total fluoride 
10 5 to 1 0 '  m. The Nernstian behavior in 1.0 m  NaClO,, and agreement of that PK. with 
other methods showed that the fluoride electrode continues to measure fluoride activity even 
in acidic solutions.5HS

Many more studies of solution equilibria using these electrodes have been published. 
Table 14 lists a few. See also Sillen and Martell,460-46' Martell and Smith,110 and Butler.76

D. POTENTIAL TOOLS
A number of electrodes have been developed which might be used for activity coefficients 

or other thermodynamic studies. Table 15 lists some examples.
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TABLE 14
Some Examples of Stability Constant 

Measurements Using Solid State 
Membrane Electrodes

System Electrode Ref.

pK« .if HF LuF, m
SiO.-F U F , sm
Sulfide ion pairs Ag-S 178
C'd-EDTA CdS/Ag.S 5 0 4

Cd-NTA C'dS.AgjS 504
Cd-Irion CdS( Ag.S 5(14
Cd-iciron CdS/Ag.S 504
cdci. CdS Ag.S 333
Cu-F.DTA clo. (12 dil- CtiAgSc 343. 344

lerenl ligands.I

X. E N Z Y M E  AND O T H E R  B IO L O G IC A L L Y  BA SED  
E L E C T R O D E S

A. METHODS
Enzyme electrodes consist of an enzyme immobilized in a layer adjacent to an ion- 

selective or pH electrode. Typically, an organic molecule in solution undergoes an enzvme- 
calalyzed reaction which produces a species to which the electrode r e s p o n d s . F o r  
example, in the presence of urease, urea is hydrolyzed to CO, and NH,:

H?0  + COtNH,), —» CO, + 2 NH,

NH, is in equilibrium with N H . which can be measured using a cation-selective electrode. 
Urea can be determined over the concentration range 5 x 10 ' t o l d  - M .234 Oxalate (which 
produces CO,) can be determined using oxalate oxidase over concentrations from 3 x 10 ''
to 2 x 10 T1*-"1

Other enzyme electrode systems are amperometric: p glucose oxidase. P glucose reacts 
with oxygen to produce gluconic acid and hydrogen peroxide:

glucose -F O. —* gluconic acid + HXL

Both O, and H;0 , are electroactive.
Some important materials determinable by enzyme electrodes include

• Urea
• Glucose
• Amino acids
• Amygdalin
• Penicillin
• Creatinine
• Uric acid
• 5' Adenosine monophosphate

Substrate and electrode also can be used to measure enzyme activity. See the review 
by Koryta’’7 which covers enzyme electrodes suitable for measuring alcohols, amines, amino 
acids, carboxylic acids, carbohydrates, cofactors, inorganic ions, and gases.
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Solid-State Membrane Electrodes: Potential Tools
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Selectite to M emhrane material Ref.

Ag Sulfide : ih
Ag •. Hg; ' Cation exchange 353

Sulfur nitride 371
A g' (low cone 1 Ag.S 185
Ca Cap. crystal lf>7
r v  Ag.S/CdS?
ed* . CV ‘ , Mg' • mixtures .02
Cl ter. AgCI/Ag.Sj Hg.CLHgS 279
CN Ag,S/Agt 172

Ag.S/Agl 368
C i r 1 CuAgSe ternary alloy 44

Polyerystalline 69
Ag-S/CuS' 339
Sulfide 343—345
AgjS/CuS? 346
(3-V.O, brumes SIX)
CuAgSe tcmaiy alloy 519

F (dynamics) la p , 67
F Lap, 148
F (dynamics) LaF, 165
F (dynamics. flow) LaF, 192
F Fluoride electrode 449
F 499
F LaF, 5f>3
F (OH interference) LaF. 513
F LaF, s : i
f tat ide (interfere nee) Ag halides 331)
Hg-- Iodide electrode 7
n h ; Solid ton exchange 514
ptv Sulfide 210

Sulfide 339
Fb*' complexes' PbS/AgS 478
Phosphate l |9
(Juat ammonium Halide halide electrode 171
SO, . SO, s,o„ 467
S.O, . thiourea 66
Tl 215

Cu-hcxacyanoferratc(III) 217

Tilratiun of Ni ' .  CV . /.n; ' , and Vanadiuin(IV) with EDTA. CI)TA. and OTPA, was 
conducted using a PbS. Ag S electrode in the presence of a small amount of the corresponding 
lead complex Stability constants of lead eomplexcs could also he determined in such systems

B. POTENTIAL TOOLS
In principle, il diffusion rules and enzyme-catalyzed reaction rates arc steady, these 

electrodes should measure the thermodynamic activity ot the substrate molecule However, 
no studies in which the activity coefficient was specifically mentioned were encountered in 
litis survey. Some recent papers which could provide ideas for thermodynamic studies are 
noted in Table If)

X I. G A S -S E N S IT IV E  M E M B R A N E  E L E C T R O D E S

A. METHODS
Electrodes arc constructed using a membrane through which a particular g as  can diffuse, 

with an electrode on the inside which responds to the gas or a reaction product. For example.
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TABLE 16
Enzyme and Other Biologically Based Electrodes

Setecttx* In Sy stem Ref.

Urea t Ircasc 224
Urease 444

Oxalate Oxalate oxidase 4b
Oxidate oxidase 171
Immobilized enzyme .1.16

Glucose Glucose oxidase 49U
Glucose oxidase 282
Glucose oxidase 444
Glucose uiutarulu.se 444
Glucose oxidase 271

Acetylcholine Acetyle Uoli ncste rase 444
fi-Blocker let. Table V) 84
Creatinine NH, and enzyme let Section 

XI)
128

Ca-hlockcr lef Table V) 84
Penicillin G 444
Vitamin B„ 188
Pyridoxa! 5*-phosphate CO, arid en/yme let Section 

XI)
188

Proteolytic enzyme-modi tied 
trO and Rut).-coated Ti

181

NH, can diffuse through a microporous membrane: on the inside is a solution of NH,C1 and 
a pH-glass electrode. The equilibrium reaction

NH, + H;0 ^  NH; + H*

with NH.,' activity held constant by the interna) solution, guarantees that a change in NH. 
partial pressure produces a proportional change in H ' .  which can he measured by the pH- 
glass electrode.

B. PUBLISHED RESULTS
Electrodes responsive to NH,. SO_,. H.S. CO,, NO,. HF. and other gases have been 

developed. Ammonia and carbon dioxide electrodes have found particular use as elements 
of enzyme electrodes.m

Even though it seems reasonable that gas membrane electrodes could be used to measure 
the activity of the various uncharged species listed above, this review did not turn up any 
instances where gas-selective membrane electrodes were used in activity coefficient or 
thermodynamic stability constant studies.

C. POTENTIAL TOOLS
The references listed in Table 17 indicate the range of systems studied, and may suggest 

ideas for possible thermodynamic studies using gas membrane electrodes.
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TABLE 17
Gas-Sensing Electrodes

Selective to System Log cone Ref.

Cl, Static and flow inj. -  5 to -  2 74
CO; Pyridoxal 5 '-phosphate -  9 188

Bovine serum albumin consumption 
by biocatalytic membrane 

Microbial assay of gentamycin,

11

466
streptomycin, neomycin 

Organic acid -3 ,3  to -2 .1 291
Carbonate in seawater 337
Interfer SO,, NO,, H,S - 4  to - 2 331
Dynamics 281

NH, PVC  membrane, amines -  5 to -  2 156
Teflon membranes 9
Bilayer lipid membrane 491
Salt media 
Dynamics High

523
11

Microsensor -  3 to -  1 261
Fiber-optic probe — 0.6 to + 0.2 10
Creatinine det'n 528
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I. IN T R O D U C T IO N

Experimental values are required of the Gibbs energy as a function of temperature and 
pressure for the complete thermodynamic characterization of an electrolyte solution and of 
any solid or vapor phase that is in thermodynamic equilibrium with it. This characterization 
can be accomplished either by measuring the Gibbs energy as a function of composition, 
temperature, and pressure, or by measuring the Gibbs energy as a function of composition 
at one or more temperatures under essentially isobaric conditions. These isothermal Gibbs 
energy values are then supplemented with measurements of enthalpies of dilution, heat 
capacities, molar volumes, etc. When this is done, thermodynamic consistency among the 
various properties can then be examined, and uncertainties assigned to the various quantities.

For some thermodynamic properties, experimental measurements yield thermodynamic 
information for the total solution (e.g., for molar volumes, heat capacities, thermal expan
sion, compressibilities, combustion enthalpies, etc.). Differentiation of these results must 
then be performed in order to obtain results for the individual components of the solution. 
Gibbs energy measurements for vapor phases generally yield a quantity related to the total 
Gibbs energy of the gaseous components, the total vapor pressure, but Gibbs energies of 
individual components in a mixture can be measured in some cases as when a membrane 
is available that is selective to one of these gases (e.g., palladium at higher temperatures is 
selective for hydrogen). However, in general for condensed phases, Gibbs energy mea
surements yield a quantity that is directly related to the partial molar Gibbs energy of one 
of the components in a solution. The Gibbs-Duhem equation can then be used to derive 
Gibbs energies for the other components of that solution.

Activity coefficients of solute components can be determined in many cases by direct 
measurement of the e.m.f. of an appropriate reversible redox couple, by the variation of 
the solubility of one component with changes in molality of the other components of that 
solution, and, in some cases, by liquid-liquid extraction.

The most precise of these techniques involves measurements of the e.m.f. for an elec
trochemical cell, but satisfactory reversible electrodes are not always available as for the 
ammonium, acetate, and alkali metal ions (alkali metal amalgam electrodes are difficult to 
work with and not especially reproducible). Electrode solubility can sometimes be a problem. 
Measurements with the e.m.f. method can be done in cells in which one electrode is reversible 
to an anion and the other is reversible to a cation, and this yields the activity of a solute 
directly. Two such cells can be combined to produce a concentration cell without transference, 
and this yields solute activities that are relative to some fixed experimental molality. Only
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a single type of reversible electrode is required for concentration cells with transport, but 
to analyze such data requires accurate transference numbers and they are frequently not 
available.

In recent years ion-reversible electrodes have become available for some of these ions 
and for many ions for which no redox electrodes were previously available. However, these 
ion-reversible electrodes are usually not responsive to just one single type of ion, and 
corrections must be made for certain other ions if they are present in the solution by means 
of selectivity coefficients. In addition, ion-reversible electrodes must be calibrated with a 
standard electrolyte whose ionic activities are “ known” , and this involves partitioning the 
activities of that total solute into ionic contribution by some nonrigorous procedure, which 
yields increasing uncertainties as the molality increases. In addition, this method cannot be 
used for nonelectrolytes.

Solubility measurements for the saturating component in a solution can be used to derive 
reliable values of activity coefficients for that component, but this is limited to composition 
regions involving saturated solutions. These measurements are most readily used for sparingly 
soluble components in solution, although they have also been made for highly soluble solutes.

Liquid-liquid extraction measurements are more limited in application because they 
require use of an appropriate pair of immiscible solvents with a clearly identified extractable 
chemical species, and are generally less precise. There are unfortunately cases where the 
postulated species undergoing extraction turned out to be incorrect, which led to misinter
pretation of the extraction results.

The concentration dependence of diffusion coefficients can be used to derive values for 
the concentration derivative of the logarithm of the mean molar activity coefficient. However, 
this method is restricted to 1-1 electrolytes below about 0.01 mol ■ dm \  and it is not 
applicable to higher-valence electrolytes, due to uncertainty in the theoretical treatment of 
the electrophoretic effect for electrolyte solutions. In addition, the required precise diffusion 
coefficients are available only for very few (usually aqueous) systems and then usually only 
at 298.15 K.

The alternative to characterizing the activity coefficient of a solute or solutes is to measure 
the activity of the solvent. This can be done by a variety of techniques including measurement 
of its freezing temperature depression or boiling temperature elevation, by direct vapor 
pressure measurements, by vapor pressure osmometry, or by isopiestic measurements.

Freezing temperature depression measurements can be done very precisely, but only for 
temperatures at which a solution is in thermodynamic equilibrium with the pure solid solvent 
at a particular solute molality. These measurements yield the activity of the solvent as a 
function of composition but each value is at a different temperature. Consequently, such 
measurements have to be converted to a common temperature before the Gibbs-Duhem 
equation can be applied to derive activity coefficients for the solute(s), and this requires 
enthalpy and heat capacity data. Boiling temperature elevations can also be used to determine 
solvent activities and, in principle, this method is more flexible than freezing temperature 
measurements because the confining pressure on the solution can be varied to yield activities 
over a wider temperature range. However, the molal elevation of the boiling temperature is 
generally less than the molal depression of the freezing temperature (about a factor of 3.6 
less for aqueous solutions), which requires that the boiling temperatures be measured even 
more accurately and precisely than the freezing temperatures. Inasmuch as precise boiling 
temperature experiments are more difficult to perform, this type of measurement is rarely- 
utilized.

The most general methods of determining solvent activities involve the measurement of 
the vapor pressure of volatile components of a solution, and are simplest to interpret if only 
one component of the solution (“ the solvent” ) is volatile. In that case the observed vapor 
pressure of the solvent can be directly used to calculate the solvent activity.
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Direct measurement of the vapor pressure of the solvent in a solution can be done by 
either static or dynamic methods, and both are capable of high accuracy. However, accurate 
vapor pressure measurements by the static method require an essentially complete removal 
of dissolved air from the solution and vapor phase (this is usually done by freezing the 
solution, evacuating the vapor phase under high vacuum, thawing the solution and allowing 
it to outgas, refreezing the solution, reevacuating the vapor phase, etc., until complete 
removal of air has been effected). Also required is a very precise control of the temperature 
of the system because of the rapid variation of the vapor pressure of the solvent with 
temperature. Vapor pressure measurements by the dynamic method do not require this 
degassing, but they do require very careful temperature control, well-controlled gas flow 
rates that produce solvent-vapor saturated carrier gas, and a careful measurement of the mass 
of solvent transported by the flowing gas. The amount of solvent swept out by the flowing 
carrier gas divided by the volume of flowing gas is a measure of the vapor pressure of the 
solvent. Because the relative lowering of the vapor pressure of the solvent becomes less as 
the molality of solute decreases, direct vapor pressures for molalities below about 1 mol • 
kg 1 generally yield solvent activities much less precise than most other techniques.

Solvent activities are also sometimes measured by vapor pressure osmometry, a technique 
originally developed for estimation of molecular masses and for which it is well suited. The 
commercial thermistor-type vapor pressure osmometers yield solvent activities rapidly, but 
they generally yield much less precise results than other vapor-pressure methods. In a vapor 
pressure osmometry experiment a drop of solvent is placed on one thermistor and a drop of 
solution on a second. These two thermistors are then suspended in a chamber with a solvent- 
saturated vapor phase, and this chamber is placed in a thermostat. Solvent evaporates from 
the pure solvent drop and is absorbed by the solution drop; this causes the solution drop to 
warm and the solvent drop to cool. These temperature differences are measured and then 
related to vapor pressures. However, the steady-state temperature difference may not be the 
equilibrium temperature difference because of heat conduction between the solution drop 
and the thermistor, and the molality of the solution is not accurately known. Consequently, 
the resulting calculated solvent activity will not be accurately known. In fact, at low molalities 
it may be more accurate in some cases to estimate the solvent activity from Raoult's law 
than by use of vapor pressure osmometry.

An experimental method that has been used for the determination of solvent activities 
for hundreds of binary and ternary electrolyte solutions (and some higher-order systems) is 
the isopiestic method. In brief, this method consists of placing samples of different solutions 
into separate open containers, keeping them isothermally at an essentially identical temper
ature by putting them in good thermal contact (usually, by placing the containers in recesses 
in a large copper block), and then allowing the samples to exchange solvent in a sealed 
chamber through a common vapor phase until thermodynamic equilibrium is reached. When 
these samples are at thermodynamic equilibrium, they will have identical solvent activities 
and thus equal vapor pressures. One or more of these solutions are used as isopiestic reference 
standards, and those are chosen to be systems whose solvent activities are accurately known 
as a function of molality at that temperature. Then, if the molality of each solution is 
determined after isopiestic equilibration has occurred, and if the solvent activity of the 
standard is calculated from its experimental molality, the solvent activity of each of the 
other solutions will also be known. By doing a series of such measurements as a function 
of molality, solvent activities of each of these solutions can be determined over a wide 
composition range.

Isopiestic measurements have many advantages over other methods of measurement and 
have been widely used, especially for aqueous electrolyte solutions. However, there is 
nothing inherent in the method that limits it to aqueous solutions or to electrolyte solutions. 
For example, it is as easy to use it for a solution of an electrolyte as for a solution of a
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sugar, for a mixture of electrolytes, for a mixture of sugars, or for mixtures of electrolytes 
and sugars.

There is also no fundamental reason that limits this method to a single volatile component. 
However, if more than one volatile component is transported through the vapor phase, then 
each solution must be chemically analyzed after each isopiestic equilibration. This is in 
contrast to the ease and simplicity of the method when only one volatile component is 
present; in that case molalities are determined by weighing of the samples, and these samples 
can be reused by adding or removing solvent to change the molalities. In this regard we 
note that solvent mixtures can be easily studied if all but one of the solvents are relatively 
nonvolatile, e g., dibutylphthalate or glycerol. The nonvolatile solvents are then formally 
treated as solutes. In all subsequent discussions of the isopiestic method we will assume 
that only a single volatile component is present in any system, and that component is referred 
to as the solvent.

Isopiestic experiments require several days or longer to reach equilibrium (see below), 
in contrast to methods such as e.m.f. where temperature equilibrations of an hour are 
generally more than sufficient. However, by using an isopiestic chamber with a number of 
sample containers, the water activity of a number of different electrolytes or mixtures can 
be determined simultaneously. An isopiestic experiment is also much less sensitive to tem
perature variation than a direct pressure measurement. The vapor pressure of a solution 
changes rapidly with temperature due to the large enthalpy of vaporization of the solvent 
from that solution. In contrast, the isopiestic experiments yield solvent activities whose 
temperature dependences are proportional to the relative partial molar enthalpies Ls of the 
solvent in the solution; this Ls is related to the difference between the enthalpies of vapor
ization of the solvent in the solution and the pure solvent, and this difference is considerably 
smaller than the vaporization enthalpies themselves. In addition, isopiestic equilibrations are 
considerably less sensitive to incomplete degassing than static vapor pressure measurements, 
and can even be done in an air-filled chamber with vapor stirring.

Although the isopiestic method does have wide applicability and great flexibility, it does 
have a few limitations. The precision of the determination of isopiestic molalities begins to 
decrease for molalities below several tenths, and the method is generally unsatisfactory 
below 0.1 mol • kg '. Inasmuch as solvent activities need to be integrated from infinite 
dilution to the molality of interest for the calculation of the activity coefficients of solutes, 
the isopiestic experiments need to be supplemented by some other technique at low molalities 
such as e.m.f. measurements. This is especially important for higher-valence electrolytes 
and associated electrolytes, which have large deviations from the Debye-Hiickel equation. 
In addition, e.m.f. measurements offer a distinct advantage if another component of the 
solution can become volatile at high molalities (e.g., HC1, HBr, HI, acetic acid, < '< > . etc.). 
The e.m.f. method is described in detail in the preceding chapter by Professors Butler and 
Roy.

As we have just noted, isopiestic. measurements are simpler to perform and generally
more accurate than direct vapor pressure measurements. However, the isopiestic method 
does not completely eliminate the need for direct pressure measurements since reference 
standards are required, and these reference standards still must be characterized by “ ab
solute” methods such as e.m.f. and direct vapor pressure measurements. However, the 
isopiestic method does simplify the situation since the more difficult direct pressure mea
surements need only be performed on a few selected systems, and the simpler isopiestic 
method can be used for the majority of systems of interest. Accurate reference standards 
are available for aqueous solutions, but they are generally less reliable or unavailable for 
most nonaqueous solutions.

The history and basic features of the isopiestic method were discussed by one of the 
authors in the first edition of this book,1 and the application of the isopiestic method to



2 1 4 Activity< Coefficients in Electrolyte Solutions, 2nd Edition

solubility determinations was reviewed by the other author at the first I.U.P.A.C. sponsored 
solubility symposium. In the present review this material has been combined, numerous 
additional historical and experimental details have been added, and more recent advances 
in the experimental methods are described.

I I .  G IB B S  E N E R G Y , O S M O T IC  C O E F F IC IE N T S , A C T IV IT IE S , 
F U G A C IT IE S , A N D V A P O R  P R E S S U R E S

Consider a liquid solution with a single solvent and an arbitrary number of solutes. The 
total Gibbs energy of this system is given by

G = nsp s + n,p, + n2p , + . . . (1)

where n, is the number of moles of solvent and n, is the number of moles of solute i. Each 
partial molar Gibbs energy jjlj (chemical potential) can be expressed in terms of a reference- 
state or standard-state value and a thermodynamic activity term

Pi = p° + RT In a, (2)

where j denotes both solvents and solutes.
In the case of a solvent, the standard state is chosen to be the pure liquid solvent, and 

activities are defined on the basis of Raoult’s law:

as = V/.., (3)

where xs is the mole fraction of solvent in the solution and f x s is the activity coefficient on 
that concentration scale. For a solution containing one or more dissociating electrolytes, the 
mole fraction of the solvent is defined as

xs
ns

ns + X vini
(4)

where p  is the number of ions formed by the complete dissociation of one formula unit of 
that electrolyte (v, = 1 for nonelectrolytes). The molal concentration scale is most commonly 
used for electrolyte solutions. In this case Equation 4 becomes

xs =
ms

ms + 2 j v im i
(5)

where the molality is in units of moles per kilogram of solvent. The molality of the solvent 
in a solution is constant and independent of composition. For water,

1000 g - kg  1
18.0153 g • mol

55.5084 mol • kg ( 6)

We note that m, is sometimes denoted by 11
Activity coefficients were originally defined to describe the variation of the Gibbs energy 

of each component in a solution, because the activity value itself is not a sensitive-enough 
measure of nonideal behavior at low molalities. However, the activity coefficient of the
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solvent/. s as defined by Equation 3 is also not a very sensitive measure of deviations from 
ideality at low solute molalities. Osmotic coefficients have been defined to exaggerate these 
deviations for the solvent from ideal behavior. One kind of osmotic coefficient is <t>x, which 
is defined by3

In as = <f>x lnxs (7)

and a second kind by

4> = ms ) In as mdM-! ~ (A) 
R T ^ m ,

They are then related by

<f> =
lll,<l>.

In xs

( 8)

(9)

Both <J> and d>, are dimensionless quantities. We note that <f>x is also sometimes denoted by
g-

The quantity (l> is almost universally used and will be the osmotic coefficient discussed 
in the remainder of this chapter. However, the function <f>x does have an advantage for 
systems in which the solute is completely soluble in the solvent (e.g., the H2S 04-H20  
system).

The osmotic coefficient <J> is usually referred to as the “ practical” osmotic coefficient 
and # x as the “ rational” osmotic coefficient. This is based on the consideration that the 
mole fraction concentration scale is more “ rational”  than the molality scale owing to the 
early definition of ideal solutions on the basis of mole fraction statistics. However, electrolyte 
solutions show large deviations from such ideal behavior even at low mole fractions of 
solute, so there is no reason to consider mole fractions to be more “ rational” . Thus we 
prefer the more descriptive terms molal osmotic coefficient for (P and mole fraction osmotic 
coefficient for 4>x.

An ideal solution can be defined for any particular concentration scale (molality, mo
larity, mole fraction, etc.) so that all activity coefficients are unity for all components on 
that scale. Since the activity of the solvent is almost always defined on the basis of Equation 
3, for an ideal solution defined by mole fraction mixing statistics this amounts to setting/, s 
= 1 for all compositions. Then, Equation 8 becomes

4>id =  — ^msy ^ 2 vimi^ln xs (10)

Thus <t> for an ideal solution is not constant but varies with composition (however, <f>x 
= 1 for an ideal solution). This equation can be used to derive the limiting value for at 
infinite dilution of the solutes, since/x s —* 1 as x, —» 1. First we rearrange Equation 5 into 
the form

x„ ( 11)

and then expand In x, in a series
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In x, = — In̂  J + (2>'irn.)

= - j n r ~ ’l  / m: + • ■ j (12)

As we approach infinite dilution only the first term in this expansion need he retained, 
and Equation 10 then becomes

lim tp = -  ( m' y / 2 _  pim.// m-) -  • (13)

Like the activity coefficients of the solutes. <t> has a limiting value of unity for all electrolyte 
valence types.

Equation 13 was derived based on the use of stoichiometric molalities, and it is strictly 
true only if the solute does not react chemically with the solvent. If such a reaction does 
occur, for example by hydrolysis, then the mole fraction statistics in Equation 10 should be 
applied with the actual spcciation and not with the stoichiometric molalities, and then the 
limiting values of d> are then still one. However, the values of <1> at infinite dilution will be 
greater than unity if calculated from the stoichiometric molalities. See Section IX for more 
details.

If an ideal solution is defined instead on the basis of molality statistics for the solutes,
i.c., all mean molal activity coefficients equal to I. then becomes equal to I.

The activity of the solvent in a solution is also given by its relative fugacity

a, = f,/C '14)

where is (he fugacity of the pure solvent at the same temperature as (he solution, and 
both solution and solvent are at a reference-state pressure equal to the vapor pressure of the 
pure solvent. The fugacity or a volatile solvent can be computed from its vapor pressure 
alter correction for the nonideal behavior of that phase. The fundamental equation relating 
the fugacity to pressure4 is

(15)

where V, is the molar volume of the solvent if a pure solvent is being considered: for a 
solution V, will be its partial molar volume.

We have just commented that the fugacity of a gas is related to its vapor pressure, li is 
convenient to consider the ratio (f.,;P ) to emphasize the differences.

RT d In <r; p;» -  RT d In f  -  RT d In P'

Kt ( ^ L E )’ an I .

RT
P

dp i Ifn

t  R T .
( V- -

where V n, is the gas phase molar volume o! the solvent, flits can he rearranged and integrated 
to yield
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As P| —» 0, f' —» P' so the integral on the left-hand side vanishes at P' = 0. Thus

,n ,f' p j  -  r  ( w  -  s ) dp: 1,81

The integration variable is P'. so an analytical representation of V>(lll as a function of 
P' is required. A convenient and accurate expression for VM„, is the virial equation

Vllt, 1 B,(T) B ,(T)P B ,T P ’
—^  =  -  -t---------- :—  + ——— + —----  +
RT P RT RT RT

(19)

where the virial coefficients B,(T) are defined to be functions of temperature but not of 
pressure. Then, Equation 18 becomes

In (f./Pj = ~  f |B,(T) + B,(T)P; + BJT)P;- + . . |dP;
K  I Jo

= ^  BdT> BdT,
RT * 2RT ' 3RT '

(20)

If more than one gas is present in the vapor phase, P, would be the partial pressure due to 
the solvent. An equation similar to this also holds for the pure solvent.

m < r j r j iW  + f g 1 « •  - (21)

We now compute the relative fugacity of the solvent 

Intf./O = ln(T,/P,) -  IntC'P?) + ln(PyP^)

= IntP./P!) + ^ B.tTiiP, _ p̂, + JLpjpj - + . . ,j
(22)

Under the pressure conditions generally encountered for isopiestic experiments, contri
butions of the third and higher virial coefficients can generally be neglected. In this case 
Equation 22 becomes

In if./O  ~ IntP.'P?) +■ B,(T)(P, -  P?| RT (23)

For many common solvents such as water, the data do mil yield values of B4(Tl or higher 
order coefficients, and even values of B,<T) are highly uncertain.

We note that there is an alternative virial expansion to Equation 19 in which PV„„ is 
represented hy a series in the inverse of V The first virial coefficient is RT in both eases, 
and (he second virial coefficients for the expansions in terms of volume or pressure just 
differ by a factor of RT. The relationships between the third and higher-order virial coef
ficients in these two treatments are more complex. We restricted our discussion to the 
expansion in terms of pressure. Equation 19. because it is more useful for fugacity calcu
lations. However, the third virial coefficients for solvent vapor arc sometimes better char
acterized for (he volume form of the virial expansion than for the pressure form.
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As the temperature and molality of the solution change, the confining pressure on the 
solution also changes. This pressure will also be affected by the presence or absence of air. 
Equation 15 can be used directly in this case:

d In (f '/fH  = d In f; -  d In f |'

V„ v :u )

RT
dP'

(24)

where Vs(1) is the partial molar volume of the solvent in the solution and V° „ is the molar 
volume of the pure solvent.

Performing the integration yields

f '  Vs(1)dP' -  f ‘ V:(1)dP' ■
J  p ,  J p 2

vV s(l)

RT
V__ii>/po
RT ' Pa) (25)

= v:„, (p, -  p ,)/r t

assuming that the liquid solution can be treated as incompressible under conditions normally 
used for isopiestic measurements. Here P, is the confining (total) pressure on the solution 
and P, is the confining pressure on the solvent. The last approximation, Vs(l) ~  V° can 
be made because they are generally within 1 cm' • mol 1 and rarely differ by as much as 
2 cm' • mol '.

By combining the relationship between <f> and as, Equation 8, with Equations 23 and 
25, we obtain the equation for the osmotic coefficient as a function of pressure

<t>
RT

RT lrn ( P P ) + B i T i (  If -  P ) + V°„(P2 P,)} (26)

If only the solvent is present in the vapor phase, then replace P, with P,, P, with P° and
v:„, with v M11.

The isopiestic method has been most widely applied to aqueous solutions. Consequently, 
values of B,(T) will be analyzed for water. Le Fevre et al.5 have given an equation for 
B,(T) for water vapor based on experimental data over the wide temperature range of 2 9 3  
to 1 1 0 0  or 1 2 0 0  K. Their equation was given in units of nT ■ kg which we have converted 
into the more common units of cm’ • mol In terms of these units their equation is

B ,(T)
13193

:i + io T.i
16.9704

1500/
(27)

Values of B,(T) were calculated at 5 K intervals by us from 273.15 to 373.15 K (0 to 
l()0°C) and are given in Table 1. Also given are values of V° „ at these same temperatures 
as reported by Kell6 for pressures corresponding to that of the vapor pressure of pure solvent, 
and the vapor pressure of water at these temperatures from Wexler and Greenspan. For 
comparison, the volume of I mol of ideal gas is given at the vapor pressure of water.



TABLE 1
Vapor Pressure, Molar Volume, and Virial Coefficients of 

Water at Various Temperatures (IPTS-68)

2 1 9

T P " V" 6 Bj(T)c V“ d'  18)
PC) (Pa) (cm3 • m ol-1) (cm3 • m ol- 1) (cm3 • m ol-1)

0 610,75 18.019 -  1,761 3,718,557
5 872.04 18.017 -  1,609 2,652.036

10 1,227.57 18.022 -  1,475 1,917,816
15 1,705,03 18.032 -  1,357 1,405,152
20 2,338.34 18.049 -  1,252 1,042,363
25 3,168.62 18.069 -  1,157 782,350
30 4,245,15 18.095 -  1,073 593,747
35 5,626.45 18.124 -998 455,370
40 7,381.29 18.157 -930 352,742
45 9,589.84 18.194 -868 275,840
50 12,344.73 18.234 -812 217,650
55 15,752.16 18.277 -761 173.208
60 19.932.93 18.324 -715 138.965
65 25,023.54 18.373 -673 112.356
70 31,177.15 18,425 -635 91,513
75 38,564.54 18.481 -  599 75,061
80 47,374.98 18,539 -  567 61,979
85 57,817.10 18.599 -537 51,505
90 70,119.59 18.663 -509 43,061
95 84,531.93 18.729 -484 36,211

100 101,324,97 18.798 -460 30,620

“ S a tu ra t io n  v a p o r  p re s s u re  o f  w a te r  fro m  W e x le r  a n d  G r e e n s p a n . ’ 
b F r o m  K e l l , 6 m o la r  v o lu m e  o f  liq u id  w a te r  at the  a c tu a l v a p o r  p re s s u re  o f  w a te r  

at that te m p e ra tu re .
1 C a lc u la t e d  fro m  the e q u a t io n  g iv e n  b y  L e  F e v r e  e t a l . s 
J M o la r  v o lu m e  o f  an  id e a l g a s  at the  v a p o r  p re s s u re  o f  w a te r .

I t  i s  o b v i o u s  t h a t  V “ ,  > >  —  B 2 ( T )  > >  V ° „ -  H o w e v e r ,  a s  T  i n c r e a s e s  V ^ ,  d r o p s  r a p i d l y ,  
—  B 2 ( T )  a l s o  d r o p s  b u t  m u c h  l e s s  r a p i d l y ,  a n d  V H(1) i n c r e a s e s  s l o w l y .  F o r  e x a m p l e ,  b e t w e e n

2 7 3 . 1 5  a n d  3 7 3 . 1 5  K ,  V { ^  d r o p s  1 2 1 - f o l d ,  —  B , ( T )  d e c r e a s e s  b y  a  f a c t o r  o f  3 . 8 ,  a n d  V ° „  
i n c r e a s e s  b y  4 % .  V a l u e s  o f  B 2 ( T )  w e r e  t a b u l a t e d  b y  L e  F e v r e  e t  a l . 5  a t  2 5  K  i n t e r v a l s  u p  
t o  1 5 2 3 . 1 5  K .  V a l u e s  o f  B , ( T )  b e c o m e  s m a l l e r  t o  -  1 1 6  c m 1 • m o l  1 a t  5 7 3 . 1 5  K ,  t o  — 5 0  
c m 3  -  m o l 1 a t  7 7 3 . 1 5  K .  a n d  t o  - 2 4  c m 3  •  m o l  1 a t  9 7 3 . 1 5  K .  H o w e v e r ,  V ° „  s l o w l y  
i n c r e a s e s  w i t h  t e m p e r a t u r e  u n t i l  c l o s e  t o  t h e  c r i t i c a l  t e m p e r a t u r e .

V o l u m e s  a n d  B  i l  l a r e  g i v e n  i n  u n i t s  o f  c m 3  • m o l  1 i n  T a b l e  1 ,  a n d  P °  i s  i n  P a .  N o t i n g  
t h a t  1 J  =  1 P a  • n V  =  1 x  1 0 6  P a  • c m 3 ,  t h e  v a l u e  o f  R  i n  c o n s i s t e n t  u n i t s  i s  8 . 3 1 4 5 1  x 
I Q 6  P a  ■ c m '  ■ m o l  1 • K  C o n s i d e r  a  s o l u t i o n  w i t h  a, =  0 . 9 ,  t h e n  I n  a ,  =  - 0 . 1 0 5 4 .  A t

2 9 8 . 1 5  K, ( B 2 ( T ) / R T )  ( P s  -  P D  =  0 . 0 0 0 1 5 ,  a t  3 7 3 . 1 5  K  i t  i s  0 . 0 0 1 5 0 ,  b u t  a t  2 7 3 . 1 5  K  
i t  i s  o n l y  0 . 0 0 0 0 5 .  C l e a r l y  t h e  B , ( T )  t e r m  m a k e s  a n  a l l  b u t  n e g l i g i b l e  c o n t r i b u t i o n  t o  4 *  a t  
l o w  t e m p e r a t u r e s ,  b u t  i t  m a k e s  a  c o n t r i b u t i o n  c o m p a r a b l e  t o  t h e  p r e c i s i o n  o f  h i g h - q u a l i t y  
v a p o r  p r e s s u r e  m e a s u r e m e n t s  b y  r o o m  t e m p e r a t u r e ,  a n d  i t  m a k e s  a  s i g n i f i c a n t  c o n t r i b u t i o n  
t o  < I >  a t  h i g h e r  t e m p e r a t u r e s .  T h e  c o r r e s p o n d i n g  t e r m  f o r  c o m p r e s s i o n  o f  t h e  l i q u i d ,  ( V °  „ /  
R T )  ( P °  -  P i. i s  5  x  1 0  7 a t  2 7 3 . 1 5  K, 2  x  1 0  6 a t  2 9 8 . 1 5  K, a n d  6  x  1 0  5 a t  3 7 3 . 1 5  
K .

W e  n o t e  t h a t  n o n i d e a l  v a p o r  c o r r e c t i o n s  i n v o l v i n g  B 2 ( T )  a r e  u s u a l l y  i g n o r e d  w h e n  v a p o r  
p r e s s u r e s  a r e  a n a l y z e d  t o  y i e l d  4 >  o r  a ,  a t  2 9 8 . 1 5  K ,  b u t  t h i s  t e r m  s h o u l d  n o t  b e  n e g l e c t e d  
w h e n  d a t a  a r e  o f  h i g h  q u a l i t y .  T h i s  i s  e s p e c i a l l y  t r u e  i f  t h e  d a t a  a r e  b e i n g  u s e d  t o  d e r i v e  <f > 
v a l u e s  f o r  t h e  i s o p i e s t i c  r e f e r e n c e  s t a n d a r d s ,  s i n c e  r e s u l t s  o f  t h e  h i g h e s t  q u a l i t y  a r e  r e q u i r e d  
i n  t h a t  c a s e .



2 2 0  Activity Coefficients in Electrolyte Solutions, 2nd Edition

The osmotic pressure of a solution II can be related to d> by3

(28)

for an incompressible solvent. It is because of this direct relationship to osmotic pressure 
that <l> is called an osmotic coefficient.

The isopiestic method is a relative method for measuring solvent activities, which 
involves equilibrating two or more different solutions through a common vapor phase until 
the activities of the solvent become equal in all of the solutions. This requires that reference 
standards be used whose solvent activities have been determined by one or more direct 
techniques. This, in turn, requires that thermodynamic data for these reference standard 
solutions be critically evaluated and combined with appropriate statistical weighting to yield 
values of as a function of composition.

The reference standards should be chosen so as to be systems with high quality activity 
data. These data can be from e.m.f. measurements; freezing temperature depression or boiling 
temperature elevation measurements combined with enthalpies of dilution and heat capacities; 
and direct vapor pressure measurements. They may also include isopiestic intercomparison 
to other well-characterized standards. Preferably, thermodynamic data from two or more 
independent studies and two or more different methods should be available, so that ther
modynamic consistency can be examined.

The earliest evaluations of isopiestic standards involved graphical analysis of experi
mental data to yield smoothed values of <t> at various constant temperatures, and results 
were given in tabular form at various molality values.3 Later evaluations involved least- 
squares equations for <I> as a function of molality, which are more convenient to use for 
interpolation to the experimental molalities of the reference standards. These equations were 
generally given as separate fits for a single temperature, and usually contain few enough 
terms that can be computed with a hand calculator. More recently, “ global” fits have 
been performed in which a variety of thermodynamic data are included at their temperature 
of measurement, and both temperature and molality (and, sometimes pressure) dependences 
of fl> are modeled simultaneously by use of a multiparameter equation. Although these more 
complex equations can be evaluated with a programmable hand calculator, this is more 
conveniently done with a personal or main frame computer for these more complex equations.

The condition of isopiestic equilibrium is

for each of the separate solutions involved in an equilibration. Isopiestic standards have 
always been chosen to be binary solutions, i.e., one solute in one solvent. Let a superscript 
asterisk denote the reference standard (a sub R is also sometimes used), and let the “ test” 
solution be an arbitrary mixture of electrolytes in the same solvent. The condition for 
isopiestic equilibrium can then be written as

I I I .  IS O P IE S T IC  R E F E R E N C E  ST A N D A R D S

a, = constant (29)

In as = In a' (30)

By using the definition of <t>. Equation 8, this result can be rewritten as

(31)
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from which we obtain the fundamental equation for isopiestic equilibrium

<5 =
v*m*<I>*
5>,m ,

(32)

Thus, given the molalities of the solutes in these two solutions at isopiestic equilibrium, 
the $  value of the test solution can be readily computed. The isopiestic molality ratio is 
sometimes denoted by R, but we will refrain from using that symbol in this review because 
of possible confusion with the gas constant. The quantity 1 ,  lym, is sometimes called the 
osmolality.

The overwhelming number of isopiestic experiments have been performed for aqueous 
solutions and are predominantly for electrolyte solutions. The following discussion will 
therefore emphasize the reference standards for aqueous solutions.

Isopiestic reference standards most commonly used for aqueous solutions are NaCl, 
KC1, H2S 04, and CaCl . Both NaCl and KC1 are obvious choices since they are inexpensive 
reagents, they are widely available in high purity, they are easy to work with, they require 
no special handling techniques, and their solutions are easily and accurately analyzed for 
molality. However, because of solubility limitations, they are only suited for high and 
moderate water activity measurements, and additional standards are required for lower water 
activities.

Sulfuric acid has been used as the primary isopiestic standard at high molalities (low 
water activities). Again, it is an obvious choice since it is completely miscible with water, 
and water activities can be achieved that span the entire range 0 <  as <  1. It is an inexpensive 
reagent available in high purity, and it is only slightly more difficult to analyze for molality 
than NaCl or KC1. However, many isopiestic experiments have been performed with sample 
containers made of silver or gold-plated silver, and H2S 04 is too corrosive for these materials. 
There is also a limitation for extremely high concentrations of H ,S04, especially at higher 
temperatures, where transport of SO, can occur through the vapor phase. Sulfuric acid 
molalities of 30 mol - kg 1 can easily be studied at 298.15 K without any such problems.

The most widely used standard at lower water activities has been aqueous CaCl2. Not 
only is it fairly soluble, but it forms fairly “ stable” supersaturated solutions and can be 
used as an isopiestic reference standard up to 10 or 11 mol - kg ' . I t  should be noted that 
even purportedly pure CaCl, frequently contains 0.1% of more SrCU. Fortunately, the 
presence of this amount of SrCT has little effect on as of CaCl2, but its presence can add 
uncertainty to the molar mass needed for calculating molalities.

Activities of aqueous CaCl, are based on a number of e.m.f. studies for low molalities, 
and freezing temperature depression measurements are available to moderate molalities.8 
Unfortunately, there are very few reliable direct vapor pressure measurements available for 
a q u e o u s  CaCl,, even at 298.15 K. Consequently, the solute activities of aqueous CaCl, have 
been l a r g e l y  d e t e r m i n e d  b y  isopiestic intercomparison to aqueous NaCl, KC1, and H , S 0 4 . 
Because of this, C a C l ,  should b e  v i e w e d  as a secondary rather than a  primary standard.

F o r  w a t e r  a c t i v i t y  m e a s u r e m e n t s  a t  m o d e r a t e  a n d  l o w  m o l a l i t i e s ,  CaCl, h a s  b e e n  much 
m o r e  w i d e l y  used t h a n  H 2 S 0 4 . O n e  r e a s o n  f o r  t h i s  p r e f e r e n c e  f o r  C a C l ,  h a s  a l r e a d y  b e e n  
g i v e n :  i t  i s  l e s s  c o r r o s i v e  t h a n  H , S ( ) 4 . T h e  s e c o n d  r e a s o n  f o r  t h i s  i s  h i s t o r i c a l  i n  n a t u r e .  I n  
t h e  precomputer a g e  m o s t  a n a l y s e s  o f  e x p e r i m e n t a l  a c t i v i t y  d a t a  f o r  e l e c t r o l y t e  s o l u t i o n s  
w e r e  p e r f o r m e d  w i t h  g r a p h i c a l  t e c h n i q u e s .  T h e  i s o p i e s t i c  m o l a l i t y  r a t i o  f o r  m o s t  h i g h e r -  
v a l e n c e  e l e c t r o l y t e s  r e l a t i v e  t o  a  C a C l ,  r e f e r e n c e  s t a n d a r d  v a r i e s  m u c h  l e s s  r a p i d l y  w i t h  t h e  
m o l a l i t i e s  t h a n  d o e s  t h e  a n a l o g o u s  r a t i o  f o r  a  H , S ( ) 4  r e f e r e n c e  s t a n d a r d .  A  s l o w e r  v a r y i n g  
isopiestic molality ratio a l l o w e d  g r a p h i c a l  s m o o t h i n g  o f  d a t a  t o  b e  m a d e  m o r e  e a s i l y  a n d  
a c c u r a t e l y .
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TABLE 2
Various Critically Assessed Osmotic Coefficients 

for Aqueous NaCI at 298.J5 K

m
imul ■ kg ') <t>* <te

0 05 0 9440 0 9436
0 1 0.9324 0 9328 0 9338 t) 9325
().: 0,9245 0.9237 0.9249 0.9239
0.3 0.9215 0.9207 0.9220 0.9212
0,4 0.9203 0.9203 0.9215 0.9211
0 5 0 9209 0,9212 0 9224 0.9222
0.6 0.9230 0.9231 0.9241 0.9243
0.7 0.9257 0.9256 0.9266 0.9269
0.8 0.9288 0.9285 0 9294 0.9300
0.9 0.9320 0.9319 0.9327 0.9335
10 0.9355 0.9356 0.9363 0.9.373
1.2 0.9428 0.9437 0.9443 0.9457
1.4 0.9513 0.9527 0.9531 0.9549
1.5 0 9575 0.9578 0.9598
1.6 0.9616 0.9624 0.9627 0.9649
1.8 0.9723 0,9728 0.9730 0.9754
2 0 0.9833 0.9837 0,9838 0.9866
2.5 1 0131 t 0129 1.0164
3.0 1 0453 1 0452 1 0447 1 0485
3 5 1 0795 1 0785 I 0824
4.0 1 1158 1 1156 1 1141 1.1177
4.5 1.15.30 1.1511 1.1542
5,0 1.1916 1.1915 1.1893 1.1916
5.5 1.2306 1 2286 1.2298
6.0 1.2706 1.2700 1.2687 1.2688

* Values from Rohinsun am! Stokes.' 
b Values from equation given by Hamer amt Wu "
1 Values from Gi Shard el a t,10 
‘ Values from Clarke and Glev, 11

A. ISOPIESTIC STANDARDS FOR AQUEOUS SOLUTIONS AT 298.15 K
The first comprehensive evaluations of all four isopiestic reference standards were tab

ulated by Robinson and Stokes.’ based on a critical analysis of direct vapor pressure, freezing 
temperature depression (in some cases), e.m.f,. and isopiestic data. These values or<f> were 
reported at 298.15 K only, although some values were also given for NaCI in the temperature 
range 333 to 373 K from analysis of boiling temperature elevation data. Several additional 
critical evaluations have since been reported for these reference standards, hut except for 
NaCI they are generally restricted to 298.15 K, We now describe and compare the major 
evaluations.

Values of of aqueous NaCI have been reported by Robinson and Stokes,' Hamer and 
Wu/'Gihhurd el al and Clarke and Glew." These results at 298 15 K are summarized 
in Table 2. Hamer and Wu" gave an isothermal equation for <I> at 298.15 K only. Gibbard 
et al,1,1 gave an equation they considered to be reliable to 473 K, and Clarke and Glow's 
equation is valid to about 427 K. Robinson and Stokes's values were given as a numerical 
tabulation only. Corrections for the nonideal behavior of water vapor we re neglected in the 
first two evaluations."' but this correction would only change their results by about 0, !9r 
at 298 15 K.

Values of from the first three of these evaluations’ " for NaCI agree to w ithin 0.0019 
up to 4 5 mol - kg and to within 0.0023 at higher molalities The results of Clarke and
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TABLE 3
Various Critically Assessed 

Osmotic Coefficients for Aqueous 
KC1 at 298.15 K

m
{mol k g 1) <t>“ <J>b

0.05 0.9404
0.1 0.9266 0,9266
0.2 0,9130 0.9132
0.3 0.9063 0.9065
0.4 0.9017 0.9025
0.5 0.8989 0.9001
0.6 0.8976 0.8986
0.7 0.8970 0.8979
0,8 0.8970 0.8976
0.9 0.8971 0.8977
1.0 0.8974 0.8981
1.2 0.8986 0.8997
1.4 0.9010 0,9020
1.5 0.9034
1.6 0.9042 0.9049
1.8 0.9081 0.9083
2.0 0.9124 0.9121
2.5 0.9231
3.0 0.9367 0.9359
3.5 0.9499
4.0 0.9647 0.9649

“ Values taken from Robinson and 
Stokes.'

b Values from equation given by Hamer 
and Wu.’

Clew" agree with the other three sets of values to within 0.0016 up to 0.9 mol • k g " 1, 
their values are approximately 0.003 higher than those from the other reviews from 1.0 to 
4.0 mol - kg ', but the agreement improves at higher molalities. These systematic differences 
in the latter study11 were due to inclusion of <J> data at other temperatures along with related 
calorimetric values.

These differences in <t> of NaCl are small enough, <0.1 to 0.3%, that any set could be 
used as an isopiestic reference standard without introducing any serious inconsistencies. The 
results of Clarke and Glew" are probably slightly more accurate because of their larger data 
base along with their careful attention to consistency between data sets. However, they did 
include some of the isopiestic data available then at 298.15 K for NaCl with H3SQ4 as 
reference standard. Inasmuch as <l> of H2S 04 is largely determined by isopiestic comparison 
to NaCl and KC1, and thus is not independent of NaCl, the inclusion of such data can be 
questioned. However, those values were given a relatively low weight in the least-squares 
fits and only had a slight effect on the derived results. The equation of Clarke and Glew" 
is also quite complex (35 parameters). Fortunately, they tabulated values of f t at numerous 
molalities and temperatures, so it should be possible to do reliable interpolations from these 
tabulated values.

Values of <P for aqueous KCI at 298.15 K have been critically assessed by Robinson 
and Stokes3 and Hamer and Wu,9 and their results are summarized in Table 3. These two 
sets of <f> values are in excellent agreement, with a maximum difference of 0.0012. Neither 
of these two sets was corrected for the nonideal behavior of water vapor, which introduces 
an uncertainty of the order of 0.1%.
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TABLE 4
Various Critically Assessed Osmotic Coefficients for Aqueous H ,S04 at 298.15 K

m m
(mol kg <J)» <!>’ (mol • k g ~ ‘) <|>“ <J>» <t»e

0.1 0.680 (0.675) 0.6605 9.5 1.841 1.8433 1.8390
0.2 0,668 0.6650 0.6481 10.0 1.884 1.8872 1.8817
0.3 0.668 0.6635 0.6547 10.5 1.9281 1.9218
0.4 0.6656 0.6651 11.0 1.964 1.9662 1.9593
0.5 0.676 0.6713 0.6760 11.5 2.0016 1.9945
0.6 0.6788 0.6864 12.0 2.030 2.0345 2.0272
0.7 0.689 0.6872 0,6965 12.5 2.0650 2.0576
0.8 0.6965 0,7062 13.0 2.088 2.0933 2.0857
0,9 0.7065 0.7158 13.5 2.1196 2.1115
1.0 0.721 0.7179 0.7255 14,0 2.140 2.1440 2.1351
1.2 0.7417 14.5 2.1667 2.1565
1.4 0.7659 15.0 2.187 2.1878 2.1758
1.5 0.780 0.7784 0.7776 15.5 2.2076 2.1930
1.6 0.7909 16.0 2.228 2.2260 2.2082
1.8 0.8169 16.5 2.2433 2.2216
2.0 0.846 0.8439 0.8400 17.0 2,262 2.2595 2.2334
2.5 0.916 0.9149 0.9118 17.5 2.2748 2.2435
3.0 0.991 0.9906 0.9897 18.0 2.292 2.2893 2.2523
3.5 1.071 1.0678 1.0707 18.5 2.3029 2.2599
4.0 1.150 1.1479 1.1520 19,0 2.318 2.3159 2.2665
4.5 1.226 1.2295 1.2319 19.5 2.3282 2.2723
5.0 1.303 1.3035 1.3090 20.0 2.341 2.3400 2.2775
5.5 1.376 1.3738 1.3827 21.0 2.361 2.3618 2.2866
6.0 1,445 1.4440 1.4525 22.0 2,381 2.3814 2.2951
6.5 1.512 1.5111 1.5185 23.0 2.401 2.3987 2.3030
7.0 1.576 1.5749 1.5805 24.0 2,407 2,4134 2.3096
7.5 1.636 1.6353 1.6389 25.0 2.4249 2.3121
8,0 1.691 1.6923 1.6936 26.0 2.426 2.4326 2.3057
8.5 1.744 1.7460 1,7451 27.0 2.4353 2.2827
9.0 1,793 1.7962 1.7935

“ Values of Robinson and Stokes.'
b Values of Rard et a l." corrected as recommended by Rard.14 The values at 4.5 and 5.0 mol - kg 1 were 

adjusted so as to make the lower molality and higher molality <t> merge smoothly. The value at 0.1 mol • 
kg 1 is fairly uncertain, by about 0.004. 

c Values of Staples."

Critically assessed values of <J> for aqueous H2S 0 4 were reported at 298.15 K by Robinson 
and Stokes,’ Rard et a l.,12 and Staples.13 The values of Robinson and Stokes’ were not 
corrected for the nonideal behavior of water vapor, and were given as a table of numerical 
values. Results from the other two evaluations12 ” were corrected for nonideal vapor behavior 
and were represented as a function of molality by least-squares equations valid to 28 mol • 
kg 1 or higher. Rard14 subsequently remeasured the NaCl-H,S04 isopiestic ratio, and tab
ulated numerical correction factors to be applied to the earlier recommended values of Rard 
et al.12 Table 4 is a listing of 4> from these various evaluations. Larger thermodynamic data 
bases were available for the later evaluations1214 than were available to Robinson and Stokes.3

Values of <f> given by Rard et al.1214 are in excellent agreement with those of Robinson 
and Stokes,’ with a maximum difference of 0.006 from 0.1 to 27 mol • k g " 1, but with 
agreement to 0.001 to 0.003 over most of this molality range. In contrast, the values of 
Staples13 are up to 0.02 lower than the other two evaluations at low molalities (3%); they 
are in reasonable agreement at intermediate molalities (0.01); but they are considerably lower
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by up to 0.152 (6%) by 27 mol • k g "1. These large differences were attributed by Staples 
to inclusion of freezing temperature depression and e.m.f. results in his evaluations.

There are three objections to the recommended 4* values of Staples”  for H2S 04. First, 
freezing temperature depression values for H2S 0 4 from each source are highly scattered and 
discrepant from other published sets. Of the ten sets of freezing temperature depressions 
analyzed by Staples, three of them were rejected entirely, and for three of the other sets 
most of the individual 4> values were given zero weight. For the remaining four sets, from 
18 to 38% of the points were rejected. This high rejection rate, together with the fact that 
the 4> values that were retained were scattered by several percent, indicates that these values 
were of low quality. Including them in least-squares fits, even at reduced weights, gives 
distortion to the final results. Calculation of 4> from freezing temperature depression values 
involves the assumption that the solid phase was always pure ice. It is quite possible that 
the solid phases in most or all of the freezing temperature depression studies were actually 
dilute H2S 04 solutions of variable composition, and this could have given rise to the dis
crepant results. Second, the recommended values of Staples for <t> of H ,S04 above 16 mol 
• kg ”  are based entirely on direct vapor pressure measurements and isopiestic data relative 
to NaOH, and the same is true for the other evaluations.112 However, the recommended 
smoothed values for H ,S04 reported by Staples11 are systematically lower than all of the 
input data used by him in that molality region. For example, the experimental 4> are about 
2.23 at 16 mol • k g ” , about 2.34 at 20 mol • kg ” , and about 2.43 at 27 mol • kg '” . In 
contrast, the recommended values of Staples at these molalities are 2.2082, 2.2775, and 
2.2827, respectively. Since the recommended <t> values of Staples do not even come close 
to any of the input data above 16 mol • kg \  his least-squares equation must be unreliable. 
Third, between about 4 and 15 mol • kg 1 for H2SQ4, most of the data used by Staples were 
isopiestic relative to CaCl2, but these same data were also used by him in the reverse direction 
to determine <f> of CaCl2. Since there are virtually no other data than this to fix CaCl, above 
3 mol • kg 1, this was equivalent to using H2S 0 4 as a standard to determine its own 4> 
values.

Because of these serious objections to the Staples evaluation of 4> of H2S 0 4, '3 we cannot 
recommend his values for use as an isopiestic reference standard. The best 4> values at this 
time for H2S 04 at 298.15 K are those of Rard et a l.12 as corrected by Rard.14 However, the 
difference between these values and those recommended by Robinson and Stokes3 are small 
enough that no serious inconsistency will result if they are used instead. Rard and Miller11 
stated that <f> for H2S 04 were too low by 0.2 to 0.4% between 4 and 6 mol • kg' 1 based 
on the critical evaluation of Rard et a l,,12 and the later revision14 included recommending 
higher 4> values in this molality region. Some additional accurate direct vapor pressure 
measurements between 4 and 6 mol • kg ”  would still be desirable. The uncertainty for 4> 
of II St), is generally about 0.2 to 0.3% for 0.1 to 28 mol • kg '.

Values of <t> for aqueous CaCl, at 298.15 K have been critically assessed by Robinson 
and Stokes,1 Rard et al.,s and Staples and Nuttall,16 and these values are compared in Table 
5. The first two of these studies are generally in reasonably good agreement, 0.005, except 
around 3 to 3.5 mol • kg 1 and above about 8 mol • kg 1 where differences are somewhat 
larger. Most of the input data for 4> of CaCl2 above 0.3 mol • kg 1 are isopiestic data relative 
to NaCl, KC1, and H2S04 reference standards. The larger differences for CaCT around 3 to 
3.5 mol • kg ”  are due to the changeover of isopiestic standards from NaCl to H,S()4. 
Osmotic coefficients of Staples and Nuttall1'’ are generally in agreement with the other two 
evaluations, but the deviation function shown in their Figure 4 indicates that their least- 
squares equation cycles slightly above the experimental data around 4.0 to 4.5 mol • kg ” , 
and below the data around 6 mol • kg ” , and their 4> differ from their input values by about 
0.005 in these narrow molality regions.

Subsequent to these evaluations, Rard and Miller15 measured additional isopiestic data
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TABLE 5
Various Critically Assessed Osmotic 
Coefficients for Aqueous CaCI2 at 

298.15 K

m
(mol • kg -1) <1>“ (J)b <J>‘

0.05 0.8617 0.8619
0.1 0.854 0.8525 0.8516
0.2 0.862 0.8594 0.8568
0.3 0.876 0.8752 0.8721
0.4 0.894 0.8943 0.8915
0.5 0.917 0.9154 0.9134
0.6 0.940 0.9381 0.9370
0.7 0.963 0.9622 0.9621
0.8 0.988 0.9878 0.9884
0.9 1.017 1.0146 1.0159
1.0 1.046 1.0426 1.0444
1.2 1.107 1.1021
1.4 1.171 1.1656
1.5 1.1987 1.2004
1.6 1.237 1.2327
1.8 1.305 1.3028
2.0 1.376 1.3756 1.3754
2.5 1.568 1.5670 1.5660
3.0 1.779 1.7678 1.7685
3.5 1.981 1.9738 1.9781
4.0 2.182 2.1807 2.1885
4.5 2.383 2.3830 2.3926
5.0 2.574 2.5739 2.5826
5.5 2.743 2.7457 2.7515
6.0 2.891 2.8907 2.8932
6.5 3.003 3.0032 3.0041
7.0 3.081 3.0815 3.0833
7.5 3.127 3.1299 3.1332
8.0 3.151 3.1576 3.1592
8.5 3.165 3.1739 3.169
9.0 3.171 3.1746 3.171

* Values of Robinson and Stokes.3 
b Values of Rard et al.8 
1 Values of Staples and Nuttall.'6

for aqueous CaCl2 relative to H2S 0 4 and NaCl. Including these new results in the critical 
evaluations8 16 would raise $  of CaCl2 by about 0.1%, not including changes in standards 
NaCl, KC1, and H2S 0 4 which would also affect CaCl,. Present values of $  for CaCl2 should 
be reliable to about 0.3% over most of the molality range, except around 3 to 4 mol • kg 1 
where the uncertainty is larger.

We note that experimental values of <t> extend to very high molalities for CaCl, and 
H,SQ4, and that both of these electrolytes exhibit a flat maximum followed initially by a 
slow decrease and then by a more rapid decrease in #  at higher molalities. Although the 
published least-squares equations81216 do follow this behavior, they generally turn down 
too sharply at higher molalities. Thus they should not be used for extrapolations to higher 
molalities.

B. ISOPIESTIC STANDARDS FOR AQUEOUS SOLUTIONS AT OTHER 
TEMPERATURES
Of the four electrolytes used as isopiestic reference standards for aqueous solutions at
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TABLE 6
Osmotic Coefficients for Aqueous NaCl at Various Temperatures*

m <t> <l> 4>
(mol • k g '1) 273,15 K 293.15 K 313.15 K 333.15 K 353,15 K 373.15 K

0.05 0.9441 0.9438 0.9425 0.9404 0.9378 0.9346
0.1 0.9318 0.9326 0.9315 0.9292 0.9261 0.9222
0.2 0,9206 0.9237 0.9234 0.9213 0.9178 0.9133
0.3 0.9153 0.9207 0.9215 0.9197 0.9162 0.9112
0.4 0.9125 0.9202 0.9220 0.9207 0.9172 0.9120
0.5 0.9113 0.9210 0.9239 0.9230 0,9196 0.9142
0.6 0.9110 0.9228 0.9266 0.9262 0,9228 0.9173
0.7 0.9115 0.9251 0.9299 0.9299 0.9266 0.9209
0.8 0.9125 0.9279 0.9336 0.9340 0.9309 0.9250
0.9 0.9141 0.9311 0.9377 0.9385 0.9354 0.9294
1.0 0.9161 0,9347 0.9421 0.9432 0.9402 0.9341
1.2 0.9212 0.9426 0.9514 0.9533 0.9504 0.9440
1.4 0.9276 0.9514 0.9616 0.9639 0.9611 0.9544
1.5 0.9312 0.9561 0.9668 0.9695 0.9667 0.9598
1.6 0.9351 0.9610 0.9723 0.9751 0.9723 0.9653
1.8 0.9436 0.9713 0,9835 0.9866 0.9838 0.9764
2.0 0.9530 0.9822 0.9951 0.9985 0.9955 0.9877
2.5 0.9798 1.0116 1.0257 1.0293 1.0256 1.0166
3.0 1.0105 1.0435 1.0580 1.0611 1.0564 1.0458
3.5 1.0443 1.0774 1.0915 1.0936 1.0874 1.0748
4.0 1.0808 1.1130 1.1259 1.1264 1.1182 1.1033
4.5 1.1193 1.1499 1.1610 1.1593 1.1486 1.1312
5.0 1.1598 1.1879 l . 1965 1.1921 1.1784 1.1580
5.5 1.2020 1.2270 1.2323 1.2244 1.2074 1.1838
6.0 1.2459 1.2669 1.2682 1.2562 1.2353 1.2083

* Values from Clarke and Glew.11

298.15 K, NaCl is the only one with a sufficiently wide array of reliable thermodynamic 
data such that it can be used as a standard from the freezing temperatures of the solutions 
up to about 600 K. Table 6 lists values of for NaCl from 273.15 to 373.15 K from Clarke 
and Glew.11 They appear to be comparable in accuracy to the values of <l> at 298.15 K.

The only reliable published isopiestic measurements much above 373 K are those from 
the high-temperature group at Oak Ridge National Laboratory.17 Inasmuch as they have used 
the evaluation of Silvester and Pitzer,s for NaCl as their reference standard in nearly all 
cases, it is probably best to continue to do so at this time in order to maintain thermodynamic 
consistency. However, more reliable evaluations of the thermodynamic properties of aqueous 
NaCl have since been reported by Pitzer and colleagues, and references to those evaluations 
can be found in Chapter 3 by Pitzer on the ion interaction approach.

Platford19 and Childs and Platford50 have performed isopiestic intercomparisons of the 
four main isopiestic reference standards at 273.15 and 288.15 K, using both aqueous H2SQ4 
and urea as reference standards. Their results are given in Table 7, and they have not been 
corrected for changes in values for H2S 0 4 at 298.15 K. Holmes and Mesmer17 gave an 
equation for the osmotic coefficients of aqueous KC1 that is valid to 523 K. These values 
can be used as provisional standards and are probably reliable to about 0.5%.

Unfortunately, there are no comprehensive critical reviews of the thermodynamic prop
erties of aqueous H2-S04 or CaCU over wide temperature and composition ranges that yield 
'I* values comparable in accuracy to those for NaCl. Thus no primary standards are now 
available that can be recommended without reservations for both low water activities and 
high temperatures. However, Giauque et a l.’1 have published comprehensive tables of the
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TABLE 7
Osmotic Coefficients for Aqueous KC1, CaCl,, and H2S 0 4 at 273.15 and

288.15 K“

KCI CaCl, ________ H2SQ4

m <i> 4> <b 4> 4>
(mol ■ k g 1) 273.15 K 288.15 v 273.15 K 288.15 K 273.15 K 288.15 K

0. 1 0.926 0.927 0.862 0.861 0.680 0.680
0.2 0.91 1 0.914 0.866 0.865 0.669 0.668
0.3 0.912 0.906 0.874 0.876 0.670 0.669
0.4 0.897 0.901 0.882 0.892 0.674 0.673
0.5 0.892 0.897 0.895 0.913 0.679 0.677
0.6 0.888 0.894 0.922 0.936 0.685 0.684
0.7 0.885 0.892 0.951 0.962 0.693 0.691
0.8 0.883 0.891 0,980 0.990 0.704 0.702
0.9 0.881 0.891 1 01 1 1.019 0.716 0.713
1.0 0.879 0.891 1.042 1.048 0.728 0.724
1.5 0.876 0.895 1.208 1.206 0.791 0.786
2.0 0.883 0.903 1.393 1,382 0.864 0.855
2,5 0.892 0.913 1.600 1.577 0.946 0.929
3.0 0.901 0.926 1.828 1.782 1.036 1.009
3.5 0.912 0.939 2.063 1.996 1.130 1.094
4.0 0.926 0.952 2.300 2.219 1.226 1.180
4.5 2.542 2.453 1.322 1.262
5.0 2.777 2.656 1.416 1.344
5.5 2.995 2.836 1.502 1.422
6.0 3.197 2.993 1.584 1.496
6,5 3.341 3.124 1.661 1.567
7.0 3.455 3.210 1.733 1.634
7.5 1.801 1.697
8.0 1.862 1.754
8.5 1.920 1.809
9.0 1.972 1.860
9.5 2.018

10.0 2.066

Values oi Platford"’ and Childs and Platford. ’" These are provisional values and have not been
adjusted 1ir changes in the standards it 298.15 K.

relative partial molar enthalpy of water, the partial molar heat capacity of water, and the 
temperature derivative of this heat capacity for aqueous H ,S04 solutions at 298.15 K over 
the entire composition range. These can be combined with our recommended <P at 298.15 
K, Table 4, to yield accurate values of <t> from about 273 to 323 K and, with a slight loss 
of accuracy, to 373 K.

We note that at very high molalities of aqueous H_,SOt, SO, becomes volatile and that 
this volatility increases with increasing temperature. Thus SO, can be transported into the 
other solutions during an isopiestic experiment which makes the measurements unreliable. 
However, H,SO, can be used as an isopiestic reference standard without problems up to 
about 30 mol - kg 1 at 298.15 K. and to about 20 mol • kg 1 at 373.15 K. This useful 
molality range decreases rapidly as the temperature is increased further.

Values of T> of aqueous CaCl, have been tabulated by Garvin et al. as a function of 
temperature in the CODATA prototype tables.” They accepted the Staples and Nuttall'" 
values of <t> at 298.15 K, and used thermal data to compute <t> at other temperatures. Their 
assigned uncertainties in <1> are quite large above 298.15 K, e.g.. 0.05 for 13) mol • kg 1 
and 0.12 at 5 mol - kg '. Thus the calorimetric data for aqueous CaCl, were obviously 
inadequate at that time (1987) to allow' CaCl, to be recommended by us for use as an
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isopiestic standard above room temperature. However, this situation will improve as more 
enthalpy of dilution and heat capacity measurements become available for that system.

As we have just noted, the osmotic coefficients of the four main isopiestic standards 
are fairly well characterized at 298.15 K, but only NaCl is also well characterized at 
significantly higher temperatures. It is clear that “ global” treatments of thermodynamic 
values for aqueous solutions, such as are available for aqueous NaCl,11-1*1 are also needed 
for KC1, H2S 04, and CaCl2 in order that their <t> values can be used with confidence as 
reference standards for isopiestic experiments at higher and lower temperatures. This will 
be more difficult to accomplish for aqueous H2S 04 because the sulfate-bisulfate equilibrium 
also needs to be included, as does the increased volatility of SO, at high molalities and 
temperatures.

It was in recognition of the enormous amount of labor required to produce an accurate 
global representation of thermodynamic data that motivated one of the present authors (J. 
A. R., while attending the first I.U.P.A.C.-sponsored solubility symposium) to write the 
following limerick:

Two fellows, Clarke and Glew, 
thought they knew what to do.
So they spent eight years,
with sodium chloride up to their ears,
and they used Pitzer’s equations, too!

Actually, a different word than “ ears” was used in the original, but the same rhyming 
scheme was present.

C. SELF-CONSISTENCY AMONG ISOPIESTIC REFERENCE STANDARDS BY 
USE OF THE ISOPIESTIC MOLALITY RATIOS
We noted in the previous section that isopiestic measurements are available for the 

intercomparison of the four major isopiestic reference standards at 273.15, 288.15, and
298.15 K. In principle, all four isopiestic reference standards could be independently eval
uated using directly measured (nonisopiestic) thermodynamic data only, and then adjusted 
to complete self-consistency by use of the experimental isopiestic ratios. Although some of 
the reference standards would be improved by this procedure, certain other ones would 
suffer a reduction in quality if this were done.

We consider the following to be reasonable criteria for deciding whether to use the 
isopiestic molality ratios to refine a particular pair of isopiestic reference standards. First, 
the isopiestic molality ratios should be accurately known and of good precision. Preferably, 
at least two independent determinations should be available. Second, the osmotic coefficients 
of each of these reference standards should be known to comparable accuracy if they are to 
be used in adjusting each other. Third, there should be a significant amount of “ absolute” 
thermodynamic data for each reference standard under consideration (i.e ., e .m .f,, direct 
vapor pressure, freezing temperature depression), and isopiestic data should not have been 
included in the preliminary evaluations unless these isopiestic data are relative to a different 
standard that is largely or entirely independent of the two standards undergoing adjustment.

Based on these considerations, the of NaCl and KC1 solutions can be made self- 
consistent, and this was done in some previous evaluations.9 " However, it would be ill 
advised to use <l> of H2S 04 or CaCl2 to adjust 4> of NaCl or KC1, because <t> of H2S 0 4 and 
CaCl2 have been largely determined by isopiestic comparison to NaCl and KC1 rather than 
by direct measurements. In addition, <J> of H ,S04 and CaCl2 could be made more or less 
self-consistent at 298.15 K for 1 • a • 0.75 since their isopiestic molality ratio is fairly 
well characterized, and <I> of both H2SQ4 and CaCI, have been determined to similar accuracy
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by isopiestic comparison to NaCl and KC1. This definitely should not be done for aqueous 
H2SQ4 and CaCl, at higher molalities. There are several sets of high quality direct vapor 
pressure measurements for aqueous H2S04, but few such data for CaCI.. Thus $  of CaCI. 
at high molalities are largely determined by isopiestic comparison to H2S04, and to reverse 
the procedure would seriously degrade the quality of the results for H2S04.

D. TERTIARY (“ WORKING” ) STANDARDS FOR AQUEOUS SOLUTIONS
In Section III.A we described the four main isopiestic reference standards for aqueous 

electrolyte solutions. Three of these, aqueous NaCl, KC1, and H2S04, had been characterized 
by direct measurements of their thermodynamic activities and were deemed to be primary 
reference standards. The other electrolyte, CaCl2, had its activities determined mainly by 
isopiestic comparison to the primary reference standards, and was termed a secondary 
reference standard. In principle, these four electrolytes are suited to be reference standards 
for virtually all isopiestic measurements involving aqueous electrolyte solutions. In practice, 
this is close to being true, with the majority of isopiestic measurements having been made 
relative to those four reference standards.

In a few studies, other electrolytes or even nonelectrolytes have been used as “ working” 
standards. We have already noted that Platford19 and Childs and Platford20 used aqueous 
urea solutions (along with aqueous H,S04) as reference standards for their determination of 
the osmotic coefficients of aqueous NaCl, KC1, and CaCI - at 273.15 and 288.15 K. Other 
electrolytes have also been used as “ working” standards, presumably to avoid use of H,S04 
solutions which are too corrosive for some isopiestic sample containers. For example, LiBr 
solutions were used as a “ working” standard by Covington et al.23 at 298.15 K; Braunstein 
and Braunstein24 used LiCl solutions at 373.4 to 422.6 K; Bonner25 used LiCl solutions 
presumably at 298.15 K; and Libus et al.2h used aqueous Mg(C104), at 298.15 K.

Although there are thermodynamic data for LiCl and LiBr in addition to isopiestic 
measurements relative to the main reference standards,9 their values of d> lack the precision 
and accuracy available for the primary and secondary standards NaCl, KC1, H2S04, and 
CaCl,. Thus we consider LiCl, LiBr, and Mg(C104), to be tertiary or “ working” reference 
standards. As additional thermodynamic data become available for their solutions, it will 
be possible to refine their <t> values and thus derive more reliable <t> values for other solutions 
that were equilibrated with them under isopiestic conditions. It is best to keep the number 
of these “ working” standards to a minimum, to reduce the effort required to characterize 
them by a variety of direct thermodynamic measurements.

Aqueous LiCl and LiBr were obvious choices as “ working” reference standards because 
of their considerable solubilities, which means they can be used to fairly low water activities. 
For another reason, however, the use of them is unfortunate. Natural lithium is a mixture 
of 6Li and 7Li with an atomic mass of 6.941 ± 0.002 g • g-atom ',27 However, 6Li is used 
as a source material for tritium production and as a neutron absorber for fusion reactions. 
Thus salts of lithium that are highly depleted in 6Li are sometimes sold commercially and 
are generally not identified as having an anomalous molar mass. Depleted lithium has an 
atomic mass closer to 7.0 g • g-atom 1.27

Consider, for example, a solution of LiCl that is analyzed for Cl content, and the 
water content calculated by difference assuming a certain molar mass for LiCl. The numbers 
of moles of LiCl will be known correctly, but the amount of water will be uncertain. Around 
6 mol • kg 1 the calculated molality will be uncertain by 0.035%, around 12 mol • kg 1 
the uncertainty will be 0.071%, and at 18 mol • kg 1 the uncertainty will be 0.106%. 
Inasmuch as isopiestic equilibrium molalities are generally determined to about ±0.05 to 
±0.1%, it is clear that equilibrium molalities for lithium salt solutions will be inherently 
about twice as uncertain as the molalities for other reference standards.

There is a method that can be used to obtain the correct molality of lithium salt solutions.
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The number of moles of LiCl or LiBr can be obtained by analysis for chloride or bromide, 
and the mass of water determined directly by thermal dehydration of weighed samples. The 
calculated molality will then be correct. This would also work for other lithium salts such 
as Li2S 0 4, since the number of moles of salt can be obtained by analysis for sulfate.

Robinson2* reported the results of isopiestic equilibrations for NaCl, KG, and their 
mixtures in 99.8 mol% D ,0 at 298.15 K. Concentrations were reported as aquamolalities, 
or moles of salt per 55.508 mol of solvent. By assuming that #  of KC1 was the same in 
H20  and D20  for the same aquamolality, he derived values of <t> for NaCl and for the 
mixtures of NaCl and KC1. When this was done, the resulting of NaCl in D ,0 were larger 
than those in H20  by 0.0030 times the NaCl molality (aquamolality). Because 4> of NaCl 
changes when H20  is replaced by D20 ,  it is likely that the same will be true for KC1 and 
other electrolytes, also. Thus, an experimentally significant solvent isotope effect is present, 
and <t> of electrolyte solutions in D2Q are not the same as in H20 . Consequently, 4> values 
for reference standards in H ,0 cannot be used as reference standards in D20  except as a 
rough approximation. Robinson also found that deviations of <f> for NaCl and KC1 mixtures 
from the Scatchard neutral-electrolyte binary-solution mixing approximation were essentially 
the same in H20  or in D20 . This could mean that <t> for NaCl and KC1 in D20  are shifted 
roughly equal amounts from their corresponding H ,0  solution values.

E. STANDARDS FOR NONAQUEOUS SOLUTIONS
Very few isopiestic measurements have been made for electrolytes in nonaqueous sol

vents. However, Platford2*' studied solutions of AgC104 in benzene at 293 K, by using benzil 
as an isopiestic reference standard. As expected, AgC104 behaved as a polymerized none
lectrolyte (mainly as dimers and trimers) in that solvent. Osmotic coefficients for the standard 
were not tabulated.

Bonner30 has reported isopiestic data for LiCl, NaNO,, tetramethylguanidinium perch
lorate, and urea in methanol at 298.15 K, by using Nal solutions as the primary reference 
standard and 1,3-dimethylurea as a secondary standard. Values of <t> for the primary standard 
Nal were tabulated by Bonner, based on his reanalysis of two sets of published direct vapor 
pressure measurements. Bonner estimated that his tabulated <b values for Nal were uncertain 
by about 1%.

Critically assessed values of $  for a reference standard are unavailable for the majority 
of nonaqueous solvents. Even for those that are available the <I> values are uncertain by 1% 
or even more. This is about five to ten times larger than the uncertainty in the primary 
aqueous standards at 298.15 K. However, the lack of accurate reference standards for 
nonaqueous solutions should not hinder the application of the isopiestic method to such 
systems, because the isopiestic method is a relative method. Values of <t> can easily be 
recalculated as more accurate results become available for the reference standards (provided, 
of course, that the experimental equilibrium molalities have been tabulated). In fact, the 
existence of a large body of isopiestic data for a particular nonaqueous solvent is very likely 
to stimulate interest in more accurate experimental characterization of the reference standards 
by direct thermodynamic measurements.

Although outside the scope of this review, we note that Wang et al.31 have extended 
the isopiestic method to include solutions of various metals (Bt, Ga, In, and Sn) in mercury 
at 600 K, by using cadmium amalgam as a reference standard.

F. COMMENTS ON THE PUBLICATION OF ISOPIESTIC DATA
As discussed in the above sections, isopiestic reference standards for nonaqueous so

lutions are fairly uncertain, at least 1% for <b; this is also true for aqueous standards at fairly 
high temperatures, especially for water activities lower than those achievable with NaCl as 
reference standard. Even the better-characterized aqueous solution primary reference stan
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dards at 298.15 K could undergo revisions in the future of 0.1 to 0.3% depending on the 
standard and the molality range under consideration.

Under favorable conditions, an individual isopiestic molality at equilibrium can be 
determined to ±0.05 to ±0.1% , and molality ratio of the reference standard to the test 
solution determined to ±0.1 to ±0.2% . Because values of <l>* for the reference standards 
generally have a comparable or larger uncertainty than this, it is clear that most if not all 
<1* obtained from isopiestic data will ultimately require some revision to reflect an improve
ment in <l>* of the reference standards. This revision will be possible only if the actual 
experimental isopiestic equilibrium molalities have been published rather than smoothed 
results.

As will be discussed later in this chapter, values of <t> from isopiestic experiments 
sometimes have larger differences from other published thermodynamic data than are to be 
expected from the estimated errors reported in those studies. It is therefore important that 
adequate experimental details be given in a thermodynamic study, so that this information 
can be used in resolving potential discrepancies between different sources of published data. 
This information should include the purity of solutes and solvents, methods of molality 
analyses and their precision, molar masses assumed for calculating molalities, and the 
temperatures used for the measurements and their uncertainty.

Isopiestic data should therefore be published in journals, books, or conference pro
ceedings that allow a full listing of experimental results and experimental details. Corre
spondingly, experimentalists should be discouraged from publishing thermodynamic results 
in any journal or medium that restricts the amount of experimental information that can be 
given in order to save space, because this information is of potential importance to reev
aluation of thermodynamic data. Even putting the primary data in a microfilm supplement 
is better than having it lost forever.

IV . H IS T O R IC A L  D E V E L O P M E N T , B A S IC  F E A T U R E S , M A IN  
S O U R C E S  O F  E R R O R , A N D  E V O L U T IO N  O F  T H E  IS O P IE S T IC

M E T H O D

A. HISTORICAL DEVELOPMENT OF THE ISOPIESTIC METHOD FOR 
MEASUREMENTS AROUND ROOM TEMPERATURE, AND 
UNDERSTANDING ERRORS INHERENT IN THE CHAMBER DESIGN
In 1917 Bousfield32 first described the basic experimental technique that is generally 

known as the isopiestic method. Bousfield used the term isopiestic to describe solutions that 
had been allowed to reach equilibrium with regard to transfer of solvent through a vapor 
phase. The name was derived from the Greek uros me£etv which literally means equal 
compressible or equal pressure. Our English word pressure was derived from the second 
Greek word.

Scatchard and co-workers,33 however, argued that the term isotonic was more appropriate 
to describe solutions that had been equilibrated in this fashion. Their first argument was 
historical in nature. They stated that de Vries in 1882 used the term isotonic to describe 
solutions that were in equilibrium with regard to solvent transfer, although de Vries used 
that term in a conceptual sense only. In addition, Scatchard et al. noted that the term isotonic 
emphasizes equilibrium conditions, whereas vapor pressure does not. The “ tonic” refers to 
vapor tension, which is an archaic term for saturation vapor pressure. However, the term 
isotonic has undergone a change in meaning over time and now refers to solutions that have 
equal osmotic pressures. Although the condition of equal osmotic pressure is true of solutions 
that are in equilibrium with regard to solvent transfer, it is not directly related to the 
experimental technique being considered and thus is irrelevant.

The fundamental characteristic of thermodynamic equilibrium for systems in equilibrium
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with regard to transfer of solvent is the equality of Gibbs energy of the solvent (chemical 
potential), and thus the equality of the solvent activities for each of the solutions. The terms 
isoactive solutions and isoactive method could be used to describe this type of equilibrium, 
but they are ambiguous in the sense that solutions can be equilibrated so as to be isoactive 
in one of the solutes (e.g., in liquid-liquid extraction). Thus it seems best to retain the 
nomenclature isopiestic solutions, isopiestic equilibrium, and isopiestic method, which are 
the accepted terms for everyone except Scatchard and his students.

For the initial application of the isopiestic method, Bousfield32 put cylindrical glass 
vessels containing dry salts on a tin stand inside a desiccator, added water, evacuated the 
air, maintained the desiccator at 291 K, and determined the mole ratio of solvent to solute 
at (typically) 2- to 4-day intervals until equilibrium was reached. However, as noted by 
Sinclair,34 the use of glass sample containers with their poor thermal conductivity, and the 
absence of a medium for facilitating equilization of temperatures, gave a very slow approach 
to equilibrium and fairly inaccurate results for the relative lowering of solvent vapor pressure 
(up to 10% errors).

Sinclair34 tested an isopiestic apparatus similar in design to that of Bousfield. He placed 
two samples in glass containers, one 1 mol • dm 3 KC1 and the other pure water, evacuated 
air from the chamber, and found that the approach to equilibrium was so slow as to be 
almost undetectible; even floating the dishes on mercury (to assist in heat transfer) caused 
very little improvement. Inasmuch as samples with much closer initial as values than used 
in this test are commonly used in isopiestic experiments, the approach to equilibrium would 
be even slower, and the prototype apparatus of Bousfield32 would be incapable of giving 
meaningful results.

As noted both by Bousfield32 and Sinclair,34 the quality of the attainment of isopiestic 
equilibrium is highly dependent upon the equalization of temperatures between solutions 
being equilibrated. When the isopiestic chamber is sealed and the air removed, there will 
be temperature inhomogeneities initially present that need to be eliminated for isothermal 
conditions to occur. Sinclair34 mentioned that the evaporation of water involves an enthalpy 
of vaporization of 2.436 kJ • g~1 (2.442 kJ • g 1 is a more modem value for 298.15 K). If 
two surfaces of the isopiestic chamber differed initially by 7 x 10 4 K, then, according to 
Sinclair’s calculations, the time required for 1 g of water to be transported (which depends 
on the heat transfer medium) is 10 years for glass, 17 years for water, 500 years for various 
gases, 1.25 years for mercury, and 10 d for copper. It now appears that these calculations 
for solvent transfer times were overly pessimistic. However, Sinclair did make an important 
point: unless the sample containers and the heat conduction medium in an isopiestic apparatus 
are good thermal conductors, the equilibration times could be so long as to make the method 
impractical to use.

Both Sinclair34 and Scatchard et al.33 have performed elementary calculations of the 
magnitude of error that would occur for vapor pressures if small temperature differences 
were present in an isopiestic chamber. We now give a new derivation, in which we derive 
the error in the osmotic coefficient <t>, because this is the quantity of most direct interest in 
isopiestic experiments.

The relationship between the molal osmotic coefficient and the activity of the solvent 
is given by Equation 8. If two solution samples are in isopiestic equilibrium but are at 
different temperatures due to a temperature gradient in the isopiestic apparatus, then they 
will still have the same vapor pressure. However, they will have different solvent activities 
because P° will be for a different temperature in each case. Thus at equilibrium

In P iTo = In P*(T,) (33)

where the pressures are treated formally as if they were dimensionless, the test solution is
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at temperature T,, and the reference standard is at temperature T,. The activities are given 
by (neglecting the nonideal vapor correction):

In as(T,) = In P,(T,) -  In P?(T,) (34)

and

In a?(T2) = In P?(T2) -  In P?(T2) (35)

The equation for isopiestic equilibrium is then

In as(T,) + In P?(T,) = In a*(T2) + In P?(T2) (36)

This can be rearranged into the form

In | a 5(T,)/af(T2)J  = In {^(TJ/PtCr,)} (37)

By using the definition of the osmotic coefficient, Equation 8, we obtain

+ v*m*<l>*(T2) = m, In | p^(T2)/P^(T,)

and then rearrange this to

3>(T,) =
v*m*<J>*(T2) ms ( ' „ 1

T r - .-..-  + In P?( r.Pi’tiT i
2j v  imi 2j v  imi L J

(38)

(39)

A similar equation could be derived for two samples of the same electrolyte that are at 
different temperatures. The first term on the right-hand side of Equation 39 is of the form 
encountered for isopiestic equilibrium under isothermal conditions (Equation 32).

If the experimentalist were unaware that a temperature gradient was present, then Equa
tion 32 would have been used for the calculations. Thus the difference between the correct 
value and the calculated value would be

4 $  = In { p y r ;) P (T,)l (40)

Consider the example of aqueous solutions with T, = 298.15 K and a temperature
difference of only 0.001 K. Then

A<P = 0.0033/( (41)

where the vapor pressures of water were taken from Wexler and Greenspan.7 For a con
centrated solution, say saturated NaCl where nm = 12.3 mol - kg A1!' = 0.00027 so a 
residual temperature difference of 0.(X)I K has little effect on <t>. However, for dilute NaCl 
with vm = 0.2, a temperature difference of 0.(X) 1 K will give M> = 0,0165, which would 
be a serious error. This is one reason why isopiestic equilibrium molalities and derived
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become significantly less precise at low molalities. It is clear that temperature differences 
need to be reduced to about 1 x 10 4 K to obtain accurate <t> at low molalities.

Sinclair34 introduced several innovations to facilitate the equalization of temperature of 
each sample during an isopiestic equilibration. These changes include placing the solution 
samples into silver-plated copper sample containers (square prismatic in shape) and placing 
these containers against each other in the same recess in a large 2.5-cm-thick silver-plated 
copper block that is then inserted into a desiccator. Copper has a thermal conductivity 
approximately 400 times greater than the glass sample containers used by Bousfield,32 
Sinclair’s experiments were performed at 298.15 K and the constant temperature bath was 
controlled to ±0.01 K. Sinclair noted that the thick glass walls of the desiccator would 
tend to dampen out the effect of temperature variations in the temperature bath, and that 
the large copper block would allow rapid heat transfer so as to dampen out internal tem
perature variations. Most workers since then consider it to be adequate to control the bath 
temperature to ±0.01 K to maintain the necessary highly uniform internal temperature inside 
the apparatus.

Sinclair34 also added a film of aqueous NaOH between the sample containers and the 
copper block to improve thermal contact. Although evacuating air from the chambers helped 
increase the rate at which solutions reached equilibrium, the complete removal of air was 
found to be unnecessary. The chambers were rocked back and forth to keep the solutions 
stirred and thus insure that both uniform temperature and concentration were present in any 
sample container.

Although Sinclair34 covered the tops of the sample containers after they were removed 
from the chamber and while the NaOH solution was being rinsed off and the containers 
dried, there were no individual caps for the containers. Thus they were weighed with their 
tops open, which gave rise to evaporation losses of up to several milligrams of water. Even 
with this significant source of error, Sinclair’s results were at least 10 to 20 times more 
accurate than those of Bousfield.32

Robinson and Sinclair35 took the obvious next step and added hinged flap-lids to each 
sample container. These lids were held up by wires during the equilibrations, and were then 
allowed to fall into place before the sample containers were removed for weighing. Although 
this was a definite improvement over weighing the equilibrated samples in open containers, 
flap-lids are only held in place by gravity and do not provide a tight seal. Thus, weight 
losses on the order of several tenths of a milligram can still occur before and while a sample 
is being weighed. It is possible to compensate for this weight loss by weighing each sample 
container several times, and then extrapolating the weights back to the time when the chamber 
was opened. However, this is inconvenient and time consuming.

Mason36 introduced the use of metal equilibration chambers, both brass and monel, and 
introduced two other innovations. The first was the use of individual fitted caps for the 
sample containers after they were removed from the chamber, which prevented evaporation 
from occurring before they were weighed. Mason also added folded strips of platinum gauze 
to the solutions, and found that doing so decreased the minimum time required to reach 
equilibrium by about 50%. Although this was not discussed by Mason, it appears that the 
platinum gauze serves to help transfer heat between the sample container and the solution; 
it helps to give turbulent mixing when the chambers are rocked back and forth; and it helps 
to break the surface tension on the solution. Downes37 and Ellerton et al.38 found that adding 
small stainless steel ball bearings to each sample container similarly reduced the equilibration 
times by about 50%. However, stainless steel is corroded by some electrolyte solutions, so 
balls of a more inert metal such as platinum or gold might be more generally useful.

Scatchard et al.33 introduced several additional refinements to the isopiestic technique. 
One was the use of platinum sample containers, which are much more chemically resistant 
than the silver-plated copper or silver sample containers used previously. However, the
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thermal conductivity of Pt is only about one sixth that of Ag and Cu, so the heat transfer 
rates are less. Scatchard et al. also made their chamber of metal, stainless steel in this case, 
which has a thermal conductivity only about one tenth that of brass used by Mason,’6 A 
lower thermal conductivity is desirable because the chamber walls also function as a thermal 
buffer to dampen out temperature fluctuations from the constant temperature bath. In addition, 
Scatchard et al. reduced the area of contact between the copper block and the stainless steel 
walls to further buffer the inside of the chamber from external temperature changes. They”  
also rotated their chamber at an angle of 45° from the vertical in their constant temperature 
bath, which kept their solutions well mixed. This is an alternative to back-and-forth rocking 
of chambers which was introduced slightly earlier. ’4 36

When air is evacuated from an isopiestic chamber, a too rapid change in pressure can 
give rise to air bubble formation or even boiling of the solution, with its concomitant danger 
of having some of the solution splatter out of the sample containers. Scatchard et al.”  
described a technique that greatly reduced the danger of splattering: a hollow vessel is 
attached to the isopiestic chamber and to a vacuum pump with, for example, a three-way 
stopcock. This “ ballast” is evacuated, and then the stopcock is rotated so as to slowly bleed 
air from the chamber to the ballast. The chamber is then isolated from the ballast, the ballast 
is reevacuated, and this process is repeated until the desired level of vacuum is obtained in 
the chamber. A fairly good removal of air is desirable at low molalities to get good equi
libration rates. However, we note that it is usually adequate to use an aspirator at higher 
molalities, inasmuch as the equilibration rates there are much less sensitive to incomplete 
degassing.

Janis and Ferguson”  performed isopiestic experiments with sample containers made of 
silver and silver-plated copper. They found in some cases that when NaCl solutions were 
equilibrated in silver-plated copper containers, the resulting solutions were turbid, presum
ably due to formation of a small amount of colloidal silver chloride. This implies that 
chloride solutions, even those as innocuous as alkali metal chlorides, either corrode silver 
metal or dissolve the surface layer of oxide. Thus silver sample containers are probably too 
reactive to be used with halide solutions and many other electrolytes. However, gold-plated 
silver dishes’6 retain the high thermal conductivity of silver while being much more resistant 
to chemical attack, and are thus much better suited for isopiestic experiments.

Phillips et al.40 performed isopiestic measurements by using nickel metal sample con
tainers and a steel heat-transfer equilibration block, and put a layer of mercury between the 
sample containers and the metal block to assist in heat transfer. To reduce corrosion of the 
nickel containers by their electrolyte solutions, they gold plated the inside of the cups. 
However, to reduce problems with amalgamation of this gold by mercury vapor, they covered 
the inside walls of the sample containers with a baked-resin varnish. This was not done to 
the bottom of the sample containers, presumably to retain good thermal contact with the 
solution. They observed significant weight gains for the sample containers during isopiestic 
equilibrations as the exposed gold became amalgamated, which means that the observed 
weight changes were not due solely to transport of water. In addition, some electrolyte 
solutions could react with mercury metal. Thus we consider the use of mercury metal as a 
heat transfer medium for isopiestic experiments involving electrolyte solutions to cause more 
problems than benefits, and its use should be avoided.

We have emphasized the importance of good thermal contact between solution samples, 
sample containers, and the metal (heat-transfer) block in order to have rapid heat transfer 
and equilization of temperature. Most workers have used an indirect criterion for determining 
when this occurs; the time required for the molalities of replicate solutions to become equal 
with certain limits of precision (typically ±0.1%), when their initial molalities differed by 
somewhat larger amounts from each other. The only study that we are aware of in which 
the uniformity of temperature was directly examined was done by Miller and Porter.41 They
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used an isopiestic chamber of fairly typical design which was made from a glass desiccator, 
and it contained a gold-plated copper heat-transfer block which was separated from the 
desiccator by means of a plastic stand. Their experiments were performed at 298.15 ±  0.01 
K. By means of a thermocouple inserted in the copper block, they found that a t  l e a s t  4 8  

h o u r s  w e r e  r e q u i r e d  to  r e a c h  t h e r m a l  e q u i l i b r i u m  w h e n  a  v a c u u m  w a s  p r e s e n t  in  th e  c h a m b e r .  

Isopiestic experiments are frequently done with 1- to 3-day equilibrations. It is clear that 
with equilibrations less than 3 days in length, at least around room temperature, the reliability 
of the resulting data can be questioned as having been measured under nonisothermal con
ditions.

There are three types of sources of heat that need to be redistributed in an isopiestic 
apparatus in order for the solution samples to reach identical temperatures and for the entire 
chamber to be at the desired overall temperature, which corresponds to the mean temperature 
of the constant-temperature bath into which the chamber is inserted. First, when the chamber 
is placed in the temperature bath, its temperature will be essentially that of the laboratory- 
in which it was stored previously and the internal temperature may not be completely uniform. 
We note that the chamber will actually be slightly cooler than the laboratory temperature 
because of cooling that occurs when the chamber is degassed (Joule-Thomson effect plus 
evaporation of some solvent from the solutions). Temperature inhomogeneities initially 
present inside the chamber will rapidly even out by heat transport through the metal heat- 
transfer block and the walls of the sample containers. Second, heat will flow either from 
the temperature bath into the chamber walls if the chamber was initially cooler than the 
constant temperature bath, or from the chamber walls into the temperature bath if the chamber 
was initially warmer. It is these two heat effects that the temperature equilization times of 
Miller and Porter41 refer to.

In addition to these two factors, there will be enthalpy changes due to evaporation or 
condensation of solvent due to solvent exchange between solutions. These enthalpies of 
vaporization and condensation (“ latent heats” ) will approximately cancel each other out, 
but they will provide local sources or sinks of heat inside the chamber as the solutions are 
being equilibrated.

The driving force “ compelling” the solutions in an isopiestic chamber to reach isopiestic 
equilibrium is related to the chemical potential of the solvent (jls , because that is the quantity 
that must be equal for all solutions. At the start of an equilibration, inside the chamber there 
will initially be differences in temperature between individual solutions, and between the 
temperature bath, the samples, and the chamber. The vapor pressure will be slightly different 
from the equilibrium vapor pressure, and the concentrations will also be different from the 
equilibrium values. The differential difference of p,s for a particular solution from its equi
librium value then will be

There are no terms for the derivative of |xs with regard to the number of moles of the solutes 
because the n, do not change for an individual sample being used in an isopiestic experiment. 
We will now derive expressions for these partial derivatives and consider the relative sizes 
of the various terms in this equation and the temperature and pressure derivatives of <t». 

From Equation 8 we know that

(42)

(43)

Taking the temperature derivative then gives
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f> , ~ Hs + H° 
T2T

Lj
T2

(4 4 )

where Hs and H° are the partial molar enthalpy of the solvent in the solution and the molar 
enthalpy of the pure solvent, respectively, and Ls = H, — H; is the relative partial molar 
enthalpy of the solvent in the solution. Rearranging this equation gives

where Ls is in units of J • m o l 1. Using values of Ls for aqueous NaCl from Clarke and 
Glew" at 298,15 K we compute that this derivative is —4.1 x 10"5 K ” 1 at vm = 0.2 
mol • k g "1, + 1.9 x 10 4 K 1 at vm = 12.3 mol • kg 1 (saturation), and it falls between 
these values at intermediate molalities. Thus, even if the isopiestic sample containers were 
1 K away from their correct temperature (as long as they were all at that temperature), the 
effect for 4> of NaCl would not be noticeable.

Enthalpy effects are larger for some cases such as aqueous H2S 0 4 solutions. Using the 
enthalpy values at 298.15 K tabulated by Giauque et al.21 we computed that the derivative 
given by Equation 46 is -0 .0005  K " ' at m = 1 mol • k g "1, -0 .0070  K " 1 at 11.1 mol • 
kg and —0.0086 K 1 at 27.75 mol • kg '. Thus in this case a temperature error of only 
about 0.1 K could be tolerated.

The temperature derivative of p,s, ( )  , is equal to the negative of the entropy of
\  d T  /  p .n ,

the solvent in the solution. Values of Ss have been reported for aqueous H2S 04 at 298.15 
K by Giauque et al.21 They reported S„ = 70.16 i • K 1 • mol 1 for 1 mol • kg ', 69.30 
J • K • mol 1 at 11.1 mol • kg ', and 68.45 J • K 1 • mol 1 at 27.75 mol • kg Multiplying 
these values by the temperature difference then gives the Gibbs energy differences. For a 
temperature difference of 0.02 K, for example, there is a Gibbs energy difference of about
1.4 I • mol 1 or 0.08 J • g 1 for the solvent. Since isopiestic samples typically have around 
1 g of solvent, a temperature difference of 0.02 K provides only a small Gibbs energy 
change.

The pressure derivative can be obtained also by differentiating Equation 43:

(45)

For an aqueous solution at 298.15 K,

(46)

a

(47)
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This can be rearranged to yield

d <t>\ _  m.V','.':.

BP /T.n, RT^Vjfnj
(48)

Between 273.15 and 373.15 K, the molar volume of pure water varies between 18.017 
and 18.798 cm3 • m ol^1 (see Table 1). The partial molar volume of water in a solution starts 
out at the pure water value at infinite dilution, but it generally decreases regularly with 
increasing molality. Thus, from 273.15 to 373.15 K, Vi(l) <18.8 cm3 • m o l 1. The pressure 
coefficient of the chemical potential of the solvent from Equation 47 is equal to V“„, and 
thus is 18.8 x 10 h I • P a"1 • m o l 1 (1 cm3 = 1 x lO M - P a  ‘).

Initially, when the isopiestic solution samples are added to the chamber and the chamber 
is degassed, the vapor pressure inside the chamber will approximately equal that for the 
vapor pressure of the solutions at the temperature of the laboratory. Once the chambers are 
put into a constant temperature bath, the pressure inside the chamber will rapidly approach 
that for the solutions at the temperature of the constant temperature bath. Subsequent vapor 
pressure changes will be quite small, and the resulting chemical potential changes will be 
less than 0.01 I • m o l 1 which is insignificant compared to the effect of temperature dif
ferences.

The negative of the pressure coefficient of <l> for an aqueous solution, as given by 
Equation 48, is equal to

(6.7 x 10 6 V 'VT 2v.ni.)

in units of Pa For binary aqueous solutions at 298.15 K, 0/<I> 4P), „ = 2.24 x 10 8 
( v s , / 2  v ^ ) .  The excess volume of the solvent typically ranges from 0 to — 1 or - 2

cm' • mol ~1.
In the initial stages of an isopiestic equilibration, if the molalities of the solutions are 

somewhat different from their ultimate equilibrium values, then the last term on the right- 
hand side of Equation 42 can dominate. In this case we will calculate the derivative of the 
chemical potential of the solvent with regard to the number of moles of solvent. As the 
starting point, we use Equation 2 for the case of the solvent,

(x. p . t RT In a,

and differentiate it to obtain

/ •'iR
\  rJns / T.p.) -  ( — )

/  T P n. V <3n„ /
RT

RT

d n s /  r.p.n,

B In a„
d n „  /  r .p .n ,

d  In a. 
dm

(49)

(50)

where n, refers to the number of moles of a solute.
Water activities, osmotic coefficients, and solute activity coefficients are generally mod

eled as functions of molality rather than of ns. Thus it is more convenient to express the 
derivative on the right-hand side of Equation 50 in the “ chain-rule” form

/ B  In ax  _  y  /Ti In a,\ / dmk\
\  dns / r . p . n ,  “t v  dmk /  \  dns /  r .p .n ,

( 51)
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for k 7̂  s. We then have

RT
^ / d i n a r  / S m k \
k V dmk /  T.P.n, V ^n, /T.P.n

(52)

The molality of salt i is given by the number of moles of salt i divided by the number 
of kilograms of solvent, and the number of kilograms of solvent is given by n„Ms, where 
Ms is the molar mass in kg ■ mol Thus,

mk =
nsMs

and performing the differentiation yields

f d m k \ n k
1U n J T.P .n, n;Ms

mk
ns

This can be inserted into Equation 52 to yield

( - ) —  2
/ d  In

\  dns/  T .p .n j ns k V dm.

(53)

(54)

(55)

If only one solute is present the i and k subscripts can be dropped. In addition, if we 
restrict this to a binary aqueous solution at 298.15 K,

/dp-A _ — RTm/ d l na A 
• '<n ', ns \  dm /  r.p

vRTm 
nsms

0.044659vm /fi(m<t>)
n„ \ dm

w h e r e  t h e  u n i t s  a r e  i n  k J  • mol 2,
The a c t i v i t y  o f  t h e  s o l v e n t  i n  a  s o l u t i o n  c h a n g e s  v e r y  s l o w l y  a t  l o w  m o l a l i t i e s ,  a n d  much 

m o r e  r a p i d l y  a t  h i g h  m o l a l i t i e s .  T h u s  t h e  d r i v i n g  f o r c e  “ p u s h i n g ”  t h e  s o l u t i o n s  t o  r e a c h  
equilibrium b y  m e a n s  o f  t r a n s p o r t  o f  s o l v e n t  through t h e  v a p o r  p h a s e  i s  s m a l l  a t  low m o l a l i t i e s  
b u t  m u c h  l a r g e r  a t  h i g h  m o l a l i t i e s .  T h a t  i s ,  t h e  c h e m i c a l  p o t e n t i a l  g r a d i e n t  “ d r i v e s ”  t h e  
solutions to reach e q u i l i b r i u m  much m o r e  strongly at high molalities than at low. Some 
numerical values of t h i s  chemical potential gradient are given in Table 8, and they were 
calculated with u s e  of equations and p a r a m e t e r s  given by H a m e r  a n d  W u 9  and Rard e t  a l . 8  12

T h e  q u a n t i t y  t a k e n  f r o m  l i q u a t i o n  5 6  a n d  g i v e n  in T a b l e  8  is t h e  “ d r i v i n g  f o r c e ”  f o r  
isopiestic e q u i l i b r i u m .

0.044659wn
ft (m<!>) j

dm



TABLE 8
Driving Force for Solvent Transport in Aqueous 

NaCl, CaCl2, and H2S 0 4 at 298.15 K“
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(mol ■ kg~')
m NaClb 

(k j • mol~
C aC l/ 

(k j • mol >)
HjSCV 

(kj • mol-')

0.1
1.0
3.0
6.0 
9.0

15.0
20.0 
25.0 
27.75

0.0082
0.0870
0.334
0.934

0.0114
0.178
1.20
3.57
3.47

0.110
0.586
1.82
3.22
5.63
7.50
8.94
8.53

0.0087

These are values of -2 .4790 m
<51n a, 

dm
=  0.044659

Values calculated from equation given by Hamer and Wu.‘ 
Values calculated from equation given by Rard et al.8 
Values calculated from equation given by Rard et al.1-’

The gain or loss of Sns moles of solvent from a solution containing ns moles of solvent will 
result in a chemical potential change for that solution equal to this quantity multiplied by 
(8ns/nJ. Examination of the values given in Table 8 indicates that the driving force increases 
by two or three orders of magnitude in going from dilute solutions to high molalities, and 
that at very high molalities some electrolytes have a maximum in this value followed by a 
slow decrease. These values indicate that there is a large driving force “ pushing” the 
solutions toward isopiestic equilibrium at high molalities, but only a weak driving force at 
low molalities. This accounts, at least in part, for the decreased rates of approach to equi
librium as the solutions become dilute.

Consider a sample of electrolyte solution containing 1.0 g of water, and which is 0,1 
mol • kg 1 from its equilibrium molality. If the molality change is from 0.2 to 0.1 mol • 
k g ' 1, 1.0 g of solvent must be transported to this solution. However, from 6.1 to 6.0 mol 
• kg 1 only 0.017 g of solvent is involved, and from 15.1 to 15.0 mol • kg~'  involves 
0.0067 g of solvent. Thus, very little solvent needs to be transported at high molalities 
(where the driving force is large) relative to low molalities (where the driving force is small). 
Therefore, at low molalities a lot more solvent needs to be transported but the driving force 
is very small. This suggests that although the kinetics of the approach to isopiestic equilibrium 
is largely determined by the efficiency of heat transport over most of the molality range, it 
should shift to a mass transport-dominated regime at very low molalities.

So far we have been noncommittal in our use of the term to describe the containers 
used to hold individual solution samples in an isopiestic experiment. This is because there 
is no single established name for them. Among the experimental papers already cited and 
in a few additional ones, we have found the following terms. The term cups has been used 
by Scatchard et al.,”  Phillips et al.,4" Humphries et al.,42 Kirgintsev and Luk'yanov,43 
Holmes and Mesmer,17 Libus et al.,26 Rard,2 and Macaskill and Bates;44 the term dishes has 
been used by Sinclair,’4 Robinson and Sinclair,35 Janis and Ferguson,39 Childs and Platford,20 
Rush and Johnson,45 Ellerton et al.,3* Covington et al.,23 Downes,37 and Miller and Porter;41 
the term vessels was also used by Miller and Porter;37 the term bottles was used by Mason;'6 
the term cuvettes by Kirgintsev and Luk’yanov,43 Michimoto et al.,46 and Yamauchi and
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FIGURE 1. Diagram of a typical isopiestic apparatus constructed from a glass vacuum 
desiccator. Two common types of sample cup are illustrated. This apparatus is usually placed 
on a platform in a constant temperature bath and rotated or rocked back and forth.

Sakao;47 Robinson48 used the term boxes; Wang et al. 31 called them crucibles; Bousfield32 

called them glasses; and Braunstein and Braunstein24 called them pans.
Some of these differences in nomenclature arise from the fact that there are some 

differences in shape between sample containers being used in different investigations (or 
they reflect the original name for a container that is being adapted for a new application), 
but such a plethora of names is obviously undesirable. The terms cups and dishes are the 
most widely used, and it seems best to retain them and reject the others. We propose that 
the term cups be used for sample containers that are cylindrical in shape, including those 
with tapered tops, and that the term dishes be used for containers with other shapes such as 
those with square cross-sections. Either term could be used in the generic sense, as when 
the function of the container is being described and its shape is unimportant.

There is also some variation in the name given to the total isopiestic unit (outer vessel, 
lid. metallic heat-transfer block). Among the experimental papers just cited, the most com
mon name is desiccator, 20-35-36-31' 41-44 although chamber, 2-45 apparatus, 23-31 ,3 -42-43-46 47 and 
vessel17-26-33-43 have also been used.

The use of the term desiccator is not surprising, inasmuch as a number of isopiestic 
“ apparatuses” have been constructed out of glass desiccators, and several of the ones made 
out of metal have been roughly comparable in shape. In a sense, however, this term is 
unfortunate because it emphasizes an alternative function of a part of the apparatus that is 
not utilized in isopiestic experiments. However, the term desiccator is so widely used that 
it probably should be retained, although it should be restricted in meaning to refer to the 
outer container only. We do not recommend that any of the alternate names be selected over 
the others.

Figure 1 is a diagram of a generic isopiestic apparatus, based on the use of a modified 
vacuum desiccator. We note that no commercial models are available, and all isopiestic 
units have been individually made. This diagram illustrates two of the most common types 
of sample cups: a simple cylindrical shape with a hinged flap-lid, and a cup with a tapered 
top which has a tight-fitting cap that is put into position after the chamber is opened at the 
end of an experiment. Some of the metal equilibration chambers described in the literature 
have this same basic shape, whereas others are rectangular in shape. Detailed drawings are 
available for several of these chambers constructed out of metal, 2 33 36 40 including the ap
paratus used for study of metal amalgams at 600 K . 31
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FIGURE 2. Diagram of an isopiestic apparatus designed for operation at very low molalities. 
The central dish containing a glass ball holds the solution being equilibrated with solution 
in the larger dish in which it sets. (Adapted with permission from Gordon, A. R , J . A m , 
C h e m . S o c ., 65, 221, 1943. Copyright 1943 by the American Chemical Society.)

Gordon49 performed isopiestic experiments for aqueous NaCl and KC1 solutions from
0.032 to 0.100 mol • kg \  and these are the lowest molalities investigated successfully by 
the isopiestic method. Gordon’s apparatus is illustrated in Figure 2. It has a fairly complex 
design, and it was constructed to maintain a highly uniform internal temperature. Gordon 
used a chamber with a silver sample cup inside another silver dish that fitted tightly within 
a glass vessel that could be evacuated. This glass vessel was placed within a copper box 
that in turn was placed within a Dewar flask. Gordon added a glass ball to the solutions to 
provide stirring as the apparatus was rocked. Even with this elaborate design, Gordon reported 
that some experiments were unsuccessful due to condensation of water vapor or splattering 
during degassing, and of the 14 sets of data that were reported, 4 were inconsistent by 0.4 
to 0.6%, presumably because of failure to reach equilibrium. Although the bulk of Gordon’s 
data does appear to be accurate, these experiments were difficult enough that no one since 
then has been tempted to repeat them. Following Gordon, we note that 0.1 mol • kg 1 should 
be considered the lower limit for isopiestic measurements under normal circumstances.

Gordon49 mentioned that H. Sheffer had performed some (unpublished) experiments for 
aqueous solutions around 0 .1  mol • kg ' 1 in which a hinged copper paddle w a s  suspended 
a b o v e  the isopiestic cups, and it was used to stir the water vapor. Sheffer did find that this 
caused an improvement in the rate at which these solutions reached equilibrium. This 
suggested to them that the rate of diffusion of water vapor may have been the dominant 
factor in producing equilibrium at these low molalities. This empirical observation is in 
agreement with our deduction given earlier in this section, from purely thermodynamic 
arguments, that the rate of attainment of equilibrium should become mass-transport limited 
at very low concentrations. An apparatus utilizing vapor stirring has been described by Pan. 50

An air-filled isopiestic apparatus was described by Kirgintsev and Luk’yanov, 41 and
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FIGURE 3. Diagram of an air-filled isopiestic apparatus: 
( 1) lid of chamber made of stainless steel; (2) propeller- 
type vapor stirrer with electromagnetic transmission drive; 
(3) sample cups of glass; (4) bottom of chamber m a d e  o f  
stainless steel; and (5) cylindrical glass walls of chamber. 
(Reprinted with permission from Majima, H. and Awak- 
ura, Y.. M e ta ll .  T r a n s . , 16B, 433, 1985. Copyright 1985 
by Metallurgical Transactions.)

similar designs have been used more recently by workers in Japan.46 47 51 In each case a 
propeller-type stirrer protruded through the top of the chamber and was used to stir the vapor 
phase. This vapor stirring helps to compensate for the reduced rates of vapor diffusion caused 
by the presence of air. In all cases glass sample cups were used to hold the solutions, but 
using glass does reduce the efficiency of temperature equilization. The goal of using this 
type of apparatus is to simplify the experiments (no vacuum pump is required) and to eliminate 
the expense of machining cups of inert metal. The apparatus of Majima and Awakura51 is 
illustrated in Figure 3. However, the use of an air-filled chamber does give rise to a new 
problem that seems to have been overlooked by these workers.4’ 46 47 51

The new problem arises because the mechanical energy of the spinning propeller will 
be converted into kinetic energy of the air, and this will give rise to a small but continuous 
heat source within the chamber. Thus the temperature inside the chamber will be slightly 
higher than the mean temperature of the constant temperature bath and a slight temperature 
gradient will be present inside the chamber that will not disappear with time. The magnitude 
of this problem is not obvious and might well be negligible, but the amount of heat added 
to the chamber will be related to the rate at which the propeller rotates. Intermittent rather 
than continuous vapor stirring might reduce the magnitude of this potential source of error.

Kirgintsev and Luk’yanov41 controlled their temperature bath to better than ±0.01 K, 
whereas in the other studies46-47-5' it was only controlled to ±0.1 K. This poorer temperature 
control for those air-filled chambers does seem to have caused a reduction in the precision 
of the isopiestic results at lower molalities. 46

By far the majority of isopiestic apparatuses have recesses for the isopiestic cups ma
chined into the metal heat-transfer block. l -2-, , --, ’ --,,f’- ,‘, -4r,-4 l -’t’ -46-’‘7-5<)-51 These recesses not only 
serve to increase the area of contact between the isopiestic cups and the heat-transfer block, 
but they also prevent the cups from sliding about as the chamber is rocked or rotated in the 
constant temperature bath. However, there were several studies in which flat-bottomed 
isopiestic cups were placed directly on top of the heat-transfer block. >7-o.w.42,45.4h jbe  high- 
temperature isopiestic apparatus at ORNL17 is not rocked or rotated during the equilibrations, 
so there is no difficulty with the cups sliding around. Humphries et al. 42 used a plexiglas 
plate to hold their isopiestic cups in place, and Rush and Johnson45 had threads on the 
outside of their isopiestic cups, which allowed them to be screwed into a socket plate that
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was positioned on the heat-transfer block. The apparatuses used by Robinson’5-4S and by 
Stokes did not have any device to hold the isopiestic cups in place. Rather, the bottoms of 
their cups and the heat-transfer block were hand-lapped to be flat, and a drop of electrolyte 
solution was placed between the bottom of each cup and the heat-transfer block to improve 
thermal contact and to help the cups adhere to the block (private communications from R.
H. Stokes, February 19 and 22, 1991).

B. HISTORICAL DEVELOPMENT OF THE ISOPIESTIC TECHNIQUE FOR
MEASUREMENTS FROM 273.15 TO ABOUT 383 K
The basic experimental techniques and chamber features that we have just described are 

well suited for operation around room temperature (i.e., around 290 to 305 K). However, 
some rather minor changes in techniques or apparatus are all that is necessary to extend this 
technique to a temperature range of about 273 to 373 K.

For experiments in the vicinity of room temperature it is adequate to open the chamber 
first and then add tight-fitting caps by hand to the sample cups. With practice, this can be 
done typically in less than 1 min, and solvent evaporation losses are generally just several 
tenths of a milligram. For typical sample masses of 1 to 2 g, this is not a major source of 
error. Evaporation losses are even smaller at lower temperatures because the vapor pressures 
of the solutions are much less. However, for experiments around 273 K the opposite problem 
can occur: moisture from the air can condense on the surface of the cold isopiestic cups. If 
the sample cups are rapidly capped after the isopiestic chamber is opened at the end of a 
run, and the isopiestic cups then immediately transferred to a desiccator containing a des
iccant, the cups will rapidly warm up to room temperature without any problem with 
condensation. Thus isopiestic measurements below 298.15 K are only slightly more com
plicated and should be no less precise. 1

A different problem occurs above room temperature; the vapor pressure of a solvent in 
a solution increases rapidly with temperature in an approximately exponential manner. Thus, 
evaporation losses from solution samples (either because of a loose fitting flap-lid or while 
open containers are being capped after removal from the chamber) can be large enough that 
they give rise to serious errors in the resulting data. Consequently, a change is required in 
the way that isopiestic cups are capped.

The earliest report of the use of the isopiestic method over a fairly wide temperature 
range was by Robinson52 in 1939, but, unfortunately, no experimental details were given 
except to note that a metal desiccator was used above 313 K. Only derived values of the 
activity coefficients were given, instead of actual data.

H e l l a m s  e t  a l . 5 5  p e r f o r m e d  i s o p i e s t i c  m e a s u r e m e n t s  f o r  a q u e o u s  s o l u t i o n s  a t  3 1 8  K  b y  
u s i n g  a n  i s o p i e s t i c  a p p a r a t u s  o f  c o n v e n t i o n a l  d e s i g n ,  b u t  w i t h  a  d i s k  o f  p l a t e  g l a s s  s u s p e n d e d  
a b o v e  t h e  i s o p i e s t i c  c u p s .  T h i s  g l a s s  p l a t e  w a s  l o w e r e d  o n  t o p  o f  t h e  i s o p i e s t i c  c u p s  b e f o r e  
t h e  s a m p l e s  w e r e  r e m o v e d  f r o m  t h e  c h a m b e r .  I m m e d i a t e l y  a f t e r  t h e  c h a m b e r  w a s  o p e n e d ,  
t h e  i s o p i e s t i c  c u p s  w e r e  p l a c e d  on a  c o l d  b r a s s  p l a t e  w i t h  t h e  g l a s s  p l a t e  o n  t o p  of t h e  c u p s ,  
a n d  t h e  s a m p l e s  w e r e  a l l o w e d  t o  c o o l  for 3  o r  4  m i n .  I n d i v i d u a l  c a p s  w e r e  t h e n  p l a c e d  o n  
t h e  c u p s  b e f o r e  t h e y  w e r e  w e i g h e d .  T h e  i m p r e c i s i o n  of t h e i r  r e s u l t s ,  a s  d e t e r m i n e d  b y  
a g r e e m e n t  b e t w e e n  m o l a l i t i e s  o f  r e p l i c a t e  s a m p l e s ,  w a s  < 0 . 5 %  f o r  6 1  r u n s ,  0 . 5  t o  1 . 0 %  
f o r  1 4  r u n s ,  a n d  >1% i n  f o u r  o t h e r  c a s e s .  I n a s m u c h  a s  t h i s  i s  a b o u t  t h r e e  to s i x  t i m e s  t h e  
s c a t t e r  u s u a l l y  o b t a i n e d  a t  l o w e r  t e m p e r a t u r e s ,  a n d  b e c a u s e  o f  t h e  l i k e l i h o o d  of s o m e  s o l v e n t  
l o s s ,  t h e  a c c u r a c y  m a y  b e  e v e n  l e s s .

F o r t u n a t e l y ,  s o o n  a f t e r w a r d ,  t h e y 4 2  m o d i f i e d  t h e i r  a p p a r a t u s  b y  a d d i n g  a  l i d  h o l d e r  t h a t  
could b e  s c r e w e d  d o w n  to f o r c e  t i g h t - f i t t i n g  C a p s  onto t h e  c u p s  before t h e y  w e r e  r e m o v e d  
f r o m  t h e  c h a m b e r  a t  t h e  e n d  o f  a n  e q u i l i b r a t i o n  p e r i o d .  A  d e t a i l e d  d r a w i n g  of t h i s  a p p a r a t u s  
h a s  b e e n  p u b l i s h e d . 12 T h i s  n e w  m e t h o d  o f  c a p p i n g  g a v e  e q u i l i b r i u m  m o l a l i t i e s  p r e c i s e  t o  
about 0 . 1 % for t h e  t e m p e r a t u r e  r a n g e  o f  3 1 8  t o  3 5 3  K , 4 2 ' 5 4 - 5 5  w h i c h  i s  s i m i l a r  t o  t h e  p r e c i s i o n  
u s u a l l y  o b t a i n e d  a t  2 9 8 . 1 5  K .
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FIGURE 4. Diagram of isopiestic apparatus de
signed for operation around 373 K: (A) aluminum 
heat-transfer block; (B) aluminum chamber; (C) holes 
in block for sample cups; (D) wire for heat transfer; 
(F) needle valve for evacuation of air; (G) steel bolt; 
(H) stainless steel plate; (I) screw; (K) silicone rubber 
gasket; (L) cap for cup; (P) spring to push cap into 
place; (S) sample cup; and (T) PTFE shims to restrict 
contact between the chamber walls and heat-transfer 
block. (Reprinted from Grjotheim, K., Voigt, W,, 
Haugsdal, B., and Dittrich, D., A c ta  C h e m . S ta n d .  
S e r . A , 42, 470, 1988. With permission of the journal 
and authors.)

Isopiestic experiments have also been reported for aqueous solutions of several non
electrolytes at 310 and 333 K , 56 but no experimental details were given. Presumably, they 
used some type of internal capping device to seal the cups before they were removed from 
the chamber. Rush and Johnson45 similarly used a device to position caps onto the sample 
cups at 298.15 K while they were still in the chamber.

Grjotheim et al. 57 have described an isopiestic apparatus designed for operation around 
373 K. Their chamber was made from aluminum, as was the heat-transfer block, and the 
cups were of aluminum or vitreous carbon. The schematic of their apparatus is given in 
Figure 4. It is similar in design to isopiestic chambers for lower temperatures, except that 
the caps for the isopiestic cups are forced into place by lowering a stainless steel plate. 
Required equilibrium periods were from 20 to 72 h, which is slightly less than required at 
room temperature. Results have been published for several binary and ternary aqueous 
electrolytes, 57 59 and values of <t> from these experiments appear to be of good precision.

C. ISOPIESTIC MEASUREMENTS ABOVE 373 K: OAK RIDGE NATIONAL 
LABORATORY
The only isopiestic apparatus designed for operation to well above 373 K is the high- 

temperature unit constructed and operated at Oak Ridge National Laboratory (ORNL). The 
prototype model was described in detail by Soldano et al. in a chapter in T he  S tru c tu re  o f  

E le c tro ly t ic  S o lu t io n s ,60 and it was used for isopiestic measurements in the temperature range
of 373 to 438 K . 51 64

A major problem with isopiestic measurements using chambers of conventional design 
at high temperatures is solvent loss when the samples cups are removed from the chamber 
for weighing. This was avoided in the ORNL high-temperature unit60 by the inclusion of 
an electromagnetic balance within the chamber, which allowed the samples to be weighed 
in  s itu  while still at the equilibrium temperature. By injecting more water into the system, 
additional equilibrations could be performed with the same samples.

The solution samples were equilibrated in silver dishes that were placed on a copper 
block within the stainless steel chamber, and a remote-controlled device was used to move
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the sample cups from the copper block to the balance. Standard weights were enclosed in 
the chamber, and they were also weighed at the equilibrium temperatures. These additional 
weights allowed them'’" to calibrate the balance and to correct for nonlinear readout on their 
potentiometer. The silver dishes were replaced by titanium dishes in their subsequent studies.

Because of the complicated design of their apparatus, it was not possible to rock the 
chamber to mix a solution. Thus, mixing in a solution occurred only by diffusion. Test 
experiments for =1 mol • kg 1 solutions at 318, 358, and 378 K indicated that required 
equilibration times were about 60, 10, and 3 days, respectively, at these temperatures. At 
lower temperatures these equilibration times are excessively long, but they are quite rea
sonable above 378 K. The temperature of their experiments was controlled with an air-bath 
thermostat.

Later more accurate isopiestic measurements by Holmes and co-workers indicated that 
most if not all of the earlier measurements60 64 were inaccurate, with the size of the error 
increasing with temperature. See, for example, the comparison given by Holmes et al. 65 for 
aqueous KC1.

The problems with the earlier experiments appear to have been of two types. First, the 
electromagnetic balance used by Soldano et al. 60 was not as sensitive as required for the 
measurements. Second, it is very difficult to control the temperature of an air-bath thermostat 
to better than ±0.05 K, and an even larger temperature gradient may have been present in 
their system.

McDuffie and Bien66 made some modifications to the high-temperature apparatus, and 
rebuilt the outer part of the chamber. They replaced the original electromagnetic balance 
with a more sensitive one, and replaced some components with more corrosion-resistant 
parts. This modified apparatus was used by Braunstein and Braunstein24 for various binary 
and ternary electrolyte solutions at 373.4, 393.2, and 422.6 K.

Further improvements to this high-temperature isopiestic apparatus were described by 
Holmes et al. , 65 and these changes have resulted in a major improvement in the quality of 
the resulting data. Among these changes was the addition of several “ trim” heaters to 
various positions in the air-bath thermostat, which improved the temperature control to 
±0.015 K. In addition, they monitored the temperature of the copper heat-transfer block 
in several positions to check for gradients. They have used this modified apparatus to measure 
high quality isopiestic data for a number of aqueous binary and ternary electrolyte solu
tions. 17 65 67 75 Their initial paper65 should be read by anyone contemplating high-temperature 
isopiestic measurements.

A few comments about these high-temperature experiments are in order. First, even 
with the improved temperature control, there was still a temperature gradient of about 0 . 0 2  

K present across the copper heat-transfer block. 65 This gradient manifests itself by giving 
systematic differences to the equilibrium molalities, which then depend on the location of 
the individual sample cup on the heat-transfer block. Above about 1 mol • kg 1 this gradient 
has little effect on the quality of the isopiestic data, but at lower molalities the resulting 
error in increases rapidly. This is understandable in terms of Equations 39 and 40, which 
indicate that the error in depends on (S^m,) 1 for any fixed pair of temperatures. Second, 
because of the danger of splattering of the solutions when the temperature is changed rapidly 
from room temperature to a higher temperature, the isopiestic sample containers were added 
to the chamber with dry salts in them. Analyzed stock solutions can still be used provided 
the samples are evaporated to dryness before they are put into the apparatus. Injection of 
water into the system at these high temperatures readily converts the dry solids into aqueous 
solutions.

Figure 5 is a schematic of the ORNL high-temperature isopiestic unit in its present state 
of refinement; Figure 6  is a photograph of the electromagnetic balance, and Figure 7 is a
photograph of the assembled apparatus in the air thermostat. The photographs were supplied 
to us by Dr. Howard F. Holmes.
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ISOPIESTIC SYSTEM WITH IN SITU ELECTROBALANCE

F I G U R E  5- D ia g r a m  o f  th e  h ig h -te m p e ra tu re  is o p ie s t ic  a p p a ra tu s  at O a k  R id g e  N a t io n a l  
L a b o r a t o r y  i O R N L ) ,  T h is  F ig u re  w a s  s u p p lie d  b y  D r .  H o w a r d  F ,  H o lm e s .

FIGURE 6 Photograph of the electromagnetic balance used for in  f i t i i  weighing in the ORNL high- 
temperature isopiestic apparatus This photograph was supplied hy Dr, Howard F. Holmes
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F I G U R E  7 , P h o to g ra p h  o f  the  O R N L  h ig h -te m p e ra tu re  is o p ie s t ic  a p p a ra tu s  in  p la c e  
in  th e  a ir -b a th  th e rm o sta t . T h is  p h o to g ra p h  w a s  s u p p lie d  b y  D r .  H o w a r d  F .  H o lm e s ,

I n  m o s t  o f  t h e  p a p e r s  b y  H o l m e s  e t  a l . , 1 7 ' , 5  ' ’7  7 1  t h e  N a C l  r e f e r e n c e  s t a n d a r d  < l >  v a l u e s  
w e r e  c a l c u l a t e d  f r o m  t h e  e q u a t i o n  g i v e n  b y  S i l v e s t e r  a n d  P i t z e r , 1 *  I n  t h e i r  m o r e  r e c e n t  
w o r k 7 4  7 5  t h e y  u s e d  t h e  N a C l  e v a l u a t i o n  b y  P i t z e r  e t  a l . 7 f t

[). RELATED EXPERIMENTAL TECHNIQUES
I n  t h i s  s u b s e c t i o n  w e  w i l l  d e s c r i b e  t h r e e  e x p e r i m e n t a l  t e c h n i q u e s  t h a t  c a n  b e  u s e d  f o r  

d e t e r m i n i n g  t h e  s o l v e n t  v a p o r  p r e s s u r e s  o f  e l e c t r o l y t e  s o l u t i o n s ,  a n d  w h i c h  s h a r e  s o m e  
c o m m o n  f e a t u r e !  w i t h  t h e  i s o p i e s t i c  m e t h o d ,  b u t  w h i c h  w e r e  n o t  m e n t i o n e d  i n  t h e  i n t r o 
d u c t i o n .

T h e  f i r s t  o f  t h e s e  t e c h n i q u e s  i s  t h e  b i t h e r n i a l  e q u i l i b r i u m  m e t h o d  t h a t  w a s  u s e d  by 
S t o k e s ”  f o r  h i s  d e t e r m i n a t i o n  o f  v a p o r  p r e s s u r e s  o f  a q u e o u s  N a C l ,  N a O H .  a n d  C a C l 4  a t
2 9 8 . 1 5  K .  F i g u r e  8  i s  a  r e d r a w i n g  o f  t h i s  a p p a r a t u s .  O n e  c o p p e r  ‘ ‘ d o m e ”  c o n t a i n e d  a  c u p  
h o l d i n g  t h e  e l e c t r o l y t e  s o l u t i o n  b e i n g  i n v e s t i g a t e d ,  a n d  t h e  o t h e r  " d o m e ”  c o n t a i n e d  a  s a m p l e  
o f  p u r e  w a t e r .  T h e  s o l v e n t  a n d  s o l u t i o n  w e r e  t h e n  d e g a s s e d ;  t h e  s o l u t i o n  w a s  m a i n t a i n e d  a t
2 9 8 . 1 5  K ;  a n d  t h e  p u r e  s o l v e n t  s a m p l e  w a s  c a r o l e d  i n  t e m p e r a t u r e  u n t i l  d i s t i l l a t i o n  o f  s o l v e n t  
c e a s e d .  T h e  v a p o r  p r e s s u r e  o f  t h e  s o l v e n t  i n  a  s o l u t i o n  i s  t h e n  e q u a l  t o  t h a t  o f  t h e  p u r e  
s o l v e n t  a t  t h e  c o o l e r  “ e q u i l i b r i u m ”  t e m p e r a t u r e ;  t h e  v a p o r  p r e s s u r e  c a n  b e  c a l c u l a t e d  f r o m
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FIGURE 8. Diagram of the bi-lhermal equilibrium vapor pressure ap- 
paralus of R H. Stokes. (Adapted with permission form Siokcs. R H..
J Am. Chem. Sor.. 69, 1291. 1947, Copyright 1947 by the American 
Chemical Society.)

that temperature and the equation of state of water. By replacing the solvent sample with 
an electrolyte solution, or by cooling the solvent until it freezes, even lower water activities 
could have been investigated by this method.

Because a large temperature gradient is present in these experiments thermal diffusion 
can occur. This will give rise to a small amount of mass fractionation of the trace amounts 
of air from the water vapor, and of water containing different isotopes (H,l,,0  and H.'^O). 
Under the experimental conditions used by Stokes,77 this mass fractionation should have 
caused an error in the measured water activities of only a few hundredths of a percent. This 
is less than the error introduced from the uncertainty in determining the temperature of the 
solvent sample.

The second technique we mention involves the use of a porous-disk osmometer or 
"isothermal still", whose operation has been described by Williamson.7* The classical type 
of osmometer involves a semipermeable membrane, with solution on one side and pure 
solvent on the other. Solvent is transported through the membrane from the pure solvent to 
the solution, until the hydrostatic pressure head on the solution side becomes large enough 
that it causes the movement of solvent to cease and equilibrium is reached.

For the porous-disk osmometer, however, the solution and solvent are not in direct 
physical contact, but they do exchange solvent through a common vapor phase. A scaled 
bulb contains the solution and a vapor phase, but into this bulb protrudes a column of solvent 
with a porous-disk cap on the end. and this column extends above the level of the solution 
so as to avoid direct liquid-liquid contact, In this case a negative hydrostatic pressure is 
applied to the pure solvent to change its Gibbs energy to equal that of the solution (in 
contrast to the classical osmometer where a positive hydrostatic head is applied to the solution) 
until distillation of solvent ceases. This method generally gives significantly less accurate 
vapor pressures than direct vapor pressure measurements.

Williamson7" noted that distillation of solvent from the pure solvent to the solution causes 
the solvent to cool and the solution to warm, and this temperature difference will oppose 
the distillation process. Thus good heat conduction is essential for equilibrium to be reached 
in a reasonable lime period This is also true for an isopicstie apparatus.
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The third of these methods for determining vapor pressures was refined by Richardson 
and Spann™ and applied by Cohen et al.M1 to a variety of aqueous electrolytes at 293 K. In 
this method a single particle of solid is electrically charged and then suspended between 
electrodes. When this is done, the electrical force required to keep the particle motionless 
will balance the gravitational force, and thus will provide a measure of the mass of the 
particle. Water vapor is then admitted into the cell until the particle deliquesces, and the 
electric field is continually changed to keep the particle in balance. Another w ay of stating 
this is the charged particle or droplet is suspended in and weighed in an eleetrodynamic 
balance. By measuring the change in mass of the particle due to absorption of moisture, the 
molality can be calculated. Since the relative humidity of the moisture admitted to the cell 
is known.B" and the water vapor pressure of the droplet at equilibrium is the same as the 
humidity used in the experiment, the water activity is thus known. By varying the humidity 
within the cell, a number of measurements can be done with the same droplet.

Because of the small particle sizes, typically about 20 p.m in diameter, and the absence 
of a physical container for the solution, the particles are much less likely to nucleate than 
in a bulk sample. Consequently, degrees of supersaturation can be achieved that are con
siderably higher than can be obtained in an experiment in which macroscopic-si zed samples 
are used. This technique is not capable of anywhere near the precision of direct vapor 
pressure or isopiestic measurements, but is capable of yielding data at extreme degrees of 
supersaturation that cannot be studied by the other techniques.

There are two potential sources of inaccuracy in the electrodynamic balance experiments: 
the Kelvin effect, or change in vapor pressure for small panicles due to surface energy 
contributions; and the change in Gibbs energy due to an electrical charge. Cohen cl al.*° 
concluded that these two factors were not a significant source of error under their experimental 
conditions.

V. SOURCES OF ERROR IN ISOPIESTIC EXPERIMENTS

We have given a fair amount of detail in discussing the historical development of the 
isopiestic method, and we were very detailed in our discussion of errors that can result from 
failure to obtain a uniform temperature within the isopiestic chamber. The conclusion we 
reached was that 3 days should be an adequate equilibrium time in most cases for equili
brations at high and moderate molalities, but somewhat longer equilibrations may be required 
at low molalities as a consequence of the weak driving force combined with the large amounts 
of solvent to be transferred between solutions in different cups.

If the rates of heal and mass transfer were the only significant factors affecting the error 
of isopiestic experiments, then isopiestic data should be reproducible within the precision 
of the determination of isopiestic equilibrium molalities: within about 0.291 for the isopiestic 
equilibrium molality ratio and 0.2 to 0.3% for the osmotic coefficients. Although this 
agreement has been observed for some systems, deviations of several times this amount are 
frequently encountered between studies from different laboratories. It is therefore obvious 
that other sources of error may be present that were not always recognized or at least not 
discussed by the experimentalists

We will now give a few typical examples of the magnitude of disagreement that may 
be encountered when comparing isopiestic data from different laboratories As a source of 
information for this comparison we will use available critical evaluations of thermodynamic 
data at 29K.I5 K for several binary aqueous electrolyte solutions.1*1 *' The errors that we 
mention will be the maximum errors for these systems, and in some cases it was obvious 
that a single set of results contained the major errors and the remaining sets of data were 
in much better agreement.

Rurd"1 compared isopiestic data from different studies for aqueous MnCfi, MnSO,, and
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RbCl at 298.15 K. The maximum variation in <l> was 0.5% for MnCT, 1.4% for MnS04, 
and 1% for RbCl. Similarly, Rard and Miller found that the variation in published <I> was 
about 1% for CsCl and 2% for SrCl and about 0.7% for ZnCl,/'' A large number of 
systems have been critically compared by Goldberg et al. 84 and Goldberg, 85 but we will 
mention only a few. Published of CoCl, differ by about 2.3% at high molalities;84 this 
difference is also about 2.5% for CoBr “  and 1.5% for Na2S04 .85

In some cases the explanation for this discrepancy is obvious, such as for CsCl. Con
tamination of CsCl with NaCl is sometimes encountered in commercial material, and which, 
if present, causes large differences in <t>. Unfortunately, in many cases it is impossible to 
assign realistic errors to a published set of data because of inadequate documentation of 
experimental details.

It is our hope that a better understanding of the sources and magnitude of various errors 
for isopiestic experiments will lead to an improvement in the quality and reproducibility of 
data yet to be measured. With this in mind we will now discuss the sources of errors and 
imprecision for isopiestic experiments, not including those due to temperature gradients 
which were discussed in Section IV.A,

A. SAMPLE SIZES, REUSE OF SAMPLES, AND EQUILIBRATION TIMES
It is common in isopiestic experiments to use sample sizes in the range 0.8 to 2.0 g, 

and occasionally samples as large as 3 g are used. However, as we have noted earlier, heat- 
transfer rates limit the attainment of equilibrium at moderate and high molalities, whereas 
mass-transport rates may be more important at low molalities. Consequently, it is advan
tageous to limit sample sizes to those necessary for good experimental precision. Small 
sample sizes (< l g) are most important for low molalities where mass-transport rates are 
inherently lower due to the small chemical potential gradients. These statements are intended 
to apply for experiments in the temperature range of about 273 to 373 K. At temperatures 
of 373 K and higher, sample sizes several times this large can be used (e.g., the ORNL 
high-temperature unit) because of more favorable diffusion and heat-transfer rates.

Isopiestic samples are usually weighed out as liquid samples of an analyzed stock 
solution, although an anhydrous solid can be used in a few favorable cases. Thus the number 
of moles of solute that was added to each isopiestic cup should be known accurately. Provided 
that the solutes are nonvolatile and chemically stable, then simply weighing the samples 
after an isopiestic equilibrium has occurred will allow the molalities to be calculated because 
all of the weight gain or loss will be due to solvent. Isopiestic samples can also be reused: 
more solvent can be added to the cups and the samples reequilibrated. This can be repeated 
a number of times until the sample sizes become too large; then a new set of smaller samples 
can be weighed out for use at lower molalities. Alternatively, the solutions can be concen
trated and then reequilibrated. Concentrating the solutions can be done either by removing 
the sample cups from the chamber and putting them into a desiccator with a desiccant, or 
by adding another cup to the isopiestic chamber with a solution in it that absorbs water. For 
example, a few drops of concentrated H2S04 makes an excellent “ sink” for water vapor.

In a few exceptional cases there may be difficulties with the slow evaporation of a 
supposedly nonvolatile solute, a slow change in pH due to hydrolysis, or slow reaction 
between the electrolyte solutions and the isopiestic cups. In these cases the results would 
become progressively less accurate as the samples are reequilibrated. We note, however, 
that the presence or absence of any of these effects can easily be detected. If a number of 
equilibrations have been performed with the same solutions, for example, by sequential 
dilution of a given set of samples, then these samples could be concentrated and then 
reequilibrated to check whether earlier values of molality ratios are reproduced within their 
uncertainty limits.

We have already noted that 2- or 3-day isopiestic equilibrations are usually considered
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to be adequate, but (hat somewhat longer times may be required at low molalities. If the 
kinetics of the approach to isopie Stic equilibrium are very favorable, then it should be next 
to impossible to fail to reach equilibrium and all isopiestic data should be reliable. Unfor
tunately, this is not the case. To emphasize this point we refer to the very low molality 
isopiestic study of Gordon.Gordon adjusted his starting molalities to differ by about 10% 
from the expected molality ratio:

••This precaution is essential when dealing with dilute solutions, since if the initial concentrations have been chosen 
near some preconceived idea ot ihe isopiestic ratio and if air has not been completely removed the final concentrations 
will not have altered appreciably from the initial, and thus may suggest erroneously that equilibnum has been 
attained.'1

Rquilibration times are not always given in experimental papers reporting isopiestic data. 
The traditional equilibration limes for 298.15 K in the earlier isopiestic studies was 1 day 
at high molalities. 2 days at intermediate molalities, and 3 days at low molalities of about
0.1 to 0.2 mol • kg " ,u"  "  In several cases a solution of N a C I . J1 K C l.”' or 
NaOH" was added to the chamber between the metal cups and the heat-transfer block to 
improve thermal contact, although this needs to be washed off before the cups are weighed. 
Robinson and Sinclair'5 reported the results of two equilibrations that seemed to indicate 
that these equilibration periods were sufficient to achieve precise equilibrium molalities.

Scatehard et a l"  did a number of repeat experiments using these equilibration times, 
in which aqueous NaCI. KCI, and H ,S04 were equilibrated against each other and against 
solutions of various organic compounds (sucrose, urea, glycerol). We used these equilibrium 
molalities and the reference standard d>* of Hamer and Wu" for NaCI and KCI to recalculate 

of H.SOj, These resulting <{> of H,S04 for molalities of 0.09079 to 0.09095 mol ■ kg 1 
range from 0.678 to 0.685 which is a 1.0% variation, whereas they should be essentially 
constant. The scatter in is about 0,5% around 0.19 mol - kg \  but the precision is 
significantly better at higher molalities. This strongly suggests that 3 days is far from adequate 
to achieve isopiestic equilibrium at these low molalities, anil that much longer equilibrations 
should be used.

In more recent studies, longer equilibrium periods have generally been used. At 298.15 
K. for example. Rush and Johnson*' used 2 to 7 days. Ellerton et al.1K used 5 days to 2 
weeks. Macaskill and Bates*4 used 2 days to 4 weeks, and Lihus et al.2* used 3 to 21 days. 
Gordon*1' used 7 to 18 days for very low molalities. Required minimum equilibration times 
should depend on the materials used to construct the chambers, as well as the solution 
molalities. Equilibration periods of I to 3 days are definitely sufficient above 1 mol • kg 1 
for temperatures above and about 373 K ,', w but 2 weeks are required by 11.5 mol • kg * if 
chambers are not rocked.

The prototype model of the isopiestic chamber used al Livermore2 was that originally 
described by Saeger and Spcdding.*'■ This original setup used gold-plated silver equilibration 
cups, hut these were later replaced by tantalum cups which have superior resistance to 
corrosion and can even be used for H.SO, solutions (but. alas, they have only 1/7 of the 
thermal conductiv ity of silver) However, these tantalum cups were smaller than the silver 
cups, so brass retainers had to he added to the recesses in the copper block to give a tight 
fit with good metal to-metal contact. The required equilibrium periods at 298 15 K were 
essentially unaffected by these changes for molalities above I mol • kg for which 3 to 4 
days was adequate. Tor the silver cups about 2 weeks was required below 0.2 mol - kg '. 
but for the tantalum cups 4 to 6 weeks was now necessary. This brings up the point that 
when corrosion-resistant metals such as platinum or tantalum are used to replace the more 
reactive silver and copper cups, the reduced heat transfer efficiency w ill require an increase 
in equilibration times for low molalities.

We noted four paragraphs above that aqueous NaOH or NaCI solutions are sometimes
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added to the crevices between the sample cups and the recesses in the heat-transfer block, 
to serve as an intermediate heat-transfer medium that provides better thermal contact. This 
procedure has been reported to give better rates of equilibrium for solutions at low molal
ities. 33-34-36 3941 However, this technique gives rise to some new problems that need to be 
discussed.

First, as the sample cups are removed from the chamber they need to be rinsed off and 
dried to remove this heat-transfer solution. This is somewhat time consuming, and there is 
the potential for evaporation of solvent from the solutions if the caps on the cups are not 
tight fitting. In addition, there is no guarantee that this will produce reproducible conditions 
of surface moisture and thus the weights of the cups may be altered slightly.

Second, the heat-transfer liquid will “ attempt” to equilibrate with the solutions in the 
sample cups by solvent transfer, so extra sources or sinks of heat are present that need to 
be dissipated for thermal equilibrium to occur. This equilibration of the heat-transfer liquid 
with the solutions in the cups will be incomplete due to restricted contact with the vapor 
phase. Thus concentration gradients will build up in the heat-transfer liquid that will dissipate 
only very slowly by diffusion, and true equilibrium is not likely to be present.

Based on these considerations, we cannot recommend the use of an intermediate heat- 
transfer liquid unless the fits of the sample cups in the recesses of the heat-transfer block 
are so poor so as to seriously impede thermal equilibration.

We suggest the following “ rule of thumb” in deciding on what equilibrium periods to 
use for a particular isopiestic chamber and a fixed set of solution cups. First do some 
preliminary experiments with solutions whose molalities are changed to cover a wide range 
of water activities. At each water activity equilibrate several replicate samples whose original 
molalities differ by several percent, and determine the minimum equilibration time required 
for the molalities to equalize to better than ±0.1%. This gives the minimum time required 
for heat and mass transfer to reach equilibrium (or at least steady state) inside the chamber. 
Then add 50% more time to make sure the temperature inside the chamber is in equilibrium 
with the constant temperature bath. This procedure should greatly reduce the likelihood of 
systematic errors being present in low molality isopiestic data.

It is advantageous to adjust these initial molality differences so that equilibrium is 
approached both from higher and lower molalities for each type of test and reference solution. 
In this case good agreement between molalities after equilibration is an indicator of ther
modynamic equilibrium and not an artifact of the adjustment of the initial molalities.

We note that there are a few aqueous electrolytes that seem to be inherently more 
sluggish than others in their approach to equilibrium at low molalities. For example, Robinson 
et al. 37 reported that they were unable to get good equilibrations for aqueous Ba(CI04) 2 

below 1 mol • kg ', and Rard88 reported that at about 0.1 mol • kg 1 solutions of Lu2(S04), 
did not equilibrate well even when 3-month equilibrations were used.

B. SYSTEMS WITH SPECIAL DIFFICULTIES
The isopiestic method is simplest to use when only one component is volatile and the 

solvent and solutes are chemically stable. A few systems have been investigated in which 
these conditions are not true, and in which the measurements were more difficult and 
generally less accurate.

For example, Kharchenko et al. 89 did isopiestic measurements for mixtures of benzene 
and water containing one or more solutes. They referred to this as the double isopiestic 
method. Aqueous NaCl was used as one reference standard and diphenylmethane in benzene 
as the other, and the activities of both solvents were determined simultaneously. Kharchenko 
et al. noted that for this method to work the two solvents must be essentially immiscible in 
each other. One of the components of the reference standard, diphenylmethane, and one of 
the solutes, tri-n-butylphosphate, were slightly volatile, so the equilibration periods had to 
be restricted to reduce transport of the solutes.
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Bonner'*' performed isopiestic measurements for aqueous solutions of methyl-substituted 
ammonium chlorides at 298.15 K. He found that (CH,),NHCI was too volatile to allow 
accurate measurements. However, he performed a few measurements at high molalities as 
a function of time and then extrapolated the isopiestic molality ratio to zero equilibrium 
time.

Lantzke ct a!.'” performed isopiestic experiments for three molalities of aqueous Na.SO, 
at 298,15 K. In spite of precautions to avoid exposure to air, from 4.4 to 8.5 mol% of the 
Na.SO, was oxidized to Na.SOj during the isopiestic equilibrations. Because of the need 
to correct for the presence of Na,S04. values of for Na.SO, are fairly uncertain

Bonner"1 reported isopiestic measurements for aqueous K4P,07, Na,P20 7. and K ,H ,P ,07 
at 298.15 K. Bonner found that K,H,P,07 underwent hydrolysis at a rate of about 1%/week. 
He measured results for the molality ratio relative to the reference standard as a function of 
time, and extrapolated the data back to zero hydrolysis (zero time). Inasmuch as it is difficult 
to reproduce a particular molality in an isopiestic experiment, the extrapolation adds some 
additional uncertainty to the derived d> values.

Robinson and Lim"' found that for aqueous UO.CI, molalities above 3 mol - kg 1 at
298.15 K. evacuation of air from the isopiestic chamber caused HC1 to volatilize from the 
UO.CI. solutions, and this HCI was then transported to the CaCI, reference standard solutions. 
Thus measurements at higher molalities were unreliable. Holmes and Mesmer''" attempted 
to perform isopiestic measurements for aqueous CoCI, at 413,36 K, but they found that 
CoClj solutions irreversibly lost HCI and precipitation of insoluble Co(OH), occurred.

Platford'*4 found that boric acid, H ,BO,. was slightly volatile under the usual conditions 
for isopiestic experiments. His NaBF4 may have volatilized to a lesser degree, but hydrolysis 
also occurred.

The remaining systems to be discussed here are not especially difficult to study by the 
isopiestic technique, but they are systems for which isopiestic data from different investi
gations show remarkably large differences. They are all heavy metal perchlorates.

Goldberg"' has critically reviewed isopiestic values for UO,(CIO,)_, at 298.15 K. T he 
experimental sets of <J> show systematic differences of up to 0.08 by 4 .3 mol - kg ', which 
is a 2% variation.

Rard et al-’*’ and Libus et al.J* have reported isopiestic data for various aqueous rare 
earth perchlorate solutions at 298.15 K. and they studied 11 salts in common. At 4.0 mol 
• kg for example, there were differences in (f» for the same salt of up to 1.8%. although 
for 8 salts the agreement was to 1.0% or better. Curiously, their data for Gd(CIOj), and for 
Dy(CI04), solutions were in essentially complete agreement, but the <t> values of Libus ct 
al are generally lower than those of Rard et al. for lighter rare earths and higher for heavier 
rare earths.

Robinson et al.*7 and Rush"7 reported isopiestic data for aqueous Bat CTO,), at 298.15 
K. and their values differ by more than 5% at 5.5 mol - kg '.

Heavy metal perchlorates have very high molar masses, and thus the experimental 
molalities are quite sensitive to uncertainties in concentration analyses ft is also quite possible 
that for uranvl and rare earth perchlorates, hydrolysis may not have been properly suppressed 
in one or more of the studies, and therefore these differences in <!> may be due in part to 
hydrolytic effects. We note that hydrolysis is generally not extensive for rare earth salts, 
and it can easily he suppressed completely However, the reaction of hydrolyzed rare earth 
perchlorates with H 0 0 4 is fairly slow, and several days of heating with periodic pH ad
justments are required to completely eliminate hydrolysis.

ITie discrepancies in <1> for BatOO,), are extremely large.*7"7 yet we do not expect 
hydrolysis to be significant for that system. In fact, the differences are so large as to make 
one wonder whether the same salt was studied.
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C. CORROSION OF SAMPLE CUPS
Up to now our main interest with the isopiestic sample cups has been in regard to their 

heat-transfer characteristics. However, corrosion of the cup material was noted in a few 
cases for solutions of certain electrolytes, which casts a doubt on isopiestic data that were 
measured with those cups. Our main concern with corrosion is because it changes the 
chemistry of the solution phase and thus its water activity. However, the weight of the cup 
will also change if the cup is partially dissolved.

In some of the earliest isopiestic studies copper or silver-plated copper was used to 
construct the isopiestic cups, and silver became the favored material shortly after that. 
Generally no problems were reported. However, Robinson48 found that aqueous KI, Rbl, 
and Csl all corroded silver cups, but that chromium plating on the silver cups allowed KI 
to be studied. The Rbl and Csl solutions could also be studied with the chromium-plated 
cups, but only if contact time between the cup and the solution was kept to a minimum.

Lindenbaum and Boyd98 performed isopiestic measurements for aqueous tetraalkyl am
monium chlorides, bromides, and iodides at 298.15 K. They reported that some of these 
solutions caused severe corrosion of the silver isopiestic cups, but they did not specify which 
of these solutions were involved. Gold-plating the silver cups eliminated that problem. 
Corrosion of silver cups by alkali metal chlorides and bromides has also been reported at 
higher temperatures. 60

Janis and Ferguson39 attempted to perform isopiestic measurements for aqueous KC1 
and NaCl solutions in copper cups, but they found that some slight corrosion occurred. They 
also found that if silver-plated copper cups were used instead for these same solutions, these 
solutions usually became turbid, presumably from AgCl formation.

It is clear that a silver metal cup without any protective coating is not resistant to 
corrosion by bromide or iodide solutions, and all data that have been measured in them for 
these salts must be considered to be suspect. In addition, it is not clear whether silver cups 
are completely inert to all chloride solutions.

The dishes used in Robinson’s earliest measurements48 were square-shaped in cross 
section, and were made from sheets of silver that were attached together with silver solder. 
However, this silver solder was more easily corroded than the silver walls. These “ boxes” 
were therefore replaced with dishes of a circular cross section, which were spun on a lathe 
from a single disk of silver (private communication, R. H. Stokes, February 22, 1991).

Mason36 tested stainless steel sample cups with aqueous solutions of various trivalent 
metal chlorides and found that these cups were easily corroded.

A common procedure that is used for making silver cups more chemically resistant while 
still retaining their high thermal conductivity is to gold-plate the inner surfaces of the cup. 
This is a satisfactory solution to the corrosion problem in most cases, but care must be taken 
to insure that this plating is complete so that no “ pinholes” remain to serve as sites for 
localized corrosion. A more nearly foolproof method is to replace the cups with ones made 
out of platinum or some other hard and inert metal, but this usually results in a significant 
lowering of the thermal conductivity.

When investigating a new system of a potentially reactive material, a corrosion test 
should be done beforehand. This need not be done with the actual isopiestic cups, but it 
can be easily performed by using an extra piece of the cup material and a few drops of the 
electrolyte solution. Several weeks of such a test should be sufficient; if present, corrosion 
is usually obvious from color changes in the solution or pitting of the metal slab.

D. PURITY OF CHEMICAL REAGENTS
It should be obvious that a prerequisite for measuring accurate isopiestic data is to use 

electrolytes of high chemical purity. These chemicals may need to be recrystallized in some 
cases, and it is always a good policy to filter stock solutions to remove insoluble matter
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from the starting material. It may be surprising how little experimental detail is typically 
reported in papers on the Lsopiestic method with regard to the quality and purity of materials 
being used. Unfortunately this is also true of most papers in thermodynamics.

In a number of reports on isopiestic data, the only information given about the solutes 
was their chemical names or formulas. Occasionally either the source of the material or the 
"grade" of the material was listed (reagent grade, analytical reagent, ultrapure, etc.). In a 
few cases the manufacturer's claims of impurities were given, but these are not always 
complete or reliable. It is the exception rather than the rule when actual experimental analyses 
have been done for the impurity content.

The lack of analytical determinations for the impurity contents is unfortunate but not 
really surprising, because having these analyses done is an added expense for the research, 
and thermodynamic research is usually not well funded. In addition, when many of the 
earlier isopiestic studies were performed, the analytical techniques may not have been refined 
enough to yield reliable impurity contents.

Professor F. H. Spedding used to tell a classic "horror story" about chemical purity. 
A supply of ultrapure calcium metal had been purchased for his research group. However, 
when they melted this calcium they discovered the head of a sledgehammer imbedded in it; 
it had been lost during a fire at the chemical plant. Although this type of macroscopic 
impurity is unlikely to be found in a bottle of chemical reagent, sufficient contamination 
may be present in some cases that vitiates the experimental results.

The presence of a contaminant in an electrolyte solution will affect the derived values 
of d5 in two ways. First, it will affect 4> directly because the chemical properties of the 
contaminant will differ more or less from the major component (such as from differences 
in ionic hydration or ionic association). Second, it will affect the computed solution molalities 
if the presence of the impurity or impurities was unknown, because the wrong molar mass 
will be used when calculating molalities.

Cases of gross chemical contamination of reagents are probably uncommon, and many 
of the common chemical reagents such as NaCl, KC1. Na.SO,, sucrose, etc. are generally 
obtained in high purity. However, there are a few electrolytes for which the presence of 
significant contamination is the rule rather than the exception, and these impurities may or 
may not be acknowledged by the company supplying the chemical. The presence of impurities 
in the solutes may account for some of the larger discrepancies in published isopiestic results, 
but. because of inadequate chemical characterization or no information at all, it may not be 
possible to judge with certainty which of the discrepant investigations is in error. We will 
now give a few examples of the effect of impurities on 4> where the presence and concentration 
of these impurities was well knowm.

Samples of RbCI. even purportedly pure RbCI. are commonly contaminated with sig
nificant amounts of KCI. For example, Rard*1 had two different hatches of commercial 
"99.9'#" RbCI analyzed spectroscopically for impurities; one sample actually contained
0.58 mol1® KCI and 0.053 mol'if NaCl. whereas the other contained 3 mol'# KCI and 0.4 
mol'# NaCl. Osmotic coefficients were also determined for a sample of RbCI to which 1.06 
mol'# KCI was intentionally added. The presence of this KCI changed <!> by about U.3*# or 
less, depending on molality, as long as the correct molar mass was used in computing 
molalities. Similarly, the presence of 0.1 mass'# Sr in CaCI, changed the observed 4> by 
only about 0 .1'#.1'

Rard and Miller,<’“ gave examples of supposedly pure divalent metal chlorides that 
actually had impurities of alkali metal chlorides present. They calculated values of <!> for 
these solutions as if the impurities were not present, in order to determine the errors that 
wx>uld occur if the presence of these impurities had not been known Such contamination 
had a large effect on the observed 4> values. Both examples given below are for aqueous 
solutions at 29K 15 K



258 Activity Coefficients in Electrolyte Solutions, 2nd Edition

A sample of MgCl, was studied that contained about 0.2 mass% Na, along with 0.02% 
Ca and 0.02% Fe. 15 Several equilibrations were performed from 3.3640 to 4.6615 mol • 
kg"1, and the derived values of 4> were about 0 .6 % lower than those obtained with high- 
purity MgCl,. Rard and Miller85 also found that values of $  for ZnCl2 were very sensitive 
to small amounts of impurities; they studied a sample with 0.07 mol% of NaCl, along with 
much smaller amounts Si, Ca, and Mg. For the molality range of 10.335 to 11.133 mol • 
kg" ‘, the apparent values of 4> were about 0.5% higher than values obtained with very high- 
purity ZnCl2. In this case the major effect seems to have arisen from Na interfering with 
their method of analyzing the ZnCl2 stock solution molality, rendering it unreliable.

In general, the presence of alkali metal impurities in a solution of electrolytes of the 
type MX2 or MX3 will significantly lower the observed values of <l>. However, the presence 
of impurities of the same valence type (for example, KC1 in RbCl, SrCl2 in CaCl2) usually 
produces much smaller errors, especially if their presence is known and is taken into con
sideration when computing molalities.

As one last example, we note that Mason36 reported isopiestic data for several aqueous 
rare earth chlorides including YC1„ LaCl3, CeCI,, PrCl3, and NdCl3. Prior to the development 
of ion-exchange and liquid-liquid extraction methods in the 1950s for the purification and 
separation of rare earths from each other, samples of rare earths generally contained several 
percent of the neighboring rare earths. Values of <l> for RC13 at a constant molality are more 
or less S-shaped'”' as a function of atomic number with values for the light and heavy rare 
earths slowly increasing with atomic number, but those in the middle of the series vary 
much more rapidly with their atomic number. Consequently, we anticipate that the error of 
#  for RC13 solutions from the presence of other rare earths will depend on which rare earth 
was being studied and not just on the impurity levels present.

One thing that should be clear from this discussion is that it is essential to use electrolytes 
of high purity, and to have them analyzed for impurity content whenever possible. The 
danger of not doing this is to have an occasional set of very carefully measured isopiestic 
data rejected by future workers when results become available for material of higher purity.

E. THE EFFECT OF THE ACCURACY OF CHEMICAL ANALYSIS
We have already mentioned that the molalities of solutions in isopiestic equilibrium are 

routinely measured with a precision of ±0.05 to 0.1%, and thus the molality ratio of the 
“ test” solution to the reference standard will be known to ±0.1 to 0.2%. If there were no 
other sources of error, then isopiestic molality ratios should agree within this precision, and 
this is sometimes the case. However, this does not mean that the derived 4> values will 
agree within the same limit.

If a number of different solutions are allowed to exchange solvent until isopiestic equi
librium is reached, then they will all have the same solvent activity. Values of

will thus be identical for all of these solutions. Now suppose that a chemical analysis was 
performed for the stock solution used for weighing out one of these samples, but that the 
analysis yielded molalities that were too low by 0 .1  %. Let mi be the correct molality and 
m“ be the apparent molality calculated from the analysis results. For simplicity we will 
assume that the molality and osmotic coefficient of the reference standard are accurately 
known, and that the test solution is a binary solution. Then

p,m ,*!' =  i',m ,'<!>'■

= 0.999 I’.m,*!'
(57)
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and thus ft>' = cp/0.999 = 1.001 <t>. This simple calculation indicates that if the molality 
is too small by 0.1% then <J>a will be too large by 0.1%. However, $  generally increases 
with molality over most of the molality range (except for low molalities before the minimum 
in is reached, and at very high molalities where a few systems have a maximum). Thus 
the “ correct” at mf should be even lower. Consequently the error in <J> that was calculated 
from m“ will be about 0.2% at low molalities and 0.25 to 0.3% at high molalities.

It should be clear from this example that when osmotic coefficients are being compared 
for the same chemical system but from different studies, and that if each test solution and 
reference standard have molality errors of ±0.05%, then the isopiestic molality ratios could 
systematically differ by 0.2% and the derived (t> by 0.5%. Clearly, accurate analysis of 
stock solutions is very important for isopiestic measurements.

We have used ±0.05% as typical analytical uncertainties for stock solution molalities. 
These are random errors, and they will partially cancel in many cases so that the corresponding 
systematic differences may be much smaller. In addition, some solutions like NaCl and KC1 
can be analyzed with much better precision, so the agreement in values could be even 
better. In fact, the agreement in <I> values between different studies is sometimes better than
0.2%, commonly better than 0.3%, and usually better than 0.5 to 0.6%. Larger differences 
than this sometimes occur but are rare.

F. DISCREPANCIES DUE TO CHANGES IN THE REFERENCE STANDARDS
When we discussed the various isopiestic reference standards we noted that their #* 

have uncertainties of 0.1 to 0.3%, depending on the electrolyte and the molality. Suppose 
isopiestic data were measured for a specific electrolyte solution relative to two or more 
different standards. Even if the solution molalities are all known very accurately, the derived 
(f> can agree to 0.1% or disagree by 0.3 or 0.4%, and the differences will depend on the 
molalities of the reference standards. These discrepancies must be considered when assigning 
absolute errors to derived quantities such as Gibbs energies of solution. However, as long 
as the equilibrium molalities have been tabulated, the derived results can be corrected later 
when more accurate <f>* become available for the standards used, and the discrepancies will 
be reduced or eliminated.

G. WEIGHING ERRORS AND VARIOUS WEIGHT CORRECTIONS
The isopiestic method is essentially a gravimetric method provided only one volatile 

component is present. Weighed samples of electrolyte solution or, occasionally, dry solid 
are added to the sample cups. Thus the number of moles of electrolyte in each sample cup 
is known along with the mass of the cup when it was empty. Consequently, any gains or 
losses in mass during isopiestic equilibrations are due to gains or losses of solvent. The 
observed changes in mass can then be used in the calculation of the solution molalities at 
isopiestic equilibrium.

Analytical balances are generally used to weight the sample cups and solution samples, 
usually to about 1 x 10 4 g. For typical isopiestic sample sizes of 0.8 to 2.0 g, this weighing 
error affects the calculated molalities only by about 0.01% at low molalities and by 0.02 to
0.03% at high molalities. This is the lower limit of precision that one can normally expect 
from the isopiestic method. However, some workers have used glass equilibration cups; 
glass can have an additional problem with buildup of static charge and a significant drift in 
the apparent weight of the cup with time. This can cause errors in the calculated molality 
values, and this problem varies in size with different weather conditions. The static electricity 
on glass can be reduced by special techniques such as wiping the cups with a damp cloth 
or a cloth moistened with ethanol shortly before weighing them, or by using a radioactive 
“ static ionizer” to counteract the static charge. Even with these precautions, it is likely that 
weighing errors for glass cups will be several times larger than for metal cups. Being electrical 
conductors, metal cups do not suffer from this problem.
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The process of weighing a sample cup with solution gives a weight not a mass, and the 
mass of water is really what is required for calculation of molalities. For aqueous solutions 
around room temperature, making the buoyancy correction reduces the calculated molalities 
by about 0.1%. For high-temperature isopiestic experiments, the vapor density of water 
increases rapidly with temperature, and these buoyancy corrections become considerably 
larger. Thus buoyancy corrections should definitely be made for in situ weighing at high 
temperatures, since to neglect them wou’d result in large errors.

In the first edition of this book Platford1 observed that buoyancy corrections are frequently 
neglected when the weighings are done around room temperature. Neglecting buoyancy 
corrections under these conditions does not result in a serious error because of a certain 
degree of cancellation when isopiestic molality ratios are used for calculating osmotic coef
ficients. For example, Rard2 determined that the equilibrium molality ratio of saturated 
HolNOj, relative to a CaCl2 reference standard was 0.9892, but if buoyancy corrections 
were neglected this ratio only changed to 0.9893. However, neglecting the buoyancy cor
rection did give an absolute error of 0.12% in the calculated saturation molality, and this 
is several times larger than the precision of the solubility determination. We always make 
the buoyancy corrections at Livermore, and recommend that they be made. We also note 
that solution densities only need to be known to a percent or two for the purpose of making 
buoyancy corrections, and that it is accurate enough to estimate densities for mixtures from 
densities of the limiting binary solutions at the same ionic strength, by using ionic strength 
fraction weighting.

If isopiestic sample cups are capped while still inside the chamber at the equilibrium 
temperature, or if the sample cups are rapidly capped after the chamber has been opened, 
then some extra solvent will be trapped inside the cups as a solvent-vapor-saturated vapor 
head. For experiments that are performed at elevated temperatures, some of this solvent will 
condense and become part of the solution phase as the samples cool to the temperature of 
the laboratory. For each sample, however, the total mass of the cup plus solution also 
includes this extra solvent from the vapor head of the cup. The amount of solvent trapped 
in the vapor head will obviously depend on the vapor pressures of the solutions and will 
thus increase rapidly with temperature.

We will now estimate the magnitude of the correction (or error, if the presence of the 
vapor head is neglected). The total mass of solvent vapor in the vapor head will obviously 
depend on the size of the isopiestic cup and the proportion of the cup not occupied by liquid 
solution. In some of the early studies somewhat larger cups were used: those of Sinclair34 
and Robinson and Sinclair35 were 28 or 29 cm’ in volume. For experiments with air-filled 
isopiestic chambers, small sample cups with a volume of about 5 cm3 are typical.43 46 47 
However, for the majority of the studies in which the dimension of the sample cups were 
reported,” '38-40'41'45’48-50 the volume of the sample cups ranged from 14 to 19 cm3. The cups 
used at Livermore have an internal volume of 20 cm3, but this is reduced to about 18 cm3 
after the platinum gauze is added and the cap put into place.

We will perform our calculations for a typical sample cup with a volume of 16.5 cm3 
containing 1.5 cm3 of solution. We now calculate the mass of water vapor that would be 
trapped in this 15-cm3 vapor head at temperatures of 273.15, 298.15, and 373.15 K. For 
the case of a vapor-saturated cup containing some pure water as liquid phase, the mass of 
water vapor in grams will be given by

Vs(g) cm' • mol
= 270.2/V,

By using the ideal gas volumes for water vapor at saturation as given in Table 1, we calculate
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that the 15-cm’ vapor head contains 7 x 10 5, 3,5 x 10 4, and 8 , 8  x 10 4 g of water 
at 273.15, 298,15, and 373.15 K, respectively.

The actual mass of water vapor trapped in the vapor head at the temperature of the 
isopiestic experiment will be less than this since the vapor pressure of a solution is less than 
that of the pure solvent. In addition, the mass of the empty cup is generally determined 
while filled with laboratory air which already contains some water vapor, and we should 
not count this water twice. For simplicity we will assume that the isopiestic cup is always 
weighed in air at 298.15 K at 50% relative humidity. Thus the “ empty weight” of the cup 
will include 1.7 x 10 4 g of water vapor. The correction for excess water in the vapor 
head will be

We will now calculate this mass of water for as =  P,(T)/P°(T) = 0.9 and the same three 
temperatures. At 273.15 K this correction becomes -1 .1  x 10 4 g, at 298.15 K it is 1.4 
x 10 4 g, but at 373.15 K it becomes 77.7 x 10 4 g. Clearly, the correction for the water 
vapor trapped in the vapor head is very small in the temperature range 273.15 to 298.15 
K, on the order of the weighing error, and can usually be neglected. However, at higher 
temperatures this correction must be made, or serious systematic errors will result.

The isopiestic cups can also absorb small amounts of water vapor on their walls and 
this absorption error should vary with the vapor pressure of the solutions being investigated. 
However, we expect this absorption error should be small and essentially cancel when 
experimental isopiestic molality ratios are used for calculation of osmotic coefficients. We 
have seen no published reports on this surface absorption of moisture by isopiestic cups. 
However, we have done a few check experiments at Livermore (unpublished) for our 20- 
cm’ cups of tantalum metal. Empty cups were stored in a desiccator above CaS04, weighed 
while empty, placed in an isopiestic chamber with other sample cups containing aqueous 
solutions and allowed to equilibrate for several days, and then removed from the chamber 
and reweighed. No detectable mass change was observed. In addition, empty sample cups 
were removed from the desiccator and weighed with their polyethylene caps in place. They 
were then allowed to sit in the laboratory air for 40 to 45 min at 36 to 42% humidity and 
were reweighed. Weight gains due to moisture absorption were 1 to 3  x 10 4 g, which is 
fairly small.

Individual isopiestic chambers typically contain around 6  to 18 sample cups. Some 
workers use duplicate or triplicate samples of each electrolyte in an equilibration because 
that allows the precision of the experiments to be checked, and to detect and avoid the 
possibility of using insufficient equilibration times at low molalities. However, some workers 
use only single samples of each electrolyte so that a larger variety of solutions can be studied 
in a single experiment. If a weighing error is made when one of the original samples is 
weighed into the cup, then a large amount of data will be measured that is precise but very 
inaccurate. It is important to use at least two samples of each electrolyte to detect and avoid 
such problems.

If two samples of the same electrolyte solution are used for sequential isopiestic equi
librations, and if they consistently have significant differences in their equilibrium molalities, 
then an initial weighing error is the likely cause. However, if duplicate samples of all of 
the solutions show a similar discrepancy, then a temperature gradient may be present in the 
isopiestic chamber. This can be tested for by moving the isopiestic cups from their original 
locations on the heat-transfer block to recesses on the opposite side of the block; if the 
discrepancies are pretty much the same after this change is made, then a weighing error is 
indicated, but if the direction of the molality discrepancies is reversed, then a temperature

(58)
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gradient is indicated. This brings up the point that if replicate samples of each electrolyte 
are used, the cups containing them should be placed symmetrically on opposite sides of the 
heat-transfer block. Persistent temperature gradients are unlikely to be found in isopiestic 
chambers in a liquid-filled thermostat, but can occur in an air thermostat.

The remaining type of weighing error occurs only for chambers that are opened before 
the sample cups are capped. Evaporation can occur during this time interval, and the amount 
of solvent lost will depend on the temperature of the solution relative to the laboratory 
temperature and on the size of the opening at the top of the isopiestic cups. This error will 
be quite small for the sample cups capped first and larger for the samples capped last, and 
will depend on how fast the cups are capped. Evaporation can produce serious errors at high 
temperatures. At 298.15 K Rard2 found that with 30 to 45 s required to cap eight sample 
cups, maximum evaporation errors were 5 to 6  x 10“  g at low molalities, and 1 to 2 x 
10“  g at high molalities. This corresponded to molality errors of 0.02 to 0.04%. Similarly, 
Pan50 reported solvent losses of 1 to 4 x 10 4 g due to evaporation while capping seven 
sample cups. We note that this evaporation error is opposite in sign to the error from 
neglecting water vapor trapped in the vapor head, so some cancellation of errors will result.

H. SUMMARY OF ERRORS
We have just discussed a number of potential errors for isopiestic experiments, and it 

is clear that large errors can sometimes occur. However, if some attention is given to using 
good technique and simple precautions, data of high quality can be obtained. For example, 
there are four independent sets of isopiestic data for aqueous CsCl and SK'I, at 298.15 K 
that agree with each other to 0 . 2  or 0.3% , 82 which indicates that highly reproducible results 
can be obtained (especially since some of these small differences are due to using different 
isopiestic reference standards).

VI. SOLUBILITY DETERMINATIONS BY THE ISOPIESTIC
METHOD

Our discussion of the isopiestic method has so far been concerned with solvent activity 
determinations without the presence of a solid phase. Isopiestic measurements are usually 
done on unsaturated solutions, but it is as easy to do them on supersaturated solutions 
provided the supersaturated solutions show little tendency to crystallize. For example, Rard100 

performed isopiestic measurements for aqueous La(NO,), at 298.15 K up to 8.4591 mol • 
kg which is considerably above the 4.6147-mol • kg 1 solubility of LafNO,)-, * 6H20. 
Of the 29 experiments performed in the supersaturated molality region, crystallization only 
occurred in two cases and even then only one out of two duplicate samples underwent 
crystallization.

It has long been recognized that the isopiestic method could also be used for the si
multaneous determination of the solvent activity and solubility of a saturated solution. 51 

Rard2 has reviewed this application of the isopiestic method with emphasis on binary aqueous 
electrolyte s o l u t i o n s .  The following p a r a g r a p h  was a d a p t e d  f r o m  his d i s c u s s i o n .

W h e n  a n  i s o p i e s t i c  s o l u b i l i t y  d e t e r m i n a t i o n  i s  t o  b e  p e r f o r m e d ,  a n  e x t r a  c u p  t h a t  c o n t a i n s  
b o t h  s a t u r a t e d  s o l u t i o n  a n d  c r y s t a l s  i s  a d d e d  t o  t h e  c h a m b e r .  T y p i c a l l y ,  t h e  a m o u n t  o f  
s o l u t i o n  a n d  c r y s t a l s  i n  t h i s  c u p  i s  s e v e r a l  t i m e s  l a r g e r  t h a n  t h e  a m o u n t  n o r m a l l y  u s e d  i n  
i s o p i e s t i c  e x p e r i m e n t s ,  b e c a u s e  t h i s  c u p  f u n c t i o n s  a s  a  r e s e r v o i r  t o  a b s o r b  o r  “ d o n a t e ”  
s o l v e n t  t o  t h e  t e s t  a n d  r e f e r e n c e  s t a n d a r d  s o l u t i o n s  a s  r e q u i r e d .  F i r s t  c o n s i d e r  a  t e s t  s o l u t i o n  
t h a t  i s  i n i t i a l l y  b e l o w  s a t u r a t i o n .  Once t h e  e q u i l i b r a t i o n  i s  s t a r t e d ,  t h e  t e s t  s o l u t i o n  w i l l  b e g i n  
t o  l o o s e  s o l v e n t  w h i c h  will be a b s o r b e d  b y  t h e  r e s e r v o i r  s o l u t i o n ,  a n d  s o m e  o f  t h e  c r y s t a l s  
w i l l  d i s s o l v e  t o  maintain s a t u r a t i o n .  Next consider a  t e s t  s o l u t i o n  t h a t  w a s  i n i t i a l l y  s u p e r 
s a t u r a t e d ;  u p o n  t h e  s t a r t  o f  t h e  e x p e r i m e n t  t h e  t e s t  s o l u t i o n  will a b s o r b  s o l v e n t  v a p o r  f r o m  
t h e  r e s e r v o i r ,  a n d  m o r e  c r y s t a l s  w i l l  precipitate i n  t h e  r e s e r v o i r  c u p  t o  m a i n t a i n  s a t u r a t i o n .
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At equilibrium the test solution will have the same solvent activity and molality as the 
saturated solution in the reservoir cup. Because the test solution contains no solid phase, 
simply weighing it will give the solubility molality. (Occasionally crystallization may occur 
in one or more of the test solution cups; even so, as long as that sample does not become 
completely dry the reference standard solution molality will at least give the solvent activity 
for saturation of the test solution.)

Consider the dissolution of a hydrated binary electrolyte

M,A, ■ nil ()(s| <— ♦ xMy + (aq) + y.A‘ (aqi + 11H.O (sin) (59)

for which the thermodynamic solubility product is given by

K = x y ( m /m T " ,', 'yt <,*!'Xn (60)

Here m is the molality at saturation, m° = 1 mol ■ kg~ \  and y ± is the mean molal activity 
coefficient of the solute. Both m and as are obtained directly from an isopiestic solubility 
experiment, and y .. can be calculated from isopiestic data if <f> is measured as a function 
of molality and then extrapolated to infinite dilution. The Gibbs energy of solution can be 
calculated from this solubility product;

AsolG° = -R T  In K° (61)

The isopiestic solubility determinations should be done at two or more different equi
libration times to make sure that the experimental solubility refers to a thermodynamically 
stable hydrate. Rard101 gave results for aqueous NiCl2 at 298.15 K; this temperature is close 
to the NiCl, • 6H20/NiCl2 • 4H20  transition temperature. He did five solubility determinations 
for different periods ranging from 4 to 13 days, and found that the experimental solubility 
asymptotically approached the solubility of pure NiCl, • 6H20  at long equilibration times. 
For most systems the solubility does not vary with time, so fewer experiments are required.

The application of the isopiestic method to solubilities of aqueous ternary electrolyte 
solutions has been described in detail by Platford.102 In this case the reservoir cup must 
contain one or both of the solid phases, depending on the composition region being studied. 
Platford noted that the approach to equilibrium can occur very slowly under these conditions, 
and the precision may be less than for normal isopiestic experiments, because of the presence 
of solid-solid equilibria such as changes in hydration of crystals.

The most extensive series of sets of experiments for solubilities of ternary and higher- 
order systems have been performed by V, K. Filippov and colleagues at Leningrad State 
University. In most cases isopiestic data were measured for unsaturated solutions, and these 
results were used to predict thermodynamic solubility products. We reference a few of his 
papers"” 105 and note that additional references to his work can be found in Chapter 3.

V II. S O U R C E S  O F  IS O P IE S T IC  D A TA

A search throughout Chemical Abstracts will usually be adequate to tell whether isopiestic 
data have been published for a particular system, and whether thermodynamic activity data 
of other types are also available. However, there are various places where one can Find 
numerous papers on the isopiestic method, and some of them will be mentioned in this 
section.

Throughout the 1930s, 1940s, and 1950s a large amount of isopiestic data and other 
thermodynamic data for aqueous electrolytes were published in the Journal o f the American 
Chemical Society and the Transactions of the Faraday Society. In more recent years a large
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fraction of isopiestic data has appeared in the J o u rn a l o f  C h e m ic a l a n d  E n g in e e r in g  D a ta , 

the J o u rn a l o f  C h e m ic a l T h e rm o d yn a m ics , the J o u rn a l o f  S o lu tio n  C h e m is try , and the R uss ian  

J o u rn a l o f  P h y s ic a l C h e m is try . Much useful data can be found in these journals.
Early isopiestic data have been summarized in the extensive tables given in the appen- 

dicies of the book E le c tro ly te  S o lu tio n s  A  Goldberg et al. 106 have provided a very useful 
bibliography with numerous references to the literature up through the mid-1970s. More 
recent references to isopiestic studies are given in Chapter 3.

Various members of the Electrolyte Data Center at the National Institute of Standards 
and Technology (formerly the U.S. National Bureau of Standards) have published critical 
reviews of osmotic and activity coefficients for a number of aqueous electrolyte solutions 
at 298.15 K.y 1116 84 1,17 l0s All of these reviews were published in the J o u rn a l o f  P h y s ic a l

a n d  C h e m ic a l R e fe rence  D a ta , and these articles contain an extensive survey of the published 
literature. The H a n d b o o k  o f  A queous  E le c tro ly te  S o lu tio n s  by Horvath109 contains extensive 
references to experimental thermodynamic data and provides references for numerous review 
articles and textbooks on electrolyte solution thermodynamics. Horvath's appendices 1 through 
5 are particularly useful in this regard.

VIII. SUITABLE MATERIALS FOR CONSTRUCTION OF AN 
ISOPIESTIC APPARATUS

We have discussed in Section IV (from the historical viewpoint) the materials from 
which isopiestic apparatuses have been constructed. Important considerations were men
tioned, such as low thermal conductivities for chamber walls, high thermal conductivities 
for the metal heat-transfer block, and high thermal conductivities and corrosion resistance 
for the sample cups. In this section we will survey some of the available materials in terms 
of these properties.

A. MATERIALS FOR THE ISOPIESTIC CHAMBER WALLS
The outer walls of the isopiestic chamber should be poor thermal conductors in order 

to dampen out thermal fluctuations in the constant temperature bath. In addition, for mea
surements with aqueous solutions, the inside of the chamber walls will be subjected to a 
humid environment, and the chamber may well be equilibrated in a water-filled constant 
temperature bath. Thus, moisture resistance is also an important property.

Glass desiccators have been the most commonly used material for the construction of 
isopiestic chambers. They are of a desirable size; they are also designed to allow air to be 
evacuated, and they are fairly inexpensive. However, chambers of various metals have also 
been used. Scatchard et al.." Phillips et al. , 40 Soldano et al. , 60 and Rard2 used stainless 
steel; Mason' 6 and Libus et al. 26 used brass; and Mason' 6 also used monel metal. Rush and 
Johnson48 used lucite. The air-filled isopiestic chambers have been constructed out of glass 
cylinders with tops and bottoms made of metal, usually stainless steel. 4 ' ' 46'47-51

Table 9 contains values of the thermal conductivities of various metals and nonmetals 
that might be considered for construction of an isopiestic apparatus. Values of k for elements 
were taken from the critical review of Ho et al. , 1" 1 those for selected alloys are from the 
M e ta ls  H a n d b o o k '"  or B u ild in g  S c ie n t if ic  A p p a r a tu s , " ' those for glasses are from C R C  

H a n d b o o k  o f  C h e m is try  a n d  P h y s ic s '"  or B u ild in g  S c ie n t if ic  A p p a r a tu s , " ' and those for 
polymers are from B u d d in g  S c ie n tif ic  A p p a r a t u s . The C R C  H a n d b o o k  also lists values 
for many additional types of glasses. Only those elements that had the more desirable 
chemical properties are listed here. The others were not included for obvious reasons (i.e ., 
they are air or water reactive, they are radioactive, they are easily corroded, they produce 
toxic corrosion products, or they are too friable).

A thermal conductivity range of about 0.01 to 0.2 W • cm • K 1 appears to be most
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Certain Glasses and Polymers at 298.15 K

265

k k
Substance (\V • cm 1 • K 1 1 Substance (VV cm 1 - K ')

Elements"

Ag 4.29 Mo* 1.38
Al 2.37 Ni 0.909
Au* 3,18 Nb* 0.537
B (polycryst.) 0.274 Pd 0.718
Bi (polycryst.) 0.079 Pt 0.716
C (amorphous) 0.016 Re (polycryst.) 0.480
C (diamond) 9.00, 23.2. 13.6 Rh* 1,50
C (graphite) 0 .8—2 .2 Ru (polycryst.)* 1.17
Co (polycryst.) 1 .0 0 Si 1.49
Cr (polycryst.) 0.939 Ta* 0.575
Cu 4.01 Sn (polycryst.) 0 .6 6 8

Ge 0.602 Ti (polycryst.)* 0.219
Hf (polycryst.) 0.230 v* 0.307
In (polycryst.) 0.818 w 1.73
Ir* 1.47 Zn (polycryst.) 1.16
Mg (polycryst.) 1.56 Zr (polycryst. )* 0.23

Metallic Alloys1’

Red brass 1 .6 Stainless steel 0.14
Yellow brass 1 .2 Manganin 0 .2 1

Low brass 1.4 Monel 0.19—0.26
Aluminum bronzes 0.38—0.83 Hastalloys 0 . 1—0 .2

Carbon steels 0.45—0.52

Glasses'^

Vitreous silica 0.013 Pyrex-type glass 0.011
Vycor glass 0.013 Soda lime - 0 .0 1

Flint glass 0,005—0.008 Fiberglass 0.00002—0.004

Polymers11

Nylon 0,0024 Teflon TFE 0,004

* Thermal conductivities of the elements are from the review by Ho et al -1 Only the values 
for polycrystalline samples are reported for those elements exhibiting anisotropy for single 
crystals. The three values for diamond are for types I, Ila, and lib, respectively. An asterisk 
indicates the metal is fairly corrosion resistant.

11 Values for alloys were taken from the M etals H a n d b o o k '"  and from the book B u ild ing  

Scientific A p p a ra tu s . "2

Values for glasses were taken front the C R C  H andbook  o f  Chem istry an d  P h y s ic s ' "  with an 
approximate adjustment to 298.15 K. They also tabulate values for many other types of 
glasses. Value for fiberglass is from B u ild ing  Scientific A p p a ra tu s . "2 

d Values for polymers were taken from B u ild in g  Scientific A p p a r a tu s ." 2

appropriate for the chamber walls of an isopiestic apparatus. Although brass has occasionally 
been used, its high thermal conductivity (>1.2 W • cm 1 • K ') indicates it will do an 
inefficient job of dampening out temperature variations, and thus less precise isopiestic data 
will likely be produced. It is also likely that the thermal conductivity of some types of 
fiberglass is too low to make a good chamber material; such a low thermal conductivity
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would insure that a very uniform temperature was present in the heat-transfer block but it 
would greatly increase the time required for the inside of the chamber to reach the mean 
temperature of the constant temperature bath.

Glass has the advantage of low cost, and glass desiccators do not require any machining 
to adapt them for isopiestic measurements, but they are breakable. If a glass desiccator were 
cracked or dropped while under vacuum, there is a danger of implosion. Plastic desiccators 
are available and have the advantage of being less breakable, although they are unsatisfactory 
for some organic solvents. Metal chambers have the advantage of being unbreakable, al
though most pure metals and alloys have thermal conductivities that are too high. Of the 
metals and metallic alloys listed in Table 9, only a few such as stainless steel and hastalloys 
have low-enough thermal conductivities. Stainless steel is also resistant to water and many 
electrolyte solutions.

When consideration is given to all of the important factors (low thermal conductivity, 
low cost, water resistance, convenience), it appears that the two most suitable materials are 
glass and stainless steel, although some organic polymers may also be satisfactory.

B. MATERIALS FOR THE HEAT-TRANSFER BLOCK
By far the majority of isopiestic apparatuses have been constructed with a thick slab (2 

cm or more) of copper as the heat-transfer block, although brass,36 and aluminum57 have 
also been used. The air-filled isopiestic chambers43 46 47 51 do not contain a heat-transfer 
block, but depressions for the isopiestic cups are machined directly into the metal bottom 
of the chamber. Using the bottom of the chamber for heat transfer is likely to allow larger 
temperature variation between samples than a conventional design, and thus give lower 
precision to the resulting data.

Examination of the thermal conductivities listed in Table 9 indicates that the most suitable 
materials, in decreasing order of their thermal conductivities, are diamond, Ag, Cu, Au, 
AI, W, brass, Rh, and Si. Such a large slab of diamond is unavailable (and would be 
unmachinable), and Ag, Au, and Rh are much too expensive for such an application. Thus 
the most satisfactory* materials for a heat-transfer block, in decreasing order of preference, 
are Cu, Al, and brass. We note that high-purity copper and aluminum should be used because 
certain impurities can greatly reduce their thermal conductivities.

The three most desirable materials for the heat-transfer block, Cu, Al, and brass, are 
slowly corroded by water vapor, and are more readily attacked by many electrolyte solutions 
(as might occur, for example, if the solutions splattered during a too-rapid degassing of the 
chamber). Thus they need to be protected from their environment.

To protect the copper block from corrosion, Sinclair,34 Braunstein and Braunstein,24 
Janis and Ferguson,39 and Ellerton et al.38 used silver plating. However, as we have noted 
earlier, silver is not completely inert to many common electrolyte solutions and it slowly 
tarnishes in air. Gold plating of the copper block it is more commonly used33-41-42-44-45-53'98 
and it is more satisfactory. We have used a less expensive method for protecting the copper 
blocks for the chambers used at Livermore:3 86 only the surfaces of the copper block that 
a r e  i n  contact w i t h  the sample c u p s  are gold plated, a n d  the rest of the c o p p e r  block is coated 
w i t h  a  c l e a r  l a c q u e r .

C. MATERIALS FOR THE SAMPLE CUPS
A l t h o u g h  a  h i g h  t h e r m a l  c o n d u c t i v i t y  i s  v e r y  d e s i r a b l e  f o r  t h e  m a t e r i a l  u s e d  t o  c o n s t r u c t  

a n  i s o p i e s t i c  s a m p l e  c u p ,  i t  i s  n o t  t h e  o n l y  i m p o r t a n t  f a c t o r .  O b v i o u s l y ,  b e i n g  r e s i s t a n t  t o  
c o r r o s i o n  b y  t h e  e l e c t r o l y t e  s o l u t i o n s  i s  e v e n  m o r e  i m p o r t a n t  i f  t h e  r e s u l t i n g  i s o p i e s t i c  
m o l a l i t i e s  a r e  t o  b e  r e l i a b l e .  I n  a d d i t i o n ,  t h e  w e i g h t  of t h e  “ e m p t y  c u p ”  should r e m a i n  
c o n s t a n t  with t i m e  during a  s e r i e s  o f  e q u i l i b r a t i o n s ,  s i n c e  a l l  weight g a i n s  a n d  l o s s e s  a r e  
a s s u m e d  t o  b e  due t o  s o l v e n t  e x c h a n g e  when equilibrium m o l a l i t i e s  are b e i n g  c a l c u l a t e d .
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Substance Hardness Substance Hardness

Elements*

Ag 2.5—4 Mo
A1 2_2.9 Ni
Au 2.5—3 Nb
B 9.5 (?) Pd 4.8
Bi 2.5 Pt 4,3
C (amorphous) Re
C (diamond) 10 Rh
C (graphite) 0.5— 1 Ru 6.5
Co Si 7.0
Cr 9.0 Ta
Cu 2.5—3 Sn 1.5— 1.8
Ge Ti
Hf V
In 1.2 W
Ir 6—6.5 Zn 2.5
Mg 2.0 Zr

Metallic Alloys

Brasses 3—4 Steels 5—8.5
Platinum-iridium 6.5

Glasses

Glass

4.5—6.5

* Values for the metallic alloys, glass, and elements were taken from 
the C R C  H a n d b o o k  o f  C h e m is tr y  a n d  P h y s i c s . " ' The structural 
polymorph of boron was not identified, but it is probably the (i- 
rhombohedral form.

Thus there should be no significant change in the mass of the cup due to corrosion, due to 
surficial oxidation of the cup by atmospheric oxygen, or due to abrasion as the isopiestic 
cup is repeatedly removed and returned to the recesses in the heat-transfer block. Any such 
problems will be exaggerated by sequential equilibrations with the same solution samples.

There are several numerical scales that have been proposed for assigning values of 
hardness to various materials, and these values differ considerably in changing from one 
scale to another. Many of these differences occur because several different properties are 
actually being measured. For example, the Mohs scale measures the ease or difficulty of 
scratching the material, whereas the Vickers hardness scale is a measure of the force required 
to penetrate the solid with a diamond pyramid penetrator. In addition, the hardness of a 
particular metal or metallic alloy can change with time due to age hardening or work 
hardening.

Table 10 contains values of Mohs hardness. 1,3 Unfortunately, these values are not 
available for all of the metals of interest. However, O’Neill" 4 has given a plot of Vickers 
hardness for various solid elements at room temperature. The highest values are for diamond, 
it Mn. Si, Ge, Tc, Np, and Os. O’Neill’s graph suggests that nearly all of the elements in 
columns 4 through 10 in the I.U.P.A.C. 18-column periodic table should be sufficiently 
hard for use as isopiestic cups. For comparison we note that the human fingernail is usually 
assigned a Mohs hardness of 2.5, and a copper coin a hardness of about 3.5.



268 Activity Coefficients in Electrolyte Solutions, 2nd Edition

Both silver-plated copper34 and pure silver have been used for constructing isopiestic 
cups, but as we have mentioned previously, they are not especially resistant to corrosion 
by halide solutions and can undergo slight weight changes due to tarnishing. It is thus best 
to avoid these materials.

One of the most common materials for isopiestic cups is gold-plated silver, which retains 
the high thermal conductivity of silver while giving superior corrosion resistance. Isopiestic 
cups of this type are quite satisfactory for most applications provided the layer of gold 
plating that is in contact with the electrolyte solutions is complete and free of “ pinholes” . 
However, gold is a fairly soft metal, and thus gold plating can be rubbed off the cups as 
they are removed and returned to the heat-transfer block. Thus it is best to avoid gold- 
plating the outside of the silver cups. Pure gold cups were used by Pan, 50 but they are too 
soft for us to recommend.

Platinum is the next most widely used material for isopiestic cups:23-26'33-37-41'45 it is fairly 
inert chemically, it is quite hard, but its thermal conductivity is somewhat lower than silver 
or gold. Adding a few extra days to the equilibrium times compensates for the lower thermal 
conductivity. Of the platinum-group metals, both rhodium and iridium or their alloys would 
be even better for constructing isopiestic cups, because they have higher thermal conduc
tivities and better corrosion resistance, but they do not seem to have been used for this 
purpose, presumably due to high cost.

Cups of titanium metal are used by the high-temperature group at ORNL, 17 and cups 
of tantalum metal are used at Livermore. 2 Both metals are highly resistant to corrosion by 
most electrolyte solutions (but no fluoride solutions should be used in tantalum cups), 
although they do have lower thermal conductivities and require slightly longer equilibration 
times than silver. We have also found that cups of tantalum metal undergo almost no weight 
loss with time due to corrosion or abrasion; weight changes of 1 to 3 X 10 4 g • year 1 

are quite typical for our 44- to 45-g cups.
Because of the lower thermal conductivities of platinum, tantalum, and titanium, the 

thickness of the walls of these cups should be kept to a minimum consistent with their 
structural integrity. This should reduce the thermal lag between the heat-transfer block and 
the solutions in the cups.

Glass sample cups are sometimes still used in isopiestic experiments; however, because 
of their very poor thermal conductivity, low molality data measured in such cups are not 
always reliable.

Grjotheim et al. 57 used vitreous carbon for isopiestic measurements at 373 K. Vitreous 
carbon is a very poor thermal conductor and is extremely soft, so it cannot be recommended 
for general use. They also used cups of aluminum metal but coated the inside walls with 
silicone lacquer to make them corrosion resistant. A lacquer coating would be undesirable 
for room temperature isopiestic measurements because of the resulting poor thermal contact 
between solution and cup, but it does not appear to be a problem at higher temperatures 
where equilibrium is reached much more rapidly.

If we had to pick a “ perfect” material for an isopiestic cup it would be diamond, perhaps 
with the inside surface coated with a metal like Ir, Rh, Au, or Pt. Unfortunately such a cup 
cannot now be constructed.

To summarize this subsection, corrosion resistance is the single most important criterion 
for choosing which material to use for making isopiestic cups. Of the metals that have been 
hitherto used for this purpose, Pt, Ta, and Ti seem to be the best. However, silver cups 
with their internal surface gold plated give more rapid equilibrations because they are better 
thermal conductors, and are recommended when the likelihood of corrosion is less.

IX. REPRESENTING ISOPIESTIC DATA WITH EQUATIONS

Numerous equations have been proposed to represent the composition dependence of
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activity data for binary and ternary electrolyte solutions. These are equations for 4>, In y ±, 
or the excess Gibbs energy for the total solution. It is outside the scope of the present article 
to discuss all of these equations. However, we note that much information on this subject 
can be found in Robinson and Stokes’s book1 and in Chapter 1 by Stokes and Chapter 3 by 
Pitzer in this book. They are well worth reading for the valuable information they contain. 
Also see the article by Platford in the first edition of this book. 1 A fairly comprehensive 
listing of published equations for binary solutions is given in the H a n d b o o k  o f  A qu eo us  

E le c tro ly te  S o lu tio n s  by Horvath, 109 and that book contains an extensive bibliography of 
relevant publications. We will conclude our review with a brief discussion of the Debye- 
Hiickel equation and some of its extensions, and give a few comments about excess quantities. 

Virtually all representations of activity data for electrolyte solutions include a leading 
term from some form of the Debye-Huckel equation. We will now derive the equivalent 
expression for from the Debye-Huckel equation for In y  t..

The Gibbs-Duhem equation for the Gibbs energy can be obtained by differentiating 
Equation 1 for the case of 1 kg of solvent:

dG = 0 = msdps + n^dp, + m,dp2 + . . . (62)

at constant temperature and pressure. Our discussion will be restricted to a single electrolyte, 
so only the first two terms on the right-hand side need to be considered. Thus

dps = - — dp, (63)
ms

By using the definitions of 4> (Equation 8 ) and In y ±, this equation can be recast into the 
form

^ 1 f m$  = H ---- I m din y ±m Jo

See, for example, p. 34 of Robinson and Stokes. 1

The Debye-Hiickel equation can be written in the form

A|zazc|V lm 
In = ------------- 7=

1 + BV lm

(64)

(65)

where Im is the molal ionic strength, and za and zc are the charges on the anion and cation, 
respectively. (Actually, this equation should be written on the molar ionic strength scale, 
but molality is more convenient for most applications.) The Gibbs-Duhem equation is in 
terms of molality, whereas the Debye-Hiickel equation is in terms of ionic strength. These 
two concentration scales are related by

Im

( 2 * A
m

(66)

where i now denotes an anion or cation. We rewrite the Debye-Hiickel equation as
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A*(B*/B)m1'2

7 +  b T T 7

where A* = |zazc|A and Brin1 3 = BI!,\ 
We differentiate this equation to yield

din y .
dm1'2

A *  B*/B

1 +  B 4

The equation for d> can then be recast into the form

A*B*
Bm

m dm1'2

1 +  B *  m 1 ' 2

(67)

(68)

(69)

This integral can be rewritten in the standard form 

u2du
(1  + u) — (1 + u) 1 — 2  In (1 + u)

Jo (1 + u)~

where u = B*m‘2, and the Debye-Huckel equation for d> is then 

A*

(70)

<J)DH _  J _

B B* m
1 + B*m12 -  (1 + B*m12 — 2 Inf 1 + B^m1' (71)

In various analyses of activity data, B has either been used as an adjustable parameter 
for each electrolyte which is related to a distance of closest approach of ions, or “ universal” 
values of B have been assigned to all electrolytes (B is usually fixed at between 1 and 1.6  

for aqueous solutions). Equation 71 is strictly applicable just for dilute solutions, so higher- 
order empirical terms are also added on to represent <t> at higher molalities. These higher- 
order terms also compensate for the difference between molar and molal concentrations.

The Debye-HUckel limiting law for lny ± can be obtained by setting B = 0 in Equation 
65. The Debye-Huckel limiting for <t> can be obtained by using the Taylor series expansions

(1 + u )"’ = 1 -  u + u2 -  u3 + u4 ~ . . . (72)

and

u 2  u3 u4
I n  ( 1  +  u) = u -  —  +  —  -  —  +  . , . ( 7 3 )

f o r  u  <  1 . If w e  n o w  apply these e x p a n s i o n s  t o  E q u a t i o n  7 0 ,  t h e  t e r m s  i n  s q u a r e  b r a c k e t s  
c a n  b e  r e w r i t t e n  a s  u ’ / 3  -  u4/4 + .  . . I f  w e  r e t a i n  o n l y  t h e  t e r m  i n  u \ w e  o b t a i n  the 
Debye-Huckel l i m i t i n g  l a w :

$ » H i J
A*

3
I V2
rn1 ( 7 4 )
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Lietzke and Stoughton" 5 found that the Debye-Hiiekel equation could be extended to 
represent isopiestic data to high molalities by adding on a series of terms with Im raised to 
integer powers.

<!> = <J>™ + 2  VI (75)

where (I>DH is given by Equation 71, This equation has been successfully used to represent 
the osmotic coefficients of a variety of aqueous 1-1 and 2-1 electrolytes. See, for example, 
the papers by Hamer and Wu, 9 Downes. 17 Ellerton et al. , 38 Rush and Johnson,45 and Goldberg 
and Nuttall. 107108

Lietzke and Stoughton115 also used their equation to represent available isopiestic data 
for aqueous 2-2 sulfates. However, these data only extend down to about 0.9 mol • k g " . 
When data at lower molalities are included, the Lietzke-Stoughton equation is unable to 
represent the real negative deviations from the DHLL caused by ionic association. For 
example, values of (1 — <P)/ml/2 plotted against m,/2 for aqueous CuS04 have a pronounced 
maximum that is not reproduced by Equation 75 . 116 However, the Pitzer equations can 
represent this behavior; 116 see Chapter 3 by Pitzer in this book.

As an alternative, an extended form of the Debye-Hiiekel limiting law can be used:

<f> =  4>DHLI +  ^ A 'l n 6 (76)

We have found that series in m1'2 and m1'4 are capable of representing <t> accurately for a 
variety of associated electrolytes such as MnS04 , 81 Lu2(S04),,8S and ZnCI.;" this equation 
works equally well for stronger electrolytes such as CsCl, SrCl2, 82 MnCl2,81 and NiCl2 ; 101 

and for higher-valence salts like rare earth nitrates. 1' * 101 In general, these series in m1'2 and 
m14 represent d> values as well or better than integer powers in Im, and usually fewer 
coefficients are required.

Equations 10, 13, and 71 are generally valid for any valence type of electrolyte, but 
they are not correct for systems in which chemical reactions occur between the solvent and 
solute. For example, if an electrolyte is hydrolyzed by water, then some of the solvent will 
become part of the solutes, and the number of ions present per mole of solute will change. 
That is, although the system is still formally a single solute in water, hydrolysis will cause 
it to change into a multicomponent system.

Let quantities that are based on the actual equilibrium speciation be denoted by a 
superscript e and let unsuperscripted quantities denote those calculated using the stoichio
metric molalities. A solvent activity measurement yields a solvent activity that is independent 
of any assumption about speciation. However, the definition of the osmotic coefficient, 
Equation 8 , indicates that it depends on the assumed speciation. Thus the value of 
calculated with the actual equilibrium molalities of the various chemical species is given by

<!>' = _ _ _

2 X m r
(77)

The effect of hydrolysis on <J> and activity coefficients was considered in detail by Peiper 
and Pitzer117 and Vanderzee,1IS and discussed later by Goldberg. 119 In each case they studied 
aqueous Na2CO,.

Solutions of carbonates undergo the following reactions:
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CO5 (aq) + H.O(sln) «— » HCO, <aq> +  OH (aq) (78)

and

2HCO, (aq) -— » CO) (aq) + CO:(g) + H.O(sln) (79)

Thus, Na.CO, solutions will contain a mixture of Na,CO,. NaHCO,. NaOH, and dissolved 
CO., and sonic of the CO, will appear in the vapor phase. The limiting value of <I> for this 
system at infinite dilution was given as =1.33 by Peiper and Pitzer" 7 and 1.395 by Van- 
dcrzee."B However. <l>‘ has a limiting value of I. A more detailed discussion can be found 
in (he two source papers."7 We also note that the isopiestic method is not especially well 
suited to measurements for carbonate solutions because of the volatility of CO,.

The excess Gibbs energy for a component in a solution is defined as the difference 
between the actual value and that for an ideal solution, which for the solvent is based on 
Raoult's law. For I mol of solvent using mole fraction statistics to define an ideal solution.

Ft* =  RT In (a,/xJ 
= RT In/,..

It should also be possible to define an excess osmotic coefficient by

4>r‘ =  <J> -  (81)

where <t> is defined by Equation 8 and *1*“’ was given by Equation 10. Thus,

(J»r t  =  —
RT^u'm,

(82)

We are nol aware if has hcen defined previously It contains the same information as 
and it is an obvious concept once p/' bas been defined.

If (1>“ were defined instead on the basis of molality statistics, i.e.. y = 1. then d>" 
would be equal to <P — I .
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I. INTRODUCTION

A. THE COMPOSITION OF NATURAL WATERS
1. The Hydrological Cycle

Natural waters are, as Lavoisier pointed out, the “ rinsings of the earth” , and during 
their interminable cycling they interact with the air, with the rocks, and with the biota to 
form solutions of great complexity and variability. This can be illustrated by following the 
movement of water around the hydrological cycle.

Pure water is distilled from the oceans and is augmented by fine salt spray and the 
dissolution of atmospheric gases. In the atmosphere, most water exists in the vapor phase, 
thus controlling the aqueous phase concentrations of material dissolved in aerosols and cloud 
droplets. It is in this portion of the natural water cycle that the greatest concentrations are 
found, since the finely dispersed nature of the aerosol phase leads to high degrees of 
supersaturation being attainable under conditions of low relative humidity.1 Condensation 
of water vapor upon aerosols acting as cloud nuclei, and precipitation scavenging, result in 
the dilution of the dissolved component so that rainwater is the purest of natural waters 
(Table 1). However, its composition is extremely variable, with significant differences 
occurring even within a single shower. Rainwater is a powerful weathering agent, since it 
is rendered acid by dissolved carbon dioxide and, to a lesser extent, by the oxides of sulfur 
and nitrogen. As it washes over the rocks and percolates through the soil, its load of dissolved 
constituents is enhanced, and it achieves a composition that is set by the local geology and 
by the seasonal and geographical patterns of the biota.2-3 Most of these primary rinsings 
drain off the land surface, first into streams and then into rivers. The weathering and 
breakdown of rock fragments and of organic debris continue within the rivers, further 
enhancing the content of dissolved solids (Table 1). Where larger volumes of water accu
mulate in lakes, residence times are increased and the temporal variability in composition 
is reduced somewhat, although considerable variations will occur between one lake and the 
next.4-5

VVithm estuaries, river and coastal ocean water mix, and the ionic strength changes 
encountered will significantly shift equilibria that have been established between the water 
and suspended particles on the passage to the sea.6 In contrast to surface waters inland, the 
oceans have a remarkably uniform composition (Table 2), and it has been suggested that 
this composition is maintained, so far as the major cations are concerned, by reactions 
occurring in or near the mouths of estuaries. It is likely, also, that the oceans owe their 
relatively high ionic strengths to the accumulation of volatile acids (such as HCI and H2S04) 
from volcanic activity, and that these acids have reacted over the millennia with basic 
components (e.g., carbonates and oxides) brought down by the rivers, to form seawater 
according to the classic reaction: acid + base = salt 4 -  water.

A number of deviations can occur from this simple cycle that produce waters with 
distinctive compositions. Where water becomes stagnant, dissolved oxygen is rapidly utilized 
in the oxidative breakdown of dissolved or suspended organic matter. If the rate of supply 
of organic matter outstrips the rate of supply of oxygen, then anoxic water is produced, and 
alternative electron acceptors such as nitrate, sulfate, and ferric iron are used by bacteria in 
the oxidation of organic matter. The reduced inorganic components [e.g., S2 , NH4+, Fe(Il)] 
remain in solution, and a number of unusual gaseous components (e.g., U S. CH4, and H2) 
may be found dissolved in the water. Such conditions frequently occur in the interstitial 
waters of silty sediments, and in the summer months, the anoxic layer can invade the water 
column of productive lakes and fjords.7-8

If water accumulates in enclosed basins on the earth’s surface, then more water may be 
lost by evaporation than is received via runoff and direct precipitation. Under these circum
stances, hypersaline waters will be produced with ionic strengths far in excess of those that
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TABLE 1
Major Ion Composition of Selected Natural Waters with Ionic 

Strengths <0.1 mol dm -3 m

Stream runoff Freshwater lakes
Property" water" c d e f g h *
Na* 0,083 0.274 0.223 0.45 0,139 0.43 5.29 2.83
Mg’" 0,008 0.169 0.058 0.10 0.013 0.12 3,58 1.73
Ca2’ 0.008 0.374 0.126 2.45 0.09 0.59 0.12 0.17
K ' 0.005 0,059 0.01 1 0,03 0.007 0.04 2.49 0.79
Cl 0.093 0.220 0.240 0,30 0. 151 0.42 1.55 0.62
SO; 0.033 0.117 0.075 0.30 0.060 0.19 0.25 0.04
HCO, 0.007 0.958 0.194 4.60 0.061 1.08 12.5 6.24
PH 4,5 7.0 6.6 8,0 6.7 — — —

Ionic 0.21 2.08 0.85 8.4 0.51 2.5 18.8 9.1
strength

■' Concentrations in mmol dm ’ ( — mmol kg 1 11 O at these low ionic strengths).
6 .Shows considerable variation from sample to sample,
2 Mean river water."’
J Crosby Gill (tributary of R. Duddon, U.K.).

Bere Stream. U.K.
1 Thirl mere. U.K. 
e Whin's Pond. U.K. 
h Lake Kivu. Bast Africa.
’ Lake Tanganyika, East Africa.

From Davison. W. and Whitfield, M.. ./. E te a r o a n a l .  C h e w . , 75. 763, 1977. With 
permission.

TABLE 2
Concentration of Major Sea Salt 

Constituents in Oceanic Seawater Expressed 
on the Molality Scale at 35 S%c 

Conventional Salinity

Molality (m t, mol kg 1 water) 
Natural seawater Artificial seawater

Constituent a b C d

Na' 0.48586 0.48525 0.48532 0.48527
Mg2' 0.05520 0.05519 0.05522 0,05529
Ca2' 0.01065 0.01064 0.01071 0.01049
K 0.01058 0.01058 0.01026 0.01013
S r ' 0.00009 0.(J(X)09 0.00009 0.00016
Cl 0.56572 0.56579 0.56579 0.56572
soi 0,02927 0.02927 0.02925 0.02914
Br 0.00087 0.00087 0.00086 0.00085
F 0.00007 0.00006 0.00005 0.00007
HCO, 0.00241 0.00241 0.00241 0.00241
B(OH), 0.00044 0.00044 0.00044 0.00046

' Riley and Skirrow.vr 
6 Mi Hero.’6 
• Kester et al.
J Lyman and Fleming.”1"
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TABLE 3
Major Ion Composition of Selected Natural Waters with Ionic 

Strengths >1 mol dm 1

Dead Sea
brines* Deep-seated groundwaters'1

Property Upper Lower
Red Sea 
brines'1

NE
Mecklenberg* Lausitz* SSGBd

Na’ 1.7519 1.7919 5.4265 1.1688' 2.0470* 3.1115
Mg2 + 1.5552 1.8110 0.0448 3.3440 1.7224 0.0006
Ca2’ 0.4274 0.4448 0.1577 1.7496 0.2755 0.9698
K ’ 0.1739 0.2014 0.0739 0.6920 0.6998 0.5696
Cl 5.8098 6.4173 5.8869 12.0278 6.6781 5.9012
SO2 0.0063 0.0045 0.0105 — 0.0085 —
Br 0,0602 0.0684 — 0.0340 0.0342 —

HCO, 0.0039 0.0038 — 0.0112 0.0133 —
/ 7.88 8.76 6.12 17.15 8.75 7.12
Density 1.205 1.233 — 1.309 1.282

N o te :  Concentrations are expressed in mol kg 1 H O

“ Neev and Emery.’1 *" 
b Riley.’"
1 Rosier and Lange,’12 recalculated. 
d Salton Sea geothermal brine, Cramer.’1’
* Adjusted to maintain charge balance.

would result from natural weathering on the earth’s surface. Under extreme conditions, 
evaporation of a fresh water body will yield a soda lake, and evaporation of an enclosed 
area of the sea will produce concentrated brines (Table 3).

Hypersaline conditions can also be produced in pore waters percolating through the 
rocks, not because of the selective removal of the water, but because the high temperatures 
and pressures encountered at depth render the water more corrosive.9 Spectacular increases 
in salt content are observed where these groundwaters encounter the remnants of earlier salt 
deposits.

Although geochemical processes control the composition of the major dissolved com
ponents in natural waters, biological processes frequently play an important role in estab
lishing their pH and redox potential and in fixing the concentrations of trace metals and of 
the minor nutrient components. These effects superimpose a diurnal and seasonal variability 
on natural water chemistry that is impossible to summarize in such a brief introduction.

The diversity of natural waters is therefore immense, and in this chapter we intend to 
select a few representative examples to illustrate strategies that can be used to calculate 
activity coefficients over the whole range of ionic strengths encountered naturally. Although 
most of the elements in the periodic table have been identified as occurring in natural waters, 
the concentrations of only a handful of elements have been sufficiently well characterized 
to be considered in the recipes of various natural waters (Tables 1 to 3). The stoichiometry 
of seawater, which has been particularly well studied, will be considered in some detail to 
illustrate the problems inherent in specifying the exact composition of natural waters.

2. The Stoichiometry of Seawater — a Case Study
a. The Salinity Concept and the Density o f Seawater

The overwhelming bulk of sea salt (>99,95% of the total dissolved solids) is contributed
by the 11 major constituents (Table 2). These major constituents interact with each other
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TABLE 4
Chlorinity Ratios (&/CI%c) for the Mqjor 

Seawater Constituents In Open Ocean Water

g j CBfa
ft b c ct

Na‘ 0.55625
0.5561*

0.55556 0.55559 0.5560

0.06682 0.06680 0.06684 0.06693
Ca»* ' 0 02127 0.02125 0.02137 0.02093
K* 0.02060 0 02060 0 01997 0.01972
■Sr* 0.00042 000041 0.00041 0.00068
a - 0.99860

0.99896*
0,99894 0.99882 0,99883

so}- 0.14003 0.14000 0.13992 0.13943
Br* 0.00346

0.00347*
0.00348 0.00341 000340

F * 0.00007 0.00006 0 00005 0 00007
HCOj- “ 0 00733 0-00735 0.00733 0,00735
BfOHV O.OOI33 0.00132 0.00134 0.00139
% gjfCVX* = 1.81638 

1.81639*
1.81577 1.81505 1.81434

k  - 1.00544 ] .00510 1.00471 1.00431

■ Natural seawater. ”7
* Natural seawater,21
'  Artificial seawater *" 
d Artificial seawater.*"
'  W ilson,111
'  Concentrations markedly affected by biological processes.
» Concentrations possibly influenced by submarine vulcanism.
* About 10% of this iota) present as CO; at pH 8,
* About 20% of Ibis total present os B(OH)4 at pH g.

predominantly via weak electrostatic forces so that they have long residence times in the 
oceans. As a consequence, they are well mixed and their concentrations exhibit an almost 
constant ratio to one another throughout the oceans, although the total concentration of 
dissolved constituents may vary from place to place. This constancy of composition greatly 
simplifies the task of describing the thermodynamics of seawater, since it implies that, for 
many purposes, the major dissolved constituents can be seen as a composite sea salt. The 
composition of the sea salt component (Tables 2 and 4) can be determined directly by the 
tedious and painstaking chemical analysis of the 11 dominant constituents,in-11

However, in situations where constancy of composition is observed, it has become the 
convention to estimate the total halide concentration (excluding fluoride) by titration with 
silver nitrate and to use the c h l o r i n i t y  determined in this way to calculate the concentrations 
of the individual conservative constituents. The mass of each constituent can be conveniently 
expressed in terms of its ratio to chlorinity, i.c., as g j ' C l % c  (Table 4). The total salt content 
(Sy. g kg"1 seawater) of the seawater is given by (recipe a, Table 4)

Sy- = %t gi = 1.81638 x Cl%c (!)

Unfortunately, this simple definition of the total salt content is seldom used because of the 
obvious difficulties involved in the direct analysis of all of the major ionic constituents. An 
early definition of the total salt content was based on a procedure where the seawater,
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following pretreatment with chlorine water and hydrochloric acid, was evaporated to dryness 
for 72 h at 480°C and the residual salt weighed." This led to the definition of salinity12 (SK) 
as “ the weight in grams of dissolved inorganic matter in 1 kg of seawater, after all bromide 
and iodide have been replaced by an equivalent amount of chloride and all carbonate con
verted to oxide’’. For the seawater recipe a, in Table 4, this gives"

SK = ST + [gBrlwBr -  1) + gHC03(w0/2wHC0, -  1)] {7)
= 35.000 -  0.160 = 34.840

where wX is the molar mass of X.
For many years the Knudsen salinity (SK) was used to define the total salt content of 

seawater and was related to the chlorinity by the equation:

SK = 0.03 + 1.805 x Cl%c (3)

which gives, for recipe a (Table 4), SK = 34.811. The discrepancy between this value and 
the one calculated from Equation 2 is significant. The parameters in Equation 3 were derived 
from a series of nine seawater samples, most of which were taken from the Baltic Sea, an 
extensive estuary. To minimize the estuarine bias in the definition of salinity and still maintain 
a similar relationship between salinity and chlorinity, it was decided to define the salinity 
arbitrarily,14 so that

S%c = 1.80655 x Cl%c (4)

For recipe a (Table 4), the salinity is now 34.81 1%® by definition. The salinity defined in 
this way does not specify the number of grams of salt present in each kilogram of seawater 
(ST). The conventional salinity (S%«) is related to this quantity in open ocean waters by the 
equation

S, = k x S%c (5)

where k = 2, g /U .80655 Cl%c). Values of 1, g,IC\%c and k are given in Table 4 for a 
variety of seawater recipes.

In coastal and estuarine waters, the dissolved solids contributed by river runoff must be 
taken into account by readopting the form of the equation used by Knudsen (Equation 3) in 
place of Equation 5, so that15

Sx(estuarine) = a + bS %c (6)

where a = Sx(river) and b = |Sx(oceanic) -  Sr(river)]/S%c(oceanic). S%«(oceanic) is the 
conventional salinity of the oceanic end member. For mean world river water16 ST(river) = 
0.120 ± 0.01 g kg '. This value is valid for present-day inputs to the Baltic.15 although 
at the time of Knudsen’s work17 the value was probably closer to 0.073 g kg '.

The chemical estimation of salinity via chlorinity is now rarely used outside laboratories 
that specialize in preparing standard seawater samples for intercomparison purposes. The 
conventional salinity is currently defined in terms of the conductivity of the seawater sample10 
relative to such a standard for which S = 35.000%®.

The relationship between salinity and density at 1 atm (101,325 Pa) pressure may be 
summarized by the equation16
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d(s, = do + AS + BSM + CS2 (7a)

A = 8,24493 x IQ-' -  4.0899 x 10 2 t + 7.6438 x 10 5 t"

-  8.2467 x 10 7 F + 5.3875 x 10 9 14 (7b)

B = -5.72466 x 10 3 + 1.0277 x 10 4 t -  1.6546 x 10 6 12 (7c)

C = 4.8314 x 10 4 (7d)

where t is temperature (°C) and d(s) and d0 (kg m ’) are the relative densities of seawater 
and pure water, respectively, at the appropriate temperature. The relative density is defined 
by

where px is the absolute density of solution “ x” and pinax is the absolute maximum density 
of pure water at 1 atm pressure. The value of pn)ax will depend on the isotopic composition 
of the water used in the measurements. For standard mean oceanic water (SMOW), pmax = 
999.975 kg m 3 at 4°C.18 Natural variations in the isotopic composition are not likely to 
introduce any significant errors into the calculations considered in this chapter. The relative 
density of pure water at 1 atm pressure may be described by the equation1819

These equations are valid for 1 atm total pressure. Millero18-20 gives further expressions 
enabling densities and other PVT and thermochemical properties to be calculated as functions 
of both temperature and pressure. Seawater densities calculated using the equations above 
(Appendix Table Al) will prove useful in the interconversion of concentration scales, which 
will be discussed in the following section.

The densities of other natural waters are equal, within experimental error, to those of 
seawater diluted with pure water (Equation 7) when compared at the same value of S ,15 21 
(Equation 5 or 6). Thus the density equations can be used even in situations where the 
concept of constancy of composition is no longer valid. Since many important biological 
and geological processes are associated with (and indeed are responsible for) areas where 
constant composition is not observed, this is an important generalization.

b. Seawater as a Multicomponent Electrolyte Solution
Four distinct scales have been used to express the concentrations of dissolved constituents 

in seawater” (Tables 5 and 6). The molinity scale (mol kg 1 of seawater) has been widely 
used by chemical oceanographers, because it provides the simplest means for expressing 
analytical results in a medium of unknown composition. As our detailed chemical knowledge 
has improved and the description of seawater properties put on a sound thermodynamic 
basis, the molality scale (mol kg 1 of water) has become the principal unit. Most of the 
conversion factors are provided (Appendix Tables A2 and A3) for those wishing to use other 
scales or to convert other values to molalities.

Although the ten major ions are the principal constituents of seawater, they cannot be 
described as solution components, in the strict thermodynamic sense, since the electroneu
trality condition prevents their concentrations from being varied independently. Since it is

= pK/pmi, ( 8 )

d„ = 999.842594 + 6.793952 x 10 2 t -  9.909529 x 10 2 t2
+ 1.001685 x 10 4 F -  1.120083 x 10 6 14 + 6.536332 x 10 9 F

(9)
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Concentration Scales Used in Marine Chemistry13
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Scale Symbols8 Units Remarks

Molarity c mol dm 3 Dependent on temperature and pressure; natural
y — scale for development of electrostatic theories
‘a mol dm 3 of electrolyte solution

Molality m mol kg ” water Independent of temperature and pressure; most
1
a mo! kg ” water

widely used in physical chemistry

Mole fraction X mol/total moles Independent of temperature and pressure, con
f — venient for theoretical work since it gives an
la mol/total moles immediate grasp of the mole ratios in solu

tion; covers entire concentration range
Molinityh k mol kg~' solution Independent of temperature and pressure; use

ki — ful in situations where the solution composi
la mol kg 1 solution tion is unknown

“ Concentration, activity coefficient, and activity, respectively. The molal scale is used throughout 
this work.

b This term is used rather than "mokal", suggested by MacIntyre,” since it immediately signifies that 
the use of this scale implies the same degree of chemical ignorance as is inherent in the salinity and 
chiorinity concepts.

TABLE 6
Concentrations of Major Sea Salt Constituents in 

Artificial Seawater at 35 S%c, 25°C, and 1 atm 
Pressure308

C o n st itu e n t a b

N a ’ 0 .4 6 8 2 5 8 .5 6 4 0 8
Mg 0 .0 5 3 2 8 0 ,9 7 4 4 8
Ca3 *■ 0 .0 1 0 3 3 0 ,1 8 8 9 1
K * 0 .0 0 9 9 0 0 .1 8 1 0 3
S f  * 0 .0 0 0 0 9 0 .0 0 1 6 6
Cl 0 .5 4 5 8 9 9 .9 8 3 8 5
SO; 0 .0 2 8 2 2 0 .5 1 6 1 7

Br 0 .0 0 0 8 3 0 .0 1 5 1 1
F ' 0 .0 0 0 0 5 0 .0 0 0 9 7
HCO, 0 .0 0 2 3 3 0 .0 4 2 5 6

B(OH), 0 .0 0 0 4 2 0 .0 0 7 7 0

c d e

0 .4 7 9 2 6 0 .4 8 5 3 2 1 0 .7 6 5 0
0 .0 5 4 5 3 0 .0 5 5 2 2 1 .2 9 5 0
0 .0 1 0 5 7 0 .0 1 0 7 1 0 .4 1 4 0
0 .0 1 0 1 3 0 .0 1 0 2 6 0 .3 8 7 1
0 .0 0 0 0 9 0 .0 0 0 0 9 0 .0 0 7 9
0 .5 5 8 7 1 0 .5 6 5 7 9 1 9 .3 5 3 4
0 .0 2 8 8 9 0 .0 2 9 2 5 2 .7 1 0 2

0 .0 0 0 8 5 0 .0 0 0 8 6 0 .0 6 6 3
0 .0 0 0 0 5 0 .0 0 0 0 5 0 .0 0 0 9
0 .0 0 2 3 8 0 .0 0 2 4 1 0 .1 4 2 2

0 .0 0 0 4 3 0 .0 0 0 4 4 0 .0 2 6 0

* Molinity <mol kg 1 seawater).
11 Mole fraction (I03 x {), Equation 11.
‘ Molarity (mol dm ” ).
d Molality (mol kg 1 water).
' g kg 1 seawater,

not possible to estimate the thermodynamic properties of individual ions directly, it is often 
more convenient to express the composition of artificial seawater in terms of the component 
neutral salts that could be used in its preparation (Table 7). However, it introduces a rather
artificial restriction when dealing with natural seawaters, since there is no unique way of
pairing the analytically determined single ion concentrations. Nevertheless, the salt com
ponent approach has, in the past, provided a useful means for predicting the thermodynamic 
properties of seawater from what is known about the component single electrolyte solutions.
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TABLE 7
The Composition of an Artificial Seawater3"8 

Expressed in Terms of the Component Neutral 
Salts25

C o m p o n e n t w*j VJ y j ^ j

NaCI 58.4428 0.424310 0.796440 A 46.5462
Na.SO, 142.0372 0.029245 0,054895 3 7.7971
NaHCO, 84.0070 0.002418 0.004539 2 0.3813
NaF 41.9882 0.000074 0,000139 2 0.0058
KCI 74.5550 0.009412 0.017666 2 1.3166
KBr 119.0060 0 .0 0 0 8 5 4 0 .0 0 1 6 0 2 2 0.1906
MgCI; 95.2110 0.055211 0.103630 3 9.8667
CaCl, 110.9860 0.010707 0,020098 3 2,2306
SrCl, 158.5260 0.000093 0.000173 3 0.0274
H,BO, 61.8322 0.000436 0.000818 A 0.0506

Some care must be exercised when using the term “ mole fraction” , since it is employed 
in at least three different ways in natural water chemistry. The general definition, for the 
mole fraction of component i, may be written as:

-V, =  Cj/Xi C, (10)

where .x-t and C, are general terms for the mole fraction and the concentration, respectively, 
of component i. MacIntyre1' adopted a mole fraction concentration scale that gives direct 
insight into the molecular reality in the solution. According to his definition, the summation 
in Equation 10 is over all molecular species, including water, so that

a, =  mJiX ,  /«, +  5 5 .50837 ) ( I I )

if concentrations are expressed on the molality scale (since wFLO = IOOO/m HLO = 1000/ 
18.0153 = 55.50837). The mole fraction x, is dependent on the salinity of the seawater at 
constant composition. This definition (Equation 1 1) corresponds to the convention for de
scribing concentration in electrolyte solutions, where it is usual to assume complete disso
ciation into ions22 2' so that, for example, xNa' in a 1 mol kg 1 NaCI solution is equal to 
1.0/(2 x 1.0 + 55.50837) = 0.01739.

The term mole fraction may also be used to describe the relative contributions of the 
solutes to the properties of the solution.15 24 Leyendekkers25 prefers to express the composition 
of the solution in terms of the component neutral salts and to define a mole fraction (yj), 
so that

>« w, (12)

where the summation is over all the component neutral salts J. If the individual ions are 
treated as the solution constituents, then this relationship could be adapted to give

y, = m/X, mt (13)

Millero and Kremling15 treat the anions and cations separately, thus:

yy = wc/£c m, (14)

and

y m . / X a m,, (15)
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The boric acid molecule is included in the anionic summation. The mole fractions expressed 
in Equations 12 to 15 are independent of the salinity at constant composition and are 
unaffected by the concentration scale used for the individual components. They, therefore, 
provide a particularly convenient means of expressing the contributions of the individual 
solutes to the properties of seawater.

c. The Stoichiometry o f Sea Salt
The molinity of sea salt (fc(SJ) may be defined as

=  0.5(2, fc, -  feB(OH)3) + fcB(OH)3 (J6)
= 0.5(2, kt + £B(OH),)

where the summation is over the molinities (&,) of all ionic or molecular constituents i, 
including boric acid. The molinity kw can be expressed as a function of chlorinity and
salinity, so that for Millero’s seawater recipe26

kM = 28.9099 x 10“3 Cl%0 (17a)

= 16.0028 x 10~3 S (17b)

The molality of sea salt (m(sl) for this recipe is given by

m(s) = *,./(!000 -  2, k,w) (18a)

= 28.9099 Cl%c/( 1000 -  1.81578 Cl%c) (18b)

= 16,0028 S/( 1000 -  1.00511 S) (18c)

where vv, is the molar mass (g) of constituent i. The ionic strength of this seawater on the 
molinity scale is defined by

/ « S )  = 0.5 2, k,zf (19a)

= 35.9997 x 1 0 Cl%e (19b)
and on the molal scale by

/<„ = W (1000 -  2, fw )  (20a)

= 35.9997 CWccKim.) -  1.81578 Cl%o) (20b)

= 19,9273 S/( 1000 -  1.00511 S) (20c)

Values of k(i), m , I t{Hh and lm for Millero’s recipe are given in Table 8. The effective 
molality of the sea salt may be defined as:

m... - 2, m, (21)

where the summation is over all the neutral salts J. The molar mass of sea salt may be 
obtained from the equation

w,y, ( 22)
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TABLE 8
The Concentration and Ionic Strength 

of the Sea Salt Component in the 
Model Oceanic Seawater of Millero26

S%c C d I f f

5 0.08001 0.08042 0.09964 0.10014
10 0.16003 0,16165 0.19927 0.20130
15 0 .2 4 0 0 4 0.24372 0,29891 0.30349
20 0 3 2 0 0 6 0.32662 0.39855 0.40672
25 0.40007 0.41038 0.49818 0.51102
30 0.48008 0.49501 0.59782 0.61641
35 0.56010 0.58052 0.69746 0.72289
40 0.64011 0.66693 0,79709 0.83048

a Equation 17. 
b Equation 18. 
c Equation 19. 
d Equation 20.

For the seawater recipe shown in Table 7, u'(s) = 68.4131. For the more recent recipe used 
by Millero18 and Millero and Leung:-7

/«,,, = 16.0030 S/( 1000 -  1.00488 S) (23)

for which the valence factor (from /(SI//h(si) is equal to 1.245 and the molar mass of sea salt 
62.793g.

B. THE RELEVANCE OF EQUILIBRIUM THERMODYNAMICS
1. Chemical Potential in Closed Systems

According to the concepts of equilibrium thermodynamics, a component present in a 
closed system in a thermodynamically unstable state will progress, possibly via a series of 
metastable intermediates, to the equilibrium state of minimum free energy. The influence 
of solution composition on the free energy of a component J in an ideal solution is defined 
by the relative partial molal free energy (Gj), so that

Gj = p-j — pj* = RT Xntmjm*,*) (24)

where p,i (dGsldns)ni_ir) is the chemical potential of the solute J and m, is its molal 
concentration. The superscript 0  refers to the properties of some arbitrarily defined standard 
state. To maintain the formal simplicity of Equation 24 in nonideal systems, a correction 
factor known as the activity coefficient y, is defined, so that

Gj = RT \n(msy3lm fyf)
(25)

= RT In(affff)

where a, is the solute activity and it has the dimensions of concentration. The most convenient 
choice of a standard state for the solute is a hypothetical ideal solution of unit concentration, 
where a" = m" = y" = 1, so that Equation 25 becomes

G , =  R T  ln (/n j7j) =  R T  \n(as) (26)
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Under any given experimental conditions the value of p.; will be fixed, but the following 
parameters must be defined before unique values can be assigned to GJ; y,, or pf:

1. The concentration scale used to define m,
2. The temperature and pressure of the standard state
3. The composition of the standard state

In the following discussion we will employ a standard state for the solutes where the 
molal concentration scale is used, and the standard state has the same temperature and 
pressure as the sample solution. In physicochemical studies it is normally assumed that the 
standard state is defined for an ideal solution of the component I in pure water. In natural 
water chemistry, however, it is sometimes convenient to consider a solution, containing the 
major salts, as the solvent for the component J, The standard state is then defined as a 
hypothetical solution of unit molality of component J in the specified salt solution. Every 
change in the composition or the total concentration of the major salt component produces 
a new solvent and consequently results in a shift in the definition of p f  and y,.

The infinitely dilute solution of J, either in pure water or in the appropriate ionic medium, 
is usually selected as the reference state for the solute. Although this reference solution 
cannot be attained experimentally, it can be approached and extrapolated to with some 
confidence, using mechanistic theories of electrolyte solution behavior for guidance.

Both the standard and reference states of water in the solution are taken as pure water 
at the same temperature and pressure as the solution. This provides identical reference states 
for both the solute and solvent and therefore simplifies the experimental determination of 
chemical potentials. It does imply, however, that the standard state for water in the solution 
is defined on the mole fraction scale where .iff,O' ’ = aH2Oe = 1. Since standard states 
are defined at the convenience of the experimenter, the fact that different concentration 
scales are used in their definition for solute and solvent does not cause any problems in 
practice. The water activity is related to the (molal) osmotic coefficient <j» of a solution by

The most useful application of chemical potentials in marine chemistry is in the prediction 
of the distribution of reactants and products in a system at equilibrium.

The overall free energy change accompanying a particular reaction is given by

where n is the stoichiometric number of moles of the subscripted component represented in 
the reaction equation. Subscript i refers to reactants and subscript j to products. From 
Equations 26 and 28 we can write:

aH20  = exp( — [wTI20/1000] 4> (27)

AG = 2 j p.,/1, — p..«, (28)

(29)

At equilibrium AG = 0, so that

The equilibrium constant for the reaction (K) is defined as

In(K) =  -  A G °/R T  =  ln (K *) +  ln(T) (31)
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where ln(K*) = X, Ujlnfm,) — Xj ^lnfm,), and ln(F) = X, n,ln(71) — X, «jln(-yj). Symbol 
K* represents the stoichiometric equilibrium constant and T is the activity coefficient quo
tient. The value of K will depend on the temperature and pressure at which the reaction is 
taking place and on the standard used to define and p.**. As an example, consider an 
equilibrium in solution between components A and B, and C (where the numbers of moles 
present are given “ per kilogram” of H,0, and are therefore equivalent to m):

A <aq) +  B laq> =  Cm) (32)

The equilibrium constant K is given by

K = ac/(aAaB) = mcyc/(mAy AmBy H)

= mc/(mAmB) • yc/(yAy B) (33)

= k * • r

where one of the reactants is a (pure) solid phase, then its activity (a) is unity.

2. Chemical Potential in Open Systems
In natural waters a number of effects might prevent the attainment of equilibrium. The 

real system is open to a flux of material, and the throughput might be far more rapid than 
the rate of conversion to more stable forms, so that metastable components can persist 
indefinitely. The chemistry of these components is then determined by a supply-and-demand 
economy, rather than by equilibrium thermodynamics. The rate of conversion to the more 
stable form will also be related inversely and exponentially to the activation energy for the 
conversion from one form to another. The largest activation barriers, found for reactions 
occurring at solid-solid or solid-liquid interfaces, can often slow reactions down to such an 
extent that equilibrium will not be reached even over millions of years. Many natural reactions 
involving heterogeneous or nonstoiehiometric solid phases are therefore difficult to deal with 
in equilibrium terms, and there are many instances of chemical processes being dominated 
by the slow precipitation or dissolution of solid phases. However, there are numerous 
homogeneous reactions in natural waters proceeding at rates that are very rapid when com
pared to the residence times of the reacting components. Under these circumstances, equi
librium thermodynamics, which strictly only applies to closed systems, can be used to good 
effect. In other instances, equilibrium models will provide clearly defined base lines against 
which to judge the importance of kinetic and biological factors in controlling the chemistry 
of natural waters. Where composition gradients occur, activities, rather than concentrations, 
should be used in the definition of diffusion equations28 and in the elucidation of chemical 
kinetics.29

The real system is also open to an influx of energy from the sun, and it is likely that 
somewhere in the biological web this energy will be used to maintain particular components 
in a nonequilibrium form. However, the energy resources of the biota are hard won, and 
there is always a fine balance between income and expenditure. Consequently, organisms 
tend to make use of thermodynamically economic processes wherever possible. In addition, 
studies of the uptake of toxic components by marine organisms have indicated that for both 
ionic20 31 and nonionic32 34 components, the response is correlated with solute activities rather 
than solute concentrations. The student of natural water chemistry must, therefore, find 
ways of estimating activity coefficients in complex electrolyte mixtures.

Precise statistical mechanical theories of electrolyte solutions are highly complicated 
and are largely restricted to single electrolyte solutions with ionic strength less than 1 mol 
dm 3. Consequently, the procedures and models available for estimating activity coefficients
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are, at least partly, empirically based. It is also inevitable that, since this chapter has been 
written by marine chemists, greatest emphasis will be given to treatments of seawater as an 
electrolyte solution. There are good scientific reasons for this. too. Seawater is the most 
abundant electrolyte solution on the earth's surface. It has a remarkably uniform composition 
and its ionic strength (=^0.72 mol kg ') is high enough to provide a reasonable test for the 
methods used to calculate activity coefficients. Furthermore, it has received a considerable 
amount of attention in recent years, so that it is probably the most thoroughly "modeled" 
of all natural waters.

I I .  C A L C U L A T IO N  O F  A C T IV IT Y  C O E F F IC IE N T S

To determine speciation and other equilibrium properties, such as distribution between 
solid and aqueous phases in solution, it is necessary to calculate the osmotic coefficient 
(hence water activity) and activity coefficients of the dissolved components. In the present 
state of knowledge of aqueous solution behavior, thermodynamic models used to estimate 
these properties in real mixtures are necessarily partly empirical. That is to say. while their 
starting points may derive from some fundamental observations of the character of the 
aqueous solutions to be modeled, and their form be guided by theory, there usually remain 
empirical parameters that must be determined by fitting to thermodynamic data (e.g.. osmotic 
or activity coefficients) for pure aqueous solutions or simple mixtures.

Historically, there have been two classes of model used to estimate activity coefficients 
in natural waters: ion association and ion interaction. It is usually assumed that most con
ventional strong electrolytes such HC1 and NaCl are completely dissociated in aqueous 
solution over a wide range of concentrations. This view can probably be explained simply 
by the fact that covalent molecules are much more difficult to detect in solution than ions, 
ion interaction models treat deviations from ideal solution behavior as being caused by 
interactions (usually a function of concentration or ionic strength) among the free ions and 
neutral components. However, there is considerable direct evidence that ion pairs form in 
aqueous solutions. Ion association has been demonstrated in solutions by measurements of 
sound attenuation'5 and by Raman spectroscopy.’'1 It has long been known to occur in 
solutions of certain electrolytes such as the bivalent metal sulfates;’7 thus, a model based 
on the principle of ion association has a basis in molecular terms. In such models, the 
concentrations of the ions are determined from their association constants, and the free ion 
activity coefficients depend only on the effective ionic strength of the solution.”1

A. ION ASSOCIATION MODELS
Ion association models have played an important role in understanding the chemical 

nature of seawater, beginning with the pioneering work of Carrels and Thompson.”' These 
authors presented a major-ion seawater model which was used to calculate individual ion 
activity coefficients and the distribution of dissolved species. Their model is typical of ion 
association models in general in its basic assumption that specific interactions between ions 
in the solution occur solely as association. They also assumed that the alkali metal and 
alkaline earth chlorides are unassociated salts. These serve as a baseline against which the 
extent of ion association in the solution can be assessed. Ion association models have been 
particularly successful in predicting the activities of the geochemically important trace ele
ments.4"'1' Millero and Schrciber47 have evaluated activity coefficients of the ionic com
ponents of natural waters estimated using ion association models. Ion association, and the 
calculation of activity coefficients, was discussed in the previous edition of this book by 
Johnson and Pytkowicz,4’ and has recently been examined within the context of currently 
available geochemical (computer) models by Parkhurst.44

Two practical difficulties with ion association models are lack of association constant 
data and the increasing complexity of the systems of equations to be solved as more species
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are added to the solution. The assumption of Garrels and Thompson'9 that alkali metal and 
alkaline earth chlorides are unassociated cannot account for their observed behavior in 
solution mixtures.45 46 Indeed, ion association has been measured in pure solutions of these 
salts.38 Other serious objections are the lack of conventions to specify, first, the properties 
of individual ions in solution at high ionic strengths, and second, to assign values to the 
thermodynamic properties of the ion pairs themselves.46 Ion association models are therefore 
both difficult to use and, in addition, cannot make any unique claims to represent the 
molecular reality of the solution.

B. ION INTERACTION MODELS
By contrast, ion interaction models treat conventional strong electrolytes as completely 

dissociated, and the properties of the solutions are described in terms of interactions between 
free ions. These models, in their most basic form, therefore take an opposite view of the 
state of a solution mixture to ion association models, though one that is equally based upon 
a set of conventions. The simplest models only consider interactions between pairs of ions 
of opposite sign as these attractive forces are strongest.47 50 The models are often based on 
a linear summation of the properties of the component single electrolyte solutions — in 
terms of single electrolyte activity coefficients, for example48 — and adequately describe 
osmotic and activity coefficients in dilute mixed solutions. The model of Pitzer51 (Chapter 
3, this volume) and also those of other workers52-8' are more comprehensive, and treat 
interactions between pairs of ions of like sign and also triplets of ions. This enables cal
culations to be extended to multicomponent solutions at high ionic strength.54 The properties 
of neutral solutes are simply incorporated in such models, yielding expressions similar to 
the empirical Setchenow relationship55 56 (see Section III.B.l), but with the advantage of 
being incorporated into a self-consistent thermodynamic framework. Ion interaction models 
have in the past been most successful in predicting the behavior of the major components 
of electrolyte solutions such as seawater.46-57 58 In unmodified form they are less accurate 
than ion association models when dealing with trace components, particularly in cases where 
ion pairing is known to occur.58 However, association reactions can readily be incorporated 
into the ion interaction scheme, as has been done for the model of Pitzer.59 enabling its 
usefulness to be extended to a very wide range of systems.56'’0-61 This aspect of the Pitzer 
model, particularly as it applies to the treatment of CaS04 solubility and the formation of 
polymeric boron species in solution, has been discussed by Weare.62

In the previous edition of this book, a variety of approaches to the calculation of activity- 
coefficients in natural waters were illustrated, ranging from extended Debye-Hiickel expres
sions at very low ionic strengths, the application of Young’s rules of mixing, and the use 
of Setchenow coefficients for neutral species, to an evaluation of the more elaborate models 
of Scatchard et al.,53 Reilly et al..52 and Pitzer.51 More recently, Zemaitis and others63 have 
reviewed in depth some of the principal models available for calculating activity coefficients, 
beginning with the work of Guggenheim,47 and including the equations of Bromley,48 Pitzer,5' 
Meissner and Kusik.49 and Chen et al.64 Tests of the models (except that of Chen et al., for 
which an error in the multicomponent formulation was found) predicting salt solubilities in 
ternary ion systems generally demonstrated the superiority of the Pitzer model, where ad
equately parameterized.

During the past decade, the ion interaction model of Pitzer has achieved wide acceptance 
and has been applied successfully in a number of areas that are important geoehemically, 
notably association reactions between aqueous species,59 65 the equilibria of multicomponent 
brines with solid phases,54-66 and the solubility of atmospheric gases in natural waters.67 68 
The model has been extended to include neutral solutes, and incorporated into established 
geochemical computer models such as PHREEQE69 (now PHRQPITZ) and EQ3/6.7H There 
is now considerable experience in the application of the Pitzer thermodynamic model to
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natural aqueous systems, and consequently a substantial database of model parameters avail
able in the literature, although it is important to realize that these are not all compatible, as 
will be discussed later.

While the Pitzer model has been used successfully for calculations of solubility in brines 
to ionic strengths of 10 to 15 mol kg ', atmospheric aerosols (whose water content is 
controlled by the ambient relative humidity) may exist at higher concentrations and be 
supersaturated with respect to major constituents such as NaCl.71,72 For such solutions, and 
especially those consisting chiefly of H2S04 which is liquid over the entire concentration 
range, it may be necessary to adopt alternative approaches based on a mole fraction con
centration scale,23 as described by Pitzer11 (Chapter 3, this volume). Initial applications of 
such a model to three component aqueous solutions71 and aqueous HNO,74 have been quite 
successful, and some example calculations will be presented later in this chapter. However, 
in view of the widespread and still increasing use of the mokil Pitzer model, this formalism 
has been adopted here as the principal means of calculating activity coefficients, and is 
described below.

1, The Pitzer Model
The Pitzer model equations for the osmotic coefficient (<f>) and the logarithms of the 

activity coefficients of cations (M), anions (X), and neutral species (N) are given below for 
a solution containing an indefinite number of both neutral and ionic solutes. In each case 
the summations of terms arising from the presence of individual salts, neutral species, and 
their mixtures are indicated.

(<!> 1) = (2 /2  m,i| A’7 ' ' < I + 1 21
i

+ 2 2  + z  c, ,i

+ 2 2 + 2c c' a
+ 2 2  c + 2

+ 1/22 + 2 «'.;p  n si
+ 2 2  mnmn K„‘ + 3 2  2  ™X'Pnnnr» < n' n < n'
+ 6 2  2  2  m„mn.mn,.p,nnV.

n •+ n' < ri'V Sp vx y1 -?
^ :2 j mnmcknc + 3 2s 2j 'W.T̂ i Pnne

+  2 2  +  3 2 2  ^

+ 2 2 2  mnm ^
n c a

+ 2 Z  2j "'n'”cmc.T)ncc.

+ 22  2
+ 6 2 2  2  mcmnmn.|xcnn.

+ 6 2 2  2  m jn nmn |aann ]

(i) s  1 salt

(ii) s 2  cations

(iii) s 2  anions

(iv) • 1 neutral

(v) 2:2 neutrals

(vi) a 3 neutrals

(vii) >1 cation, s i  neutral

(viii) s i  anion, s i  neutral

(ix) s i  cation, s i  anion, s i  neutral

(x) s 2  cations, s i  neutral

(xi) s 2  anions, s i  neutral

(xii) s i  cation, >2 neutrals

(xiii) s i  anion, s 2  neutrals (34)
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In yM = + 2  + Z CMa)

+ IzmI2 2

+ 2  '"J-'K i, + 2  "UK,c a
+ 2 2a ' - a'
+ 2 2  mnkMn + 3 2  mi\i.Mnn

+ 6 2  2  Pm„„-

+ 6 2 2 ^

+ 6 2 2  w„mciiMntn c

In y x = zyF +  2  "k(2BcX + Z CcX)

+  k l 2 2  v i a ,,

+ 2  "C ^X o + 2  '"Axa)

+ 2 2

+ 2 2  '".Ax. + 3 2n ii
+ 62  2  m-x,,,,.is • n'
+ 6 2 2  '"„'"cC„cx 

+ 6 2 2  '"„"'aTlx„a

In 7n = 22 A,, w, + 32 "CPn,™
n n

+ 62 '  '"N'«„tJ'NN„n
+ 6 2 '  2 '  "'."'a M-.,„

+ 2 2  a/ ' "  + 2 2  ANllm0 + 2 2

+ 2 2 'k .

+ 2 2  "'a'"a Naa'

+ 6 2 2  mnmc4XNnc. + 6 2 2  WJnW,alJ-Nna

(i) >  salt

(ii) 2  2 cations

(iii) 22  anions

(iv) 2 l  neutral

(v) 22  neutrals

(vi) 2 i anion, >1 neutral

(vii) 22  cations, 21 neutral (35)

(i) 21 salt

(ii) 22 anions

(iii) 22  cations

(iv) 21 neutral

(v) >2 neutrals

(vi) 21 cation, 2 l  neutral

(vii) 22  anions, 2 l  neutral (36)

(i) 21 neutral

(ii) 22 neutrals

(iii) 23  neutrals

(iv) 21 cation, 21 anion

(v) 22  cations

(vi) 22  anions

(vii) 21 neutral, 21 cation, 2  1 anion

(37)

The water activity («H20) is related to the osmotic coefficient (4>) by Equation 27, In the 
equations above, A* is the Debye-Hiickel parameter (0.391, at 25°C), /  (mol kg ') is ionic 
strength, m, is the molality of'species i, and subscripts c, a, and n represent cations, anions, 
and neutrals.

Terms Bca, B*, Z. CV.,, F. <l> . and <lr  (and corresponding ones for anion pairs) are 
functions given in full by PitzeC (Chapter 3, this volume) and therefore not reproduced 
here. The B and C functions incorporate ion interaction parameters obtained from pure 
electrolyte data. O '"’, 3”,’, 3(a\  and C*). Functions 4>+, 4>cc. (and those for anions) contain 
parameters (0ct.. and 0.,.,) for interactions between ions of like sign and an unsymmetrical
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FIGURE 1. Estimates of the Debye-Hiickel pa
rameter A* below 273.15 K. Symbols — 273 to 
303 K values listed by Pitzer;51 full line — cal
culated Equation 39 (valid 273 to 373 K); dashed 
line — A4 (T <273 K) estimated by Clegg and 

4 Brimblecombe74 from extrapolated Debye-Hiickel
heat capacity parameter A, (Equation 38); dotted 
line — A4 (T <273 K) estimated by Spencer et 
al.76 from isothermal model fits to data for sys
tems at 268, 263, and 253 K and including tab
ulated values”1 of A4 above 273 K. Note dis
crepancy between A4 used by Spencer et al.76 
and established values for T £273 K.

310
T / K

mixing term. The parameters t}tcc.a and t|/aa c account for interactions between one ion of one 
sign, and two dissimilar ions of opposite sign. These ion parameters arise from the grouping 
of observable combinations of the virial coefficients Xy and p,ijlc.

Double (or triple) summation indices such as c< c ', a < a \  and n<n' denote sums over 
all distinguishable pairs (or triplets) of cations, anions, or neutrals. For the primed sum
mations 2 ',  n (or n' as indicated) cannot equal N. All interactions are assumed to be 
symmetrical, thus 0U is equal to 0,, and Xy is equal to \ }l with corresponding relations applying 
to other binary and all triplet interactions.

The value of the Debye-Htickel parameter A4, as a function of temperature and pressure 
is well established (Pitzer,51 Chapter 3, this volume), at least above 0°C. Where model 
calculations are extended below the freezing point of water, empirical Extensions have been 
employed74-75 or estimates obtained indirectly using the model itself.76 Unless they are 
supercooled, solutions are maintained in a liquid state below 0°C by freezing point depression. 
Consequently, at temperatures significantly below zero, solutions are too concentrated for 
activity coefficients to approach the Debye-Hiickel limiting slope. However, the dilute 
solution component of the osmotic and activity coefficient equations does make an (ap
proximately constant) contribution, which is dependent upon A4’, to (<f> — 1) and ln(y±) at 
higher aqueous phase concentrations. Consequently, the value of A6 used must be consistent 
with the other parameters. Thurmond and Brass,75 when calculating model parameters for 
aqueous NaCl to -40°C (using heat capacity data), extrapolated A6 and the associated heat 
capacity constant Aj from values above 0°C. Although the precise method is not given, the 
result is presumably similar to that obtained by Clegg and Brimblecombe,74 who extrapolated 
Aj linearly below 0°C and integrated twice to yield the Debye-Hiickel enthalpy parameter 
AL, then A*. The difference between the values obtained in this way and those estimated 
by Spencer et al. from salt solubility data76 is about 3% in A* at — 60°C, and is illustrated 
in Figure 1 for temperatures below 30°C. For practical calculations two equations are given 
below for A* at temperatures up to 10Q°C:

for T <273 K;

A4* = 0.13422(0.0368329 T -  14.62718 ln(T) -  1530.1474/T + 80.40631) (38)

for 273 < T < 373 K;

A* = 0.13422(4.1725332 -  0.1481291 T0 5 + 1.5188505 x 10 5 T2

04

0,39

038

037

0,36

0,35
210 230 250 270 290

-  1 .8016317 x  1 0 - “ T 3 +  9 .3 8 1 6 1 4 4  x  10 1,1 T ‘ T (39)
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TABLE 9
Pure Electrolyte Pitzer Model Parameters |i" . p'2’, and C*), Their 

Partial Derivatives with Respect to Temperature and Pressure, and 
Relationship to Measurable Properties

Relationship Used in Ref. and
Param eter to P"1, C* equation for Principal data equation no.

0 ,u. c* Activity ( y ,) 
and osmotic 
coefficient (<J>)

EMF, freezing 
point depres
sion, vapor 
pressure

Pitzer (Chapter 3. 
this volume), 62— 
64; this work, 34— 
37

P " '1 , c * m/aT),, Apparent molal 
enthalpy (1,L)

Heat of dilution Pitzer (Chapter 3. 
this volume), 81

P " u . c * 1 ( S' -CI i, Apparent molal 
heat capacity 
(*C„)

Heat capacity Pitzer (Chapter 3. 
this volume), 91

(3”|V, C*v (<W)P), Apparent molal 
volume <*V)

Density Pitzer (Chapter 3, 
this volume), 96

p,m. C*“ (d’/flp-'). Apparent molal 
compressibility 
(K)

Compressibility, 
speed of sound

Millero et al.,*1 5 
(with substitutions)

Equation 39 reproduces values of A* listed by Pitzer’' 1 (Chapter 3, this volume) to within 
0.019f. (Note that the corresponding parameter on a mole fraction basis. A,, may be obtained 
by removing the factor of 0.13422 from each equation.)

The classical equations77 (and see Stokes,78 Chapter 1. this volume) relating activities 
at some reference temperature and pressure (usually 298.15 K and 1 atm) to values at other 
(T, P) via the partial molal functions allow osmotic and activity coefficients to be determined 
as f(T,P) where the necessary data are available. However, calculations can become quite 
cumbersome since empirical representations of the partial molal properties, as functions of 
concentration, are also required. In the case of aqueous HNO,,74 for example, Chebyehev 
polynomials of up to 12 coefficients were required to represent partial molal enthalpies and 
heat capacities of solute and solvent as functions of HNO, concentration. However, partial 
differentiation of the Pitzer model expression for the Gibbs energy (Equation 59; Pitzer,71 
Chapter 3, this volume) with respect to temperature and pressure leads to corresponding 
expressions for the apparent molal properties of aqueous solutions (Equations 81, 91, 96; 
Pitzer,51 Chapter 3, this volume). These equations are readily extended to mixtures,79 81 in 
the same way as those for osmotic and mean activity coefficients. The model parameters in 
the expressions for apparent molal enthalpy O '"1, C'M), heat capacity ((3"lJ, C w), volume 
(f5'i|V, C t,v), and compressibility (Pl,)K, C,I>K) for single electrolyte solutions are equivalent 
to the first and second differentials of parameters ((3''', C*) with respect to temperature and 
pressure, respectively. There are similar correspondences for the derivatives of the mixture 
parameters 6y and - Using this approach, the effects of temperature and pressure on 
activity can be quite simply determined. The relationships are summarized in Table 9.

The Pitzer model only considers interactions between pairs and triplets of solute species. 
Thus, in principle, all interaction parameters can be determined from measurements on 
solutions containing no more than three dissolved components. For example, most 0I( and 
4>,Jk parameters are obtained from isopeistic, EMF, or salt solubility data for ternary ion 
systems — solutions containing two salts with a common ion.54 82 Even considering only 
binary and ternary interactions results in a very large number of parameters for an arbitrarily 
complex system, as can be seen in Equations 34 to 37. However, most of the summations 
involve some combination of ions and neutral species — hence for a solution containing 
only ionic components, the expressions for osmotic and single ion activity coefficients involve
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only lines (i to iii) of Equations 34 to 36. Most solutions of geochemical interest are likely 
to be constrained in that the neutral species are atmospheric gases whose concentrations are 
too low at normal temperature and pressure to affect the activities of the solvent, and other 
solutes. In such cases, all summations involving mn, mn, and mn, can be neglected. Thus, 
in natural waters the activity coefficient of C 02 or O, can be described using only line (iv) 
of Equation 37, and the effect of these components on the osmotic coefficient and activity 
coefficients of dissolved ions is negligible.

An extensive database of model parameters has been evaluated by Pitzer and co-workers 
from data for binary and ternary ion mixtures, much of which is listed by Pitzer51 (Tables 
2 to 11, Chapter 3, this volume). Ideally, the expansion of the database, to include a larger 
number of pure solutes and their mixtures, and the variation of their properties as f(T,P), 
should occur in a self-consistent way. However, this is not always the case, partly because 
of the necessary revision and updating of thermodynamic data. More importantly, in a 
number of geochemical applications, treatments of ion pairing or association reactions and 
the temperature functionality of associated parameters have varied between groups of work
ers.76,8384 In some cases empirical extensions to the model have also been used for specific 
systems.85,86 Because of this it is important to consider first how the model parameters are 
obtained, and second the areas of inconsistency between the main datasets of geochemical 
interest.

a. Interaction Parameters
i. Single Salt Solutions

Pure electrolyte solution parameters (3(i), C* (i = 0, 1, 2) are determined by fitting 
Equations 34, or 35 and 36 to osmotic or mean activity coefficient data, respectively, usually 
at 25°C. The temperature variation of these parameters is obtained either from further direct 
measurements [yielding <(> or ln(y£)], or from heats of dilution and heat capacities which 
yield the first (30,L, C*L) and second 0 <w, C'w) partial differentials of the model parameters 
with respect to temperature (see Table 9). Accurate estimation of the variation of (3li) and 
C4, as functions of temperature requires at least «J> or ln(y±), apparent molal enthalpy at a 
single temperature, and heat capacities measured at different temperatures over the range of 
interest. This enables the model parameters (3(i>, C* to be calculated as continuous functions 
of temperature by integration. Fitting equations for these parameters are available for a 
number of important solutes (see Table 10). The sources of the equations used for calculations 
in this chapter are indicated in Table 11. Where heat capacities, heats of dilution, and 
osmotic or mean activity coefficients are available only at a single temperature Tr (typically
298.15 K), then the pure electrolyte parameters pa) can be calculated for temperatures T not 
too far from Tr by the equation:

'/>••• “ V 0 + (T -  Tr)(p(i)L -  T, />'"') + 0.5d" -  T > ' ,J (40)

An analogous equation applies for the pressure effect on parameter p"\ in which case the 
reference pressure Pr would usually be 1 atm. Values of 3(,)L and C*L for many electrolytes 
are listed by Pitzer51 (Tables 12 and 13 of Chapter 3, this volume). Second derivatives (3,i,\  
C*J) are obtained from heat capacities, and have been determined for KC1,87 NaCl,88 and 
for some strong acids.68

Close to 25°C the change in H . and i|jcaa, (also 0aa, and vjjcc.a) can probably be neglected, 
although applications of the model to salt solubilities in brines have shown that it is necessary, 
over a very large range of temperature, to treat such variations explicitly.76 83 89 Work 
involving the neutral solute 0 2 has yielded neutral-ion interaction parameters (X0,,) as 
functions of temperature for many ions.90 From this work it appears that ^nca can be treated 
as constant except over extended ranges of temperature, in a similar way to the mixture 
parameters for ions.
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TABLE 10
Availability of Fitting Equations Giving Pure Electrolyte Parameters 

O l0), p ", 3, and C*) as Functions of Temperature

Solute Tem perature range Pressure Ref, Solute Tem perature range Pressure Ref.

h ,s o 4 273— 323 111 k ,s o 4 h 298—498 84
HCI 273—523 85 CsF 298—373 317
LiCt 273—523 .314 CsCl 273—523 314
Li,S04 273—498 260 Csl 298—373 317
NaCi 273—573 —>1 kbar 315 Cs,S04 273—523 260
NaCi" 273—57.3 89 MgCl, 298— 473 318
NaCT 228—298 76 MgCl, 298—473 319
NaCT 233—298 75 MgCl, ! 221—298 76
NaOH 273—623 ->400 bar 316 M gS04 298—473 320
Na,S04 273—498 260 MgS04 268—298 76
Na,S04 8 298—523 89 CaCl, ' 298—473 321
Na S ir  ‘ 251—298 76 CaCl, 298— 173 319
KCI 273—523 314 CaCl, “ 298—523 89
Kcr 273—523 84 CaCl, 1 273—523 84
KClf 249—298 76 CaCl, 223—298 76
KCI 298—598 ->500 bar 87 CaS04 " 298—523 89
k ,s o 4 273— 198 260 SrCI, 298—473 319

3 Parameter values of Pitzer et a I. *1 s refitted to alternative equation.
13 Parameters at low temperatures estimated partly from solubilities in ternary ion solutions. Above 25°C parameter 

values merge smoothly with those of Moller.8''
Temperature variation of parameters estimated from heat capacity data.

J (3’"’ and (3"’ from 25—200°C same as Rogers and Pitzer.’-  C* (25—200°C) and (S101 and p*" (>200°C) were 
evaluated from solubilities in Na-CTS04-H,0 aqueous solutions.

‘ Parameters at low temperatures estimated partly from solubilities in ternary ion solutions.
1 Parameter values of Holmes and M e s m e r  were refitted to alternative equation.

Parameters at low temperatures estimated partly front solubilities in ternary ion solutions. 
h Parameter values of Holmes and Mesmer'’*' were refitted to alternative equation. Also used by Spencer et al.’" 

to estimate activity coefficients below 0°C.
' Parameter values merge with those given by equation of Phutela et a 1.’1 ’* above 25°C.
1 Concentration range 0—4.3 mol kg 
■ Concentration range 0—4 mol kg 1.
I C* refitted, to extend treatment of Moller8'* to 0°C.

Parameters at low temperatures estimated partly from solubilities in ternary ion solutions.
II Treatment includes formation of ion pair CaS()4, with temperature variation of formation constant given by 

two equations 25— 150 and 150—250°C. P11’’. p*". and C* set constant at all temperatures (C* = 0). while 
p'-1 varies with temperature from 25—50°C and is set to zero for T >50°C.

Millero91 has reviewed the effect of pressure on activity coefficients in seawater (data 
to 1983) and includes partial molal volumes and compressibilities for both ions and non
electrolytes in the medium. The effect of pressure on the thermodynamic properties of seawater 
itself is also well characterized. IR--°-92 More recently, Millero and co-workersHO sl tH 'M have 
studied in detail the PVT properties of the major components of sea salt (NaCl, Na.Sf 
MgCl,, MgS04, KC1, and K ,S04) and their mixtures, leading to values of p"lV, C‘f>v as f(T) 
for all solutes, and also further differentials with respect to pressure (p"’*, C‘|,K) for some of 
these components. Densities of Na ‘ and K * chloride and sulfate mixtures have yielded 
estimates of 0 ^  K, 0^u Mg. and 09, SOj as functions of temperature/"'94 In Appendix Tables 
A4 and A5 are listed equations giving the pressure effect on the activity coefficients of the 
major constituents of sea salt. Values of (P,,\  C 4’) at a given temperature and pressure may 
be obtained by applying Equation 40, or by integration.
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TABLE 11
Sources of Fitting Equations for Pure 
Electrolyte Parameters (Pl#l, fi", fV’1, 
and €'*’) Used for Calculations Carried 

Out in the Present Study

Solute Tem perature range Pressure Ref.

h 2s o 4 273—323 Ill
HC1 273—523 85
NaCl 273—573 —>1 kbar 315
NaOH 273—623 ->400 bar 316
Na,S04 273—498 260
KC1 273—523 314
k2s o 4 273—498 260
MgCl: 298-473 318
MgSO„ 298-473 320
CaCl, 298—523 89

N o te :  The fitting equations, with the exception of those 
for H,S04, are given in Appendix B of Pitzer.’”

ii. Multicomponent Salt Solutions
In multicomponent solution mixtures, the additional parameters 0CC, 0aa, i|/cca, and t)t3a.c 

arise, describing interactions between pairs of dissimilar cations, anions, and one anion and 
cation, respectively. As described by Pitzer21 (Chapter 3, this volume), these parameters 
can best be determined from 4> or lnly^.) data for ternary ion systems. An alternative source 
of these parameters, particularly important for geochemical applications, is salt solubilities 
in ternary and other multicomponent systems. For example, consider a salt solution containing 
the ions Ma + , Nb+, and Xc which is saturated with respect to the solid phase M X„_ • zH20. 
(It is assumed that only the pure solution model parameters for the two salts are known.) 
The chemical potential of the salt is related to the activity product of its components in 
solution by the following equation:95

(C,d = I’ Pm + v_pg + zp,®2o + RT ln[7v£ • mH ■ mvx • («H,Or| (41)

thus:

(pSi,d -  v + p® -  v_pg -  zp®2o)/RT = ln[y± • m lt • m\ • f«H,0)/ | (42)

where p,® is the standard chemical potential of component i, is the mean activity coef
ficient of salt Mv + X„_, and v is equal to (v+ + v Where the standard chemical potentials 
are known, the difference between the model-calculated activity product • /«(,• • mx ■ 
(a ti20 ) '  and that calculated from the standard chemical potentials (Equation 42) can be 
attributed to the unknown parameters 0MN and t|tMNX. These are then fitted as unknowns to 
bring the calculated activity product into agreement with the theoretical value. This procedure 
has been used most extensively in studies of salt solubility in multicomponent brines by 
Weare and co-workers,54-56 61 who have determined not only the values of mixture parameters, 
but also the chemical potentials of some solid phases where these also were unknown.

Ion-ion mixture parameters 0M and vary with temperature to a lesser extent than the 
pure salt parameters (3('\  C*). From laboratory measurements of HC1 activity in H-Mg-Cl- 
H20  solutions, Roy et al.96 have determined the temperature variation of both 0H Mg and 
'(hi.Mg.ct from 5 to 40°C. However, in an application of the model to salt solubilities in Na-
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K-Ca-Cl-S04-H20  brines from 0 to 250°C Greenberg and MollerS4 were able to set several 
0j, and 4i1|k constant at all temperatures. Similarly, Pabalan and PitzeC4 set 0M constant, while 
allowing to vary with temperature, when determining ternary ion parameters for the 
system Na-K-Mg-Cl-S04-0H-H,0 to 200°C from solubility data. These choices for the 
functionality of 0„ and i|r1|fc are unlikely to represent the true temperature variation of the 
interactions, and are made rather on the basis of the minimum number of parameters required 
to reproduce the input data. Also, any inaccuracies in the description of the binary cation- 
anion interactions, likely to be greatest at high concentration and temperatures far from 
25°C, are subsumed into the mixture parameters. The possibility of different parameter 
choices and the question of where to include ion association or ion pairing (e.g.. formation 
of CaSO”) lead to problems of consistency between parameter sets as described above.

Hi. N e u tr a l  S o lu te s

Neutral-neutral (self) interaction parameters (XNN) and |xNNN) have been obtained for 
phosphoric acid (H,P04), which in aqueous solution is only 10 to 20% dissociated, from 
osmotic coefficients and data for buffer solutions containing H ,P() .. '' A similar self-inter
action is also implicit in a treatment of CH, solubility in water and aqueous solutions at 
high pressure, based on the Pitzer formalism.''7 More direct determinations have been made 
for aqueous NH,. for solutions concentrated (s20  mol kg ') far in excess of those found 
in natural waters.'”4 These were obtained from equilibrium measurements of/tNH,. from the 
equation

K,' = 7ni, /mNH,//NH, (43)

where K„ (mol kg ! atm 1) is the thermodynamic Henry's law constant, mNH, is the molal 
NH, concentration, and /NH, (atm) the equilibrium gas phase fugacity, assumed to be 
equivalent to partial pressure. For pure solutions sufficiently concentrated for dissociation 
to be negligible (e.g., NH„,lql is about 1.4% dissociated at a total concentration of 0.1 mol 
kg 1 at 25°C). and for which the triplet interaction ( M - n i i , . n h „ n h . )  can be neglected, y Nlh is 
equal to exp(2ANH. NHl • mNH,). The variation of XNlh Nlll with temperature was estimated 
from both equilibrium partial pressures as f(T) and apparent molal enthalpies in a similar 
way to the variation for pure electrolytes.

For major atmospheric gases such as O,, the equilibrium concentrations in water are 
sufficiently low (e g., mO, at 298.15 K = 0.00026 for a partial pressure of 0.2 atm) that 
self-interactions can be neglected. Thus, as previously stated, the estimation of their activity 
coefficients in natural waters requires only the ion-neutral interactions given in line (iv) of 
Equation 37, and possibly those in lines (v) and (vi) in concentrated brines.

There are few estimates of parameters X„ n for dissimilar neutral species, which are at 
present confined to interactions between dissolved C 02 and some Mg and Ca ion pairs,56 
and Xx44.

iv . N e u tr a l  S o lu te s  a n d  D i s s o lv e d  S a l ts

Where a neutral species, such as 0 2i CO,, or NH,, is a gas at normal temperature and 
pressure, the activity coefficient y N is most simply obtained from the solubility of the gas 
in salt solutions (Equation 42). for which a great deal of compiled data are available (see 
Table 12). Analogously, the activity coefficient can be determined from measurements of 
partitioning into a second solvent, whereupon the Henry’s law constant is replaced by an 
"infinite dilution" partition coefficient. In a solution of a single salt M,. X„ , the activity 
coefficient of the neutral species N (for which self-interactions are negligible) is given by

l n ( y N) =  2  (XNM/ n M +  XNXm x ) +  m Mm x/ NMX ( 4 4 )



TABLE 12
Some Sources of Compiled Data for Gas Solubilities in 

Aqueous Solutions

303

Gas Year Ref. Gas Year Ref.

Ar 1980 324 c h 4 1987 325
He, Ne 1979 326 c 2h6 1982 327
Kr, Xe, Rn 1979 328 c ,h „, c ,h : . 1986 329
H,, D, 1981 330 Hydrocarbons C5—C7 1989 331
N,, air 1982 332 Hydrocarbons C8—C36 1989 333
N*Q, NO 1981 334 Alcohols 1984 335
o 2, (), 1981 192 Halogenated benzenes, 1985 336
SO,, Cl,, F, 1983 288 toluenes and phenols
CO 1990 337 Polychlorinated biphenyls 1986 338

“ Chemicals of environ- 1981 339
mental interest

N o te :  See also Tables A7—A9.

Because of the constraint of electroneutrality, parameters XNM and XNX can only be determined 
as the sum (v+XNM + v_XNX). To simplify practical calculations it is usual to set XNi for 
some ion i to zero at all temperatures — such as the chloride parameter XN CI in the cases 
of H,P04, 0 2 and NH,.59-90-98 However, while Harvie et al.5A set XH C(>2 to zero in a study 
of brine solubility in systems containing dissolved C 02, the choice of “ baseline” parameter 
may be very simply changed. For example, the parameters listed by Harvie et al.56 for 
cations c and anions a can be adjusted to a scale on which Xco, cl is equal to zero, using 
the following relationships:

CV o 2,c = HW ,c  + M zci|)CVo,,c, (45)

(  ^ C O , . a  =  H ^ -C O ,.a  +  ( Z a^Z C l)C '^ C O j.C l  ( 4 6 )

where clXco, , is the binary interaction parameter for C 02 with ion i on the “ chloride scale” , 
hXC(,21 the same parameter but on the “ hydrogen ion scale” , and z, the charge on ion i. 
However, retaining existing values does not result in any incompatibility as long as mean 
ion activity coefficients, rather than single ion values, are the desired quantity. It is clear 
from line (vii) of Equation 37 that a similar question arises with regard to the triplet parameters 
p.NlK, and p.Nna. In a study of NH,, Clegg and Brimblecombe98 set |xNHl NHj Cl to zero.

Where the concentration of the neutral component can be sufficiently high to affect ion 
activity coefficients (as is the case in aqueous NH,), then ion-neutral interaction parameters 
can be determined from measured salt solubilities in solutions containing the neutral species. 
Such data are extensive for aqueous NH,.99 The fundamental relationship is again Equation 
41, where the difference between the activity product of the salt calculated by the model 
(using pure electrolyte parameters only) and that known from the chemical potential of the 
solid phase is attributed to interactions with the neutral species — given (for a single 
electrolyte) by lines (iv) and (vi) of Equations 35 and 36, and also by lines (vii to ix) of 
Equation 34 where the solid phase is hydrated.

The temperature variation of the binary ion-neutral interaction parameter XN, can be 
determined straightforwardly. For example, for 0 2 this was obtained from gas solubilities 
in salt solutions at different temperatures. In many cases, where a further term in mM • mK 
• Coj.m.x >n the expression for the activity coefficient was required, this could be made 
temperature invariant where the range was not too great.

Values of dXNH) (/dT estimated for a few ions i from salt solubilities in aqueous NH, are 
less certain since they incorporate any inaccuracies in both modeled ion-ion interactions and
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FIGURE 2. Comparison of the XNH|K interaction parameter (slope of 
line) determined from different data types, leading to either yNH) or yKO 
in aqueous solution at 25°C: circle — KCl.^/CHCi, partitioning data;’*”1 
open diamonds — KCI solubility in NH,,,,;" closed diamonds — 
dots — p N H ,trian g le s  — pNH, for systems containing >10 mol kg 1 
NH,.

the variation of the solubility product with temperature. Also, the variation of solubility with 
temperature is influenced more by the change in ion-ion interactions than by the ion-NH, 
interaction. Consequently. r)XNill st)j /<9T could only be estimated (from Na,S04, Na2SQ4 • 10H,O, 
and K,SO, solubilities in aqueous NH,) to lie between -0.0005 and -0.0009 for a 25°C 
value of XNHl S()j of 0.14.'“

It is clear from the above discussion that model parameters can be determined from a 
variety of data that lead either to the activity of the solvent or one of the solutes. This is 
one of the principal advantages of a self-consistent model describing the activities of all 
solution components and their variation with temperature and pressure, over the more em
pirical approaches used in the past — such as extended Debye-Hiickel expressions for ionic- 
solutes or the Setchenow equation for neutral species. As an example of the use of different 
kinds of data for parameter evaluation we now compare the K ' -NH, interaction, in terms 
of the binary parameter XNlliK, determined from measurements of /jNH, above NH,-K-CI- 
H ,0 solutions (containing up to 8 mol dm ’ NH,). KCI solubilities in aqueous NH, (mNH, 
-S25 mol kg ‘), and partitioning of NH, between aqueous KCI and CHCI, (mNH, s i  mol 
kg ‘). Figure 2 shows that X,,M K obtained from all these experimental data agree well.

b. Ion Pairing and Ion Association
The Pitzer model treats all interactions in solutions of conventional strong electrolytes 

as occurring between free ions. For solutions of single electrolytes this approach is satisfactory 
even for solutes such as the 2:2 metal sulfates, where ion pairing is known to occur at low 
concentrations’7 (0.03 to 0.1 mol kg '), and for aqueous HNO, which Raman spectroscopy 
has showm to be about 20% associated at a stoichiometric concentration of 6 mol kg h 100 
For stronger association reactions, such as that between Mg2' and F in saline media, a 
choice of approaches is possible. Millero60 has calculated stability constants of MgF* and 
CaF' in 0.7 mol kg 1 NaCI of 18.8 and 4,2 kg mol respectively. Alternatively, it is 
possible to describe the influence of complex formation on F activity in seawater solutions 
as due to strong interactions between free Mg2* and F . using parameters p"’' and C*’ as 
an alternative to the formation of species such as MgF* . This can also be done for the 
interaction of major seawater cations with a number of weak acid anions (A) such as 
B(OH)j' ,  HCOr. and H2P04' . yielding parameters that are specific to a seawater medium.6,1 
The results also show that the stoichiometric stability constants pKgA for the weak acids 
(HA) in seawater can be satisfactorily predicted, using the model to estimate the activity 
coefficients of the free H* and acid anion A. However, this approach is limited both in the
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range of solution concentration that can be covered and in the strength of the (real) association 
that can be described. Measurements of 7NaF using ion-specific electrodes in NaCl media 
have shown that in a concentrated brine where mMg' would greatly exceed its seawater 
concentration, it is necessary to consider the formation of MgF explicitly.101

Where there is strong association over a wide range of concentration, for example, for 
H2S04, H,CO,, and H,P04 aqueous solutions, then the different species (H+, HSOy, 
SO, , COf, HCO, , CO; , H,P04 and H.PO, ) are recognized explicitly, and the appropriate 
equations iterated to determine activity coefficients simultaneously with dissolved speciation. 
It is worthwhile to consider here how this can be done. W'here only acid-base equilibria are 
to be determined (i.e., reactions involving H+ or OH and any cation or anion), then 
equilibrium speciation in the solution can be obtained by calculating the zero of the following 
function:

F = ~ w()H„ + (S. mil;,,., ) -  ( I  mOH   . -  /nil,:.,,, (47)

where mH,',,, is the total concentration of hydrogen ion initially present in, or added to, the 
solution. In this definition hydroxide is equated to a negative hydrogen ion concentration. 
Thus, in a neutral solution (or pure water) = 0.0 mol k g 1, in a solution of 1 mol
kg 1 H,S04 = 2.0 mol kg ', and in a solution of 1 mol kg 1 NaOH wHJ„a, =
— 1.0 mol kg"'1. Subscript (F) in Equation 47 refers to the free, unbound ions and assoc, 
to H * or OH present in associated form — as HS04 or MgOH *, for example. Consider 
the reaction:

H + X ' = HX (48)

The concentration of bound H (fflHa;M ), present as HX, is given by:

mil,'.,.. = wHX = mXlFl (KHX/T) mH°, (49)

where:

w.\ , = mX,TI/( 1 + (Khx F t  wlI,i .) (50)

where K,IX is the equilibrium constant for the reaction in Equation 48, F is the activity 
coefficient quotient as defined in Equation 31, and the stoichiometric concentration mXlX) 
is known from the overall composition of the solution. Analogous expressions can be derived 
for reactions involving OH . Concentrations of free 11 and OH are of course related via 
the ionic product of water:

K„,() = wH(;:)wOH(F, • (TuTonTtH^O) (51)

Equation 47 is solved for F = zero by starting with an initial estimate (or estimates) of 
mH,;.-, and iterating Equations 47 to 51 until a sufficiently close approach to the zero is 
obtained. Press et al.102 discuss a number of iteration procedures, and include FORTRAN 
code, Brent’s method, which requires that the interval within which the solution for wH(p, 
lies must first be determined, is reliable and converges rapidly.

An interesting case where an association reaction is not found to be necessary for the 
representation of thermodynamic properties is aqueous HNO,. Its speciation at 25°CI<H' is 
shown in Figure 3. Clegg and Brimblecombe101 have shown that equilibrium partial pressures 
of HNO,, proportional to the activity of the undissociated acid molecule in solution, can be 
satisfactorily predicted in acidified multicomponent solutions of up to 6.0 mol kg 1 ionic



3 0 6 Activity Coefficients in Electrolyte Solutions, 2nd Edition

cHN0j;t)

FIGURE 3. Speciation in pure aqueous HNO, at 25°C. front tabulated 
values of Davis and DeBruin."” Note use of mole fraction scale. Here 
"mole fraction" is defined so that: xHNOf = nHNOctnHNO*,1 + 
mNO, + tiH.O), and .rNO, (=  vH ' ) = «NO, .(nHNO“ + «NO, + 
hH.O). The molar concentration on the abscissa is a stoichiometric (total) 
value.

strength using the Pitzer model without treating H + -NO, association. Indeed it is possible, 
at least for pure aqueous HNO,, to describe solute and solvent activities over the entire 
concentration range using a (mole fraction-based) ion interaction model without association.74 
One important advantage of this approach is that, in addition to simplicity of calculation, 
no assumptions need be made about the individual activity coefficients in solution where 
insufficient information is available to determine those of both charged and uncharged species 
independently.104

There are no rules implicit in the Pitzer model to decide whether an ion pairing or ion 
association reaction should be recognized. The decision is essentially an empirical one, based 
on achieving the best fit to the available thermodynamic data, rather than most closely 
reflecting the molecular reality of the solution. Association and ion pairing reactions treated 
in studies of geochemical interest are listed in Table 13.

In practical calculations this flexible modeling approach presents few difficulties, but 
does have one significant drawback already referred to: based on the choices made, incon
sistencies can arise between sets of parameters describing the same geochemical system. 
This requires great care in the use of the model.

c. Parameter Values
Pure electrolyte solution parameters determined from laboratory data for a wide range 

of electrolytes, and mixed solution parameters 8,, and t|))|k, are listed by Pitzer51 (Chapter 3, 
this volume). In addition, Plummer et al.64 have compiled a database of parameters, evaluated 
from single and mixed inorganic salt data to March 1988, with an accompanying bibliog
raphy. The most recent large-scale evaluation of ion-ion interaction parameters for binary 
and ternary ion systems is by Kim and Frederick.1051,46 As noted here by Pitzer,51 caution 
should be exercised when using these parameters, since in most cases the pure electrolyte 
solution data (osmotic or activity coefficients) have been fitted to the concentration limit of
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TABLE 13
Association and Ion-Pairing Reactions Treated 

Explicitly in Laboratory and Geochemical Modeling 
Studies Using the Pitzer Model

Reaction

r o . - ii o i r  + hco,
H + c o r  = HCO.,
H* + SO* = HSO„
H + H.POy = H,P04 
B i O H i . • I I I )  H  +  B i O H i ;  

Mg2* +  B i O H i , =  MgB(OH); 
Ca2* + B(OH)4* = CaB(OH)4* 
H ' + F = HF 
HF + F* = HF,
Ml + H,0 = NH. + H
H* + HS* = H,S
S02(„, • I I I )  ■ H +  HSO,
H + SO, = HSO,
Cu2* + nCl = CuCif”’*
Mg2* + CO* = M g C O ’,

(V  + C O ,  = CaCO?
Ca2* + SOj = CaSOS

Tem perature Ref.

298 56*
298 56
298 56"
298 59
298 61*, 246
298 61
298 61
298 264“, 101
298 264“
298 255, 258, 259
298 281, 278, 285
298 286
298 286
298 264“
298 56
298 56

298—523 89*

N o te :  The re fe ren c e  list is n o t exhaustive, and gives geochemical ap
plications (where available) in preference to purely laboratory 
studies,

" For the carbonate system there have been numerous studies of the 
two equilibria since the work of Harvie et al.* that improve the 
thermodynamic database and extend it to temperatures other than 
298.15 K. However, to maintain self-consistency, parameters deter
mined in such studies should not be substituted for those of Harvie 
et al.* (see text).

b Parameters determined for model incorporating unsymmetrical mix
ing terms (see Pitzer,51 Chapter 3, this volume) after original work 
of Pitzer et ai.'’5 More recently, Reardon and Beckie"1 have deter
mined the temperature variation of the ion-interaction parameters for 
aqueous H2S04 0—6 mol kg*1, 0—55°C.

“ Formation and interactions of B ,0, (OH), and B40 , (OH)j also 
treated by Felmy and Weare.61

“ In pure aqueous solution,
e Ion pairing constant varies as f(T), while Ca2*-SO; interaction 

parameters are constant (see also notes to Table 10), Inconsistent 
with study of Harvie et al.56 at 298.15 K, which assumes no 
CaSO® ion pair is formed.

the measurements. For many solutes — such as HC1 — activity coefficients are available 
to much higher concentrations than the model is able to fit within the experimental uncertainty 
(normally about 6 mol kg '). It seems unlikely that such parameters can be used to determine 
the effects of ion-ion interactions on activity coefficients in multicomponent mixtures with 
any degree of reliability. Where the thermodynamic properties of a solution of a single 
electrolyte are required to high concentration, it seems best to use either a more appropriate 
model (e.g., see Appendix 1 of Pitzer51), or a purely empirical representation such as used 
in the critical evaluations of Hamer and Wu107 and Goldberg and Nuttall.108
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Model parameters evaluated in the chemical literature and listed by Pitzer11 (Chapter 3, 
this volume) were obtained chiefly from direct measurements of solute or solvent activities. 
In studies of phase equilibria in brines, a complete parameterization of the model with regard 
to ternary interactions and has been found to be essential due to the high concentration 
of the solutions.M The most complete study using the Pitzer model is that of Harvie et al.1* 
(incorporating that of Harvie and Weare14) at 25°C For the system Na-K-Mg-Ca-H-Cl-SO*- 
0H-HC0,-C0,-CO,-H,O. Here salt solubilities in ternary ion systems were used to obtain 
mixture parameters 8,, and and also the chemical potentials of some solid phases where 
these were unknown. The results were tested by predicting solubilities in more complex 
solutions. Felmy and Weare*' have extended this 25°C parameterization to include borate 
equilibria. The treatment of these fundamental systems, which include the major ions of 
seawater and dissolved CO, over a wide range of H ’ concentration, has, as yet, been only 
partially extended with respect to temperature. Pabalan and Pitzer”' have treated the system 
Na-K-Mg-Cl-SOj-OH-HX) from 0CC to high temperature. Moller"* has studied the system 
Na-Ca-CI-S0„-H,0 to high temperature, and Greenberg and Moller84 have extended this to 
solutions containing K + ion over the temperature range 0 to 250°C. Below 25°C and at 
subzero temperatures Spencer et al.1* have successfully modeled the system Na-K-Mg-Ca- 
CI-SOj-HjO. When calculating activity and osmotic coefficients using parameters derived 
in these studies it is important to be aware that, first, ion-pair or association equilibria 
recognized in these treatments may not be the same, and furthermore that parameter values 
often differ even at 25°C. For example, while Harvie et al.1* did not consider the formation 
of the CaSOJ ion pair in their studies of brines at 25°C, the species has been incorporated 
in later works covering both subzero1* and high temperatures.’14 Because of these factors, 
the studies referred to above should, in some respects, be viewed as different models rather 
than extensions of the same model.

Substitution of revised parameters, even from more accurate data, can lead to dramatic 
worsening of predicted activity coefficients rather than an improvement. For example, Plum
mer et al.** have shown that, for the solubility of NaHCO, in aqueous Na,CO, at 25°C, 
substitution of parameters (P,(>l, (T". and C6) obtained from recent data for the system Na
HCO i-CO.-CO.-HiO"1* for those of Harvie et al.1* leads to gross inaccuracies in predicted 
NaHCO, solubility in Na,CO, solutions. This is in spite of the fact that the difference in 
activity coefficients (in pure aqueous NaHCO,) calculated from the two sets of parameters 
is only about 8% up to l mol kg ' l concentration. Consequently, it is desirable to clarify 
the differences between the sets of parameters determined in the studies referred to above, 
and others, to avoid possible errors in calculation. A few specific comments are worthwhile 
concerning the NaHCO, calculation of Plummer et a).** The values of p"” and fi'1' determined 
by Sarbaret al.’01' fall far outside the general relationship found for 1:1 electrolytes (Figure 
3, Pitzer.11 Chapter 3, this volume), and it is possiblel’,B that isopiestic equilibrium was not 
achieved in their experiments. It is therefore emphasized that, in addition to maintaining 
the integrity of a particular set of model parameters, the validity of new data should be 
considered very carefully before inclusion in the model.

Table 14 lists the sources of Pitzer model parameters used in major studies of phase 
equilibria in brines by Pabalan and Pitzer.1" Greenberg and Mo l l e r a n d  Weare and co
workers.14 1*-7* Although restricted to 25°C, the treatment of Harvie et al.1* is the most 
comprehensive in terms of composition, including acid-base equilibria for systems containing 
both sulfate and carbonate, (This has been further extended to include borate to high con
centration.6') The sources of parameters adopted by Harvie et at.1* are indicated in Table 
14a and 14b. This study includes many new parameters determined from salt solubilities, 
in addition to those obtained from the earlier evaluations of Pitzer and co-workers. The 
parameterization of Harvie et al.16 has been included in the PHRQPFTZ geochemical model,**"" 
and has been adopted as the basis for most of the calculations presented in this chapter. The
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TABLE 14
Compatibility of Parameters Derived from Applications of the 

Pitzer Model to Salt Solubilities in Brines

(Symbols denote sources of parameters used in each of the studies. Parameters set to 
zero (—) are either redundant or could not be determined from the available data.)

(a) Harvie and Weare,54 System Na-K-Mg-Ca-Cl-S04-H20
(298. 15 K)

Ions «„:■ 'he Cl *hcSO<

Na K P P P
Na Mg P 1 1
Na Ca P 1 1
K Mg — 1 1
K Ca P P —

Mg Ca P 1 1

8*. •IWk 'I'aa’Mg

Cl SO, P P — 1

N o te :  Symbols: P — obtained from Pitzer and Kim*1 or Pitzer;’40 1 — determined by 
Harvie and Weare.54 “—" — parameter set to zero. All pure electrolyte solution 
parameters for this system (not listed here) were taken from Pitzer and May-

(b) Harvie et al.,56 System Na-K-Mg-Ca-H-Cl-S04-OH-HC01-CO,- 
C 02-H20  (298.15 K)

Ion Cl so 4 HSO„ OH CO, HCO,

Na P P 3 P 3 PP
K P P 3 P 3 3
Mg P P 3 — — 3
Ca P 2 3 3 — 3
MgOH 3 — — — — —
H P 3 3 — — —

Ions 0„ ‘t'ccXI <he'so4 'Ift'IISO, 'h i  OH ^ec HCO, ^CC’t'O;

Na K P P P _ _ 3 3
Na Ca P V 2 — -- — —

Na Mg P — 2 --  __ — —
Na MgOH — — — ~~ — —
Na H P p — 3 — — —
K Ca P p ! — — —
K Mg 1 1 I — — — —
K MgOH — — — — — —
K H P 3 3 3 — — —
Ca Mg P P l — — — —
Ca MgOH — — — — _ — —
Ca H 3 3 — — — —
Mg MgOH — 3 — — — —■ —
Mg H 3 3 — 3 _ — —
MgOH H — — — — — — —
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TABLE 14 (continued)
Compatibility of Parameters Derived from Applications of the 

Pitzer Model to Sait Solubilities in Brines

Ions 0_. 'Vw H

a SO , P P — 2 1 — —

C l HSO, 3 3 — — — — 3
a OH P P 3 3 — — —
Cl H CO , PP 3 — — 3 — —
C l C O , 3 3 3 — — — —
s o , H SO , — 3 3 3 3 — —
s o . OH 3 3 3 — — — —
s o . H CO , 3 3 — — 3 — —
s o , c o 3 3 3 3 — — — —
HSO, OH — — — — — — —
HSO, H CO , — — — — — — —
HSO, CO, — — — — — — —
OH H CO , — — — — — — —
OH CO , 3 3 — — — — —
HCO, C O , 3 3 3 — — — —

Note; Symbols: P — obtained from Pitzer and Kim" or Pitzer;'" PP — Peiper and 
Pitzer;1"  I — determined by Harvie and Weans;'* 2 — values revised by Harvie 
et al;“  3 — determined by Harvie el trf:“  ” — ”  —  parameter set to zero. Harvie 
et al.“  assumed the formation of MgCO? and CaCO), and also determined binary 
interaction parameters Vo... for H*. N a’ , K ‘ . Ca’ ’ . M g-‘ . C l*. SOJ . and 
H S O ;.

(c) Pabalan and Pitzer."1 System Na-K-Mg-CI-OH-SO,-H,0 
(273.15— 473.15 K)

Ions Cl SO.i OH

Na Fuzer et a l . '" Holmes and Pabalan and Piizcr,|h
Mesmer®"

K Holmes and Holmes and —

Mesmer"* Mesmer®1
Mg De Lima and Pitzer*'* Phutcla and Pitzer*11* —

Ions 0„ - ♦■•Cl

Na K *3 h3
Na Mg *3 *3
K Mg *3 **3

Ions 0M- ^ h 'Ni

Cl SO. 4 — •4 "4
Cl OH *3 •3 — —
SO, OH *3 *3 — —

Note: For pure electrolyte parameters the sources of the fitting equations (giving values 
as f(T)| are listed. Symbols: 3 —  value at 298.15 K as Harvie et al;w 4 — 
estimated by Pabalan and Pitzer."1 Not all binary and ternary solutions were 
investigated.

* Invariant with temperature
* Proportional to T or liT
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TABLE 14 (continued)
Compatibility of Parameters Derived from Applications of the 

Pitzer Model to Salt Solubilities in Brines

(d) Greenberg and Moller,84 System Na-K-Ca-Cl-S04-H20  
(273.15—523.15 K)“

Ions Cl so 4

Na Moller89 6 Moller89
K 5 d 5 c
Ca Moller*9 f Moller89

N o te :  With the exception of i|<ci.so4.n. (set constant to 298.15 K value of Harvie et al,56) 
all mixture parameters are given as functions of temperature over some or all of 
the range 273—523 K, and differ from those determined by both Pabalan and 
Pitzer1*3 and the two earlier studies at 298.15 K. Symbols: 5 — determined by 
Greenberg and Moller.84

* Incorporates earlier study of Moller,89 on the subsystem Na-Ca-Cl-S04-H20 , over the 
same temperature range.

8 Parameters of Pitzer et al.,,s refitted (273—578 K) to alternative equation.
2 P,0> and p"> (298—473 K) as in Rogers and Pitzer,322 C* (298—523 K) and P‘°> and

P'1’ (>473 K) were estimated from ternary solution solubilities.
4 Parameter values of Holmes and Mesmer314 refitted to alternative equation.
e Results of Holmes and Mesmer26*' refitted to be consistent with the standard value 

(2.0) of model parameter a  (see Pitzer,51 this volume).
* p<" (298—523 K) from Phutela and Pitzer,321 P<0> and C* fit to water vapor pressures 

(>473 K) and values from Phutela and Pitzer321 (298—473 K).
‘ Formation of ion pair CaSO“ incorporated into treatment. Two equations given for 

temperature variation of ion pairing constant: 298—423 and 423—523 K. (3<0> and 
P*" invariant with temperature, C* set to zero, and (5<21 given as f(T) from 298—323 
K but set to zero at higher temperatures.

(e) Spencer et al.,76 System Na-K-Ca-Mg-Cl-S04-H20

'l*cc'S04

6
5'
6

6

*l*aa'Ca ^ a a ’M |

5* 6

N o te :  The authors estimate the value of the Debye-Hiickel parameter A* below 273 K 
from solubility data. Symbols: 6 — estimated by Spencer et al.76

(213—298 K)

Ions Cl SO,

Na 6* 6
K 6b 5C
Ca 6- 5 ‘

Mg 6* 6

Ions

Cl SO,

Ions ®cc' ®cc'Cl

Na K 6 6
Na Ca 5' 6
Na Mg 4* 6
K Ca 6 6

K Mg 6f 6

Ca Mg 6 6

*l*aa'Na *)Wk

5* 6 6
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TABLE 14 (continued)
Compatibility of Parameters Derived from Applications of the 

Pitzer Model to Salt Solubilities in Brines

Model parameter values generated by the fitting equation of Spencer et al. merge 
smoothly with those of Moller*1’ above 298 K.
Parameter values merge smoothly with those of Greenberg and Moller*4 above 298 
K,
Equation of Greenberg and Moller" extrapolated below 273 K.
Parameters discontinuous with those estimated by Moller" above 298 K,
T reatment of Greenberg and Moller" adopted unchanged.
Invariant with temperature.

parameters of Greenberg and Moller84 and Spencer et al.7'1 for more restricted systems as 
f(T) are largely inconsistent with the 25°C study of Harvie et al.56 (Table I4d and 14e). 
This is certainly true for the mixture terms 0M and ili1|k. and probably also for the pure 
electrolyte parameters which have been extensively refitted. Consequently, these model 
treatments should be regarded as essentially independent of one another, and of the work 
of Harvie et al.56

How can calculations best be extended to temperatures other than 25°C? The study of 
Pabalan and Pitzer84 of the system Na~K-Mg-CI-S04-H ,0 (Table 14c) from 0 to 2()()CC is 
more compatible with the work of Harvie et al.70 Most of the mixture parameters are equal, 
at 25°C, to those of Harvie et ale" (the exceptions being 0n  S()j. 4 V i .s o , . k * and 4'ci.s..>l.Mi4- 
Comparison of pure solution activity coefficients calculated using ((T", C 1’) of Harvie et 
al.4'’ with those derived from the fitting equations used by Pabalan and Pitzer84 yields 
agreement to within 17c or better al 25 C. This is also the case for most other salts included 
in the study of Harvie et a le6 for which ((3"’, C 4) are available as continuous functions of 
temperature (Table 10).

Two further studies, not listed in Table 14. are also relevant to the problem of calculating 
activity coefficients over a range of temperatures. Reardon and Beckie1" have determined 
the parameters necessary to describe sulfuric acid equilibria from 0 to 5()°C. while retaining 
consistency with the treatment of Harvie et al.5'’ Monnin and Schott114 have studied the 
system Na-C!-HCO,-CO,~OH-H,Q from 5 to 50°C, using a broader array of data than Harvie 
et a l..5" hut basing the parameterization on their work and that of Peiper and Pitzer."' 
Monnin and Schott112 used constant values of the mixture parameters that, with the exceptions 
of Bunco, and lKa,u(i.co, (set to zero), differ negligibly from those of Harvie et al.4" Equi
librium constants for the carbonate system were calculated from equations of Peiper and 
Pitzer."' who also list first tp"", C 1,K) and second (^ ,",, C'41) differentials of the pure 
electrolyte parameters for NaHCO, and Na.('<>..

Thus, adopting the parameterization of Harvie et a!.48 as the basis for estimating activity 
coefficients in brines, calculations can be extended to other temperatures, not too far from 
25'C. in the following way. Opposite sign interactions should be calculated using parameters 
(P"\ (" ’) valid lor the temperature of interest and obtained using the fitting equations referred 
to in Table 10. Where mixture parameters 0M and «ly!k are available as f'(T) and  are equal to 
the Harvie ct al.'’4 values at 298 K, this temperature functionality mav be used. Otherwise 
254C values of Harvie et al.4" should be retained. Experience suggests that this results in 
little error over a restricted temperature range.

Wc have examined the question of model parameterization in some detail: as for man) 
practical problems it will inevitably remain incomplete, thus involving the researcher in 
parameter determination or at least requiring that the limitations of the model, anil its possible 
pitfalls, be understood. We now turn to practical examples of the calculation of activity 
coefficients.



3 1 3

TABLE 15
Availability of Ion Interaction Parameters, at 25°C and 

as Functions of Temperature, for the Components of 
Sea Salt

Ions Cl ■SO, HCO, Br CO, B(OH)4 F B(OH);

Na f f 2 1 2 * 1 *
Mg f f * 1 *a — * —
Ca f 1 * * *a * * —

K f f 1 1 1 * * *
Sr 1 * * 1 — — — —
B(OH), * * — — — — —

N o te :  f — fitting equation giving pure electrolyte model parameters as 
f(T);’23 * — only 2 5 °C  parameters available; 1 — parameters and 
first differential with respect to temperature (both at 2 5 °C ) available; 
2 — parameters and both first and second differentials with respect 
to temperature (both at 25°C) available.

* Harvie et al.® parameterized the Mg: *-CO( andCa2 + -CO( interactions 
as ion pair formation. In this work the earlier ion interaction treatment 
of Millero" is used.

III. APPLIED CALCULATIONS IN NATURAL WATERS

The temperature and pressure ranges of the oceans are from — 2 to 40°C and up to 1000 
bars applied pressure. In geothermal solutions much higher values are attained, 600°C and 
perhaps 2 x 104 bars pressure, while in the atmosphere, although the variation of pressure 
is for many purposes negligible, temperatures as low as — 60°C occur in the upper tropo
sphere. It would not be possible to cover the whole range of natural aqueous systems in a 
single study, or indeed with a single method. Here we largely restrict ourselves to conditions 
attainable in the oceans. Millero91 has reviewed in great detail what is known about the 
effect of pressure on chemical processes in the sea, and uses partial molal volume and 
compressibility data to estimate the influence of pressure on the thermochemical properties 
of seawater, and on acid-base, solid-liquid, gas-liquid, and ion pair equilibria. Therefore 
we do not explicitly consider the effects of pressure here, beyond drawing attention to the 
method of calculating its effect on activity coefficients within the Pitzer model (Section
II.B.l.a, and Tables A4 and A5).

Natural waters in the ionic strength range 0.1 to 1.0 mol kg 1 result almost exclusively 
from the concentration of seawater by evaporation or from its dilution by land runoff in 
estuaries — which for most calculations it is sufficiently accurate to consider as a series of 
dilutions of seawater with pure water. Much of the following discussion will focus on 
seawater. At 25°C the Pitzer model is fully parameterized with respect to the major com
ponents of seawater, and in Table 15 the availability of pure electrolyte solution parameters, 
including their temperature functionality, is indicated.

A. SOLUTIONS OF STRONG ELECTROLYTES
The calculation of cj>, yM, and yx in mixtures of strong electrolytes is straightforward, 

involving only lines (i) to (iii) of Equations 34 to 36, respectively. In dilute solutions of 
less than about 0,1 mol kg 1 ionic strength, activity coefficients are determined chiefly by 
long-range electrostatic interactions between ions of opposite sign. At extreme dilution these 
may be thought of as being dependent only upon charge and ionic strength. In such solutions, 
where activity coefficients approach the Debye-Hiickel limiting law, there is very little
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FIGURE 4. Contributions of extended Debye-Hiicke], binary (opposite sign), 
and mixture expressions to the model calculated yNa(, in seawater, as a function 
of ionic strength, (i) Extended Debye-Htickel term “ z,-F" (for expansion of F, 
see Pitzer51); (ii) extended Debye-Hiickei term plus binary interactions “ z;’F + 
S/n.liB,, + ZCj,) + [z,[X)SiimlmkC'fk’ (iii) all terms including mixture parameters 
(0„. t|i1|k), as given in Equations 35 and 36. The mean activity coefficient of NaCl 
in pure aqueous NaCl at the same ionic strength as the seawater is also shown 
for 3 £  / £  6 mol kg Inset shows detail at low concentration.

difference between values estimated with the Pitzer.model, and earlier, simpler equations. 
As an example, calculated values of yNa{:, in seawater solutions at 25°C are shown in Figure 
4, together with the contributions of the Debye-Htickel function (F in Equations 35 and 36), 
opposite sign interactions (functions Bca and Cta), and like sign interactions (involving <f>Na 
<Pc, a., tfW'a, and (J/Cla.c). The effect of the like-sign interactions changes yNaC, by only 1% 
at /  = 0.5 mol kg 1 (24.5 S%o), and even at /  = 6 mol kg 1 (233 S%c) is only 3.5% of 
the total. This shows that the large number of possible like-sign interactions that arise in a 
multicomponent system (many of which are likely to be unknown) may be ignored without 
introducing significant error, at least in dilute solutions. For example, Whitfield46 has shown 
that the osmotic coefficient and mean ion activity coefficients of the major components of 
seawater can be satisfactorily predicted by the Pitzer model, assuming that only interactions 
between ions of opposite sign are significant (i.e., 0̂  and t|rijk are equal to zero), a result 
consistent with the calculations shown in Figure 4 for NaCl. Finally, we note that since 
NaCl constitutes about 90 mol% of sea salt, yNaC1 in a pure aqueous solution of NaCl is 
quite similar to that in seawater at the same ionic strength (see Figure 4),

While the temperature variation of the pure electrolyte model parameters (P‘", C*) is 
well known for many salts (Table 10), the temperature variation of like-sign interactions is 
more poorly understood. As noted in the previous section, the ad hoc way in which some 
of these have been estimated is one of the greatest sources of incompatibility between 
parameter sets (Table 14). However, the relative weakness of these interactions, in all but 
the most concentrated solutions, means that like-sign interactions may be considered tem
perature invariant without introducing serious error. For example, Pabalan and Pitzer8’ found 
it an adequate approximation in their studies of mineral solubility (system Na-K-Mg-Cl- 
S04-0H-H,0 from 0 to 200°C) to retain existing 25°C values of 01( (see Table 14c) and 
allow only i|tMk to vary' as a function of temperature. Even so, a parameter such as if/Na K ri 
only changes from -0.0021 to -0.00155 from 0 to 40°C.
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TABLE 16
Mean Ion Activity Coefficients of NaCi, Na,S04, KCl, and K2S 0 4 in 

Seawater over a Range of Ionic Strength and Temperature

y N-1 I experiment I* (model) Yn»jso4 (experiment P Yn.jso, (model)TCC) /

35 0 718
25 0.718
25 0.718
15 0 718
0 0.718

25 0.511
25 0.303
25 0 100

T(°C) i

25 0.10
25 0.30
25 0.50
25 0 70
25 0.723

t r e t /

25 0.71X1

0.685 ±  0 007 
0.672 ±  0.007 
0.668 ±  O.QO.V 
0.679 ± 0.007 
0.650 ± 0.4X37 
0 690 ± 0.01 
0.7.10 ± 0.01 
0 795 * 0.01

Ynwi (experiment)*

0 799 
0 711 
0682 
0.667 
0.677

0.645 -  0,008

0.664 
0.665 
0.665 
0 .66.1 
0 654 
0,680 
0.708 
0 777

Yw , (model)'

0.788 
0.710 
0.682 
0 667

0.629

0.408 ± 0 016 
0.378 £ 0.0)6

0.185 ± 0.016 
0.440 ± 0.0)6 
0 405 ± 0 0)6 
0.435 ± 0.016 
0 620 ± 0 016

0.152 ± 0 018

0 145
0.145 (0.152)

0.144
0.338
0.178 (0.385) 
0.433 (0.419) 
0.559 (0.563)

Ykj«.4 (modelI

0.336

Ym i (ex peri men!) Y in (model) Y*jm>4 (experiment)

Noir Results for KC! ate unpublished daia of Whitfield Model values of yN,,sli are given both for 
pure electrolyte parameters CCm̂ j calculated from ihe ruling equation listed m Table
II (in parentheses), and as listed by Pitzer'1 )altered using temperature derivatives where 
T w 25“C),

" Experimental data of Platford"' (NaCt) and Platford and Dafoe"*’ (Na.SO,). in artificial seawater 
of composition: 0 424 ntNaCI, 0,0553 mMgCK, 0,0291 mNa,S04, 0.0105 tnCaCL. 0.(8194 mKCI 
for ionic strength </) 0 718 mol kg

 ̂ Ex pen merit a I data and model calculation of Johnson and Pytkowtcz 
Estimate uf Gieskcs,11’

I . The Major Component of Seawater, and the Activity Coefficient of Sea Salt
At 25rC, activity coefficients of major sea sail components have Seen measured by a 

number of workers.1 1 4 In Table 16 modeled values are compared with measurement. 
There is good agreement in the cases of KC) and K ;SOj, and with the measurements of 
■yN,n by Johnson and Pytkowicz. 117 Platford" 4 and Platford and Dafoe"'1 measured yNan 
and yVJsm using Na amalgam, and Ag-AgCI and Pbamalgam-PbSO, electrodes. respectively, 
being unable to obtain satisfactory results w ith a Na * -specific glass electrode. Their results 
differ by about 39f (for NaCI) and up to IK'# (for NtrSO.,) from modeled values of the 
activity coefficients. Comparisons of measured and calculated activity coefficients of a 
number of other ions, including trace components, have been made by Millerowl"" and 
show satisfactory agreement,

A more stnngeni test is possible in terms of overall solute and solvent activity in seawater. 
Mi Hero and Leung7’ have determined the thermochemical properties of seawater from mea
surements of water vapor pressure, freezing point depression, enthalpy, and heat capacity. 
The mean activity coefficient of sea salt (y is defined as

ln(y,,,,) = m,ln(yt) (52)



3 1 6  Activity Coefficients in Electrolyte Solutions, 2nd Edition

TABLE 17
Contribution of Sea Salt Components to the Total Molality (m,SJ) and Ionic Strength 

(/<„) of Sea Salt for the Seawater Recipe of Millero18,27

S o lu t e S o lu t e S o lu t e m j m ^

N a 0.85226 0.67269 Sr 1.578 x 10 4 5.2 x 10 4 Br 1.5254 x 10 1 0.001206
Mg 0.095976 0.30302 C l 0.95690 0.78295 C O , 3.5066 x 10"4 0 .0 0 1 1 1 2

C a 0.018690 0.05899 s o 4 0.05132 0.16200 B(OHC 1.578 x 10 4 0.000119
K O .O I855 0.01464 HCO, 3 .3 8 3 8  x  10 1 0 .0 0 2 6 6 8 F 1 .2 3 0  x  10 4 9.7 x 10

B (O H ) , 5 .9 6  x  10 4

FIGURE 5. Measured and calculated osmotic coefficients ut>!vi) of seawater at 0CC (a) 
and 25°C (h) Dashed line — calculated using the Pitzer model; full line — fitted equation 
of Millero and Leung."7 Measured values (symbols) are from Robinson184 (273.15 K) 
and Doherty and Kester'85 (298.15 K), as listed by Millero and Leung.

w h e r e  y ,  i s  t h e  c o n v e n t i o n a l  s i n g l e  i o n  a c t i v i t y  c o e f f i c i e n t  ( c a l c u l a t e d  f r o m  E q u a t i o n s  3 5  
a n d  3 6 ) ,  m ,  t h e  m o l a l i t y  o f  i o n  i ,  a n d  m ( s , t h e  t o t a l  m o l a l i t y  o f  s e a  s a l t ,  g i v e n  b y

m ( s , =  ( 1 / 2 ) S ,  m,  ( 5 3 )

F o r  t h e  s e a w a t e r  r e c i p e  u s e d  b y  M i l l e r o  '  a n d  M i l l e r o  a n d  L e u n g ”  t h e  m o l a l  i o n i c  s t r e n g t h  
(/,„,) o f  s e a w a t e r  i s  r e l a t e d  t o  s a l i n i t y  ( S % c )  b y

I , st =  1 9 . 9 2 0 1  S / ( 1 0 0 0  -  1 . 0 0 4 8 8  S )  ( 5 4 )

T h e  c o n c e n t r a t i o n s  o f  t h e  i n d i v i d u a l  i o n s  a r e  r e l a t e d  t o  m [s! a n d  / < s t  b y  t h e  f a c t o r s  l i s t e d  i n  
T a b l e  1 7 .  A s a  t e s t  o f  t h e  m u l t i c o m p o n e n t  m o d e l ,  c a l c u l a t e d  v a l u e s  o f  t h e  o s m o t i c  c o e f f i c i e n t  
o f  s e a w a t e r  a n d  m e a n  a c t i v i t y  c o e f f i c i e n t  o f  s e a  s a l t  ( y , , _ , )  h a v e  b e e n  c o m p a r e d  w i t h  a v a i l a b l e  
d a t a ,  a n d  w i t h  t h e  w o r k  o f  M i l l e r o  a n d  L e u n g . ”  ( T h e  s p e c i a t i o n  o f  t h e  w e a k  a c i d s  F L C O ,  
a n d  B ( O H ) ,  w a s  a s s u m e d  n o t  t o  v a r y  f r o m  2 5 ° C  e s t i m a t e s . )  F i g u r e  5  s h o w s  t h e  r e s u l t s  o f  
t h e s e  c a l c u l a t i o n s  f o r  a t  0  a n d  2 5 ° C .  A t  b o t h  t e m p e r a t u r e s  t h e  e s t i m a t e d  o s m o t i c  c o e f f i c i e n t  
i s  i n  s a t i s f a c t o r y  a g r e e m e n t  w i t h  t h e  d a t a ,  w i t h i n  t h e  e x p e r i m e n t a l  u n c e r t a i n t y ,  a n d  d i f f e r s  
b y  n o  m o r e  t h a n  a b o u t  0 . 3 %  f r o m  t h e  b e s t - f i t  e q u a t i o n  o f  M i l l e r o  a n d  L e u n g . 2 7  A  m o r e
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FIGURE 6 Pcrccmage dcvialion of the mean activity coefficient of sea 
salt ( y c a l c u l a t e d  using the Pitzer model. from that obtained from the 
fitted equation of Millcro and Leung.1' from 5— U) S‘3r and 273— 313 K.

extensive comparison in terms of y . Figure 6, demonstrates a similar level of agreement 
over the entire temperature and concentration range. These results, for sea salt as a whole, 
suggest that mean ion activity coefficients of the individual sea salts estimated using the 
model are likely to be more reliable than some of the available data w ilh which they have 
been compared (see Table 16). The osmotic coefficient of seawater and conventional single 
ion activity coefficients of the major components (5 to 40 S%c. 273 to 313 K) are listed in 
Appendix Table A6.

2. Mineral Solubilities
Perhaps the most extensive geochemical application of the Pitzer model has been to 

studies of mineral solubilities in brines.These concentrated, highly nonideal solutions have 
not been previously amenable to a generalized thermodynamic treatment. We have already 
shown, in Section II.B. I.a.Li. how laboratory solubility measurements have been used to 
determine model parameters for a number of important brine systems. In general, the ap
proach is first to determine unknown parameters from solubilities in ternary ion systems, 
then verify the results by predicting solubilities in quaternary and quinary systems. Numerous 
examples of this may be seen in the works of Harvic and WeareM and Hurvie et al.5*’ These 
parameterization and validation exercises have served as stepping stones to applications to 
real problems, such as the evaporation sequence of seawater.”' 1"' For a multicomponent 
solution such as seawater, a purely empirical method of analysis, such as the use of phase 
diagrams, is limited by the number of degrees of freedom that can be simultaneously 
represented and by lack of sufficient data to cover the compositional variations that occur 
naturally. The use of a model avoids these difficulties by drawing on a very wide range of 
data to achieve the necessary parameterization, and predicting directly the thermodynamic 
quantities that control solubility. Weare”3 has described in some detail the application of the 
Pit/er model to solubility studies, including field observations He discusses the merits of 
the ion association vs ion interaction approaches, the basis for the various parameter choices 
and some of the pitfalls — such as transfer of parameters and control of the si/e of the 
ternary mixture parameters (as large values lead to unstable behavior in regions of high 
concentration).

Applications of the model to the calculation of salt solubilities are widespread, and 
include gypsum and halite solubility in Dead Sea waters.,-’n131 alkaline earth sulfate solu
bilities in deep brines,133 scale mineral formation in oilfield brines. 131 carbonate mineral 
solubilities in Lake Magadi,"' equilibria in acid mine drainage waters.1" and solubilities 
in fluid inclusions in ice Perhaps the most interesting and demanding application has been 
to the study of evaporite sequences,”' **• where the model together w ith the observed
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sequence may be used to infer information about the conditions of formation of the deposit. 
For example, Harvie et al.66-"9 used the parameterization of the Ca-Na-K-Mg-Cl-S04-H20  
system at 25°C to calculate mineral sequences for the evaporation of seawater, and have 
compared these to the Permian Zechstein deposit in Germany. The results clarify a number 
of mineralogical discrepancies, by providing the equilibrium evaporation path, and, for 
example, emphasizing the role of back reactions of the evolving brine with previously 
deposited minerals. These are important in the case of minerals containing Ca2 +, for example. 
This ion had not been included in the early studies of the seawater system by Van’t Hoff,126 
who assumed that it would quickly be removed in calcite and gypsum and could afterward 
be neglected.

Brantley et al.125 have used the model to establish the processes controlling the formation 
of a modem marine evaporite (Peru), and Felmy and Weare61 used it to study the Searles 
Lake deposit. Felmy and Weare61 compared observations with calculated mineral sequences, 
and concluded that the deposit could be formed from the evaporation of water from its major 
source (with present-day composition). By comparing the observed mineral sequence with 
that predicted for various precipitation schemes, Felmy and Weare61 concluded that calcium 
and magnesium carbonate minerals were prevented from equilibrating with the overlying 
brine, and presented a plausible mechanism for this. This, as Weare62 has stated, is an 
important example of how thermodynamic constraints may be linked to field observations.

a. Gypsum Solubility in Salt Solutions and Brines
In the previous edition of this book, gypsum precipitation in natural waters was con

sidered as an example of the difficulties of estimating mineral solubilities. In practical terms, 
this translates into the problem of calculating «H,0, yCa, and ySOl (or the activity coefficients 
of other minerals being precipitated) in a multicomponent ionic medium such as seawater. 
For CaS04 and other sparingly soluble salts, the total ionic strength of the background 
medium (e.g., seawater) is invariably much greater than that attainable in a solution of pure 
CaS04 (0.061 mol k g '1 at 298 K). In terms of the Pitzer model, this means that the 
functionality of BCaS04 [as f(/) to high concentration] cannot be determined from data for 
pure solutions of aqueous CaS04. Therefore it must be estimated indirectly from ternary 
solution data. Harvie et al.66 used the result of Rogers127 for p<n, set C* to zero, and found 
that solubilities could be satisfactorily described using these parameters in combination with 
ternary terms t|rCa.so.,.a- or in solutions containing Ca2' ,  SOj “ , and either cation c
or anion a. (Note that the parameters 0Ca c. and 0SOj a. are obtained from solutions not 
containing the salt CaS04.) At 25°C, in common with other 2:2 metal sulfates which show 
some association, the f}<2) parameter is used as a convenient alternative to assuming the 
formation of an ion pair CaSOJ. However, over the more extended range of temperature 
studied by Moller89 and Greenberg and Moller84 an ion pair is included — and (3<2) set to 
zero.

For gypsum the solubility equilibrium may be written as

CaSO., • 211 O = (V  + SO,’ + 2H () (55)

If the activity of the (pure) solid phase is unity, the thermodynamic solubility product may
be defined as

Kgyp-wn = (K'a U.SO-; iidl.Ot = K*.psum Fgypsum (56)

where the stoichiometric solubility product K*yp<mn = mCa2 + mSOj and the activity coef
ficient product r gypsum = Tc W oHjO)2. Since the dissolution of gypsum in seawater and 
other ionic media has a significant effect on the ionic strength and therefore activity coef-
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FIGURE 7 Measured and calculated gypsum (CaS04 • 2H.O) solubilities 
in aqueous NaCI/Nii.SO, mixtures at 25°C. as a function of the ionic 
strength fraction of NikSO, Symbols —  experimental data of
Yeatts and Marshall:’”  lines —  model calculated values. The ionic strengths 
t/l given for the three sets of data are the inilial values for the solutions 
before addition of CaS04 The discontinuities in the modeled curves are 
due to the fact (hat the I slutting I ionic strengths arc not constant, but vary 
over the following ranges; /  =  5.91. from 5 69 lo 6 13 mol kg / =
1.965, from I 96 lo 2.02 mol kg ': / = 0.43. from 0.392 to 0.48 mol 
kg ’.

ficienis, ihe solubility must be calculated by an iterative procedure. For the most generalized 
calculations, where equilibria between ions and associated species in solution and with 
multiple solid phases are being considered, a Gibbs free energy minimization routine such 
as that used by Weare'3x and co-workers is probably most suitable. However, for the example 
here we require only Ihe solution of liquation 56, thus,

(mCa2 * /nSOJ rgypMlfn)/KByĴ ,n - 1 = 0  (57)

where mCa3 * and mSO; are the equilibrium concentrations of the two ions at saturation. 
In a solution initially containing no Ca3' or SO; , mCa*' and wSO; are equivalent to the 
added moles of CaSO., per kilogram of H,0, A. which is to be determined. In solutions 
already containing Ca: ' and SO; , mCa- ’ and mSOj in Equation 57 then become (/«Ca3 * 
+ A) and (mSO; -FA). There are a number of straightforward techniques for determining 
the zero of a function in one variable (A), from an initial guess to final estimate of desired 
accuracy."13 At each iteration the activity coefficient quotient r BypMlltl is calculated using the 
Pitzer equations.

How much do solutions of differing composition affect gy psum solubility? As an example 
we first consider gypsum solubility in NaCI/Na,S04 solutions. Yeatts and Marshall1”' have 
measured equilibrium gypsum and anhydrite solubilities in a number of ternary ion systems 
at 25°C. in the case of NaCl/Na,S04 making 30 determinations at initial ionic strengths of 
approximately 0.43. 1.97, and 5.91 mol kg ’. Using the parameterization of Harvie e( al.,w 
we show measured and calculated solubilities as a function of ionic strength fraction of 
Na.SO, in Figure 7. There is satisfactory agreement at all ionic strengths and compositions. 
A clearer idea of the effect of the composition of the same ionic medium on gypsum solubility 
can be gained from Figure 8. where calculated gypsum solubilities in the system Na-Ca-CI-
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FIGURE 8. Gypsum solubility in the system Na-Ca-CUS04-H,0 at 25°C. 
The surface represents calculated gypsum solubility in mixtures of aqueous 
NaCl/Na.SO.,. Measured solubilities are plotted for solutions of the two 
end members; data from Linke.'“' The compositions of saturated solutions 
(with respect to NaCl, Na,S04, and Na,S()4 • IOH.O). for systems not 
containing Ca; *, are marked on the lower projection. These approximately 
indicate the range of solution composition for which the calculations are 
valid.

S04-H20  at 25°C are plotted. Measurements for the two pure components (aqueous NaCl 
and Na2S04) are also shown. The relationship is quite complex, gypsum solubility being 
increased in pure NaCl at all concentrations because of decreased yCa. ySOi, and afTO; while 
in pure Na,S04. solubility at first decreases sharply, then rises with mNa2S04 despite the 
high concentration of added SOy . Note that, in these calculations, we have not included 
back reactions with the precipitated gypsum that could lead to the formation of glauberite 
|Na,Ca(S04),|.

The solubility of gypsum in seawater (both concentrated and diluted) has been measured 
by Schaffer1’0 and Marshall and Slusher1’1 over a range of temperatures, and by Krumgalz 
and Millero120 in mixtures of Dead Sea and Mediterranean w'ater at 25°C. (For a complete 
review of the literature on gypsum and anhydrite solubility, see Raju and Atkinson,124) 
Marshall and Slusher comment that the stoichiometric solubility product (K* ,) in synthetic
concentrated seawaters to 60°C (and for I <2 mol kg 1) is essentially the same as in aqueous 
NaCl at the same ionic strength. Krumgalz and Millero120 have shown their experimental 
gypsum solubilities to be in good agreement wdth calculated values (Pitzer model) at all 
concentrations. In Figure 9 we show the measured gypsum solubility products (K*. ) of
Krumgalz and Millero120 and Marshall and Slusher1’1 at 30°C (uncorrected for the 5° tem
perature difference), together with the calculated gypsum saturation index, defined by

lW „ ,n = wCa2‘mS02 I'g)psim,/K!!ypsim, (58)

Again it can be seen that the model agrees with observation to very high ionic strength.
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FIGURE 9. The solubility of gypsum in natural brines la) The stoichiometric solubility product 
of gypsum in concentrated seawater (points) at 3(fC and Dead Sea.1 Mediterranean waters
(circles) at 25’C; lb) the calculated gypsum saturation index (!!,„_„,) in concentrated seawalert points) 
and Dead Sea/Mediterranean waters (circles); data same as part (a). Experimental measurements are 
from Marshall and Slushcr"1 (seawater) and Katz ct a t.’*'

What of gypsum solubilities at other temperatures? Marshall and Slusher"1 present 
empirical equations (and FORTRAN code) for calculating gypsum, anhydrite, and hemi- 
hydritc solubility as functions of temperature and seawater ionic strength. The studies of 
MoIIer1"' and Greenberg and Moller*4 apply the Pitzer model to the system Na-K-Ca-Cl-SO,- 
H?0  from 0 to 2S0oC. and Spencer et al.76 to Na-K-Ca-Mg-Cl-S04-H,0 below 25°C. How
ever. the parameter sets are mutually incompatible both with each other and with that of 
Harvie et al."6 (used here) at 25°C. Raju and Atkinson"'’ 12’ 124 have studied CaS04, BaS04, 
and SrS04 solubility in NaCI (as an analogue of oilfield brines) as a function of temperature, 
and present useful literature reviews of available data including comparisons of K*r for these 
salts obtained by different workers. Raju and Atkinson"6 describe solute and solvent activities 
using the Pitzer formalism, but with an empirical extension replacing functions involving 
t|t,jk and 8„ parameters. Their analysis of the data for gypsum agrees closely with the work 
of Marshall and Slusher.1”

The application of the model to describing laboratory solubility data has been shown to 
be successful in both pure and multicomponent solutions to high ionic strengths. However, 
in real systems the conditions under which reactions lake place are likely to be both less 
well constrained and less accurately known. Comparisons of model predictions with obser
vations of both present1-’ and past61 evaporite deposits, referred to above, show satisfactory 
agreement. We now consider such an example.

McCaffrey et a l."2 have analyzed samples of brines obtained al a solar salt production 
facility from successive evaporation ponds. Dissolved ion concentrations (mol dm ’) were 
determined by ion chromatography, and molal concentrations estimated from an empirical 
relationship between Mg2' concentration and specific gravity. The average temperature of 
the samples was 31 26C. In Figure 10 the calculated saturation indices £1. (see Equation 58) 
for NaCI and MgS04 ■ 6H .O are plotted against degree of evaporation, together with sample 
ionic strength. As can be seen, the observed onset of NaCI precipitation (marked) occurs 
when the solution is within 10*# of model-estimated saturation. The onset of large-scale 
sulfate and magnesium precipitation, observed at about 68% evaporation, coincides with the 
calculated saturation with respect to MgS04 ■ 6H.O (and MgSO+ • 7HX), not shown as it 
differs very' little from MgS04 ■ 6H,0). Overall, McCaffrey et a l."2 found the evaporation 
sequence of the brines to be largely consistent with that predicted by Harvie et al.66 and 
Eugsteret al.' ” for the fractionated evaporation of seaw ater, w here there arc no back reactions 
w ith precipitated minerals. This is the appropriate mode, since precipitation was carried out 
sequentially, thus separating the evolved brines from earlier formed minerals.
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FIGURE 10. Total ionic strength (I ) and saturation indices Os of NaCl 
(triangles) and MgS04 • 6H.0 (squares) in evaporated brine samples, from 
data of McCaffrey et al.132 For each salt the observed onset of salt pre
cipitation is indicated with an arrow.

3. Solutions Containing Sulfuric Acid
Of what are conventionally regarded as strong acids, HNO, has already been shown to 

undergo measurable association (Figure 3), but this does not require explicit treatment within 
the Pitzer formalism. However, this is not the case for H2S04, for which we must consider 
the formation of the bisulfate ion:

H* + SOj = HS04 KHSOj (59)

(The first dissociation of H2S04 is essentially complete at stoichiometric concentrations less 
than 50 mol%, about 60 mol kg '. ) '’4 Pitzer et al.65 have successfully treated the thermo
dynamics of aqueous H2S04 as a mixture of the ions H * , HS04 , and SOj to a stoichiometric 
concentration of 6 mol kg 1 at temperatures close to 25°C. Harvie et al.56 have updated this 
treatment (at 298.15 K) for the model including unsymmetrical mixing terms — the normal 
mode of use. While retaining consistency with the treatment of Harvie et al.,56 Reardon and 
Beckie"1 have determined the parameter values from 0 to 50°C, given by the following 
expressions:

P'h.’so, = 0-0217 + 58.33( 1/T -  1/298) (60)

Q .So4 = 0.0411 -  58.65(1/T -  1/298) (61)

Ph.’hso, = 0.2106 + 48.01 (1/T ~ 1/298) (62)

Ph.W  = 0.5320 + 1183( 1/T -  1/298) + 2.364 ln(T/298) (63)

These are to be used in conjunction with the following equation for KHSO( (kg mol ') derived 
by Pitzer et al.:65

ln(KHSOi) = 14.0321 -  2825.2/T (64)

Note that the possible interaction parameters 0 Hso 4.so4 and ^ hsoj.soj.h that arise for pure 
aqueous sulfuric acid are set to zero. Equation 64 assumes that AC° for the association
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FIGURE 11. Mcilat concentrations of HSO, and SO; in pure aqueous 
H .SO, at 298 IS K. Symbols — determinations of Chen and Irish;"7 lines 
—  calculated using the Pitzcr model. Comparisons o f the model with the 
earlier data of Young et a l.lu at 0 and 50°C show similar behavior.

reaction is zero. Hovey and Hepler"' have measured apparent mola! heat capacities and 
volumes of aqueous H,S04 from 10 to 33°C. leading to a revised temperature functionality 
of K„s<v  However, the corresponding model parameters for the osmotic and activity coef
ficients were determined without including unsymmetrical mixing terms in the model, and 
so cannot be used here. Dickson et al.1 have measured the dissociation of HSO., in aqueous 
NaCl to high temperature. Their equation for the temperature variation of K„S()i, incorporating 
the measurements of Hovey and H epler,agrees well with Equation 64 above about I5°C, 
but at 0°C there is a difference of 0.06 in logi0(KHM))), suggesting that the KMS1!j of Pitzer 
et al.'* is too high by 15%. However, until the model parameters are redetermined to be 
consistent with the best estimates of the equilibrium constant as f(T), then KHSOj together 
with parameters given by Equations 60 to 64 should be used.

In fitting the model equations to the osmotic coefficient and cell data.M there are no 
independent constraints on the sulfate speciation. It is of some interest to compare modeled 
concentrations with /«S04 and mHSO., obtained by Raman spectroscopy"7 {.see Figure 
II). There is satisfactory agreement up to a stoichiometric concentration of about 3 mol 
kg but increasing deviations beyond this. However, since total activities are correctly 
reproduced — including those in multicomponent solutions containing H,S04 -— this does 
not result in errors in most practical calculations. Adequate prediction of HS04 formation 
in seawater is important as, for example, this enables measurements of dissociation constants 
and pH on the free and total hydrogen ion scales to be compared (see Section III.C.2.a). 
Dickson"8 has measured the standard potential of the reaction (AgCI,„ + V.H^, =  Ag,„ 
+ HC1I(N,), leading to the dissociation constant of HS04 in artificial seawater as a function 
of salinity from 273 to 31X K. The determination of the dissociation constant from the 
measured EMFs required estimates of y„n in the cell. A change equivalent to 0,1 in 
log|„(KfIS()<) (where K,%0i is the stoichiometric formation constant of HSO., ) is quoted for 
a difference of 1.6 mV for the cell reaction. In Figure 12, values of logln(KjlJs„ J  from the 
best-fit equation of Dickson"8 are plotted against seawater ionic strength /,„ together with 
corresponding estimates using the Pitzer model. It is clear that modeled values are higher, 
by a factor that increases below 25°C. Part of this difference, however, is probably due to 
the fact that K,(SOi calculated from Equation 64 is too great at low temperatures, as described 
above. Recalculation of the model parameters for H ' -HS04 -SO; interactions to be con
sistent with the best estimates of KIIS(li would be particularly worthwhile for this application 
of the model, Stability constants at three ionic strengths and 257C from results of Khoo et
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FIGURE 12. Measured and calculated values of the stoichiometric for
mation constant of HSO, as a function of seawater ionic strength /!s! from 
5 to 35°C. Dashed lines — calculated using the Pitzer model; circles with 
full lines — from best fit equation of Dickson."" The circles indicate those 
concentrations at which measurements were made. The triangles are 25°C 
values of Khoo et al."7 For the artificial seawater used here, the ionic- 
strength is related to salinity "S "  by: /,„ = 19.919 S/GOOO -  1.00198 
S).

al.1W are also shown in Figure 12. but are in poor agreement with both the results of Dickson1 w 
and calculations using the Pitzer model.

While sulfuric acid does not occur in appreciable concentrations in what are usually 
regarded as ' natural waters", it is a major component of both natural marine and anthro
pogenic aerosols, being produced by the oxidation of SO, and DMS (dimethyl sulfide). 
Consequently, a knowledge of H 1 activity is essential for determining the chemical trans
formations in cloud/aerosol systems, for example, fluxes of acid gases such as HF, HCI, 
and HNO, between gas and aqueous phases. This is discussed below.

4. Solubility of Volatile Strong Electrolytes
For nondissociating neutral solutes, such as ()2 and NX, gas solubility is treated straight

forwardly as an equilibrium between vapor and aqueous phase molecules (see Section III.B). 
For a weakly dissociating solute, such as NH,. SO,, or CO,, there is, in addition, the effect 
of dissociation to take into account, which complicates the treatment somewhat. However, 
for strong acid gases such HNO, and the hydrogen halides (excepting HF), the significant 
equilibrium is""1140

leading to a thermodynamic Henry’s law constant (KM/nioF kg ’ atm ') defined as

where MIX (atm) is the fugacity of HX. (For convenience we have retained the atmosphere 
"atm ” as the unit of pressure throughout this work. For conversion to S.I. units, atm = 
101,325 Pa = 1.01325 bar.) Thus, if it is assumed that fugacity is equivalent to partial 
pressure for these gases under normal atmospheric conditions, then the gas solubility (or

(65)

K,, = mH ‘ m X  y;jx//’HX (66)
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TABLE 18
Henry’s Law Constants <K„) from 0—40°C

Specie K„ (25°C> e1 ■ r, a b c

HCI" 2.04 x  |<r 1.97 x 10" 4.6187 5977.5014 -0.03401
HBr* 1.32 x 10" 7.06 x 10* 7 60095 7117.0552 -0 .03512
HI 2.5 x 10" 2.15 x to 9.70617 6689 1418 -  0.03522
HNO, 2.45 x 10" 2.51 x u r 2.70104 6137 3984 -0.02876

Value i>f K„ fur MSA (methane vulphonic acid) is 6,5 x 10'' a! 25°C.MI 
Values at 25°C determined from partial pressure data. Estimates calculated 
from available free energy data’7" are also shown Temperature depen
dence given by: ln(K„) =  a + KT + cT where T K

• K„ of 2.04 x l ir  also derived thermodynamically, although Ihe lower 
I .97 x HP may Ire marginally preferred.

" Due to uncertainly in ym„ at high concentrations l compare Hamer and Wu'"’ 
and Macaskilt and Bales141) KH may be lower than that given here. For 
calculations of pH Hr al low concentrations the value 7.064 x 10" may be 
more accurate (for which “ a" is 6.9759, and other parameters are un
changed).

conversely partial vapor pressure) at equilibrium can be calculated from a knowledge of the 
Henry’s law constant and the use of the thermodynamic model to calculate aqueous phase 
activity coefficients. Henry's law constants, evaluated as a function of temperature from 
partial pressure, enthalpy, and heat capacity data, are listed in Table 18 for the gases of 
interest.

The water content of atmospheric aerosols containing soluble material, such as sea salt 
or H,SOj, is controlled by the surrounding atmosphere: thus aqueous phase water activity 
is equivalent to ambient relative humidity. At relative humidities below 80% or so, aqueous 
aerosols are therefore highly concentrated multicomponent solutions.‘

Figure 13 shows a schematic mass distribution of a marine tropospheric aerosol (after 
Heintzenberg14’). consisting of two components: sea salt and a smaller mass of H.SO, 
partially neutralized by NHV The latter may be broadly characterized as NH4HS04. although 
the ratio of N’H, to H ‘ is quite variable.144 This acidic component, and also HNO, in more 
polluted atmospheres, interacts with the larger sea salt particles and droplets to displace HCI 
and HF to the gas p h a s e . u *  j j ie chemical thermodynamics of the line mode (NHjHSOj 
aerosol is also of interest because of its role in cloud formation,1,147

Clegg and Brimblecombc10' 14" have made an extensive series of measurements at 2d8.15 
K of equilibrium pH NO, and pHCl over acidified salt solutions at high ionic strength. This 
was done, first, to validate the Pitzer model for use in gas solubility calculations, and second, 
to estimate unknown interaction parameters. The basic set of parameters used in this work, 
as elsewhere, is that of Harvie et al."" Figure 14 shows measured and calculated pHCI over 
H-Na-NH^-Cl-HjO solutions at 5 mol kg 1 ionic strength and constant mH * and rnCI , and 
illustrates some purely compositional influences on equilibrium partial pressure. The effect 
of replacing Na ' entirely by NH; , where in all cases /»Na* + wNH,‘ - 3.5 mol kg 
is to decrease yH, , (also shown) and cause a reduction in pHCl by a factor of 2. (Note that 
additional parameters 0„ Nlti = 0.01 and i|»ftiNIU n  = -  0.000 were estimated from activity
coefficient data for H-NH.r C!-H,() and H-NH,-Br-H43 solutions.) A more realistic example 
is shown in Figure 15 for a seawater/1L.SO, mixture. This represents the acidification of a 
natural marine aerosol, in equilibrium with an atmosphere of about 85% relative humidity.
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FIGURE 13. Schematic representation of 
bimodal marine aerosol mass distribution, 
after Heintzenberg14' and Clarke et a!.141 
The major component (a) with most mass 
(m) residing in the 1 — 10 pm size range, 
is sea salt. The fine component of the aer
osol (b) consists chiefly of H.S()4, partially 
neutralized by NH,.

mNa*

FIGURE 14. (a) Measured and predicted partial pressures of HC1 over
H-Na-NH.rC'l-H.O solutions at / = 5 0  mol kg , i»H ' - 1.5 mol kg 
and mCl = 5.0 mol kg (b) the mean activity coefficient of HC1 CyH, ,) 
derived from the partial pressure data {y,)n -  IpHC'l • mO ij1 1
compared with values calculated using the Pitzer model. Data from Clegg 
and Brimblecombe.I4S

by the accumulation of H;S04 cither through scavenging of smaller particles or by oxidation 
of the dissolved precursor S02. The measured equilibrium pHCl ranges from 0.43 x 10 6 
to 22 x 10 h atm, and agrees well with values estimated using the model. While the 
experimental concentrations of 11 S(). are much greater than might be found in a natural 
sea salt aerosol, these results for highly nonideal solutions suggest that the model can be 
used for equilibrium calculations involving real aerosol systems. For acidified solutions 
containing SOy , the bisulfate-sulfate speciation is obtained as part of the activity coefficient 
calculations. For the solutions shown in Figure 15, about 53% of total H ' is calculated to 
exist as the free ion.

A similar level of agreement between measurement and calculation is found for salt 
solutions acidified by nitric acid,1"1 important in more polluted areas, where, for example, 
NO, has been found to almost completely displace aerosol Cl ,146

For calculations involving aerosols under realistic atmospheric conditions, activity coef
ficients must be estimated over a range of temperatures. For pure aqueous HC1, model 
parameters are available from 0°C to high temperature,H5 and for UNO to subfreezing 
temperatures71 — principally because of the importance of UNO. in the chemistry of the 
stratosphere.149 In view of the success of the model at 298 K using the parameters of Harvie
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FIGURE 15. (a) Measured and predicted partial pressures of HC1 over
concentrated artificial seawater (stoichiometric 1 = 5  mol kg ’) acidified 
with sulfuric acid, plotted against total H ' concentration; (b) the mean 
activity coefficient of HC1 (-yHC1) derived from the partial pressure data 
{7hci = [/>HC1 • KH/(mH *mCl )]12} compared with values calculated using 
the Pitzer model. Data from Clegg and Brimblecombe.148

et al.56 and the relatively small variations in the mixture parameters with temperature, for 
T ^  298 K simply using O l,), C*) at the temperature of interest and 298 K values of 0U 
and 4»ijk should yield satisfactory results. Perhaps the most widespread, and for cloud nu- 
cleation the most important aerosol components, are acid sulfate mixtures containing 
NH4*. At present these remain difficult to treat using the Pitzer model, since model parameters 

C':'l are available for (NH4)2S 04 only at 298 K, valid to 5.5 mol kg" ' (Table 7 of 
Pitzer,51 Chapter 3, this volume). However, there are some early measurements of enthalpy 
and heat capacity from which temperature derivatives could be derived.150 More recently, 
measurements of water vapor pressure over aqueous (M l.) S ();. and its mixtures with NaCl, 
have been extended to extreme concentration.'51152 Water vapor pressures151 and sulfate- 
bisulfate speciation154056 have also been measured for NH.HSO, solutions.

5. Supersaturated Solutions
For activity calculations involving aerosols, the Pitzer model’s practical concentration 

limit of about 10 to 15 mol k g "1 ionic strength in mixtures is a more serious limitation than 
in most mineral solubility work. There are two reasons for this. First, extremes of concen
tration compared to terrestrial brines are possible since relative humidity (equivalent to aerosol 
water activity) may routinely fall below about 75% (which corresponds to a saturated solution 
of aqueous NaCl at 298 K). Second, the size of the aerosol particles (submicron to about 
10 pm radius) means that very high degrees of supersaturation are possible, with respect 
even to soluble constituents, before nucleation takes place, A substantial literature exists 
regarding these “ hysteresis” effects for both natural and artificial aerosols,17172 and ex
periments on micron-sized droplets have yielded much of the available thermodynamic data 
for supersaturated salt solutions.151151157

It is of some interest to compare measured water activities for supersaturated solutions 
of single salts to previously estimated values. We exclude simple extrapolations of fitting 
equations as these are rarely likely to lead to reliable predictions. Lenzi et a l.158 have estimated 
a \ \ 20  for supersaturated solutions of NaCl, KC1, and K2S 04 at 25°C by reverse application 
of the Reilly-Wood-Robinson52 and Zdanovskii-Stokes-Robinson159 solution models. The 
former equations require, in order to predict multicomponent solution properties, aH ,0  (for 
example) of at least the single salt solutions at the ionic strength of the mixture. The
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FIGURE 16. Osmotic coefficients of pure aqueous NaCl and KCi at 
25°C, to supersaturation. Symbols — tabulated estimates of Lenzi et al.;1™ 
lines — best-fit equation of Tang et al,lw to data obtained from water 
activity measurements on single aerosol particles. The concentrations of 
the saturated solutions are marked by vertical lines.

Zdanovskii-Stokes-Robinson equations require the molality m  of the binary solutions at the 
water activity of the mixed solution. Lenzi et a l.,158 using various data for concentrated 
ternary solutions containing the above salts, have used the models to estimate self-consistent 
values of aH ,0  for the supersaturated binary constituents. In Figure 16 we compare the 
values of the osmotic coefficient 4> for supersaturated aqueous NaCl and KCI. from «H ,0 
tabulated by Lenzi et a l..158 with the best-fit equations to «H20  data obtained using an 
electrodynamic balance.1*’" It can be seen that the model estimates are quite substantially in 
error, although this is less apparent when expressed in terms of «H20 .

6. Thermodynamic Properties over the Entire Concentration Range — HNO,
We have already noted that, for an aqueous solution of a single salt, the Pitzer molality- 

based model is unable to represent osmotic and mean activity coefficients within the ex
perimental precision at concentrations greater than about 6 mol kg 1 (and only about 3 mol 
kg 1 in the case of some lithium salts). One of the most important aerosol components is 
H2SO,. While for pure sulfuric acid solutions several empirical representations of thermo
dynamic properties are available,1*'1 161 solute activity coefficients and water activities in 
mixtures involving H2S 04 are also desirable, over wide ranges of temperature and concen
tration. Consequently, a different form of model is required. In view of the success of the 
(molal) Pitzer ion interaction model, a similar formalism transferred to the mole fraction 
scale appears to be an obvious choice. The basis for such a model is described by Pitzer51 
(Chapter 3, this volume). Still at an early stage of development, it has so far been applied 
to ternary ion systems of uniform charge711*’4 and to pure aqueous HNO,,74 which is an 
important component of stratospheric aerosols.144 Whether such an approach will prove as 
successful in unsymmetrical mixtures remains to be seen. However, its application to the 
thermodynamics of aqueous HNO, demonstrates that it can be used at all concentrations 
(infinitely dilute HNO,laq, to pure liquid HNO,) and over a large temperature range. This 
does, however, require that quaternary interactions between solute and solvent be considered, 
thus extending the Margules expansion given by Pitzer51 (Chapter 3, this volume) and Pitzer 
and Simonson21 to include terms in al|kl. Very considerable complications would arise should 
this also prove necessary for solution mixtures, as thermodynamic data for quaternary systems 
are sparse.
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For HNO, the activity of water uH.O is given by

IntaH.O) = lnU.) + 2A,/.V2/(I + p/J'2)

+ .rj{W, HNO| + (Zr! — 1)U1HN(>)} (67)

where A, = ( lOOO/u’H.O)12A* is the Debye-Hiiekel constant on a mole fraction basis, 
subscript 1 denotes the solvent H,0, p, WI HN()) and U, !)NOl are adjustable parameters, and 
/, is the mole fraction ionic strength given by

where z, is the magnitude of the charge on ionic component i. and the sum is over all ionic 
components. We also define the composition variable ,i„ the total mole fraction of ions, 
here equivalent to (1 — .r,), or 21, if all ions are of unit charge. The mean activity coefficient 
fJiNo, (infinite dilution standard state) on the mole fraction scale is given by

The fitted equations are valid for.t, <0.6 at 25°C. When extended with a further interaction 
term V (Equations 41 and 42 of Clegg and Brimblecombe74) the equations, perhaps sur
prisingly, give a satisfactory representation of />HNO, even over pure liquid HNO,. This is 
in spite of the fact that molecular HNO, is the dominant solution component of the acid at 
all stoichiometric concentrations greater than 10 mol dm 1 (Figure 3).

Water and solute activities for T #  298 K may be calculated, first, from empirical 
expressions yielding model parameters p. U, HN(1( and W, HNOi as functions of temperature 
(determined by applying corresponding model expressions for apparent molal enthalpy and 
heat capacity to available data).” Second, they may be obtained using the activity coefficients 
at 25°C together with the partial molal enthalpy and heat capacity functions. Both approaches 
have been used for HNO,: determining parameters p, U, HN„,. and W, HNt)i as f(T) for a 
fitted model valid to a maximum concentration (a , )  of 0.24; and using an extended parameter 
set u), U. W. and V at 298.15 K only, and determining activities at other temperatures 
directly from the partial molal functions.74 The additional (empirical) parameter V is related 
to a quaternary term V, HNO(. for the Pitzer and Simonson model, arising for single salt 
solutions. Model fits to activity and osmotic coefficients of a variety of very soluble 1.1 
electrolytes, such as HCI. show (hat the additional parameter V, „  is often required. In 
Figure 17 the mole fraction activity coefficient and rational osmotic coefficient g [ =  
ln(«H,0)/ln(.r,)| of aqueous HNO, at 25°C are shown for the entire concentration range.

Extrapolation of the mole fraction model to supercooled solutions of HNO, at temper
atures 210 to 250 K agrees well with available experimental determinations."’'  However, it 
is worth recalling that, in calculations of gas solubility, the principal determinant of the 
temperature variation of the partial pressure (assuming constant aqueous phase composition) 
is the Henry 's law1 constant. For example, the Henry's law constant of HNO, changes hy 
more than an order of magnitude from 5 to 35°C, whereas f^NOi varies by a factor of 3 at 
most (for pure liquid HNO,), and very much less at moderate aqueous phase concentra
tions."’'

B. NEUTRAL SOLUTES
The principal neutral solutes of interest in natural waters, apart from ion pairs, are 

atmospheric gases such as O, and N,. the noble gases, and the undissociated forms of weak

I, = 1/2Z, z;.x. (68 )

(69)
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FIG URE 17. Rational osmotic coefficient g (a) and mean activity coefficient 
ft (mole fraction scale) (b) of aqueous HNO, at 25°C, from infinitely dilute 
solution (a, =  0) to pure liquid HNO, (jr, =  1).

acids and bases such as C 02, H2S, SO,, and NH,. The latter gases, which undergo hydrolysis 
or dissociation in solution, are considered further in the section on weak electrolytes below. 
Here we restrict ourselves to nondissociating solutes. Consider a volatile nonelectrolyte N, 
for example O,, partitioned between the gaseous and solution phases:

N,g) = N(jqJ (70)

at equilibrium:

K / i  =  »/n7n/ /n ( 7 1 )

where K,', (mol kg 1 atm ‘) is the Henry's law constant. / N is the fugacity of N in the gas 
phase, and wN and yN its molality and aqueous phase activity coefficient, respectively. The 
Henry’s law constant is dependent only on temperature and pressure. The fugacity / N is 
defined relative to a standard state where N forms an ideal gas at 1 atm total pressure, and 
is measured relative to a reference state where/N —» p N as p N —» 0.0 (where p N is the partial 
pressure of N in the gas phase). For ideal gases, the partial pressure exerted by a mixture 
contained in a volume V at a temperature T is given by

P n = «nRT/V, (72)

where n N is the total number of moles of N in the volume V, and R is the gas constant. For 
nonideal gases, the van der Waals equation provides a useful approximation:

( p N + n ;,a/V2)(V -  bn s ) = «NRT (73)

The volume occupied by 1 mol of a gas at standard temperature and pressure (STF: ()°€, 1
atm total pressure), calculated from Equation 73 and using the appropriate values of a and 
b (Table 19). gives a measure of the deviation of that gas from ideal behavior. For most of 
the common atmospheric gases, assuming ideal behavior and replacing/N by p N in Equation 
71 will produce an error of no more than a few tenths of a percent (Table 19). However, 
much larger errors may arise for C 02, NX), and Xe and possibly the higher hydrocarbons.
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TABLE 19
Fundamental Properties of Gases Commonly Dissolved in 

Natural Waters'*1

Molar
van der Waals volume

Mole fraction coefficients'' at STP Deviation from
Cias In dry air x j a b 1dm ’ mol ' ideality <%)'

N. 0-78080 1.390 0.03913 22,391 -  0.10
0 , 0.20952 1 360 0.03183 22.385 -0.13
Ar 9,34 x in -' 1.345 0,03219 22.386 -0 .12
CO, 3,3 x 10 4 3.592 0.04267 22.296 -  0.53
Ne 1 818 x it) ’ 0.2107 0,01709 22.421 + 0.03
He 5.24 x 10 * 0.03412 0.02370 22.436 + 0.10
CH„ 2 x III * 2.253 0.04278 22.356 -0 ,2 6
Kr 1.14 x 10 0 2.318 0 03978 22.350 -0 .2 9
CO 0.1—0.2 x II)* 1 485 0,03985 22,387 -0 ,12
N-O 5 x ID T 3.782 n 04415 22.288 - 0  56
Xe 8.7 x 10 " 4,194 0,05105 22.277 -0.61

* -** = V -* «N-
" For Equal ion 73.

Relative to the ideal value of 22.4)4 dm' mol l.

Adapted with permission from Rosier, D. R Chemical Oceanography. Vul. 1, Riley, 
j P, and Skimtw, G . Eds.. Academic Press. London, id??. 4‘17

Deviations from ideality have been examined in some detail for carbon dioxide,16* '*’7 
and the results have been summarized in terms of the virial equation of state;1**-1*1*

PV = RT + B,P + C;P" + . . . . (74|

so that,17" using only the first term in the expansion,

V = V, + B, (751

and17'1

l n { / M  = B,P/RT (76)

Here V, is the volume occupied by ! mol of an ideal gas under these conditions, and P is 
the total pressure at the liquid-gas interlace. The superscript D has been introduced to em
phasize that the ratio calculated here refers to a gas phase containing N only. For carbon 
dioxide (265 to 32(1 K):

B, = — 1636.75 + 12.0408 T -  3.27957 x 10 1 T- + 3.16528 x 10 ' T’ (77)

where B . is expressed in cm1 mol Values of V and f^/pX are summarized tn Table 20. 
Values of the ratio f^/p% calculated in this way for the pure gas can be applied with errors 
of less than 109f to gaseous mixtures, since, according to the Lewis fugacity rule, ~ 

i-e.. the ratio is independent of the gas composition.
Generally, it is reasonable to assume ideal behavior for most of the volatile solutes in
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TABLE 20
Deviation of Gaseous Carbon 
Dioxide from Ideal Behavior 

at 1 atm Total Pressure

T(°C) V,* V " f s  lPn

0 22,414 22.263 0.9933'
5 22.823 22.679 0.9937

10 23.233 23.095 0.9941
15 23.644 23.511 0.9944
20 24,054 23.926 0.9947
25 24.464 24.341 0.9950
30 24.874 24.756 0.9952

‘ Equation 72, with R =  0.082053 dm’ 
atm mol

11 Equations 75 and 77.
‘ Equations 76 and 77,
J For comparison, the corresponding

value For nitrogen is 0.99955,

natural systems (Table 19), so that partial pressure, rather than fugacity, can be used in 
Equation 71 and

K,'i = / \  (78)

so that the dissolution of a gas, for example, 0 2, into aqueous solution is described by

K/, = m().y, /■<>. (79)

In multicomponent solutions such as seawater, the influence of major solution components 
on the activity coefficient of a neutral solute is represented by the Pitzer model as a summation 
of the effects of the individual species present. This approach can only be of value where 
there are sufficient data for single salt solutions to parameterize the model adequately. The 
analysis of such data, so far carried out comprehensively for N H /8 and Off' (with some 
parameters also available for C(V '’) is probably only worthwhile in the two following 
situations: first, where the activity coefficient is required in a multicomponent solution for 
which no direct determinations have been made, and which cannot be satisfactorily ap
proximated by a pure salt solution; second, where the concentration of the neutral species 
is so great that it affects the activities of the solvent and/or other solutes, which are also 
required. Both cases are straightforwardly handled by the Pitzer model.

1. Empirical Representations of Solubility
If two vessels containing pure solvent (superscript °) and a salt solution s, respectively, 

are subjected to the same partial pressure of N at, the same temperature, the values of the 
activity coefficient of N (yN.) in the two solutions can be related through the Henry’s law 
expression (Equations 71 and 78):

= m fftrC  (80)

where for a sparingly soluble gas y°N is equal to unity, thus m°N/m"N is equivalent to y 'u . The 
empirically determined Setchenow relationship, giving the influence of dissolved salt con
centration upon nonelectrolyte solubility, is77
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]ogm(S°/Sr) = rk,t\ (81)

where S° and S' are the solubilities of the neutral molecule in the pure solvent and salt 
solution, respectively, c, is the salt concentration in mol dm \  and k, is a constant — the 
Setchenow coefficient on the molar scale. Alternatively, on a molal basis and using natural 
logarithms, we can write:

Ih(7n̂ 7n) = lnfOT̂ /m*) = k,/n, (82)

where is the molality of salt s. and k, is on the molal scale. The above expressions are 
related to theories of the salt effect by Long and McDevit,171 and also by Gordon.177 It can 
be seen that (where y°N =  1) the Setchenow relationship, as given in Equation 82, is equivalent 
to an expression for the activity coefficient of the neutral molecule in terms of the salt 
concentration. The relationship is found to hold up to salt concentrations of a few mol dm ' 
for many salts (above which nonlinear terms need to be added). When S° is sufficiently 
large that y£, ¥= 1, the self-interaction of the nonelectrolyte must be taken into account:

log(S°/S') = k.c, + kN(S' -  S°> (83)

where kN is the self-interaction parameter of N on the molar scale. Comparisons with the 
Pitzer mode! expression forys in a multicomponent solution (Equation 37) show that it may 
he viewed as an elaboration of Equation 82 or 83. allowing for self-interactions, interactions 
with multiple tons (instead of salts), and for deviations from linearity (£*,„. , and tiNj„
terms).

If the salting coefficient ks (or ' k.) is positive, the solubility of N is decreased by the 
presence of the dissolved salt s (i.e.. the activity coefficient increases and N is salted out), 
and if it is negative, the solubility of N is increased by the presence of the salt (i.e., Lhe 
activity coefficient of N decreases and N is salted in). In natural waters the salting coefficients 
are invariably positive. Since the logarithmic form of Equation 81 makes the experimental 
salting out coefficient particularly sensitive to errors in the measured gas solubility at low 
salt concentrations, it is somewhat surprising that the Setchenow equation has proved to be 
such a useful way of representing gas solubilities in salt solutions.

This description of gas solubility in salt solutions has been elaborated by Schumpe et 
at.,17' and used by Lang and Zander174 for O,, expressing a salting coefficient k„„ in terms 
of individual ion contributions:

k„.t =  (l/2)X, (84)

where H, is the 0 }  solubility parameter for ion t (relative to HNll = 0). v , is the number of 
moles of ion i per mole of salt M„ X„ . and z, the charge on ion i. The salting parameter 
k„„ is related to the measured solubility by

!og( P'VP") = k _r , (8.1)

where |L and P’ are the Bunsen coefficients (defined in Section M B .4) for LL solubility 
in the salt solution and pure solvent, respectively. The quotient (p"'P'l is equivalent to the 
molar activity coefficient y(J,. Note that, in Equations 84 and 85, gas solubility is treated as 
being dependent upon ionic strength rather than ion concentration, as in the Pitzer model. 
Lang and Zander174 tabulate H. at 310 K for 21 cations and 5 anions (including the major 
ions of seawater), and obtain agreement between measured and fitted k„„ (Equation 84) to
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about 3.5%. The same data have also recently been used to determine parameters for the 
Pitzer model equation for *y0,.w

Van Ktevelen and Hoftijzer17’ adopted the Setchenow relationship to express salt effects 
on gas solubility, considering the salting parameter h  as the sum of three terms:

log(a°/a‘) = h l r (86)

where I t  is the molar ionic strength, and the salting parameter h  is equal to the sum of cation 
(ftc). anion (A,), and gas (A*,) terms (i.e., A =  Ac +  Am + ftN), This equation implies that 
the ionic effect (Ac + h j  is the same for all gases, the salt effect on the solubility of two 
gases N, and N, differing only by (ANt -  h ^ J .  More seriously. Equation 86 neglects the 
differing ionic contributions to l r in solutions of salts of different stoichiometries. This 
strictly renders the equation invalid, as noted by Schumpe et al,17' Despite this. Equation 
86 has been applied with some success to the solubilities of a number of gases.'76177 Onda 
et al.IT* have extended Equation 86 to include solution mixtures, and applied it to their 
measurements of the solubility of CO,, C,H;. and C,H4 in multicomponent salt solutions at 
25°C and molar ionic strengths of up to about 6 mol dm

From a study of the solubility of naphthalene in seawater, Gordon and Thorne17,) l*0 
have also suggested that the Setchenow equation could be extended to a multicomponent 
mixture, by assuming that the effects of the individual salts (rather than ions) in the electrolyte 
mixture are approximately additive (Young's first rule). Thus

ln(S°/S*) = c f T , 1 ,  y/k, (87)

where c tT l is the sum of the concentrations of the individual salt components (mol dm '} 
and yj is the mole fraction of the salt J in the mixture (Equation !2). The Young's rule 
estimate of naphthalene solubility in seawater is in good agreement with experimental values 
in both artificial and natural seawaters (Table 21).

2. Theoretical Prediction of Setchenow Coefficients
The scaled particle theory has been applied to the calculation of Setchenow coefficients 

in multicomponent solutions by Masterton and co-workers,IM1 According to this theory, 
the salting coefficient 'k consists of three components, i.e.,

k = k„ +  % >  +  %  (88)

where rk„ represents the work required to create cavities in the solution large enough to 
accommodate the nonclectrolyte molecules, and ‘k„ represents the energy required to place 
the nonelectrolyte molecules in these cavities in the face of interactions with the water 
molecules and the ions of the electrolyte. The coefficient 'k„ is a salting-out term, indicating 
that it is easier to form the cavity in pure water than it is in an electrolyte solution, and 'kB 
is a salting-in term, suggesting that the presence of the ions reduces the energy required to 
fill the cavity with the nonclectrolyte molecule (Table 22). The coefficient ‘k̂  is a statistical 
term representing a standard-state correction that disappears when concentrations are ex
pressed on the molar scale. In general, the calculated and observed values agree to within 
±0.014 units, although the theory predicts *'k values for aromatic hydrocarbons that are at 
least 50% too small.

From the point of view of the natural water chemist, the main virtue of the scaled particle 
theory is that, because it is based on the concept of ionic additivity, it is readily extended 
to electrolyte mixtures and has been applied to the calculation of gas solubilities in seawater 
with moderate success (see Table 23).
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TABLE 21
Application of Young’s First Rule to the Solubility 

of Naphthalene in Seawater at 25°Ca

Salt ’kj(Cj) yj y /M cj)

NaCl 0.507 ± 0.009 0.79644 0.4038
MgCl, 0.693 ± 0.014 0.10363 0.0718
Na2S04 1.603 ± 0.032 0.05489 0.0880
CaCl, 0.741 ± 0.013 0.02010 0.0149
KC1 0.428 ± 0.010 0.01767 0.0076
NaHCO, 0.735 ± 0.032 0.00454 0.0033

I  = 0.5894

Note: From Equation 87 In S'5’ = a, + a2clT), where naphthalene
solubilities “ S'”” in seawater are on the molar scale.

Parameters for this equation are given by:

Computed*

- a ,  8.2663 ± 0.0076
— a2 0.5894 ± 0.0078

Experimental*

Artificial
seawater

8.2789 ± 0.0143 
0.5828 ± 0.0230

Natural
seawater

8.2697 ± 0.0173 
0.5948 ± 0.0309

Data from Gordon and Thome180 corrected to natural logarithms 
and to the seawater recipe shown in Table 7.

TABLE 22
Calculated Values of ‘It,,, ‘k(„ and rkT in the 

Scaled Particle Theory for Several Salt- 
Nonelectrolyte Pairs at 25°C

Components %, % % ck

h 2- -  NaCl' 0.2901 -0.0530 0.0184 0.2556
-  KI* 0.2648 -0.0714 -0.0092 0.1842

c h 4— NaCl* 0.4674 -0.1842 0.0184 0.3016
c h 4— KI* 0.4191 -0.2349 -0.0092 0.1750
sf6-— NaCl* 0.8911 -0.4467 0.0207 0.4651
sf„--K I* 0.7898 -0.5204 -0.0092 0.2602
He -  SW» 0.2523 -0.0247 — 0.2276
N e--  sw b 0.2793 -0.0507 — 0.2286
A r- -  SWh 0.4095 -0.1267 — 0.2828
<> -  SW 0.4236 -0.1135 — 0.3101
N, - -  SWb 0,4587 -0,1281 — 0.3306

Note: All values are adjusted to natural logarithms.

* Masterton and Lee.182 It is not clear from the paper why 
k, corrections were included, since cN is in mol dm 

b Masterton.18’ SW = seawater, 1c, corrections were ne
glected since cN is in mol dm ’.

3. Solubility of Atmospheric Gases in Water and Seawater
The solubilities of both major and trace atmospheric gases have been studied extensively 

and determined as functions of both temperature and salinity (see Table 12 for sources of 
compiled data). Parameters leading to the solubility of a number of gases in pure water, as
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TABLE 23
Setehenow Coefficients ['k (/,)] for the Major 

Atmospheric Gases in Seawater and Sodium Chloride 
Solutions at 25°C

Seawater NaCI
Gas Experimental* Calculated8 Experimental' Calculated1

He 0,212 0.228 0.192. 0.137 0.230
Ne 0.235 0.228 0.229 0.230
Ar 0,281 0.283 0.314. 0.307 0.281
O, 0.281 0.311 0.312 0,309
N, 0.304 0.332 0.309 0.329

N o te :  In his equation for the Setehenow coefficient. Masterton18-1 ex
pressed salt concentration (in seawater) in terms of the molar ionic 
strength / ,  where: / = 0.019924p,lJS9fc. and solubilities were 
expressed as Bunsen coefficients (Equations 102 and 103).

Calculated from fitting equations. Table 24. 
h Masterton.IH! His value has been multiplied by ln( 10).

Masterton et a!.1X1 Corrected, assuming that salt molarities are approx
imately equal to salt molalities a( this concentration.

a function of temperature, are listed in Appendix Table A7. The availability of salting 
coefficients for atmospheric gases in salt solutions is indicated in Appendix Table A8. 
Solubilities have often been presented in the form of empirical fitting equations. For example. 
Weiss184 assumed that atmospheric gases obeyed the Setehenow equation in seawater and 
expressed their solubility using

Insolubility} = A, + A,S (89)

where S is salinity (/%). The integral form of the Van’t Hoff equation is used to express A, 
as a function of temperature, and a simple quadratic form is used for A,, so that

Insolubility} = (a, + a,( 100/T) + a,ln(T/100) + a ,(T/100) |

+ S|b, + b.i I loin + b,(T/l()())■] (90)

Equation 90 and similar expressions have been used to represent so-called “ air solubilities” 
for a sea salt solution equilibrated with a gas phase at 1 atm total pressure, exerting the 
natural partial pressure of gas N, at 100% relative humidity. Where N is a trace gas whose 
concentration in air is variable, it is also necessary to specify its vapor phase mole fraction 
or fugacity. Since the work of Weiss on the solubilities of N ,,IS4 C),,IK4 CO-,,1'’7 He,1*' Ne,lx' 
A rc4'1 Kr.lx' and N ,0 ,IHX data have become available for other solutes and there have been 
slight revisions to the equations for a few gases (O,, N,, and Ar). Equations and associated 
parameters giving the best available estimates of air solubilities on both a “ per liter of 
seawater" and “ per kilogram of seawater” basis are presented in Tables 24 and 25. In 
Figure 18 the salt effect is illustrated for some of the principal atmospheric gases, calculated 
from the equations given in Table 25, and shows that solubilities are reduced, in normal 
seawater, by ! 5 to 35%.

To convert these values to rnolal solubilities for a known partial pressure of the dissolving 
gas, p s  (o r /N as appropriate) must first be determined from the volume composition of dry- 
air and values of the equilibrium pli .O over the solutions (given, for example, by Millero
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and Leung’’). Then aqueous phase concentrations must be converted to mol kg ' (H.O), 
using seawater densities where concentrations are expressed in volume units as in Table 24. 
We have carried out these conversions for N, and some of the noble gases, and in Figure 
19 show their activity coefficients from 5 to 35°C as a function of salinity. It can be seen 
that the temperature effect is quite small, for example yN, varying bv only about ±4% from 
its 20°C value at 40 S%c.

While expressions such as that given above are satisfactory for media of constant com
position, such as seawater, it is desirable to extend the treatment to a more generalized form 
and so enable gas solubilities to be calculated in brines of arbitrary composition and tem
perature.

a. Application of the Pitzer Model
liquation 37 is the basic expression for the activity coefficient of a neutral species, such 

as a dissolved gas, in an aqueous solution. Barta and Bradley"7 have applied an analogous 
expression, also based on the Pitzer formalism, to the solubilities of H,S. CHj, and CO, in 
aqueous NaCI. and earlier Chen ct al.liw have treated HCl. NH,. and CO, solubility in 
systems of industrial interest. The form of Equation 37 can be considerably simplified for 
gases dissolved in natural waters. Here, as an example, we apply the Pitzer model to the 
description of O. solubility in saline solutions including seawater. Since O, is only weakly 
soluble in water at normal atmospheric pressure, self-interactions can be neglected, as can 
other neutral-neutral interactions, since other similar gases will only be present at trace 
concentrations. Thus we obtain from lines (iv to vi) of Equation 37:

In y N =  2 V  \ Nlzn t  +  2 ^  K.™* +  X Z  ' W C nc.
C * C a

+ £ X •njU'-'iWx- + I E *1n«- (9>)
ir -c c a <  a'

where the final two terms only occur for multicomponent solutions, and would be expected 
to be significant only at high salt concentrations. For O, there are insufficient data available 
to determine any values of q0jcv and q , T h e  remaining parameters \ Nt. \ N„, and 
are determined from O, activities in single electrolyte solutions — obtained from measure
ments of O, solubility in salt solutions — using Equation 79. The Henry's law constant of 
O, is very precisely known as a function of temperature from the work of Benson and 
Krause.'"" For oxygen, fugacity corrections (at pO, = I atm) range from 0 . \cf< at 273 K 
to 0.059! at 373 K. and so may be neglected without significant loss of accuracy. This is 
not always the case for other gases of geochemical interest, such as CO,. Also, the range 
of techniques and experimental conditions employed by different workers (sometimes in
adequately characterized) often renders such corrections difficult.

As an illustration of the effects of different salts on gas solubility, in Figure 20 
log„,(*yn ) is shown in solutions of the alkali metal chlorides. With the exception of LiCI, 
lor low salt concentrations there is decreased salting-out (lower activity coefficients) as ion 
size increases (inset to Figure 20). At higher salt concentrations, there are deviations from 
the linear Setchenow relationship, particularly for KC1. Aqueous LiCI (and also other Li' 
salts) are a dear exception to the trend, with a relatively small effect on the activity coefficient 
of O,."" There appear to be some analogies here with the values of certain ion-ion interaction 
parameters for salts containing L i' .  which may be explained in terms of “ structure making" 
and “ structure breaking" effects of the ions.1"1

Clegg and Brimblecombe"" have used O, solubility data fora wide range of salts, obtained 
from the IUPAC compilation‘‘M plus a few additional sources,’74 to determine ion-O, inter
action parameters for ions of geochemical importance. The results show that the data for a



TABLE 24
Parameters for Equations Giving the Solubility of Atmospheric Gases in Water and Seawater, per Unit

Volume of Solution

Gas Equation a. »2 a. a. b, b2 b, Note Ref.

N, O -  29.1410 53.3161 7.499 1.8299 0.007365 -  0.04038 ____ a 332
0 , 1 -  1268.9782 36067,19 220,1832 -0.351299 0.006229 -3.5912 3.44 x 10 ” b 192
CO; A -58.0931 90.5069 22.2940 — 0.027766 -0.025888 0.0050578 e 167
He 1 -  152.9405 196.884 126.8015 -  20,6767 -  0.040543 0.021315 -0.0030732 d 185
Ne 2 ..160.263 211.0969 132.1657 -21.3165 -0.122883 0,077055 -0.0125568 e 185
Ar 1 -  1304.2075 36686.68 226.1517 -0.364328 0.006118 -  3.5438 — f 324
Kr T -  109.9329 149.8152 72.8393 -9.9217 -0.006953 — 0.004085 0.0014759 g 328
H, 3 -  314.3572 455.8526 297.5313 -49.2778 -0.070143 0.041069 — 0.0063763 h 330
N,0 2 -  62.7062 97.3066 24.1406 — -0.05842 0.033193 -0.0051313 i 188
CO 3 -  169.4951 263.5657 159.2552 -  25.4967 0.051198 -0.044591 0.0086462 j 337
( H. 3 -412.171 596.8104 379,2599 -62.0757 -0.05916 0.032174 -0.0048198 k 325

Equations:

(1) In(O) = a, + a,/T + a,ln(T) + a4T + S(b, + b/T) + b,S~
(2) In to  = a, + a,(100/T) E a,ln(T/100) + a/17100) E S|b, + bdT/lOO) + b,(T/IOO)-’]
( 3 )  ln ( C s  ---- ,tN + a, + a,(IOO/T) f  a,ln(T/IOO) + a4(T/l(K» +  S[b, + b,(T/IOO) + b,(T/IOO)-|

T is in Kelvin, S is the conventional salinity (ppt), and ,vN is the mole fraction of gas N in dry air.

N o te :  The pressure effect on the solubility of He, CO,. N; , (.),, and Ar has been determined by Enns et al.'45

* C  -  ml (STP) N, dm ' (solution), at the temperature of measurement, from water-saturated atmosphere at I atm total pressure.
" C  = ml (STP) O, dm ' (solution), at the temperature of measurement, from water-saturated atmosphere at 1 atm total pressure. Validity

0—35.5°C. 0—40 S%r.
I C = mol dm ’ (solution) atm 1 (CO,). Gas phase CO, is expressed as the fugacity/CO,. Validity 0—40°C, 0—40 S%r.
II C  -  cm’ (STP) He dm ' ' (solution), at the temperature of measurement, from water-saturated atmosphere at 1 atm total pressure. He is treated

as an ideal gas. with mole fraction 5.24 x 10 ■" in dry air.
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C = cm1 (STP) Ne dm ' (solution), at the temperature of measurement, from water-saturated atmosphere at 1 atm total pressure. Ne is treated 
as an ideal gas, with mole fraction 1.818 x 10 5 tn dry air. Validity 0—40°C, 0—40 S%o.
C = cm* (STP) Ar dnr ’ (solution), at the temperature of measurement, from water-saturated atmosphere at 1 atm total pressure; 1 mol Ar 
assumed to occupy 22,400 cnv' at STP. Atmospheric Ar concentration = 0.934% by volume in dry air. Validity 0—40°C, 0—40 S%e.
C  =  cm’ (STP) Kr dm ’ (solution), at the temperature of measurement, from water-saturated atmosphere at 1 atm total pressure. Kr mole 
fraction in dry air = 1.141 x 10 f  Results corrected for deviations from ideality in the gas phase. Validity 0—40°C, 0—40 S%o.
C = 1 0 "  dm’ (STP) H , dm ’ (solution), at the temperature of measurement, from water-saturated atmosphere at 1 atm total pressure (for a 
“ dry air” mole fraction H2 of .rH,). Validity 0—40°C, 0—40 S%c.
C = ntol NX) dm ’ (solution) atm "  (N,0). Gas phase NX) is expressed as fugacity/N,0. Validity 0—40°C, 0—40 S%c.
C = 10 ’ dm' (STP) CO dm ’ (solution), at the temperature of measurement, from a water-saturated atmosphere at 1 atm total pressure (for a 
“ dry air" mole fraction of x C O ) .

C = 10 ’ dm* (STP) CH„ dm ’ (solution), at the temperature of measurement, from a water-saturated atmosphere at 1 atm total pressure (for 
a “dry air" mole fraction of .rCH4). Validity 0—3G°C, 0—40 S%c.



TABLE 25
Parameters for Equations Giving the Solubility of Atmospheric Gases in Water and Seawater, per Unit

Mass of Solution

Gas Equation a, a. a4 b, b 2 b, Note Ref.

N, O . 29.2710 58.6753 10.3401 1.5045 0.007116 -0.04186 _ a 332
O, 1 - 1282.870 36619.96 223.1396 0.354707 0.005957 -3.7353 3.68 x 10 4 b 192
C O , 2 .60.2409 93.4517 23.3585 — 0.023517 -0,023656 0.0047036 c 167
He T -  167.2178 216.3442 139.2032 -22.6202 -0.044781 0.023541 -  0.0034266 d 185
Ne 2 -  170.6018 225.1946 140.886.3 -22.6290 -0.127113 0.079277 -0.0129095 e 185
Ar 1 -  1313.707 37125.99 228.3402 -0.366478 0.005855 . 3.6872 — f 324
Kr 2 -  112.684 153.5817 74.469 10.0189 ..0.011213 — 0.001844 0.0011201 g 328
H, 3 - 320.3079 459,7398 299,26 -49.3946 -0.074474 0.043363 -0.006742 h .330
N,C •> -64.8539 100.252 25.2049 — -0.062544 0.035337 -0.0054699 i 188
CO 3 ..175.6092 267.6796 161.0862 -25.6218 0.046103 .0.041767 0.0081890 j 337
C H , 3 -  417.5053 599.8626 380.3636 -62.0764 -0.06423 0.03498 -0.0052732 k 325
C„H,„ 4 ..671.5248 31696.51 99.97065 -  145.3127 6137,061 21.8756 1 346

Liquations:

11) 1 n(C) - a, i a,T  + a , 1 n < T} + a.,T + S(bj + b, T) + b,S
(2) ln(C) = a! a.< 100/T) + a.ln(T/IOO) + a.,(T/100) -t- S|b, + b/T'lOO) + b ,<T' 100)-1
(3) In(C) == .\N. +- a, + a.( 100/T) + a,ln(T/l(X)) + n4(T. 1(H)) + S|b, + b,(T/l()0) + b,(T/100)2J
(4) In(H') = a, + a,.T a- a,ln(T) + Wjb, + b./T + b,ln(T)l

I  is in K e l v i n .  S is I h e  c o n v e n t i o n a l  s a l i n i t y  (ppl). vN is t h e  m o l e  f r a c t i o n  o f  g a s  N  in  d r y  a i r .  a n d  W  is  w e i g h t  7c o f  N a C I  o r  s e a  sa l t .

Sow: The p r e s s u r e  e f f e c t  on t h e  solubility o f  H e .  C O . .  N , .  {)., and Ar h a s  been determined b y  Enns et a l . ' 45

C  --  (x m o l  N; k g  1 ( s o l u t i o n ) ,  a t  t h e  t e m p e r a t u r e  o f  m e a s u r e m e n t ,  f r o m  water-saturated a t m o s p h e r e  at I a t m  to t a l  p r e s s u r e .

C = p m o l  ( ) ,  k g  1 ( s o l u t i o n ) ,  at t h e  t e m p e r a t u r e  o f  m e a s u r e m e n t ,  f r o m  w a t e r - s a t u r a t e d  a t m o s p h e r e  a t  1 a t m  to t a l  p r e s s u r e .  V a l i d i t y  

0 —- 35..5°C. () -40 . A f a c t o r  o f  22.393 cm' m o l  ! w a s  u s e d  to  c o n v e r t  v o l u m e  o f  ( ) ,  t o  p .m o i .

C -  mol kg 1 ( s o l u t i o n )  a t m  1 (CO.). G a s  p h a s e  CO. is e x p r e s s e d  a s  t h e  fugacity/CO,. V a l i d i t y  0— 40°C. 0— 40 S%r.
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( -  tin SH'! IK* kg (solution), ai the temperature of measurement, from water-saturated atmosphere at I atm total pressure. He is treated 
as an ideal gas. with mole fraction S 24 x 111 “ tn dry air
C -  cm ' STPl Ne kg ’ tsolutumi. at the temperature of measurement. Irorn water-saturated atmosphere at I atm total pressure. Ne is treated 
as an ideal gas, with mule fraction I H18 x HI ' in dry air Validity ft—40*C. (f—tit S9K,
C  umol \r kg 1 (solution), at the temperature of measurement, from water-saturated atmosphere at I atm total pressure; I mol Ar assumed 
to occupy 22,40(1 cm' at STP Atmospheric Ar concentration = O.VJ4% by volume in dry air Validity 0—40°C. (V—40 S*r.
( ’ cm iS I P Kr kg (solution), at the temperature of measurement, from water-saturated atiimspherc at I atm total pressure. Kr mole
traction in -lie air = 1.141 * III ", Results corrected for deviations from ideality in the gas phase Validity 0— 4fl“C . 0—40 S'?<.
( -  I I I  mol H kg 1 (solution), at the temperature of measurement, from water-saturated atmosphere at I atm total pressure (for a "dry 
air" mole fraction It, of ill. l .  Validity If— MFC. 0— ll) S'?,.
(* mol N.O kg (solution) atm 1 Gas phase N.O is expressed as fugacity/N;0 . Validity 0— MFC. 0— Ml S%i See Weiss and Price1** 
lor ideality correction
0  10 “ mo; CO kg 1 (solution), at the temperature of measurement, from a water-saturated atmosphere al I atm total pressure (for a "dry
air" mole fraction of tC’Ol, In the derivation of the equation CO was assumed to behave as an ideal gas
(' in ‘ mol CH, kg 1 isolution), at the temperature of measurement, from u water-saturated atmosphere at I atm total pressure (for a "dry
air mole traction C ll ,  of iCH ,i Validity 0— 31FC. 0— Ml S%«. In the derivation of the equation CH, was assumed to behave as an ideal
gas
H -  ppm thy weight I (\H,„ utm 1 lt'„H„) Valid (f— 1(1% hy weight of dissolved solids (NaCI or sea salti, 0— 20*0. See Bajolle et al. u1 

tor solubilities at higher temperatures.
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F I G U R E  18. E f f e c t  o f  s a l i n i t y  o n  g a s  s o l u b i l i t y  ( p e r  k i l o g r a m  o f  s o l u t i o n )  

in s e a w a t e r  a t  2 5 ° C ,  f r o m  e q u a t i o n s  l i s t e d  in  T a b l e  2 5 .  V e r t i c a l  a x i s  

r e p r e s e n t s  t h e  p e r c e n t a g e  o f  t h e  p u r e  w a t e r  s o l u b i l i t y  ( e x p r e s s e d  in  th e  

u n i t s  g i v e n  in  T a b l e  2 5 )  f o r  t h e  f o l l o w i n g  g a s e s :  ( a )  H>, C O , ,  N . O ,  N , ,  

O , ,  C H , .  a n d  C . H ,  ( a t  2 0 ° C ) ;  ( b )  H e .  N e ,  A r .  a n d  K r .

1 u
l a )

1,3

/-
- N? / ' ' /

0)X _  ^  / /  /
--1 5 °  / /  ^

1,2 25° / ' ' /

- * •  / / '

1,1

1,0J__1__1__1__L

(b)

He

F I G U R E  19. A c t i v i t y  c o e f f i c i e n t s  ( y N) o f  N , .  A r ,  H e .  a n d  N e  f r o m  5 to  

3 5 * C  a s  a  f u n c t i o n  o f  s a l i n i t y .  V a l u e s  w e r e  c a l c u l a t e d  f r o m  e q u a t i o n s  in 

T a b l e s  2 4  a n d  2 5 ,  w i t h  a p p r o p r i a t e  c o n v e r s i o n s  t o  o b t a i n  m o i a l  s o l u b i l i t i e s ,  

( a )  N , ;  ( b )  H e ;  ( c )  N e ;  ( d )  A r .
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FIGURE 20, Activity coefficient o f O. <y„J in aqueous solutions of the 
alkali metal chloridefs) at 25“C  (except LiCI. for which most reliable ilata 
are for 37“C I7<), calculated using the Pilfer model.*’ Activity coefficients 
are given to the limits of fit of tire available data. For aqueous RbC'l and 
CsCI, model parameters derived from 37°C data of Lang and Zander’"  to 
3 and 6 mol dm ’ agree well with those used in these calculations (to 0.5 
mol kg 1 at 25'C l Inset gives detail at low concentration.

FIGURE 21 Measured (symbols) and titled values of y ,o b ta in e d  from 0 ; solubilities in 
pure aqueous salt solutions. Note logarithmic scale for y,,.. .Activity coefficients arc plotted 
against salt concentration "in ." (mol kg ').

wide variety of salt solutions ean be satisfactorily described using the Pitzcr interaction 
model. In Figure 21. measured and lilted values of *y„, in solutions of a number of salts are 
shown. Model parameter values are listed in Table 26. In view of the fact that NaCI is often 
the major component of natural brines, the following equation for y„, in aqueous NaCI is 
provided, valid for 273 £  T £  570 K:

(92)

Inly,,.) = 2wNaCI< -0.38316 + 132.4246/T + 0.108392 x 10 ' T'j 

+ mNaCH( -0.028771 + 6.15316/T)
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TABLE 26
Interaction Parameters A()„, A0,„. and Determined 

from C)2 Solubilities in Pure Aqueous Salt Solutions

Aq2;
Ion a b c d 298 \ Ao,i

Na --0 .3 9 5 4 s 141,307 _ 9.19882 x to - 0.1602
K -  0.5169SI 199.431 — — 0.1519
Mg 0.79489 305,513 — — 0.2298
Ca 0.2497 — — — 0.2497
Cl 0 0 0 0 0.0
Br 0.0347 — — - - 0.0347
OH 0,93318 -430.552 49860.8 0.0500
SOj 1.00706 ..274.085 0.0878
NH, (0.0751) — ......... 0.0751
Ba 0.285 — — - 0,285
CO. 1.0258 -  277,074 — — 0.0964

O x i
Ions a  b C

Na Cl -2.739 _ 0.00919
Na B r 0.00909 ........ 0 0 0 9 0 9
Na OH 0.0125 0.0125
Na SO, 00460 0.0460
Na CO. 0.0181 — 0.01X1
K ( 1 0.0211 0.021 1
K Br 0.00541 ■ 0.00541
K OH 0.002342 836.!5 0.00706
K SO, 0.0 -

NH. SO. ( -0.028) ( • 0.028)
Mg Cl 0.(8)565 0.00565
Mg so, 0.0
Ca Cl 0.0169 O.OI09
Ba a 0.0 0.0

A ’o h '/ For all 4 ) . , . , i t  is equal in zero. Values of the parameters ai 298 4 5 K are
aKo listed. The following parameter values have been determined from 
the solubility data of Lang and Zander'4 at 37*0: a„ , AIIi -  0.1)564:
A . , . , . , -  ( i . 2 0 5 ;  X , , . hi -... 0 . 2 7 4 ;  U M l j V > | ....  0 1 . 0 1 7 3 .

iHiich parameter is given as the following function of temperature: P  ■ <1
t AT : ; - r  o , (T  I

When the O.-ion interaction parameters (Au tint! are determined simultaneously 
from data for salts with common ions, the model provides a useful test of consistency. For 
example, the data of Mac Arthur1' ’ and Yasunishi1' 1 for aqueous KCI at 25 were found 
to he discordant. However, by comparison with data for other salts containing die R ion 
it was clear that only the MacArthur11' 1 data were consistent with A(1 K determined from the 
other data sets, (n this way the results of Yasunishi1”1 were rejected.

To be of practical benefit for calculating solubilities in natural waters, it should be 
possible to calculate the solubility oft), in seawater arid other brines using the Pit/ci model 
together with the thermodynamic Henry's law constant. Figure 22 shows calculated 7 , in 
seawater over a range of temperatures compared with measured values. Calculated 7 7 , in 
pure aqueous N ad at the same total concentration is also included. Clcarlv. model calcic 
lations are in excellent agreement with experimental data. Detailed comparison with the data
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FIGURE 12 Activity coctl’icicni of <>_. (-y„,l in seawater at four different temperatures, as it function of molality in,.,. 
e g .  see Fquaimn 23. Symbols data of Carpenter''*' full lines — calculated using Pit/cr model parameterized from 
single salt data, dashed lines — calculates! for pure aqueous NaCI at the same total salt concentration In each case the 
calculated activity coefficients were determined at the mean temperature of ihe experimental range l listed on each 
graph i

of Carpenter1"' and Murray and Riley1'*’ shows that deviations arc no more than 0.65*? from 
0 (o40°C, 0 to 40 S%t. In more concentrated solutions the lack of ternary mixture parameters 
t i , , . . .  and begins to tell, as can be seen in Figure 23 for concentrated seawaters to 
salinity 255 S9,f on,., = 5 mol kg '). There is a similar overprediction of the activity 
coefficient when modeling y,,. in the Saiton Sea geothermal brine (ionic strength 7.06 mol 
kg '),"" although the temperature variation of the activity coefficient is quite well predicted 
as the brine is composed chiefly of NaCI Model calculated values of y, p in the lower ionic 
strength (0.6 mol kg T Fast Mesa geothermal brine'"’ agree belter with measured values.

As an alternative to using the Weiss equation for 0_, solubility in seawater, or the rather 
cumbersome summation procedure involved in calculating the numerous ion-O interactions, 
the Pit/er interaction parameters have been determined for "sea salt" by fitting Equation 
91 directly to the solubility data of Carpenter.M urray and Riley.'*’ Green.1'' and Kinsman 
et al '"* The resulting expression is given below together with the Henry's law constant 
determined by Benson el al.1'*'

IniK,',) = I).298399 - 5.59617 x lO' T + I 049668 x 10'VT' (93)

Inly,,.) -  2m(.S)\,, s + wtSl.wtS)^, A t94)

where »»(S) is equal to ihe sum ol the molal concentrations iff all seawater components 
(equivalent to 2wi„,l listed in recipe a of Table 2, »rtSj, is the sum of concentrations of all 
cations, and HriSf, the corresponding sum of all anions. (Note that, for simplicity, total 
borate |B(()H), in Table 7) is counted as an anion.)

A„.s = 0.4341 -  255 591 I T f 45132.321 T (95)

(96)0.0187
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FIGURE 23. Activity coefficient of O. in concentrated seawater at 323.15 
and 294.2 to 296,9 K. Symbols — data of Kinsman et al;'“* lines — 
calculated using Pitzer model parameterized from single salt data. For 
measurements where 294.2 <  T < 296.9 K the calculated activity coef
ficients were determined at the mean temperature only (295.55 K).

m { S \  = 0.484334m(S) (97)

m (  S)a = 0 .5 15662m(S> (98)

Comparing Equation 94 with 91, the combined seawater interaction parameters \ (), s and 
C>, s are related to those for individual ions by

\ 0, s = (1 i m ( S ) ) C ^ j  m cK 0  c +  ^  r n j s ^ j  (99)

Co.,.s = (1/>W(SX. ffi(S).,)2S fn jn .^  (100)

Where the solubilities of other gases are to be calculated in brines, similar analyses of 
solubility data for single salt solutions may also be worthwhile.

4. Gas Solubility Data
Measurements of gas solubility in salt solutions have been made for over a century, and 

it is still the case for quite a few systems that very early determinations are the only data 
available. Measurements to 1924 of the solubility of O,. H,, N,, N,t), CO,, H:,S, NH,, and 
€ 2H, in electrolyte solutions are summarized by Randall and Failey.""' and the availability 
of data for a much larger range of gases by Long and McDevit171 (to 1952). Where available 
(see Table 12). modern critical compilations of solubility data should be used as sources of 
coefficients, and as means of parameterizing solution models. In Appendix Table A9, salting 
parameters (from the work of Krishnan and Friedman2011 and Masterton et a l.181 only) are 
listed for many atmospheric gases. The availability of solubility data for hydrocarbons in 
aqueous NaCl and seawater is indicated in Appendix Table A10.
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The numerical value of the salting coefficient will depend on the scales used to express 
the concentrations of the salt S and dissolved neutral species N, and considerable care must 
be exercised when using published salting coefficients, A number of units are commonly 
used for expressing gas solubilities. The Ostwald coefficient L is defined as the ratio of the 
volume of gas absorbed to the volume of the absorbing liquid, all at the temperature of 
measurement. If the gas is ideal and Henry's law is applicable, then the Ostwald coefficient 
is independent of the partial pressure. It is necessary, in practice, to state the temperature 
and total pressure for which the Ostwald coefficient is measured. It is related to the molal 
solubility by

mN/ / \  = (L/RT)(IOOO/(d, -  r.w j) (101)

where /nN (mol kg ') is the solubility of gas N. pH (atm) is its partial pressure, L is the 
Ostwald coefficient. R (dm* atm mol 1 K 1) is the gas constant, d, (g dm ') the density 
of the solution, c; (mol dm ’) the molar salt concentration, and iv, (g) the molar mass of 
the salt.

The Bunsen coefficient p is defined as the volume of gas reduced to 273.15 K and t 
atm pressure which is absorbed by a unit volume of solution (at the temperature of mea
surement) under a partial pressure of 1 atm. The Bunsen coefficient is therefore related to 
the Ostwald coefficient by

p = L(273.I5/T) (102)

and to molal gas solubility, for a partial pressure of 1 atm. by

m N = p/(273.15 RT)( I000/(d, -  c,n-J) (103)

where ihc symbols have the same meaning as before. The solubilities can then be transformed, 
knowing the molar volume of the dissolving gas and solution density. Note that, when using 
Setchenow coefficients to express gas solubilities in aqueous solutions, a number of different 
conventions are used for expressing the dissolved salt concentration, so the procedure used 
musi be clearly identified.

The definition of mole fraction solubility would appear to be straightforward, but may. 
however, be expressed in two different ways. Solution chemists commonly treat the mole 
fraction composition of salt solutions on the basis of complete dissociation. Thus, the mole 
fraction of neutral species N in a solution also containing m. mol kg ' of salt M„ X„ under 
this convention is given by

= rirv'ft’N + t'.m , + v /n. + «H.O) (104)

where prefix n indicates the number of moles of ihe component present, and »H O is equal 
to KKXfVH.O. On the alternative convention, not treating the salt as dissociated, the term 
(v.m. + v m j  in Equation 104 above would simply be replaced by m.

Parameters summarizing the solubility of a wide range of gases in pure water are given 
in Appendix Table A7. where some recent general reviews are also listed. These data can 
be used for calculating Setchenow coefficients from measurements of gas solubility in natural 
waters The permanent gases (Table 19) are relatively insoluhle in water, hence their activity 
coefficients y° are unity in pure water, and activity coefficients in salt solutions may be 
determined from (Equation 82):

y N =  e x p  (k , /w j (1 0 5 )
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When estimating activity coefficients from Setchenow coefficients, it is important to re
member that and yN refer to solutions of N in pure water and in the salt solution subjected 
to the same partial pressure of N.

For volatile liquid solutes such as ethanol, concentrations are more conveniently ex
pressed in the mole fraction scale. The activity coefficient of N on this scale (fN). assuming 
that partial pressure can be treated as equivalent to fugacity, is related to the composition 
of the solution by

fN = (106)

where p°N is the vapor pressure of the pure solute at the same temperature. In a pure liquid, 
P n  =  P ° n - hence:

1 \ (107)

so that aN = 1.
The activity coefficients of organic compounds in seawater and estuarine waters are of 

considerable importance, since it has been clearly shown32 543)1 that the physical toxicity of 
these compounds is directly related to their thermodynamic activity in solution.

The Setchenow coefficients for hydrocarbons in seawater (Table 27) are considerably 
larger than those observed for the atmospheric gases under similar circumstances, indicating 
more vigorous salting out. Even larger values are found for the polychlorinated biphenyls 
(PCBs) in seawater (Table 28). For these compounds, the Setchenow coefficients change 
by less than 3097, although the individual solubilities range over two orders of magnitude. 
The activity coefficients of the PCBs calculated from Equation 106 appear unusually large 
(Table 28), because they refer to pure liquid solute as the standard state, rather than to a 
hypothetical ideal solution of unit concentration.

Linear correlations have been demonstrated between the solubility and the molar volume 
of organic solutes in distilled water.202 2<” The form of the Setchenow equation suggests that 
similar correlations are to be expected in seawaiter. This will simplify the task of estimating 
activity coefficients where no experimental data are available. Care must be taken to correct 
the solubilities for Henry's law artifacts arising front the marked changes in vapor pressure 
that occur as the molecular weight increases in the homologous series.21’4 In addition, there 
is evidence of hydrocarbon-hydrocarbon interactions in seawater (Table 27), which will 
complicate attempts to predict the behavior of natural hydrocarbon mixtures resulting from 
the spillage of oil and oil wastes.

Activity coefficients on molar (v). molal (7), and mole fraction ff) scales for each solute 
in a single or multicomponent solution may be calculated from the following equations:22

f = 7(1 + 0.001 n il () I ,  mj (108)

f = (y/dJUi + O.OOHh'H.O r, -  11, (109)

7 = (y/d„)(d -  0.0011, eye,) = 11d m  d,,)v (110)

v = (7 d,/d)(l + 0.00111, myv,) =: (in d,/c)7 (111)

where d is solution density, d„ the density of the pure solvent. to, the molar mass of species 
i, and h H,() the molar mass of water. Note that the equations for f apply only to values for 
which the standard state is one of infinite dilution. These equations apply to both the activity



TABLE 27
Setchenow Coefficients for Hydrocarbons in Seawater at 

25 C and 1 atm Total Pressure
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Setchenow
Pure water Seawater coefficient*

Cumponen! Cs (35 S«r) eSj’ Ref.

Dixfecane (C1:> 2, IX X II I n 1.71 X 10 * 0.425 .348
Telradccane (C,4) 1 II X 10 w 8.59 X II I 0.450 348
Hexadeeane iC,„) .3.98 X 10 V 1.77 X 10 •9 1.415 348
Ociadecanc (C,,) 8.27 X It) 9 3 15 X 10 * 1.684 348
Eicusanc (C-J 6.74 X to •t 2.84 X 10 9 1 509 348
Hexaeosane t C -*) 4.64 X 10 u 2.73 X 10 lit 4.942 348
Toluene 5 81 X 10 • 4 12 X it) 1 0.602 204
Ethyl benzene 1.52 X 10 1 1,05 X 10 1 0 650 204
n-Xylcne 1.61 X 10 t 1.22 X it) * 0 482 204
m-Xylene 1 38 X 10 1 1.00 X 10 1 0.560 204
p-Xylene 1 47 X 10 • 1 05 X to 1 0.596 21M
Isopn'p) 1 benzene 5 44 X IU 4 3.54 X 10 4 0 747 204
1.2.4-Trimcthyl 4.92 X in 4 3.30 X 10 4 0 698 204
benzene

1.2.3-Tri methyl 6.27 X 10 4 4.05 X 10 4 0.764 204
benzene

1,3.5-Tmncthyl 4.02 X 10 4 2.61 X 10 4 0.753 204
benzene

n-Bulyl benzene 8 81 X to 5 5 29 X It) 4 0.891 204
s- Butyl benzene 1.31 X 10 4 8.88 X 111 5 0.681 204
t-Butyl benzene 2.20 X 10 * 1.58 X 10 4 0 578 204
Naphthalene 2.54 X III 4 1.88 X to 4 0.516s 179

2.50 X It) 4 1 76 X 10 4 0.613 349
2.43 X 10 1 1 72 X 10 1 0.603' 349

Biphenyl 0.51 X i n
4 0,32 X, 10 4 0 841 349

0.39 X 10 4 0.25 X 10 4 0 776' 349
Phenanthrene 0.64 X t o

4 0 41 X 1(1 It 0.786 349
0.53 X 10 t 0 33 X 10 1 0.806- 349

Setchenow coefficient on molar scale such lh.it. for each compound N. 
IntrJ/c^'i = k„, • where <„, Is the molarity of seawater The molar 
mass of sea sail («•„,) is 62.793 g. hence at 35 S5t« r,„ =  0.573. (In the 
original v.ork.“" ,', ',“ 'w c„, = 0.504 at 35 ST, )
Mean of experimental values,
Solubility when naphthalene, biphenyl, and phenanthrene are all present 
together

coefficients of neutral species, and either conventional single ion or mean activity coefficients 
ol pairs of cations and anions. The concentration terms r and »i without subscripts in 
Equations 110 and 111 refer lo those of the species of interest

( . WEAK ELECTROLYTES
Thermodynamic stability constants (K) for the ion pair and weak electrolyte equilibria 

most commonly encountered in natural waters are listed in Table 29, together with Henry's 
law' constants for species (such as NH, and CO,) which also occur in the gas phase. These 
values must be divided by the activity coefficient quotient T (Equation 31) to determine the 
stoichiometric constant K* relevant to the natural water of interest.

Where the equilibrium (or equilibria) involve only trace species, in a solution dominated 
by strong electrolytes, then the activity coefficients of the trace species will be determined 
solely by interactions with the major ions present In such a case, the activity coefficient
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TABLE 28
Solubility of Polychlorinated Biphenyls 

(CuH,B.nCl„) in 30 S'„ Seawater at 11.5 (

n Mol. mass I0VN 107cff k.s,

2 223.10 1.488 2.030 4.06
3 257.55 0.462 0,700 3.85
4 291.99 0.183 0.254 4.01
5 326.44 0,063 0.107 3.63
6 360.88 0.028 0.062 3.04
7 395.33 0.016 0.039 2.85

N o te :  Values were recalculated from Dexter and Pavlou.:i’-'

J Setchertov.' coefficient on molar scale such that, for each com
pound N. lnicS/ry1) = 'k,„ • where cIM is the molarity of 
seawater. The molar mass of sea salt (w,,,) is 62.793 g, hence 
at 30 S%c <•„, = 0.491.

quotient and stoichiometric association constant may first be calculated for each reaction, 
and then the equilibrium equation, together with equations defining the mass and charge 
balances, are solved simultaneously to calculate the distribution of the various species in 
solution. Where the association reaction involves the major ions or neutral species present, 
such that the composition of the solution, in terms of these species, will be significantly 
changed by considering the equilibrium, then a different procedure must be followed. The 
equilibrium, mass balance, and activity coefficient equations must be iterated to determine 
a solution, as described in Section III.A.3 on aqueous sulfuric acid.

Although pressure in the deep ocean can rise as high as 1000 atm, information on the 
influence of pressure on mineral equilibria and on the ionization of weak acids in seawater 
is sparse. Millero01 has extensively reviewed the available data, including pressure effects 
on ion pair and gas-liquid equilibria. More recent data leading to the influence of pressure 
on the major ions of seawater have already been referred to (see Section II.B.l.a.i). For 
the pressure dependence of stoichiometric dissociation constants of H2C 03, HCO, , and 
B(OH), see Section IlI.C.3.a.ii and Table 32. The pressure effect on the ionic product of 
water in seawater has recently been considered by Kumar.205

1. Weak Acid-Base Equilibria in Natural Waters
The pH of natural waters is buffered in the short term by equilibria involving weak acid- 

base reactions in solution. Such reactions exert a fundamental influence on trace metal 
speciation and on the interaction of dissolved components with the solid phase. The generic 
dissociation reaction for acid-base equilibria may be written as

HX H ‘ X (112)

so that the thermodynamic acid dissociation constant (Kx) is given, on the molal concentration 
scale, by

Kx = (fflX mH */’mHX) • (AYYi/Yhx)
= k * • r

The stoichiometric dissociation constants (K*) for acids of interest can be determined ex
perimentally in the ionic medium under consideration. While this has proved to be a viable



351

TABLF 29
Thermodynamic Association Constants Tor the Weak Acid, Ion Pair, and 

Gas/Liquid Equilibria Considered in Models of Natural Waters at 25°C,
I atm Pressure

AH l°*i.<K)* lotJi.lKl"
Reaction tk j mol ') 298 K 298 K Ref. As f(T)

H.O == H* + OH -  55.907 -  14.000 -  13.997 56 See below
H + F =  HF 13.5 3.18 3.165 267
H- + 2F =  HF, 19.04 3.76 —

e c u , 4  H ,0  =  H ’ + HCO, 9.109 -6 .3 5 2 -6 .3 3 7 56 Equation 168
HCO, = h  ■ +  co-; 14,9 -  10.329 -  10.34 56 Equation 169
BtOH), +  H O  = B(OH), + H — — 9 239 61 Equation 188
NH; = NH. 4 H — - - 9  246 98 Equation 195
H ‘ + S*/ II \S1 p 16.11 1.988 1 979 65 Equation 64
H.S = H- 4 HS -- — — 6.980 285 Equation 227

+ HjO = H + HSO, — -  1.860 286 Equation 235b
HSO, = H ' + SOi — — - 7  17 286 Equation 236b
H,PO, = H + H.PO; — — - 2  148 276 Equation 208fr
H.PO, = H + HPO; — — -7 .2 0 6 276 Equation 209tv
HPOj h 4- p o  ; — — -  12 34 276 Equation 21 Ob-

Mg; - + OH = MgOH _ 2.56 2 188 56
Mg’’ + F = M gF1 11 19 1.82 1.822 150
C V 4 " F *- C aF ' 17.24 0.94 —

Ca; ' + H.O -  CaOH 4- H — -  12.78 —

M g" 4- co-; = M gco1; 11.35 2.98 2.928 56
C a " 4“ CO-; = CaCO? 14. 83 3.224 3.151 56
M g" 4 - H(OH)4 = MgBtOHi,’ — — 1 399 61
("a"' 4 BlOHi, = CaB(OH); — — 1 65 61

c o ., ,. = c o , . , . -  19 9X 1 468 1.482 56 Table 33
NH„„ = NH..... - — 1.7833 98 Equation 190
H.S„, = h s ,n , — -0 .9 8 7 281 liquation 221
SO.., = s o , ,„ „ — 0 0898 286 Equation 238b
HI;„  ■" HI-,., — — 4.155 67 Equation 200

For funherequilihrium constants involving tin? carbonate system. including CaCO, mineral solubiiicics. 
see Tables .11—33, ami Table 4 of Harvie el al *

' Equilibrium constants ami TH' values taken from tabulation of Nordstrom et al. ■"*
'  Equilibrium constants from Harvie el a l..*  or other workers using the Ptt/er mcxlel (reference given in

follow ing column).
Valid in seawater only

The dissociation constant of water is given by log,„IKHj ,t  = 283.971 i 13323/T 0.05069X42T
t 102.24447 log,„(T| I I I W T ™

approach for studies in seawater which has a relatively constant composition and covers 
70^ of the planet's surface, it is more useful to be able to calculate from Kx if the 
medium has variable composition (e g., estuarine waters, brine evaporites), is of unusual 
composition, or is of local interest only (e.g., saline pore waters).

Numerous attempts have been made to relate the activity coefficient quotient (I ) to 
empirical functions of ionic strength in simple media.1"’ Such approaches are. however, of 
very limited use for studying acid-base equilibria in natural saline solutions. More accurate
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estimates of I’ can be calculated from ionic interaction or ion pair models if the necessary 
parameters are available. These values of I' can then be used in conjunction with the 
appropriate Kx to obtain K* for ionic media for which experimental measurements are not 
available.

In practical situations, the total anion concentration (mHX + mX ) can be determined 
by chemical analysis and it is the concentration ratio of the acid to the base component 
(mHXlmX = mH ' /K*) that is required to calculate buffer capacity or chemical speciation 
in solution. In principle, where KJ is known this simply requires the experimental deter
mination of the hydrogen ion concentration mH' .  In fact, the universal application of 
sensitive and highly specific potentiometric techniques for sensing hydrogen ions, particularly 
in complex natural media, has introduced some subtleties into the determination and appli
cation of acid-base dissociation constants.-"'’

2. Potentiometry and the Definition of pH Scales in Saline Media
In the potentiometric determination of acidity constants and the practical measurement 

of mH ‘ . use is made of the cell

Reference | Test j Electrode reversible — Cell 1
electrode j solution j to hydrogen ions

whose EcMF is given by

E = E° + gT k)gl0(mH * fH) (114)

or:

(E -  E°)/gT = logH1(mH ’ fH) (115)

where g = R ln( 10)/F = 0.19841 x 10 3 V K The activity coefficient term f„ contains 
some imponderables whose exact identity will depend on the nature of the cell. The most 
commonly encountered experimental configuration is represented by

Reference j Concentrated || Test | Electrode reversible
electrode ( KC1 solution || solution j to hydrogen ion — Cell II

A hydrogen ion-selective glass electrode is used in combination with a chloride-selective 
reference electrode, which is held in a solution of constant chloride concentration. A liquid 
junction provides the electrical connection between the chloride reference solution and the 
test solution. For such a cell,

(E -  E°)/gT = E, + logl()(y„) + logl(,(mH ‘ ) (116)
= E, -  p(,d 1 ')

Er the potential generated at the liquid junction, is a complicated function of the activities 
and mobilities of the ions that are intermixed at the junction, which will depend on the 
physical structure of the junction us well as composition of the test solution. Several simplified 
formulations have been proposed for idealized junctions.3"7 The most widely used form is 
the Henderson ’"3 (1908) equation for the special case where a continuous mixture is formed 
between the KCI solution and the sample (see, for example, p. 40 to 43 of Whitfield and 
Jagnei "i.
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The liquid junction potential cannot be calculated exactly, although the use of electrolyte 
solution models can refine the estimation of the ion activity contribution to E,. Experimental 
procedures must therefore be adopted that either minimize its variation between standard 
and test solutions, or ensure that the related terms cancel out when the measured pH values 
are used in conjunction with the appropriate stability constants. To this end three distinct 
pH scales have been proposed for use in seawater and other saline brines.

a. Hydrogen Ion Concentration and Activity in Aqueous Solution
i. NBS Scale

The most widely used pH scale is that proposed by Bates’" for the National Bureau of 
Standards pH(NBS). The pH values of low ionic strength (<0.01 mol dm ') standard buffers 
are assigned according to the convention

pH(NBS.S) = p(aH ’ yz)° -  A /J5/(l + B a /j-) (117)

where Z represents a halide ion and a is an adjustable parameter. A and B are Debye-Hiickel 
constants and /, is the molar ionic strength. The activity term p(«H ‘ y,)0 is obtained by 
extrapolation to wZ =  0 from measurements with Cell I where the reference is a halide- 
selective electrode immersed in the test solution. By arbitrarily fixing a value of " a "  for 
each buffer, a conventional pH(NBS) scale is defined which is internally consistent to within 
±0.005 pH units. The relationship between pH(NBS) and the properties of hydrogen ions 
in concentrated salt solutions is by no means clear-cut. If a standard solution (S) and a test 
solution (X) are placed in Cell II in turn, then the conventional pH of the test solution, 
yielding an apparent H ‘ ion activity («'H *). is given by

- I o g J a 'H ’ ) =  pH(NBS.X) = pH(NBS.S) + |E*(S) -  E*(X)|/gT (118)

The observed potential difference |E*(S) — E*(X)| contains two components. The first is 
related to the potential shift due to the change in hydrogen ion activity and the second is 
due to the change in liquid junction potential, so that

pH(NBS.X) = pH(NBS.S) + |E(S) -  E(X)|/gT +  AE/gT (119)

The final term will depend on the construction of the cell and the composition of the 
test solution. A difference in AE, of ± 1 mV will result in a change in pH of ±0.017 units 
at 25°C. Cells without a liquid junction of the form

Reference electrode selective | Solution containing | Electrode selective
to M * or X | H * and M * or X | to hydrogen ions

have been used by Biedermann el al.*IJ for very precise potentiometric studies, and have 
been proposed as a means of avoiding liquid junction problems for pH measurements in 
saline solutions.*’1 ’ Difficulties will clearly arise if the activity of the ion selected by the 
reference electrode also varies in the sample solution,*’"  but the extent of such variations 
can be calculated much more accurately from ionic interaction models than the associated 
changes in potential of a cell containing a liquid junction.

If the liquid junction effects arc to cancel in applying the NBS convention to saline 
media, the measured pH(NBS) values must be combined with hybrid or ‘‘apparent” dis
sociation constants (Kx for reaction HX = H + X ) defined as-"

Kx = mB (<t'H‘ )/wiHX (12(1)
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where (a'H + ) is defined by Equation 118, The cell design must be optimized to reduce 
variations in AE(. These apparent constants proved extremely useful in the development of 
a quantitative approach to ionic equilibria in seawater prior to the development of compre
hensive ionic interaction models.

In practice, it is found that AEj values in saline media vary' both with electrode design 
and between electrodes of the same design (see, for example, Whitfield et al,210 and Johnson 
et al.216). While these effects can be minimized by the use of free-diffusion liquid junc
tions, 2I7-218 problems are still encountered with drifts in the glass electrode potentials on 
transferring the cells from the low ionic strength buffers to high ionic strength samples. 
These problems can be largely overcome by the use of saline buffers.

ii. Total Hydrogen Ion Concentration Scale
A pH scale based on saline buffers, and with a clearer conceptual significance, can be 

defined in terms of the total hydrogen ion concentration (CH(j-,) so that, on the molal 
concentration scale,

pHm = -  logioHnH,n) (121)

For seawater wH,j, is defined by:

m il, = mil | + mHS04 + will- (122)

= mH.fj 1 + ‘K,*S04 mSOj(T) + 'K*,, otF<Ti)

= wll

where nil I.,. is the free hydrogen ion concentration and a ls) is the total side reaction coefficient 
for hydrogen ions in seawater on the molal scale (see also Section III.D). The superscript 
lower case t indicates the use of free H + concentration, but total anion concentration in the 
expressions for mHSOj and mHF. [At 25°C and 35 S%c the values of ('Kf)SOj wSO2 , and 
CKf,,, mFrn) are about 0.29 and 0.021, respectively.] To set up the pH scale it is necessary 
to define solutions of known mH,j, in the appropriate ionic medium.

Hansson,219 using the molinity concentration scale, proposed the use of TRIS [tris- 
(hydroxymethyl) amino methane] buffers in an artificial seawater medium to reduce AT to 
a negligible value. In saline solutions dilute with respect to the buffer and containing equal 
concentrations of TRIS and TRISH + , we find (from Equation 113) that:

* * RIS = AIRIS AH, j/ATRISH *

-  All

p(WfRIS) = — pH(SWS) (123)

where prefix A and associated constant K* indicate concentrations on the molinity scale, and 
in this instance superscript t denotes the use of a total H + concentration but free TRIS and 
TRISH+ concentrations. In a buffer made up in an artificial seawater, and where both buffer 
and sample (and consequent side reaction coefficients) either include or exclude F , pH(SWS) 
is equivalent to pH,n with concentrations of the latter expressed on the molinity (mol kg 1 
seawater) scale. Hansson219 prepared his buffers in a fluoride-free seawater medium with a 
total TRIS concentration of 0.005 mol kg 1 (seawater) (see Table 30). and measured
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TABLE 30
Artificial Seawater Recipes (35 S%t) Used in the 

Preparation of pH Buffers and in the Development of 
Models

Hansson1" Millero1*
IO'iji,

Normal Seawater Artificial Standard et a).'*
Species seawater buffer seawater" buffer lft’m,

N»- 468 04 463 485 16 425.16 486.95
K ' 10.00 10 10.58 10 58 10.63
Mg'" 53.27 54 55.18 55.18 55.16
Ca-" 10.33 10 10 77 10.77 10 73
S r * 0.10 — — — —

CI 545 KS 550 569.12 569 12 568 17
so - 28 20 28 29.26 29,26 29.39
Br 0,83 — — — —

F 0.07 — — — —

HCO, 2.40 — — — 1.85"
TB 0.43 — - — 0 276
H* — — — — —

IRIS — 5 — 60 —

TR1SH 

Hole. TB = total borate

5 60

• Identical values were used by Khixi et al.~s
* /jCO . = 3 3 x  10 ' atm.

pt'A'Vx) from 20 to 40 S%< salinity and 5 to 25 °C. For this medium, the side reaction 
coefficient ‘a IM is defined as

‘« im = *H,k,(I + 'K*^h ASO-;,n) (124)

His pH(SWS) values (mol kg 1 of seawater) may be summarized by the equation

pH(SWS) = (2559.7 + 4.5 S)/T -  0.5523

-0.01391 S (125)

Millero’-" took advantage of the almost linear variation of p('K^HIS) with salinity to 
obtain more accurate values of pH(I, (molal concentration scale) at salinities below those 
investigated by Hansson.’1'  thereby extending the total hydrogen ion concentration scale to 
estuarine waters For TRIS concentrations from 0 005 to 0.06 mol kg salinities from 0 
to 40 S'lr. and temperatures from 5 to 40°C, he expressed the p('K^HIS) values (molal 
concentration scale) via the equation trr = 0.003):

I^'KTkis) = pK,„ls + A, + B,/T (126)

A, = -2.3755 x |() *S + 6.165 x 10 '  SJ

H, =  6.313 S

where
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and

pKTRIS = ~ 22,5575 + 3477.5496/T
(1 2 7 )

+ 3,32867 ln(T)

Millero220 gives particularly clear instructions for the preparation of the TR1S buffers.
The practical problems of using total hydrogen ion concentration scales in estuarine 

waters have been considered in some detail.210-218 Very precise measurements are possible 
but the accuracy can be compromised, particularly at low salinities, if saline buffers are 
used. Under such circumstances, the NBS scale is preferable if stable, free-diffusion junctions 
are employed and the cell is properly characterized across the salinity range.218

The total hydrogen ion concentration scale can be extended to higher salt concentrations 
and to other media, if the appropriate Pitzer model coefficients can be determined, by 
measuring pi'k ( in mixed salt solutions. A study by Millero et al.221 indicates the potential 
of this approach, but there are insufficient experimental data to allow systematic calculation 
in the variety of ionic media encountered in natural waters.

Values of pH on the total hydrogen ion concentration {pH,,,) and NBS scales [pH(NBS)] 
can be related by the equation (both scales expressed in molal concentrations):

where, we recall, fH is a conversion factor which may be seen as an apparent activity 
coefficient on the NBS scale. For seawater with a salinity of 35 SfiV at a temperature of 
25°C, Bates222 estimated that yHll, = 0.83, AE, = 4.5 mV, so that

Experimental measurements by Hansson210 using Cell II give a conversion constant of 0.159 
for Equation 130.

The interconversion parameter fH can be determined experimentally by the direct transfer 
of the cell between a standardized NBS buffer and a standardized TRIS buffer in the 
appropriate ionic medium.218 Alternatively, the ionic medium can be titrated with hydro
chloric acid and the pH measured by an electrode standardized in NBS buffers. Plotting 
pH(NBS) against mi f f  according to the equation

gives f„ from the slope of the resulting straight line. The variations in f„ values observed 
for commercial electrodes are considerable2"’-2'2’ (see Figure 24). Culberson21’ summarizes 
his experimental values with the relationship (<x = ±0.03 pH units, dashed lines, Figure
24):

log„,(fH> = ~ A/.'g/n + 2,16 I  If) +  (0.1681 + 6.26 x 10 4 t) p

-  log,,, (1 + m S02ur,

where t is in "C and seawater ionic strength = l9,927S/( 1000 -  1.0051 S). A similarly

pH(NBS) = pH -  log10(yH<n) -  AE/gT 
= pH(I) -  log10(fH)

(128)

pH(NBS) = pH,,, + 0.134 (129)

in molal units. If the concentrations are on the molinity scale then:

pH(NBS) = pH(SWS) + 0.149 (130)

(13!)
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FIGURE 24. Mean f„ values licierniined from measurements in NBS 
and saline buffers as a Function of salinity at 2.S°C. Dashed lines — the 
upper and lower confidence limits of Equation 142; symbols —  the results 
obtained with various electrode pairs (glass electrode — reference etcc- 
trodcl listed in Table I of Whitfield ct ul.’"’

wide spread of values is reported by Millero.”" The range of variability can be reduced to 
±0.01 pH if a free-di(fusion liquid junction is employed.-I1U17

The contribution of the liquid junction potential to f„ (see Equation 128) can be ap
proximated by the Henderson equation.-"1' This can be written, for KOI salt bridges in a 
seawater medium at 25°C. in a simplified form;” '

E/gT = <xm -  XSVIym -  YS) log,u(|ym|/|YSD (133)

where x = —2.85, X -  —0.476, y -  149.85. Y = 2.261. and m is the molality of the 
KOI salt bridge. Values of y,„tl ean be calculated from Equation 122 by first using the 
seawater ion pair model of Dickson and Whitfield” 4 (at 25°C) to obtain

ln( = ~ 1.176 /,'*/<1 + 1.670 + 0.525 / (c) 1134)

where /„., (=  0.(X)29 + 0.018575 S + 1.639 x 10 ’ S-) is an effective ionic strength 
including ion pairing. Values of the side reaction coefficient u tM. taken from Khoo et al.,” ' 
yield -y„,T, from: y,„,, =  («iH,p,/mH,j,)7H„,t. The resulting ApH values (log,,, f„) are of the 
same order as those observed experimentally when the pH values of seawater buffers were 
measured relative to a seawater buffer with a salinity of 20 (Table 3 of Whitfield et 
al.-"’).

iii. Free Hydrogen Ion Concentration Seale
A pH scale can be defined in terms of the concentration of the free (uncomplexed) 

hydrogen ions in solution:

plwH) = — logmOnH, ,̂) (135)

The interconversion between the p(raHi and pH,,, concentration scales will depend on the 
determination of the side reaction coefficient term u,v (Equation 122). The TRIS buffer 
system can also be used to establish standards for the pi/nH) scale. • •' An equation analogous 
to Equation 123 can be written so that

p K f^  -  ntTRIS mH,;./>nTRISH 

= hiH,; ,
1136)
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where the stoichiometric dissociation constant (molal scale) is expressed on the basis of free 
ion concentrations. A relationship analogous to Equation 126 can be defined’-0 where for 
seawater media (<t = 0.0012)

A, = 2.065 x 10 ’ S -  1,770 x 10 4 S’ 1137)

B, ■ = 0.64 S (138)

These relationships are valid over the salinity range 0 to 40 S7U. the temperature range 5 
to 4o ('. and wTRIS = 0.005 to 0.06 mol kg Millero”” suggests that the major difference 
between the p(/wH) and pH(T( scales (expressed in molal concentrations) is provided by 
interaction with sulfate ions. The values of !K;jSOj to be employed (where superscript i 
indicates the use of free H ' but total SO2, ) can be summarized by the equation Ur — 0.03):

where

and

lo g ^ 'K ^ p  = A/T + B

A = -  1226.969 + 65.6 S ’4 

B = 6.09405 -  0.4502 S '2 + 1.3525 x 10 2 S

(139)

The pH,.r, scale is very convenient for measurements in seawater where the side reaction 
coefficient (a ls)) is dominated by the relatively high and constant concentrations of sulfate. 
However, in strong brines, sulfate concentrations are reduced to very low values by gypsum 
precipitation and a variety of proton acceptors can become significant.2" Under these cir
cumstances a free hydrogen ion scale may be more convenient.

The differences between the pH values assigned on the pH(NBS) and p(/nH) scales are 
small.220-226 For seawater of 35 S%r salinity at a temperature of 25°C. Bates222 quotes the 
relationship

pH(NBS) = p(mH) + 0,004 (140)

We can write:

pH(NBS) = p(t«H) -  l o g , -  log,„(yH(l)) -  AE/gT (141)

The almost complete cancellation in seawater of the final three terms on the right-hand side 
is fortuitous.

Recently Knauss et al,2" have proposed the use of a (free hydrogen) pH scale using a 
liquid junction free cell, which consists of an ion-specific electrode for H ‘ and another for 
a major ion such as €1 or Na * . Standard solutions, for calibration, need contain only those 
ions whose activities are to be measured (and for which mean activity coefficients are known). 
Measurements yield the mean activity coefficient (e.g., -y,in) or activity coefficient quotient 
(e.g., ■yH/"yNa) directly. This procedure requires that the concentration of the second ion in 
the test solution be known, and the use of a model to estimate its activity coefficient if this 
has not previously been measured directly. Thus, for an H * .Cl electrode pair:

pH = log ,,i<dl i = -  logl0(aH 1 «C1 ) + log|0(ycl/wCl ) (142)

where the measured quantity is t a l l 1 a C  1 ). This approach has the advantage of being without 
liquid junction, and ties pH directly to the activity coefficient model employed to estimate 
the activity coefficient of the second ion (Cl in Equation 142). A disadvantage is that for
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systems incompletely parameterized with respect to the “ reference” ion, model uncertainties 
are reflected in the derived pH. Practical problems associated with this approach are chiefly 
interferences to the reference electrode, as discussed by Knauss et al,213 In seawater, an 
Na or Cl" electrode (with corrections for the constant proportion of Br present) would 
be a suitable reference. In the Dead Sea, Br concentrations are much higher, about 0.01 
x mCl . While it might be thought that a Br electrode (which suffers no interference 
from Cl- ) could be paired with a H+ electrode here, the Pitzer model is quite poorly 
parameterized for interactions involving this ion. Consequently, an H .Na electrode pair 
might be more suitable, although the latter suffers interference from H + for pH < 6.213

Harvie et al.,56 in their work on brines containing CO2 , converted the unsealed single 
ion activity coefficients obtained from Pitzer model Equations 35 and 36 to the Maclnnes 
convention under which yc, is defined as equal to that in a pure aqueous KC1 solution of 
the same ionic strength. Even such a simple convention is not without its problems, since 
at 25°C the solubility of KC1 is only about 4.3 mol dm ’. Extrapolations of various fitting 
equations to high ionic strengths yield very different results. (Note that 25°C osmotic and 
activity coefficient data are available to 12 mol kg 1 160 [see Figure 16].) Plummer et al.69 
point out that the problems of pH and activity coefficient scales are most critical when pH 
is introduced into calculations of chemical equilibria. Even if measured pH is placed on the 
same scale as the activity coefficient model, uncertainties such as those due to the presence 
of liquid junctions may introduce inconsistencies. The dependence of thermodynamic prop
erties on pH scale is greatest for the carbonate system, where both aqueous phase speciation 
and gas/liquid and solid/liquid equilibria depend on H+ activity. The use of an II .('1 
electrode pair by Knauss et al.211 to determine calcite solubility in solutions at equilibrium 
with the atmosphere, and the Pitzer model to estimate aqueous phase activity coefficients, 
is significant here as it demonstrates what can be achieved when measurements are closely 
linked to a geochemical model that is well parameterized for the system being studied.

3. Calculations of Ionic Equilibria Involving Weak Acids and Bases
The seawater system has received thorough experimental investigation and, although 

some inconsistencies still remain when analytical data of the highest precision are being 
processed, there is now a reasonable concensus concerning the principal weak acid-base 
equilibria. However, there are many brines associated with seawater evaporites56-66 or with 
the evaporation of inland waters, to form alkali lakes,61" 2 where high ionic strengths are 
experienced and a wide range of mineral phases can be precipitated. The solubilities of 
minerals in many such systems (especially those representative of evaporite sequences from 
seawater) have been determined experimentally, but the measurement of pH and the deter
mination of stoichiometric acid-base equilibrium constants have not been investigated as 
thoroughly as in seawater.

To tackle such complex and diverse systems in a coherent way it is necessary to establish 
a comprehensive theoretical approach for the estimation of conventional single-ion activity 
coefficients. Models based on ion pairing have not proved adequate for treating solutions 
with ionic strengths greater than 1 mol dm "3, while the Pitzer model, as implemented by 
Harvie et al.56 and Felmy and Weare,61 successfully predicts acid-base equilibria in brines. 
It is important to bear in mind that the parameterizations that have been built up in the 
various studies are independent and often mutually exclusive; see, for example, Table 14. 
Thus the model is only effective if all the parameters derived in its initial construction, for 
a particular system, are used together. This effectively “ freezes” the model in time, so that 
it is not a simple matter to introduce new parameters if subsequent experimental studies 
result in significant improvements in the data. Furthermore, any misconceptions concerning, 
for example, the application of pH measurements must be accounted for when comparing 
model predictions to observed solution behavior.
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a. The Carbon Dioxide-Dissolved Carbonate System
The precipitation and dissolution of calcium carbonate is in large measure responsible 

for the distribution of carbonate alkalinity in the oceans of the world. The surface layers of 
the ocean are supersaturated with respect to caleite and aragonite. Precipitation occurs near 
the ocean surface and is almost invariably triggered by microscopic organisms that use either 
calcite or aragonite to form intricate shells. Inorganic precipitation of calcium carbonate is 
rare in seawater, but can occur in warm shallow lagoons after the onset of evaporation. The 
calcium carbonate falls into the deep ocean where it encounters progressively more corrosive 
waters as the pressure rises and the temperature falls. Eventually a depth is reached (the 
lysocline) where the surrounding water is no longer supersaturated, first with respect to 
aragonite and further down w'ith respect to calcite. Above the lysocline, calcium carbonate 
can accumulate in the sediment and provide a valuable indicator of oceanic productivity 
patterns. If the calcium carbonate deposition rate below the lysocline is faster than the 
dissolution rate, then deposition can still occur. However, a depth is eventually reached (the 
compensation depth) where accumulation can no longer be observed at the most rapid 
deposition rates that can be sustained by the biota. The importance of this sequence of events 
for understanding oceanic productivity and its influence on atmospheric C 0 2 levels has 
resulted in intensive study of calcium carbonate solubility.

i. Dissolution of CO, and Ionization of Carbonic Acid in Solution
The chemistry of carbon dioxide is controlled primarily by the following equilibria:

CO*,, = c o 2(aq) K„ (143)

CQ2(iH)) + 1 1 .0  = H  C O ( 144)

H,CO, = H- + HCO, K||CO, (145)

HCO, = H* + o  >; K<-o, ( 1 4 6 )

The equilibrium partial pressure of dissolved carbon dioxide in solution is given by

/■CO. = wjCOy'K,',* (147)

Most of the undissociated dissolved CO, gas is in the CO,( , form so that it is conventional 
(hydrate convention) to combine Equations 144 and 145 to give169

CO,,aql + H ,0  11 + HCO, Kmco. ^ - h c o

= K,
(148)

The precipitation and dissolution of calcium carbonate effectively control the alkalinity in 
many saline waters and are described by the relationship

Ca~' + CO’, = CaCO,,,, (149)

The stability constant equations can be written according to Equation 1 13, For example, for 
the ionization of bicarbonate ions we can write

K r() =  |/hCO? ( H * i/w tH C O , l ly r o /'yHr0|l (150)
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where (H ‘ ) serves as a remainder lhal there are several options for specifying the involvement 
of the hydrogen ion in such equilibria. In the saline media the numerical values assigned to 
dissociation constants will depend on the pH scale adopted in their determination.

The definition of the experimentally accessible parameters of carbonate alkalinity (CA1 
mol kg '),

CA = wHCO, + 2 m C O l (151)

and total carbon dioxide concentration (TCO,/moI kg ');

TCO, = mCO, + mHCO, + mCOi (152)

helps to constrain the system further. By combining these equations with the appropriate 
stability constants it is possible to establish a set of relationships” 7-"* that enable the 
equilibrium characteristics of the CO, system (mHCO, , mCO\ . />CO,,.iql, pH) to be cal
culated from any pair of four experimentally determined parameters (CA. TCO; . /rCO,,*,,. 
pH). The error propagation characteristics of these calculations in seawater media have been 
considered in some detail. To relate CA to total alkalinity (TA) in seawater we must 
take into account the equilibria

11,0 = H -  + O H K h ,o (153)

ll(OH), + H,0 = B ( O H ) ,  + H  ■ Hi i i l l  ijj (154)

so that:

CA = TA -  TBri 1 + (H 1 )/K£)(mi<) -  mOH + mH (155)

Total borate (TB) is defined as:

TB = mB(OH), + mB(OHfi (156)

where is the stoichiometric formation constant on the appropriate H concentration
scale. In seawater TB is less than 5 x 10 1 mol kg 1 (Table 2). For titrimetric analyses 
where (he error in TA exceeds 5 x 10 " mol kg 1 the final iwo terms in Equation 155 can 
he ignored.--"'

It is interesting to note that the analytical method which involves the determination of 
TCO, and TA makes use of equations in which the ratio K J „ , r a t h e r  than the 
individual constants, appears. In this case the analysis of the carbon dioxide system is 
independent of (he pH scale used.

Procedures have been developed for measuring the four experimental parameters (TA. 
TCO,. p C 0 ,1B|1. pH) to a high precision on board ship, and the CO, system in seawater 
plays a crucial role in controlling the air-sea exchange of gaseous carbon dioxide. In view 
of the central importance of this process in predicting atmosphere CO, levels, anti hence 
the pace of climate change, much attention has been paid to the determination of accurate 
pK* values for the reactions involved, using the various pH scales.

ii S to ic h io m e ir ii E q u ilib r iu m  C onstan ts f o r  the C a rb on a te  System  in Sea w a te r
Hie most careful and complete set of measurements of "apparent” constants using the 

pH(NBS) scale are those of Mehrbach et af ’1,1 determined in a natural seawater medium.



Their data, as refitted by Plath et al.,231 may be summarized by (mol kg 1 seawater): 

p('/qi/)ct)i) = 17.788 -  0.073104 T -  0.005187 S

+ 0.00011463 T2 (157)

pOtf*/,,) = 20.919 -  0.064209 T -  0.011887S

+ 0.000087313 T2 (158)

where the prime indicates the use of an apparent concentration scale for H ’ , and the 
superscript lower case t total C O \  and HCO2, (AC02m and k H C O Mr,). Fortunately, Mehr- 
bach et al.23H measured the fH values of the electrode pairs that they used and reported the 
values along with the constants defined above. Subsequently, Dickson and Millero232 cor
rected their stability constants to the pH(SWS) scale (mol kg 1 solution) using equations of 
the form
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pi 'A'; i -  logjof'lfJ'/f,,) (159)

where superscript T indicates the use of total HCO, . CO, . and H 1 (=  AH * + AHSQ, 
+ AHF), The recalculated constants (Table 31) were fitted to equations of the form232

p C K * )  = A/T + B + Cln(T) + DS + IS  (160)

The most thorough set of measurements on the pH(SWS) scale are those of Hansson233 
in an artificial seawater medium in the absence of fluoride ions. His data were later refitted 
by Johansson and Wedborg2’4 to the equations (mol kg 1 seawater, 20 to 40 Sc/ a ) :

p ( TK % „ v o )  ^  841.2/T + 3.2762 -  0.010382 S

+ 0.00010287 S2 (161)

p( rK ' f , h ) = 1370.4 T + 4.8256 -  0.018232 S

+ 0.00011839 S2 (162)

where total H ’ is equivalent to (AH’ + AHSO, ). Dickson and Millero232 also reassessed
this data set and corrected the measurements to allow for the differences between Hansson’s 
artificial medium and natural seawater using the relationship

p <  ' K * j  =  p i  * K * ) ( e x p e r i m e n t a l )  —  l o g 1( )( / ia 1%l/ ‘:a 1 M )  ( 1 6 3 )

where the seawater side reaction coefficient on the molinity scale t‘a,,,) is given by

*aK, = 1 + « * SOj ASOiTl + 'K*,, AFm (164)

and the ionic medium side reaction coefficient by:

1 + AS02(T) (165)
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TABLE 31
Fitting Parameters for the Variation of Stoichiometric 

Stability Constants for Carbonic Acid with Temperature and 
Salinity, Corrected to the Total Hydrogen Ion Concentration 

Scale in a Seawater Range” 2

Constant A B C  I) 10* E

pH(NBS). Mchrhach et al.** (Salinity 20 to 40 S^t)

P*1 A* in ,1,1

p< 'A':,,,,,,

P<

pi
pi

3670.7 — 62.008 9 7044 -0 .0118

1394.7 4.777 — -0 .0 1 8 4

pH(SWS), Hansson1*3 (Salinity 20 to 40 SS,I

851.4 3.237 — -0 .0 1 0 6

3885.4 125.844 -  18 141 -0 .0 1 9 2

Combined Data Set (Salinity 20 to 40 Strr)

845.0

1377.3

3.248 —

4.824 —

-0.0098  

- 0  0185

t [6 0.01 i
1 18 0.020

I 05 

1.32

0 87 

1.22

0.013 

0 017

0 017 

0.026

Notr: Fitting equation: pK =  AjT  * B • ClnT + DS +  ES’. The sluichknnelric 
constants arc defined on (he molinily concentration scale, fora total hydrogen 
<on concentration equivalent to (AH - + tHSO, + tHK) The association 
constants for HSO, and HF were obtained from (he work of Khoo el al.” ’ 
and Dickson and Riley,3"  respectively

where prefix k denotes a concentration on the mol ini ty scale. The corrected constants were 
fitted to Equation 160 I see Table 31). The two sets of constants, once adjusted to the same 
pH scale and the same ionic medium, agree well. Consequently, a set of constants based 
on the pooled data has been recommended”'1—2 for use in seawater. For the salinity range 
0 to 40 S % i and 0 to 35°C the combined data set is represented by the following equations 
(mol kg 1 seawater. SWS pH scale):

PfT*Jn«»,) -  PK*U,<). = ( — 840.39/T + 19.894 -  3.01 89ln(T))S12

+ 0.0068 S (±0.017) (166)

pCJCr,,,) -  pK, ,,, =  ( — 690.59/T + 17.176 -  2.6719 ln(T))S‘ 2

+ 0.0217 S (±0.032) (167)

iRecall that at infinite dilution A\ =  K v ) The tilting parameters for p K t ,K<li and p K l o  

are given by

pKy.u.., = 6320 81/T  -  126.3405 4- I9.568(ln T) (168)

pKl ()i = 5143 66 T -  90.1833 + I4.613(ln T) ( 160)
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TABLE 32
Parameters Describing the Influence of Pressure on the Ionic Equilibria 

Controlling the Speciation of the C 0 2 System (and Total Borate) in Seawater 
S = 20—40 S%c, t = 0—30°C“ 9

X — a 4- be +- ct' + d(S ■" 34.8)

X =
- A V - 1 0 ’ A k

a b 10 Y d a b d

Constant Ionization

B ( O H ) 2 9 . 4 8 - 0 . 1 6 2 2  2 . 6 0 8 - 0 , 2 9 5 2 . 8 4 — - 0 . 3 5 4

K i l l dKJ„,,,s> 2 5 . 3 0 - 0 , 1 2 7 1  — 0 .1 5 1 3 . 0 8 - 0 . 0 8 7 7 0 . 5 7 8

H C O , ( ’A?,,,) 1 5 .8 2 0  0 2 1 9 ..0 .3 2 1 -  1 .1 3 - 0 . 1 4 7 5 0 . 3 1 4

Solubility

C a f c i t e ( ' K f 4 8 . 7 6 - 0 . 5 3 0 4 ...... 1 1 . 7 6 0 . 3 6 9 2 —

A r a g o n i t e  d K g . , , , , ) 4 5 . 9 6 - 0 . 5 3 0 4 — 1 1 .7 6 - 0 . 3 6 9 2 —

N o te :  Equations 170— 172 (see text) give the pressure effect on the equilibrium constants.

This careful analysis confirmed the indications of Bates and Culberson" that the stability 
constants measured on the NBS and SWS pH scales were in good agreement. Uncertainties 
in the variability of liquid junction potentials make the use of the pH(NBS) scale impractical 
for the most precise measurements, and the pH(SWS) scale is recommended.

For the effect of pressure on and there is good agreement^'' between the
direct potentiometric measurements of Disteehe and Disteche’”’ and Culberson and Pytkow- 
icz.?' 7 The pressure dependence of the stoichiometric acid dissociation constants (molinity 
concentration scale, and total H ' concentration (=  AH* + AHSO., + AHF) may be 
summarized by the following equation:"’'’ ''''

In C K f l ' K f )  = — (AV/RTlP + (0.5Ak/RT)P- (170)

where rK f ’ is the stoichiometric acid dissociation constant (mol kg 1 solution) at pressure 
P (atm), and ' K f °  is its value at 1 atm pressure. The partial molal volume (AV) and 
compressibility (Ak ) terms are themselves expressed as functions of temperature and salinity 
by

— AV :— a F bt ct + d(S — 34.8) (171)

- A k  = a +  bt +  d(S - 34.8) (172)

t is in C. The parameters are summarized in Table 32, See Millero’’1 for a fuller treatment 
of the effect of pressure on chemical equilibria in the ocean.

Although Equations 166 to 172 represent the best analysis so far of the carbonic acid 
stability constants, the errors incurred in their use may be significant in relation to the high 
analytical precision that can now be achieved.-''’ In particular, it is apparent that calculations 
o f p C O ,  can deviate in a systematic way from those measured directly. Further refinements 
in the determination of the stability constants will be required as the analytical methods 
continue to improve and the practical demands placed on them become more critical.
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Hi. C a rb o n a te  E q u il ib r ia  In vo lv in g  the S o lid  P ha se
Calcium carbonate production, dissolution, and deposition in the t>ceans arc important 

for understanding oceanic productivity and its influence on atmospheric C O . levels, and 
have resulted in intensive study of calcium carbonate solubility. Provision of unequivocal 
solubility data has been hampered by. first, the long equilibration times required; second, 
the presence of high magnesium concentrations in seawater that can give rise to the formation 
of mixed magnesium-calcium carbonates (especially if precipitation is rapid); and last, by 
the presence of several calcium carbonate phases (caicite, aragonite, vaterite). The devel
opment of models to predict the true equilibrium solubility of calcium carbonate has also 
proved difficult because some of the major interactions involved (notably C V ' -HCO, . 
Ca; ' -CO; ) lie in the uneasy area between those systems that can be most simply treated 
by ionic interaction models and those that require the explicit recognition of ion pairing. 
We will tackle the problem in stages by considering:

1. The procedures used to determine thermodynamic solubility constants (K,p) in CO.- 
H.Q solutions

2. The consistency of determinations of stoichiometric constants for the solubility equi
libria in seawater (K*,)

3. The methods used to calculate K*p from K,p to check the validity of the measurements

iv . Therm odyn am ic  So lu b ility  P ro d u cts  o f  C a lc iu m  C a rb on a te  M in e ra ls
In a thorough reassessment of the CaCO,-CO,-H_,0 system, Plummer and Busenberg1'" 

critically analyzed earlier determinations of K.p for caicite. aragonite, and vaterite and 
contributed over 300 new solubility measurements in the temperature range 0 to 90°C. They 
paid careful attention to the correction of pH measurements and were able to obtain consistent 
results using the Henderson equation to calculate liquid junction potentials at the low ionic 
strengths encountered. Care was taken to ensure full equilibration by using finely divided 
solids in agitated systems and by allowing several days before analysis when working at 
low pCO, values.

Taking advantage of their own measurements, and a critical assessment of earlier data. 
Plummer and Busenberg"*” were able to provide Fitting parameters for the solubilities of all 
three carbonate minerals using equations of the form (Table 33)

logL.tK.p) = A + BT + C/T + D Iog,„(T) + ET-’ (173)

They also used the same form of equation to fit critically assessed stability constants for the 
Henry's law solubility of CO. (Equation 143) and for the first and second ionization constants 
of carbonic acid and K( Ui. Equations 148 and 146. respectively). The fitting pa
rameters cover a much wider temperature range (0 to 250°C) than those listed in Equations 
168 and 169. In the course of their analysis they confirmed the need to treat CaCO',' and 
CaHCO,’ formation, and estimated the values of the stoichiometric stability constants over 
a wide temperature range (0 to 90°C, Equation 173, fable 33).

v S to ich io m e tric  S o lu b ility  P ro d u c ts  o f  C a lc iu m  C a rb on a te  M in e ra ls  in Sea w a te r
The stoichiometric solubility product of calcium carbonate in seawater, on a total con

centration basis (molal units), may he defined as

= 'wCa.V. ' "'CO;,,, (174|

= <>/l”y< « I-ft <>,t t3

The determination of 'K?*-,,, in seawater has been bedeviled by the slow equilibration
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TABLE 33
Fitting Parameters for the Thermodynamic Equilibrium 

Constants in the CaC0,-H20 -C 0 2 System239

logio(K)
Constant at 25 C A B C D

K,„(o, (calcite)" -8 .480 - 171.0065 -0.077993 2839.319 71.595

•W ,,, (aragonite)* - 8.336 -  171.9773
-  171.9450''

-0.077993 2903.293 71,595

K, „ ,,, (vateritel* -  7.013 -  172.1295 -  0.077993 3074,688 71.595

Iog,„(K) 
Constant at 25°C A B C D E

Kg' ..i ,468 108.3865 0.01985076 6919,53 -40.45154 669365
„,/ -6.352 

( - 6,3500
356.3094 0.06091964 21834.37 126.8339 - 1684915

Kro, - 10.310 
( -  10.327)“

-107.8771 0.03252849 5151.79 38.92561 -563713.9

Kr,„.no-7 M l 1209.120 0.31294 - 34765,05 - 478.782 —
fv ,nnil* 3.22 1228.732 0.299444 35512.7.5 485.818

Fitting equation: iog i;,iKj ~ A -t- BT '+- C  l + D log14)(T) i- 1:1 

Note: Constants are for molu! concentrations, I atm total pressure.

J 0.-90C'C.
h From Mucei.:u
c 0-— 25(CC —  for ! atm total pressure from 0—  1 (,K)°C and following the vapor pressure curve for water at 

higher temperatures.
From Mittero
5— 80T.

between the solid and solution phases, and by the possibility of the formation of mixed 
(M g,Ca)CO, solid phases, because of the relatively high concentrations of  magnesium in 
the solution phase.240 Attention to detail and the use of equilibration times ranging from 5 
days to 2 years resulted in the determination of TKf ,1{ (). (calcite) values by different workers 
that agree within ± 5 % . 22*'24"-241 The range of error has been much greater for aragonite 
because longer equilibration times are required, but here, too, TKfil<;()i (aragonite) values 
have now converged to give close agreement.220 240 242 It is important in such experiments 
that the composition of the medium should not be significantly altered during the equilibration 
process; otherwise true equilibrium may not be attained. The most complete set of mea
surements is that of Mucei,241 who estimated mCa2r: and C A  by precise titrimetric methods. 
Measurements o f  pH were made on the pH(NBS) scale but no details were given from which 
correction Factors fM can be calculated, although the Gran titration methods used to estimate 
CA can give 1,, values from Equation 128. Total carbonate on the molinity scale (WTOy ,,) 
was then calculated from the equation

k C G 2Ti =  C A / |2 + ( | ( |  ( i75)

The constant was estimated from the data o f  Mehrbaeh et a l .2'" so that the calculations 
arc internally consistent. Fvlucci241 used equilibration times of up to 2 years (for some aragonite 
solubility studies) with the p C ( ) 2 maintained at 3 6 0  ± 1 0  ppm. His measurements, converted
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to molal units, can be fitted to an equation of the form (5 to 45 S%c, 5 to 40°C, 1 atm total 
pressure):

log.ofK^co,) -  logio(KCaCo}) = (a, + a,T + a3/T)S‘>5 + bS + cS15 (176)

yielding for calcite:

lOSlllf^CaCO,) — l°g]o(KCaCO,) —

(-0.77712 + 2.8426 T + 178.34/T)S05 -  0.07711 S + 4.1249 S1,5 (177)

and aragonite:

l°glo(TKcaC03) ~~ l°glo(KCaCo,) =

(-0.068393 + 1.7276 T + 88.135/T)S05 -  0.10018 S + 5.9415 S '5 (178)

The calculated pTK;SaCOi values at 35 S'<4 salinity and 25°C are 6.35 and 6.17, respectively, 
for calcite and aragonite. The influence of pressure on the solubility of calcite and aragonite 
in seawater can be estimated from Equations 171 and 172 using the parameters listed in 
Table 32.235

vi. Calculation of rK%aCO Jrom KCaC(h
To ascertain the consistency of the experimental stoichiometric and thermodynamic 

solubility products via Equation 174 it is necessary to estimate values of the activity coef
ficient product (yCa(T) yCofm = I f  This task has been undertaken by Plummer and Sund- 
quist.242 In terms of experimentally accessible parameters they derived the following rela
tionship:

I K*H CO j K-COj "Yc Oj M 20  "YcaSD4 T m C]

/ (T^ | hCOj T^ c o , 7 m2so4 7 h c i)  (1 7 9 )

where the stoichiometric dissociation constants TJf’*HCo3 an<J TK*o} are on the molinity scale 
(data of Hansson233), and 02 is a factor to correct these values to molal units. M = Na+ or 
K + , and stability constants and activity coefficients (based on total concentrations) are 
expressed on the molal scale. The mean ion activity coefficients used are experimental values 
in the seawater medium (Table 3 of Plummer and Sundquist242) and yco, represents the 
correction from carbon dioxide concentration to carbon dioxide activity at 1 atm total pres
sure. With M = Na+ Equation 176 gives F = 0.00661, and with M = K . 0.00666 at 
25°C and 35 S%c salinity. The mean value gives logoff) = —2.177. Combined with the 
thermodynamic constants from Table 33 this yields:

logl0(TK*aCOi) (calcite) = -8 .480 + 2.177 (180)

= -6.303 (experimental -6 .35 , Equation 176)

log,,,(TK^aCOj) (aragonite) = -  8.336 + 2.177 (181)

-6.159 (experimental -6 .17 , Equation 176)
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K2C°3
,ZK2C0,-4KHC0,'3H;0

K-c0i'fH;0j^,K>CC5.NaHrn, ?h.O 
shco .

NaKC0; '6H;0'-

Na-CCh'7H;-G

Natron

Nq2C03

Trane.

Nabcocre

i K 2(HCCW2

J Na2(HC03;

FIGURE 25. Equilibrium solid phases at 25°C for the reciprocal 
closed system Na-K-HCOrCOrH.O, calculated using the Pitzer 
model as parameterized by Harvie e( al. {Redrawn from Harne
et al.sG

U s i n g  t h i s  m o d e l  t h e y  h a v e  c a l c u l a t e d  I o g l o ( ' K f : a r o  ) (calcite) =  —6.303 on t h e  ntolal 
c o n c e n t r a t i o n  s c a l e  a t  3 5  $%<  s a l i n i t y  a n d  2 5 ° C .  T o g e t h e r  t h e s e  r e s u l t s  s u g g e s t  that t h e  
c a l c i u m  c a r b o n a t e  s o l u b i l i t i e s  m e a s u r e d  b y  M o r s e  e t  a l . ’ 4 "  a n d  M u c c r "  r e p r e s e n t  t r u e  
e q u i l i b r a t i o n s  b e t w e e n  t h e  s o l i d  a n d  s o l u t i o n  p h a s e s .  I t  t h e r e f o r e  s e e m s  u n l i k e l y  that s t a b l e  
( M g . C a ) C O ,  c o a t i n g s  p l a y  a  s i g n i f i c a n t  r o l e  i n  d e f i n i n g  t h e  s o l u b i l i t y  of CaCO, p r o v i d e d  
that s u f f i c i e n t  t i m e  i s  a l l o w e d  for e q u i l i b r a t i o n  b e t w e e n  t h e  s o l u t i o n  a n d  s o l i d  p h a s e s .

vii. A p p l i c a t io n  o f  th e  P i t z e r  M o d e l  to  S y s t e m s  C o n ta in in g  C a r b o n a te

A s  s t a t e d  e a r l i e r .  H a r v i e  e t  a i d ' ’ h a v e  u s e d  t h e  P i t z e r  e q u a t i o n s  t o  d e v e l o p  a  m o d e l  f o r  
t h e  N a - K - M g - C a - H - C I - S 0 4 - 0 H - H C 0 , - C 0 , - C 0 r H , 0  s y s t e m  a t  2 5 ° C .  I n  t h e  w o r k  o f  H a r v i e  
e i  a i d "  t h e  f o r m a t i o n  o f  H C O ,  .  H S ( ) ,  . M g O H  ‘ ,  M g C O " ,  a n d  C a C O 1,’ i s  t r e a t e d  e x p l i c i t l y ,  
w h e r e a s  the ' ‘ f o r m a t i o n "  of C a H C O , '  .  C a O H  ,  C a S O " ,  a n d  M g S O "  i s  p a r a m e t e r i z e d  a s  
s t r o n g  i n t e r a c t i o n s  b e t w e e n  f r e e  i o n s .  A l s o ,  t h e  s t a n d a r d  c h e m i c a l  p o t e n t i a l s  t h a t  d e f i n e  t h e  
e q u i l i b r i u m  c o n s t a n t s  a r e  s o m e t i m e s  u s e d  a s  a d j u s t a b l e  p a r a m e t e r s  i n  fitting t h e  e x p e r i m e n t a l  
d a t a ,  e . g . .  for C a C l ,  • 411 O i n  f i t t i n g  t h e  C a - H - C l - H . O  s y s t e m . ' ’ ' ’ E q u i l i b r i u m  c o n s t a n t s  
u s u a l l y  r e f l e c t  r e l a t i v e l y  s m a l l  n e t  d i f f e r e n c e s  b e t w e e n  t h e  l a r g e  total c h e m i c a l  p o t e n t i a l s  of 
t h e  r e a c t a n t s  a n d  t h e  p r o d u c t s .  Even i f  m o r e  a c c u r a t e  v a l u e s  b e c o m e  a v a i l a b l e  a t  a  l a t e r  
s t a g e  t h e y  c a n n o t  h e  s u b s t i t u t e d  into t h e  m o d e l  w i t h o u t  a  r e a s s e s s m e n t  o f  t h e  o t h e r  p a r a m e t e r s .

Where experimental data a r e  s p a r s e  there c a n  be some d e g e n e r a c y  i n  t h e  fitted s i n g l e  
electrolyte parameters.' ’4 w h i c h  a r e  t h e r e f o r e  s o m e t i m e s  o p t i m i z e d  t o  fit t h e  d a t a .  T h u s  t h e  
ternary parameters ( ( ) , .  a n d  i l g , t  i n  E q u a t i o n s  3 4  t o  3 6 )  a r e  i n t i m a t e l y  i n t e r l i n k e d  with the 
single electrolyte parameters employed. As p r e v i o u s l y  n o t e d ,  s i n g l e  ion a c t i v i t y  c o e f f i c i e n t s  
determined i n  the work of Harvie et aid'’ are sealed according to the Machines convention.

The m o d e l  is able to predict accurately t h e  solubility relationships i n  t h e  system Na~K~ 
H C O , - C O ,  t F i g u r e  25) and w a t e r  a n d  C O ,  activities in t h e  system N a - C i - H C O . - C O , - H , 0  
( ’ f a b l e  34), The model i s  also able t o  p r e d i c t  the solubility o f  C a t  O H ) . ,  a n d  with rather less 
success C a C O ; ,  i n  salt solutions. In the work o f  Harvie ei a i d ' 1 the CaHCO) p a r a m e t e r s  
wore determined from the data o f  J a c o b s o n  and Langmuir’** for CaCO, s o l u b i l i t y  i n  w a t e r  
to I a t m .  T h e s e  d a t a  agree w e l l  w i t h  the more complete a n a l y s i s  o f  Plummer and B u s e n -  
herg.

No explicit m e n t i o n  ts made o f  Che source o f  the c h e m i c a l  potential data used t o  calculate 
the i o n  pairing constant f o r  the ( V  ‘ -CO) i n t e r a c t i o n ,  a l t h o u g h  if is indicated (Harvie et 
a l . . ' "  p .  7 4 1 )  that the i \ l g ’ - C O y  and M g  H C O ,  parameters were estimated from
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TABLE 34
Comparison of Calculated and Experimental Water Activities and Equilibrium pC02 for 
Solutions at Equilibrium with the Specified Phase Assemblages in the Na-CI-HC03-C03-

COj-HjO System at 25°C

Water activity HPpCO,
System Calculated experimental' Calculated experimental1- Experimental*

NaHCO.-CO.-HX) + 1) 906 0.899—0 903 1 87 1.80— 1.95 2,02
nahcolile * trona 

Na-HC0,-CQ,-H,0 V 0  m 0.868—0.872 0.37 - 0.3—0.34
natron + trona

Nu-HCO,-CO,-CI-H,0 + 0 746 0 765—0.771 1.54 1.45— 1.60 1,72— 1 77
nahcolile + irema + halite 

Na-HCOr CCVCI-H;0  + 0.756 0.756*
natron +■ Na>CO, • 7HjO 

Nii-HCO,-CQ,-C!-H.O + 0.607 0 705‘
ihcrmon.tlrne * Na;CO, ■ 7H O

Stile Nahcolile -  NaHCOi. trona - Na,HlCO,); • 2H.O, thennonatrile = Na.CO, • HO This tabic reproduced from 
Harvie et al

* Data frnm Hatch
* Data from Fugxlcr,1,1 

Extrapolated to 25*C.

HanssonV" data. The reassessment of Ca*' -COj ion pairing by Plummer and Busen- 
herg, ’ the measurement of the interactions in the Na-Mg-CO,-HC’O s-Cl-H.O system by 
Millero and Thurmond.*14 and the Na-CO,-HCt),-CI-HjO system by Peipcr and Pit/cr"' 
provide relevant and carefully assessed data sets that postdate the establishment of the 
parameterization of Harvie et al. The experimental data on CaCO, solubility are subject to 
the artefacts discussed earlier and the usefulness of the model should he reassessed using 
the more reliable data for seawater.

The Pitzer model as parameterized by Harvie et al.5" has been applied by Monnin and 
Schott"2 to Lake Magadi, a soda lake in Kenya Their parameterization of the Na-CI-HCO,- 
CO,-OH-H.O system differs from that of Harvie el al.'" in a few respects. The interaction 
parameters 0(i|M1)i and tIiNj,pllll, were not required even though the brines exhibited pH 
values as high as II. Significantly different values were used for p**,,,. Psl^o,- 
and 1 Nonetheless the model was able to provide an accurate account of the
equilibrium solubility fields. The variation of mineral solubility with temperature was also 
investigated in this study and it w'as shown that the determination of temperature coefficients 
lor the binary interaction parameters was sufficient to account for the observed behavior 
over the temperature range 5 to 501,C.

As discussed above, empirical fitting equations are available yielding 'A*IK,,t and 
'K f,u as functions of temperature arid salinity. While the extensive use of mineral solubility 
data in the parameterization of the model of Harvie et al.'" means that it is likely to be 
biased somewhat toward high ionic strength systems, it is ol interest to compare calculated 
'A'JHrili and 'A'*,i, with measured values at 25 C. This is done in figure 26. retaining the 
use of the molmity concentration scale and total H ' concentration defined as: +
'A’nsc. kSOt,T) 4 'Atl, AF,t .). Values of predicted using ihe model arc 7 to 10% too
high, while 'A?1,, agree well over the range of salinities lor which measurements were made. 
Since the values of both constants predicted from liquations 166 to 169 at salinities <20 
S%t are essentially interpolations between the seawater measurements and infinite dilution 
values, it may he worthwhile exploring the use of theoretical models (such as that of Pitzer) 
to obtain improved estimates of the two dissociation constants in very dilute solutions.
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F I G U R E  2 6  C o m p a r i s o n  o f  m e a s u r e d  a n d  c a l c u l a t e d  s t o i c h i o m e t r i c  d i s s o c i a t i o n  c o n 

s t a n t s  o f  c a r b o n i c  a c i d ,  l a )  S y m b o l s  - ....a d j u s t e d  d a t a  o f  M e h r b a e h  e t  a l . : ' “  a n d

H a n s s o n - " ' 1 a s  l i s t e d  b y  D i c k s o n  a n d  M i l l e r o r "  s o l i d  l i n e  ... -  E q u a t i o n s  1 6 6  a n d  1 6 8 ;

d a s h e d  l i n e  —  c a l c u l a t e d  u s i n g  --- 4 . 4 7  -< 1 0  ' a n d  P i t z e r  m o d e l  t o  d e t e r m i n e

u H , ( )  a n d  a c t i v i t y  c o e f f  i c i e n t s  o f  C C E .  H  ‘ , a n d  H C O ,  . (b) ' K f , , , .  S y m b o l s  —  a d j u s t e d  

d a t a  o f  M e h r b a e h  e t  a l . ” “  a n d  H a n s s o n 11 a s  l i s t e d  t>\ D i c k s o n  a n d  M i l l e r o ; ’ ”  s o l i d  l i n e

..... E q u a t i o n s  1 6 7  a n d  169; d a s h e d  l i n e  -— c a l c u l a t e d  u s i n g  K <{), = 4 . 7 0  x  1 0  n  a n d

P i t z e r  m o d e l  t o  d e t e r m i n e  a c t i v i t y  c o e f f i c i e n t s  o f  H  ' , C O ;  , a n d  H C O ,

b . B o r ic  A c id
Boric acid, B(0H),. dissociates in water according to the following equation:

B(OH), + H.O = B(OH)., + H (KHf(1H,4) (182)

where KB(OHji is equal to 5.802 x 10 10 mol kg 1 at 25°C.247 (Note that Felmy and Weare'” 
use a slightly lower value of 5.77 x 10 1,1 mol kg '.) Millero'’0 has estimated the values 
of model coefficients p fl” to parameterize the interaction of Mg’ ' and ( a ' with R(OH), . 
and has used pKg{(,n)i data to estimate model parameters for the interaction of borate with 
N a' and K X Hershey et a1.216 have measured the ionization of B(OH), at 25°C in NaCl. 
Na-Ca-Cl-H,(), and Na-Mg-CI-H.,0 solutions at 25°C, while Simonson et ale47 have de
termined N a‘-B(OH)4 and K ‘-B(OHf, interaction parameters (p,f>. C ’) from 0 to 55°C. 
The most comprehensive study of borate equilibria in multicomponent solutions is that of 
Felmy and Weare'” at 25°C, which is an extension of the earlier work of Harvie et al.’6 
Model parameters for systems at low total borate concentrations are given in Table 35, and 
these are adopted in the present calculations. For interactions of the borate anion with Mg2' 
and Ca’ ‘ . complex formation fi.e., MgB(OH)4* , CaB(OH)4‘ | is assumed rather than an ion- 
ion interaction. It should be noted that the values of the parameters are very sensitive to the 
assumptions that are made concerning the speciation in solution. Later assessments247 of 
CiifjBu;h?. • Pknioiii, < and Q H(0|„, differ considerably from those deduced by Felmy and Weare.6' 
Total borate concentrations of 0,05 mol kg ! were used by Simonson et a t.,24' which is 
somewhat above the 0.03 mol k g ' 1 threshold normally considered as the limit beyond which 
polymeric boron species become significant. By their own reckoning some 13% of the total 
boron should be present in polymeric form at 0.05 mol kg 1 and their fitting parameters, 
w hich are unusually large, might reflect this influence. Careful analysis of data from systems 
at higher total boron concentrations by Felmy and Weare'” indicated the importance of the 
B,0,(OH)4 and B,Os(OH), species. Here, as was the case tor the CO, system, solubility 
data were fitted to give, simultaneously, values for the interaction parameters and for the 
chemical potentials of the solid phases involved. In some instances quite complex systems 
had to be employed to derive the triplet interaction parameters. For example, the 
W|i,o„<imi,,si», term was derived from sodium pentaborate solubilities in the system Na-B,0,-
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TABLE 35
Ion-Ion Interaction Parameters for Borate Species at 25°C*'

Species P* P “' c *

Nil BlOH), 0.0427 Dims n.oi 14
K B(OH), 0.035 0.14 0.0
MgBiOHi; Cl 0 16 0.0 0.0
CaBlOHlj Ct 012 0.0 0.0

Species

Bl(JH), Cl 0.0 -0  0102 _
BtOHl, so-; ■ 0.262 — 1) 046
BiOHl, N a‘ -0 .0 0 6 — —

B(UH), K ’ -11 IM*J — —

Species

BlOH), Ct 0.065 -  0 0073
Blt)H), SO. -0 .0 1 2 —

■Vfiif Sue tent for thermodynamic stability constants of MgBlOHlf and 
CaB(OH);

BfOHj.-Na.SOj-H.O. the other parameters required to describe this system having been 
deduced at an earlier stage. The mode! proved successful in predicting solubility relationships 
in the Na:B,O?-Nu,CO,-H,0 and Na,B40.-Na,C0,-NaHC0r H:0  systems at 25°C. but gave 
a poor representation of NaB0,-Na,C0,-H,0 systems. On application to the Searle’s Lake 
evaporite deposit, the model gave a good account of the occurrence of minerals in the bed 
deposits, although the sequence of deposition predicted from the nmdel differed from that 
observed in some significant respects. Nonetheless, the success of the model is encouraging 
given the complexity of the mineral sequences and the fact that total boron concentrations 
approach 0.5 mol kg 1 at total ionic strengths of 6 mol kg 1 or more.

For the relatively low boron concentrations encountered in seawater (less than (3.5 
inillimola!) the boron chemistry can be adequately described by a simple ionization equi
librium (Equation 154). However, when boron concentrations exceed 30 millimolal the 
involvement of polymeric boron species has to be taken into account.

The equilibria involving boric acid in seawater have not been studied as extensively as 
those concerning carbonic acid. The early measurements based on the NBS buffer scale 
(e.g.. Lyman'"1) used electrode couples that were inadequately characterized. Hamsun’4" 
measured (SWS pH scale! over a limited salinity range (20 to 40 S^r) from 5 to
30nC in the fluoride-free synthetic seawater medium that he employed for his measurements 
on carbonic acid. These values have been refitted as a function of salinity and ionic strength 
by Mi Hero.Recent measurements on live lota! hydrogen ion concentration scale by Dickson 
are much more extensive and employ a high precision poientiomeiric system using a hydrogen 
gas electrode and a silver-silver chloride electrode in a cell without a liquid junction,-"" A 
fluoride-free artificial seawater similar in composition to that employed by Millero"" was 
used (see Table 30). The stoichiometric dissociation constant rK|$ltlHfi is related to the 
thermodynamic value by

'K *tl,hi = mH, j ,wtB(OH)4,, /rnBtOH), (183a)

« I f  , 0  f  j. r >■ I 1 t 'l|  i "V11• i lM i,' I 1 ( 183b)
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FIGURE 27. Stoichiometric acid dissociation constant K£f{)H, of boric 
acid in seawater at 25°C\ on both a “ tola!" (fK$iOHl ) and “ free"
(fKgtOH ) hydrogen ion basis. Borate concentrations are total values in both 
cases. Symbols — data of Dickson-"" (total H ' scale): dashed line — 
calculated using Pitzer model with parameters listed in Table 35 (total H ' 
scale); full line — empirical fitting equation of Dickson:’1" dotted line -— 
calculated using the Pitzer model on a free H ' (but total borate) basis,

where the superscript T indicates that the constant is calculated using total concentrations 
of both H ‘ and B(OH)4 . The “ total and “ free" ion activity coefficients for H ‘ and 
B(0H), are related by

7 ii i i  -r ~ 7 h ii-!'0  +  tttSQy d 'K^ so .,) (1 8 4 )

7m oH ,;i') i =  7 » (o n illi / l  1 +  w M g -  ‘ 'K  +  mC'A2 ' K f , llt,u l l l ; ) (1 8 5 )

Here the superscript lower case t indicates the use of total Mg-’ and CV . but free 
B(OH)4 concentrations, in the artificial seawater medium. The two stoichiometric association 
constants are given by

Y\1y(I) T l J t  O l  f i_|( J-/ 7 m«Hi ( H i i4 (1 8 6 )

^•raiBonij Y u .  11 'VnfUH)4(Fi/7c«tBM)m4 (1 8 7 )

fhc thermodynamic values ol r i > f i >, and ate 25,1 and 44, / kg mol respec
tively, at 25°C.'”

Using the parameters in Table 35. we have calculated 'Kf;.,,,,, in seawater as a function 
of ionic strength at 25'C and compared these values with the measurements of Dickson ’15 
(see Figure 27). It can be seen that there is quite good agreement, the maximum difference
in J  being about 0.02 units ...  due perhaps to a poor prediction of 'Kf;S()i or
lack of parameters for the interaction of S();j with the calcium and magnesium orthoborate 
complexes. Calculated values of the individual ion activity coefficients in seawater are listed 
in Appendix Table Al l ,  Due to the lack of model parameters covering a wide range of 
temperatures, the following fitting equation of Dickson’,s should be used to obtain 
1 Kfg.t>Mti from 0 to 45 S'A, 0 to 45CC:

InCK*,,,,.,) = ( -8966.9 - 2890,51 S’- . 77.942 S + I.726S'-’ . 0,0993 S’gT

+■ (148.0248 t- 137.194 S’ ’ + 1.62247 S)

f < - 24.4344 25.085 S' ' -- 0.247 S)ln(T) f 0.053105 S' T (188)
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The pressure effect on the dissociation of borate in seawater has been estimated by Mil- 
lero.9l~" and may be calculated using Equations 171 and 172 and parameters listed in Table 
32.

c. A m m o n i a

The toxicity of ammonium salts to freshwater life has been shown to be strongly de
pendent on pH, in a manner consistent with un-ionized NIT being the most lethal fraction.iM 
The free base (NH,) has a relatively high lipid solubility because it carries no charge and 
is therefore able to diffuse quite readily across cell membranes.” - In upwelling areas at the 
(Kean margins where nutrient concentrations, and therefore total dissolved ammonia, are 
high there is indirect evidence of ocean-to-atmosphere transfer.1"  A significant atmospheric 
sink for NH, is neutralization by strong acids, particularly H,SO., tin aerosols), followed by- 
removal in rain.” *

Since in most natural waters NH, only undergoes a partial dissociation in solution, the 
equilibrium between gas and aqueous phase NH, is described as for a nondissociating solute:

NH^, =  NH,,*,, (K ') (189)

where (for 273 -s T s  313 Kk

InlK.'d = -K.0%94 + 3917 507,T  -  0.00314 T (190)

followed by base dissociation:

Nil, + H O = NH; + OH (Kv„ ) (1911

where:

KMI( --- OriNH,' wtOH /mNH.) ■ (7nii,7oĥ 7nh9HX)) (192)

At 298.15 k the values of K,’, and KVMi are 60.72 mol kg 1 aim 1 and 1.774 x |(.) ' mol 
kg T respectively. Alternatively. Ihe reaction may be expressed as

NH; = H + NH, iKSMii (193)

Knii> = tmH mNH/mNH4‘ ) • IThTnii/Tmiu* *

K.,|j is given as a function of temperature by:

lmKsll t - Inf '™Ksl(i) + (1 Rl|5222()(I T, -  l.-Tt (195)

+ 4 I1851T/T -  (I + IntT/l'MIl

where the dissociation constant at 29K 15 k i , ) is equal to 5.6825 x to 1,1 mol kg
is the gas constant (8.314 J K 1 mol '), and T, is the reference temperature of 298 15

The ion-neutral interaction parameters lA ,̂, . Av(( and triplet terms) leading to values 
oi y.J)( in salt solutions have been determined by Clegg and Brimblecumbe"' from available 
experimental measurements ol equilibrium/;NIC. salt solubilities tn aqueous Nil,, and NH.
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TABLE 36
Interaction Parameters for NH, at 2S°C.98 

(See Text Concerning Self-Consistency of Data Set)

Species i M-NHyAHvi Species i X>M,j

NH,-' 0,01472 _ F 0.091 _
M g5' '■ - 0.21 — Cl 0.0 0.0
Ca-' b -0.081 — Br - 0.022 —

S r - 5 -0.041 — I -0.051 _

Ba2' b - 0,021 — OH 0.103 —

Li ' -0.038 — NO, -  0.01 -  0.000437
N a‘ ■■ 0.0175 - 0.000311 S2 0.174 —

K J 0.0454 -  0.000321 so-; 0.158 —
NH; 2 0.0 -0.00075 SO; ' 0.140

co ; 0.180 0.000625

Additional parameter values:

(\n, .ram 0.0231
-  0.00918
-  0.00804

Temperature variation over the range 0— t0"C given by the equation:
XNH,.NH( = 0.033161 -  21.1281 ft-'T + 4665. 1461-T’ where T.'K. 

h These values tentative only.
' Partial pressure and solubility data suggest XSHi Ns is equal to about 0,031 — 

see text.
■' r)XM|, k/(1T equal to —0.000141 obtained from KCI solubility data. 
r dpiNMl NM. NI)l/0T equal to 2.3 x 10 ’ estimated from partial pressure data,
' 0XN„vSO /V)T estimated from salt solubility data to lie in the range -0.0005 

to - 0.00095.

partitioning between salt solutions and CHC1,. The most recent data are those of Maeda and 
co-workers, who have determined -yNJIi in solutions of various 1:1 salts254 257 including NaCP5 
and measured the pK* of NH, in aqueous LiCl,258 Na-Li~Cl-H>0 solutions,254 and artificial 
seawater255 at 25°C. Maeda and co-workers have also applied the Pitzer model to their 
results. Available ion-NH, interaction parameters of geochemical interest are listed in Table 
36.

There is some uncertainty regarding the value of XNHvNa — which is unfortunate in view 
of the fact that NaCl is the principal constituent of seawater. The listed value of 0.0175 was 
obtained from NaCl solubilities in aqueous NH,.98 Partial pressure data, including those of 
Maeda et al.,255 and NaCl,aq)/CHCl, partitioning data both suggest a higher value of about 
0.031. Very little information is available concerning the temperature variation of the ion- 
NH, interaction parameters, though a few estimates are listed in the notes to Table 36.

In common with other (inorganic) compounds that undergo dissociation in solution, the 
variation of yN(l> with solution concentration is likely to be much less than that of the product 
7nh47oh (Equation 192), or quotient 7H/'yNHj (Equation 194), Successful modeling of the 
degree of dissociation therefore depends chiefly on obtaining an adequate description of 
yNHl and yOH in solution, or alternatively if Equation 194 is being used, yN.„ and yH. Model 
parameters for the principal NIL salts [NH,C1 and (NH,),SO,] are known at 298.15 K, as 
are those of hydroxide salts NaOH and KOH (Tables 2 and 7, Pitzer,51 Chapter 3, this 
volume). For the interaction of Mg2 * with OH Harvie et al.56 adopt an ion pair MgOH * 
with a formation constant of 154 kg mol 1 at 298.15 K. while for Ca2' -OH an interaction
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TABLE 37
Mixture Parameters By and Involving the NH4* 

Ion

’at inn c 4 * M 14 .c .,1 <Kh,.. », Ret.

H ’ ■ -1)01 —0.009 _ -03)104 148
H- ■ -0 .0 1 9 03) 0 . 0 0 . 0 51
H ‘ • -  0.0127 -0 .0 0 9 ] — 353
L i ' 03127 -03)11 — 258
Na- 0 004 0.0005 — 259
N a’ 0 . 0 -03)003 -0 .0 0 1 3 51
Be’’ *■ 0.012 — -0 .0199 354

Note Parameters (k;„4 M, ami i|in„4 ,,,, have also been derived, but 
for (he model without unsymmetrical mixing terms kH and 't ) ' . '1 
The following temperature derivatives o f pure electrolyte param 
elers CJh,c,) have been determined and arc used in all
calculations: ICPP,M I I I ,  10*0'"* 13.1, l(PC*1 0.137. lO'li"1" 

1,31, 1O’0,,U 1.415. lO'C*’ 0,2frf>8.

* Parametcis of Chan et al adopted here
* Sec Clegg and Brmihlecomhe1'* for model parameters (0"'. C*> and 

coefficients la , and a .)  required lor BeCI, and BeSO,.

between the free ions is retained. Interaction parameters for NaOH and K.0H are available 
as functions of temperature (Table 11). First temperature derivatives of parameters (P'", C*) 
are available for the NH.,'-Cl interaction (Table 12. Pitzer,5' Chapter 3, this volume). 
There appear to be no data from which to estimate the temperature variation of the strong 
Mg’ '-OH and Ca’ ’ -OH interactions. Because of this it is probably better to estimate 
ammonia equilibrium in aqueous solution via the acid dissociation given in liquation 194, 
thus avoiding some of the problems of poorly known ion pairing reactions and ion-ion 
interactions. Interaction parameters for aqueous HC1 are available as a function of temper
ature. as arc those for interactions of H * with SO; (Table 11). The reaction of H ' with 
F to form HFia<t, is adequately understood11" in NaCl media at 298.15 K (see Section
III.C.3 d), as is the equilibrium with borate in multicomponent solutions'" (again at 298.15 
K). Currently available mixture parameters (8,, and 4i,|k) involving NH; . H ‘ , and the major 
ions of seawater are listed in Table 37, together with new estimates of both first and second 
temperature derivatives of the pure electrolyte NH4CI parameters. There is no information 
regarding the temperature variation of 8„ and i|illV. but it is likely that constant 25’C values 
will be adequate over the normal range of temperature of about 0 to 40°C.

As an initial test of the model, applied to the dissociation of NH, in salt solutions, we 
have calculated pK5„, (as — log„,(KM,/D ] in aqueous NaCl at 15. 25. and 35°C. The results 
are shown in Figure 28a. together with the measured values of Maeda cl al.-'" at 25"C. 
There is good agreement al all concentrations. Note that the model calculations were carried 
out using XN(I s„ equal to 0.031. In the most concentrated solutions, the lower value of
0.0175 resulted in K^j(i values which were too great. This comparison strongly suggests 
that the higher value orXVHvX4 is more nearly correct, and (hat for a self-consistent parameter 
set other XXH)1 should be rcestimated from the original detenninations of (v.Xsllil + 
v XNMi J  tabulated by Clegg and Brimblecombe "" Figure 28b shows the activity coefficient 
quotient F for the acid dissociation, at each temperature.

Whitfield’*’1 has used a number of simple theoretical procedures to estimate the pK$Hi 
al 298.15 K ol NH, in seawater, which are in surprisingly good agreement with the mca-
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mNaCl

FIGURE 28. Measured and calculated values of the stoichiometric acid dissociation 
constant and activity coefficient quotient I' i y i{y ^ ) - / y \ H ^  NIL al 15, 25. and
35’C in pure aqueous NaCi. (a) pK^}Jj; fh) activity coefficient quotient I'. Lines ...
calculated using the thermodynamic dissociation constant given by Equation ic>5 and the 
Pit/er model; symbols -..  data of Maeda el a!.""'

surements o f  K h o o  e t  al.” ' i n  a r t i f i c i a l  s e a w a t e r  (Na-Mg-Ca-K-Cl-S04-H>0). c a r r i e d  out 
u s i n g  a n  i o n i c  m e d i u n i  p H  s c a l e  b a s e d  o n  sulfate-free b u t l e r s .  M a e d a  el a l.'"  h a v e  a l s o  
d e t e r m i n e d  t h e  d i s s o c i a t i o n  c o n s t a n t  o f  N H f  i n  a r t i f i c i a l  s e a w a t e r  b y  potentionietry. T h e y  
c o m p a r e d  t h e i r  r e s u l t s  w i t h  c a l c u l a t i o n s  u s i n g  t h e  P i t / e r  m o d e l ,  t h o u g h  w i t h o u t  m i x t u r e  
parameters 0n a n d  r | ) j | k  o r  a l l o w i n g  f o r  the f o r m a t i o n  o f  H S O ,  . T h e y  c o n c l u d e d  t h a t  t h e  
m o d e l  w a s  i n  s a t i s f a c t o r y  a g r e e m e n t  w i t h  o b s e r v a t i o n  a t  m o s t  s e a w a t e r  c o n c e n t r a t i o n s .

I n  Figure 29 w e  c o m p a r e  calculated pKJ„ in s e a w a t e r  ( r e c i p e  o f  K h o o  et al.” ') front 
5  to 3 5 ° C  w i t h  t h e  r e s u l t s  o f  K h o o  e t  a l .  al all t e m p e r a t u r e s ,  a n d  t h o s e  of M a e d a  e t  a l.'"  
at 25°C. T h e  e m p i r i c a l  b e s t - f i t  l i n e s  of K h o o  e t  al. a r e  a l s o  s h o w n ,  a n d  at 25°C the e f f e c t  
o f  u s i n g  X N l l  N , e q u a l  t o  0 . 0 1 7 5  o n  p r e d i c t e d  p K y , ,  i s  i n d i c a t e d .  W e  n o t e  t h a t  t h e  q u o t e d  
u n c e r t a i n t y  o f  t h e  r e s u l t s  o f  M a e d a  e t  al.’"  i s  a b o u t  x  1 0  g r e a t e r  t h a n  t h a t  o f  K h o o  e t  a l , ” '  
A l t h o u g h  t h e r e  i s  s o m e  s u g g e s t i o n  that at 3 5 ° C  the m o d e l  y i e l d s  a p K g , ,  that i s  too low, 
i n  g e n e r a l  the p r e d i c t e d  v a l u e s  a g r e e  well with t h e  m e a s u r e m e n t s ,

J o h a n s s o n  a n d  W e d b o r g 2 * ’ h a v e  m e a s u r e d  t h e  p K y , ,  o f  N H ,  i n  a r t i f i c i a l  s e a w a t e r  ( N a -  
M g - C a - C l - S O . j T T O )  b y  p o t e n t i o m e t r i c  t i t r a t i o n ,  e x p r e s s i n g  t h e  r e s u l t s  o n  a  t o t a l  H '  ( T )  
i o n  s c a l e :  t h u s  m l f i ,  —  w H l F l  +  w H S O ,  ,  w h e r e  s u b s c r i p t  ( F )  i n d i c a t e s  a  f r e e  i o n  c o n 
c e n t r a t i o n .  F o r  t h e i r  d e f i n i t i o n  o f  p H .  t h e  s t o i c h i o m e t r i c  a c i d  d i s s o c i a t i o n  c o n s t a n t  ' K y ,  i s  
g i v e n  b y

'Ky,, ~ (wH,;, + w H S04 gnNH./wNHf (196)

T h i s  i s  r e a d i l y  r e l a t e d  t o  Ky,,:

'K y .,  -• 1 v wSC)y ; :Kj' y(, . ) / « N H , . » i N H (197)

Hence:

1K = Ky.gl + mSO-yyKjy.y (I9H)

Using liquation 1 9 8  and m o d e l  e s t i m a t e s  of !K y , ,,, the results of Johansen a n d  W e d b o r g - ’ ' ' - ’ 
have been converted t o  K * , t i  and are c o m p a r e d  w i t h  calculated values in F i g u r e  30a, While
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/<s) /  mol kg*' / |S1 /  mol kgJ

FIGURE 29 Measured and calculated values o f the stoichiometric acid dissociation 
constant (KJHl> of NH, from 5 to J 5 T  in artificial seawater, as a function of ionic 
strength. Open squares — data o f Khoo cl at:"* triangles—  data o f Maeda ct al.-" at 
25°C; dashed lines — calculated using the Pitzer model and the thermodynamic dis
sociation constant given by Equation 195; full lines — best-fit equation of Khoo ct 
al.5** I Dotted lineal 25°C calculated using \ N„, -  O.OI75.I

/[$; /  mol kg’’ /(u /  mol kg '*

FIGURE 30, lat Measured and calculated values ol the stoichiometric acid disso
ciation constant of NH, at 5. 15 and 25’C in artificial seawater, as a function
ol ionic strength (/,. ,> Symbols — data of Johansson and Wedborg.5*5 corrected from 
the ‘•total" to "free”  hydrogen ion scale: dashed lines — calculated using die Pitzer 
model and the thermodynamic dissociation constant given by Equation 195 thl Snn 
i biometric formation constant ol HSU, IK*,V1 1 at 25 ( ' Symbols — estimated from 
the K^,(> data ol Johansson and Wcdhorg * at 25 ( :  dashed line -  calculated using 
the Pitzer model

the trend of pK5n> with ionic strength is well predieted, the pK?,,, derived from measurements 
are consistently greater than calculated values. Could this he related to the model estimates 
of 'KftslPi? in Figure 30b log^i'K*,,,^} calculated using the model are compared with values 
inferred from measured 'KJMl using Equation 198 at 25"C and calculated KiJ,,. which have 
already been shown to he in good agreement with the work of Khoo et a l.” '  It is clear that 
the measurements fail to match the rapid rise in logl,,('K|’(N,)i). with decreasing ionic slrength. 
to the thermodynamic salue of I 979
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It is concluded from these comparisons that the stoichiometric dissociation constant of 
NH, in seawater may be satisfactorily estimated by taking the thermodynamic KNH, and 
using the Pitzer model to estimate the activity coefficient quotient I' for the reaction. In 
Appendix. Table A ll are listed values of 7 ,,. yNH , and 7 N1I; (and the activity coefficients 
of other trace species in seawater) at 25°C to enable stoichiometric association or dissociation 
constants to be obtained.

d. Hydrofluoric Acid
The solubility of the weak acid HF is expressed by the equation

HFlg) = HF,.lql (Kh) (199)

where (273 <  T <  313 K):

Itt(K') -  6.61712 + 3360.464/T -  0.02789 T (200)

There are two association reactions involving H " and F ions in aqueous solution:

H * f  F = HF (K,„) (2 0 1 )

H* + 2 F = III (2 0 2 )

where the thermodynamic association constants K,„ and Km. take the values 1.462 x 10’’ 
kg mol 1 and 3.837 x HP kg- mol respectively, at 298.15 K ,’h' and the enthalpy changes 
for the reactions All are 13.3 kJ mol 1 (K,,,) and 19,04 kJ mol 1 (K,„.,) (Table 29). 
Hating '’* has applied the Pitzer model to activity and osmotic coefficients of pure aqueous 
solutions of HF, including both the above reactions explicitly. However, in most natural 
waters such as seawater, both H * and F are present at trace concentrations in solutions 
relatively concentrated with respect to other dissolved constituents (wC'l 7.61 < 10* 
m F,,, in seawater. Table 2). Consequently, for our purposes the second association above 
may be neglected, as the formation of HF, is insignificant. Also, the activity coefficients 
of free H 1 and F will be controlled by other ions present, and their own "interaction” 
can be treated as association to form HF.

Determinations of stoichiometric values of K,„. are available for a number of salt 
solutions26' including NaCI. of which the most recent are measurements at 298.15 K bv 
Clegg and Brimblecombe."" Here mean activity coefficients of HF were measured using a 
H (glass). F (LaF,) electrode pair in aqueous NaCI solutions containing small amounts 
of H ’ and F . The decrease in activity from that calculated using total concentrations and 
activity coefficients estimated using the Pitzer model, fully parameterized for the system 
excluding the H ’ -F reaction, was attributed to the formation of HF. The association constant 
in NaCI at 298.15 K is given as a function of ionic strength (I) by the following equation:

lug,„<Ki!j|.) -  F 165 1.81/’ M  + 3.73/*?) O.OcF t 0 .0136/’ (203)

'llte infinite dilution value of K,„ is 1462.3. ''*' In Figure 31 measured and fitted (liquation 
203) Kf,, are shown, [estimates of Fiji, made using the thetmodynamic value. and y,, and 
y. calculated using the Pitzer model with y llt equal to unity, are also plotted. These show 
a small positive deviation from the measured values, which may be attributed to the activity 
coefficient of uudissociated FIF:

7m < K1 h ' K,|, ) |.,-y|.r (204)



379

FIGURE 31. The stoichiometric association constant (K£f ) of HI- in 
aqueous Nat'I at 25“C Symbols — measured values; full line — lilted 
(Equation 203); dashed line — obtained from the thermodynamic constant 
Krtf, and y„ and -y, calculated using the Pitzer model ty„F =  1.0) Inset: 
y,u estimated from fined K,*f . thermodynamic K„F, and model-calculated 
y„ and y ,.

where *y,J(F, and -y,.,arc free ion activity coefficients, calculated using the Pitzer model. 
Values of yHl . shown in the inset to Figure 31. are offset from unity at the lowest ionic 
strength by 0.05, which is most likely due to experimental error. If so, this suggests that 
Kj$,_ given by Equation 203 is about 5% too low. Increases in the derived value of -y,  ̂with 
ionic strength indicate salting out of F1F. although the effect appears to be small. Certainly, 
at seawater ionic strength (=0.73 mol kg ') yH( differs negligibly from unity.

It is possible, using the Pitzer model, to calculate the stoichiometric formation constant 
of HF in seawater on both free and total concentration scales. Mi Hero'’" has determined the 
dissociation constants of several weak acids in seawater on the basis of "total" concentra
tions Thus, we can define an equivalent association constant.

rKf,r = wHF'/imFliV, mF,T,) (205a)

= mHF/([mH,p, + wHSO^ ||/nF,p, + wMgF ‘ + mCaF'l) (205b)

where the total hydrogen ion concentration mH,'n is equivalent to the free hydrogen ion 
concentration plus that of bisulfate, and similarly mF,,, is equivalent to free fluoride plus 
(he concentrations of MgF' (sec Section III.D.3) and C a F ', Note that in seawater. mHF 
is small compared to both wF,r, and rwH/,,. Dickson and Riley3'”1 defined a stoichiometric 
stability constant of HF in tenns of free hydrogen ion. but total fluoride:

wF,n) (20b)

We have used the Pitzer model and a thermodynamic K,„ of 1462 kg mol 1 at 25“C to 
calculate Kf„. (free ions). TKf„. (total H ‘ and total F ), and (free H ' and total F ) as 
functions of seawater ionic strength. These quantities are plotted in Figure 32 together with 
values of K ,̂. estimated by Perez and Fraga3'”’ and ‘Kfl,. (measured and predicted) listed by 
Millero The equation of Dickson and Riley3/’“ for 'Kf„ is based on only two measurements, 
and yields values > 0 .1 log,,, units greater than those shown in the figure. The free ion 
association constants estimated by Perez and Fraga’'”' appear to be unrealistically high, while
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FIGURE 32. Values of the stoichiometric association constant of HF in 
seawater media at 25°C as a function of ionic strength (/,„). Lines — 
association constants, defined in Equations 205 and 206, calculated using 
the Pitzer model — except that marked " ( K , w h i c h  is due to Perez 
and Fraga:®9 Kj$,. — free H ' and free F concentrations; ‘K^t. — free H ’ 
and total F concentrations; ''Kj!jr. — total H ’ and total F concentrations. 
Symbols — measured (cross) and calculated (circle) values of 'KJi, listed 
bv Millero/'"

the !K , listed by Millero60 are in reasonable agreement with calculated values. In calcu
lations such as these, it is necessary to ensure that consistency is maintained, particularly 
with regard to stability constants of associated species such as HS04 and MgF . For 
example, Millero60 used a seawater stability constant of HS04 determined by Khoo et al., 110 
which has already been shown to differ from that estimated from the Pitzer model by about 
159f (Figure 12),

e. Phosphoric Acid
Pitzer and Silvester54 have applied the model equations to solvent and solute activities 

in aqueous H ,P04 at 298.15 K, to a total concentration of 6 mol kg including the following 
association:

H ' + H,PO, = H ,P04 (K„iPOi) (207)

where KM,,,(), is equal to 140 kg mol 1 at 25°C. Volumetric properties of the acid have been 
considered by Barta and Bradley,2’0 and first and second pressure derivatives of the pure 
solution interaction parameters determined. In natural waters, further equilibria with 
HPOj and PO j ions must also be considered. The thermodynamic values of the equilibrium 
constants are listed in Table 29.

Interaction parameters are available for Na ‘ and K salts of H,PO, , HPOj , and 
PC);!-  (Tables 2 and 9  of Pitzer,51 Chapter 3, this volume). Both Mg2" and Ca2' associate 
strongly with the phosphate anions — chiefly POj — so much so that the need to avoid 
precipitation of their salts becomes a practical limitation in the determination of stoichiometric 
dissociation constants of phosphoric acid in seawater media.271 272 Association constants of 
Mg2 ' and Ca2 ' with phosphate species in seawater have been measured by Atlas et a l..275 
and also estimated by Johansson and Wedborg.27' Millero*2' has used these data to determine 
interaction parameters (p"”) for Mg2, and Ca2 ’ with the three principal phosphate species 
in seawater at 35 S%r and 25°C. thus avoiding the need to calculate the concentrations of 
the associated forms (MgFFPOf , CaH2P04‘ . etc.) explicitly in order to account for the ion
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TABLE 38
Ion-Ion Interaction Parameters Involving Phosphate Species 

H jP O ;, HPOJ , and POi at 25°C

Species JJ.Oi P ", C* Note Ref.

N;i- H.PO, -0 .0533 0.0396 0.00795 51
(-0 .0651 0 091 O.OII38) 105

K H.PO, -0 .0678 -0 ,1 0 4 2 0.0 51
i -0 .1128 0 0606 0.02012) 105

n h ; H.PO, - 0.07043 -0 .4156 0.00669 355
Mg; ' H.PO, — 0 41 0.0 0.0 a 60

( -3 .5 5 16.9 0 0) 274
Ca” H.PO, -0 .2 9 0.0 0.0 a 60
Na- HPO; -0 .05828 1.4655 0 02938 51
K HPO; 0.02475 1.2743 0 01639 51
Mg’ HPO; - 3 .6 0.0 0.0 a 60

-4 .1 0.0 0 0 h 60
1 -  17.5 27.4 0.0) 274

CV • HPO; - 1 6 0 0 0.(1 a 60
- 2 .0 0.0 0 0 h 60

Na ’ p o ; 0.17813 3,8513 -0 .05154 51
K ’ po j 0 37293 3 072 0 0X679 51
M g” POJ -6 2  0 0.0 0.0 a 60

-4 3 .0 0.0 o n b 60
Ca” po ; 67.0 0.0 o n a 60

-5 6 .0 0.0 0.0 b 60

Species A.. .K

Ct POJ ( - 0 .5 9 0.110) 274
Cl HPOi (-0 .1 0 5 -0 .003) 274
Cl H PO , 0 100 0.0 O.Otl) 51

(0.107 -0 .0147 0 016) 105
lO.UH) -0 .0 2 8 ) 274

N a' H ,P04 (k.„) 0.075 274

S'off Values are of Kim and I-rcderick"Kand llershev cl a l..'’* I). noi used here (see
cuminents in le tn  Kim and Hredenck'"' have also nhiamed estimates nf 
‘1'v, bul this is inconsistent with the ll..,k used throughnul this work
Mitlero™' has derived alternative values Tor Mg ' and Ca*‘ interactions with 
HPOi and I’t f r o m  the data of (at Allas el jl and (hi Johansson ami 
Wedhnrg Those of Johansson and Wcdborg were Used here, where avail
able

pair formation These two alternative approaches, applied to M g'’ -I- association in sea
water. are discussed in more detail in Section ill.D 3. More recently, Hershey et al 1 J have 
determined dissociation constants in aqueous NaCl and Na-Mg-C’l-H ,0 solutions to high 
ionic strengths, and used the results to estimate a number of interaction parameters The 
parameters for interactions involving phosphates are listed in Table 38. drawn from the 
compilation of Plummer el al."* and more recent publications.

in natural waters, total phosphate is generally present al < I pmol kg 1. In seawater, 
stoichiometric dissociation constants of phosphate have been determined by Kester and 
Pytkowic/. " Johansson and Wedhurg.’” 1 and Dickson and Riley As can he seen from 
Table 38. the Pit/er model is quite poorly parameterized with respect to the various phosphate



species, especially in terms of mixture parameters (J„ and i|),|k. although these only make a 
small contribution to activity coefficients at seawater ionic strengths. Dickson ansi Riley : 
give the following equations for the dissociation of phosphoric acid in seawater as functions
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of concentration and temperature:

H5P04 -  H + H.PC), (TK (208a)

= -  75/T + 2.16 -  0.35/;,:, (208b)

H,P()4 = H + HPOy ('K.*,,„;) (209a)

= 737.6/T + 4.176 -  0.851/;,;, (20%)

HPO; = H' + PC); ('K*,,) (210a)

rKf()i = 2404/T + 1.31 -  0.87/;,:, (210b)

Equations 208 to 210 are valid from 5 to 30°C and 0.3 to 0.9 mol kg 1 of seawater. These 
equations do not extrapolate to the infinite dilution values of the constants, which are as 
follows: Kll4,()i- - 7 .  I 1 x 10 Kiiih)i — 6.23 X  10 s. and K ,,, ■— 4.55 x 10 “ mol 
kg Note that the seawater ionic strengths are expressed in moles per kilogram of
solution, and the molal concentration of total H ion is defined as

wll,',, = »iH,|, (1 + 'Ki’Nog/iSO;,,, + 'Kfj, i n F , ,,) (211)

where is the concentration of free hydrogen ion, 'KfjS() and 'Kjy are association
constants of HS04 and HF. respectively (on the basis of free H ' ion and total anion), and 
niSOy,, and wF,-,, the total concentrations of sulfate and fluoride. The stoichiometric dis
sociation constants of Johansson and Wedborg” 1 are similarly defined, except that the, 
exclude HF formation from wH,’,, (Equation 21 I). However, this makes only a small dil 
ference in calculations involving normal seawater.

Millero"" has compared measured stoichiometric dissociation constants (total hydrogen 
ion basis) for phosphates in seawater at 35 S 9 E  with values calculated using the Pitzer model, 
including parameters listed in Table 38, and obtained reasonable agreement. Of the available 
stability constants for the formation of Mg’ ' and CV ' iori pairs with H,PO, . HPO; . and 
PO; , Millero'’" has used those of Atlas et a l.’ ’ (H.PC), ) and Johansson and Wedborg’ 1 
(HPO; and PO_| ) to parameterize the Pitzer model (3"") for seawater at 25 C. The same 
values are used here.

The stoichiometric dissociation constants 'FO (defined in liquations 208 to 210) at 25 C 
have been estimated as functions of seawater ionic strength using the model, to compare 
them with measured values. This was done as follows. Taking 'K,*;,,,, as an example, the 
stoichiometric constant is related to the thermodynamic value by

N 1 8 110 1 "Y11 r< v  1 1 * 0 1' 1 A n i ' i 1 3  ( - 1 2 )

(■sing the 3 " parameters for the interactions of phosphate anions with Mg and ('a 
means that the anion activity coefficients are obtained on a "total" basis, as required. For 
the H - ion the model yields the free ion activity coefficient y Ml|1. which is related to that 
on a total basis bv

"'H,; ,yl„,, (213)
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FIGURE -W Stoichiometric dissociation constants rjK* of phosphoric ucid in a 
souwaicr medium at 25"C. Anion concentrations ate total values, (a) ’K Sym
bols - -  data of Dickson and Riley;113 dashed line — calculated using Pitver model 
with 7 ,1,1, ^  =  J: dot'dash line — calculated using Pit/er model with yli(Po4 = 
exp(t). 12/): dotted line — calculated dissociation constant on “ free" H * ion basis 
UKhiis-i) <t>> Symbols: triangles — data of Dickson and Riley;37' circles
—  data of Johansson and Wedborg;-’’1 dashed line — calculated using Pitzer model: 
dotted line — calculated dissociation constant on free H * ion basis. Ic) 1Kf, ,4 
Symbols: triangles — data of Dickson and Riley;1’1 circles —  data of Johansson 
and Wedtxirg:1" dashed tine — calculated using Fitter model; dotted line — cal
culated dissociation constant on free H * ton basis.

Hence, from Equal ion 211:

7iti i/'Vhifi =  I 'd  + 'KSso/nSOa.-n + 'K^.mF, n) (214)

We note that in calculating the terms in parenthesis in Equation 214, the concentration of 
total SO; is negligibly reduced by HSO., formation in seawater. Also, since 'KJ,. is 
expressed on the basis of total F concentration ffree + MgF' +■ CaF*), model parameters 
for Mg-' -F and Ca*' -F interactions must be used when estimating 'K J|,. from the ther
modynamic association constant and the activity coefficients of H ‘ , F , and HF in (he 
seawater medium. I 'sing the relationships above, dissociation constants 'K* were calculated 
as functions of seawater ionic strength, and are compared wilh measured values in Figure 
33. For the first dissociation constant there is good agreement over the range of ionic strengths 
covered. Two estimates of rK^,Pf)j were made, first using equal to unity, and a second 
consistent with Miliero’s'" assumption of ■yHiP,lj equal to I .09 at 35 S%<. Values of the 
dissociation constant on the basis of free H ‘ . but total H,P04 are also shown.

Similar comparisons of and with the data of both Dickson and Riley’7’
and Johansson and Wedhorg,’71 appear in Figure 33c and d At ahou! = 0.7 mol kg ' 
(solution) there is reasonable agreement, considering the uncertainties concerning the strength 
of the interactions of the phosphate anions with Mg’ ‘ and Ca ’ ' ,  but at lower ionic strengths
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Ikis) / mol kg

FIGURE 34. Stoichiometric' dissociation constants "K* of phos
phoric acid, on a free ion basis (the three phosphate anions), in a 
seawater medium at 25°C. (a) K|$,w)j: (b) (e) K |()). Lines: dashed
— calculated using Pitzer model with yHlPOj = 1 o n  a total "H ’ " ion 
basis CK*); dotted — for "free" H ' concentration (K*).

the differences between measured and calculated values become much greater. In particular, 
the variation with ionic strength of TK£0 appears unrealistic, and is related to the way in 
which 3'Mgp0j and 3;"V0j are estimated. From Equation 31 of Millero61* it can be seen that 
ln(mAnion(f./mAnion,, ,) is treated as being linearly related to mMg’ ‘ (or mCa2 ') in solution 
— hence the form of p(1 K^0.) in Figure 33c where these very strong interactions dominate 
all other effects. This is unlikely to be realistic, and the parameters should only be considered 
valid close to normal seawater ionic strength. For practical calculations involving 'K,*POi 
and rKf:0j, the measured constants of Dickson and Riley’72 or Johansson and Wedborg271 
should be used in preference to a model parameterization of their effects.

The results shown in Figure 33 were obtained using the Pitzer model without the 
interaction parameters determined by Hershey et a l.,274 as these are optimized for high ionic- 
strength solutions. Test calculations using this parameter set yielded estimates of the stoi
chiometric dissociation constants in seawater in much poorer agreement with measured values 
than those shown in the figure. Use of those mixture parameters determined for Na-Cl- 
H P O .  II () solutions only (given in Table 38) yielded a small improvement in the calculated 
1 Kĵ po — an increase of about 0.075 log units. While Hershey et al.274 obtained XNj 11)1)0 
equal to 0.075 (currently the only available estimate), for calculations in seawater media a 
value of about 0.03 gives the best agreement with the measured rK*,,PII .

Stoichiometric dissociation constants on the basis of free anion concentrations have also 
been calculated (Figure 34). so that these may be combined with new estimates of association 
constants (with Mg2 * and Ca2 ‘ ). as available. Again taking the second dissociation constant 
as an example.

kuiiv ~ taH,,., »iHP04(H, wH,P()4l, , — K1II>U4 Th.i'o.ii i'T iki .Tiiifud (215)
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We also have for each anion:

mH,P04lFl "Yh.pô i — wHiPO^ c, yum.iii (216)

niHP04(F) "YnfHi.tpi = mHPO||T, 'Yhpo1iti (217)

Total anion concentrations are related to the “ free’' values by:

mH,P04lT1 =  mH;P04,r, (1 + mMg3* + KjSj,.,*, mCa37) (218)

wHPOvn = /«HPOJ,'f, (I + K ^ hpomMgJ* + K?,hk>»»Ca3*) (219)

Thus the stoichiometric dissociation constant on a free ion basis <KS„)t) is related to that 
on the “ total" scale CKJp,^) by

= K*|W)( (1 + 'K*s(I)ffiSOjir) + 'K^/nFpx,)

( I 4 K*1?j1W)ynMg~ + K?„Hm/nCa )

AI + niMg-’ ' + K*al( Pt) mCa3*) (220)

Free ion activity coefficients of dissolved phosphate species in seawater, calculated as a 
function of salinity, are listed in Appendix Table A ll.

/ .  Hydrogen Sulfide
The solubility of H,S in water and seawater has been measured by Douabul and Riley317 

(2 to 30°C. 0 to 40 S 7 t c ) ,  and the results presented in the form of the Weiss equation. 
Millero37* gives the following equation for the Henry's law constant K,1, (mol kg 1 atm '). 
from 25 to 260°C. based on the work of Clarke and Clew:37'*

logjK,',) = -102.325 + 4423.1 l/T + 36.6296(log„, T) + 0.1387 T (221)

The more recent measurements of Carrol and Mather*" arc in satisfactory agreement with 
Equation 221 above. Pure water solubilities of Douabul and Riley377 are slightly higher than 
those of other workers, and deviate from the results of Carroll and Mather3"" by 1 to 4%. 
From the measured seawater solubilities, it would appear that y,hS is little different from 
unity in this medium; Millero37* estimated a salting coefficient k,,, (such that log,,,(-y,, K) = 
k„/,.,) for H,S of 0.02. much lower than the value of 0.121 for O,. for example We have 
used the original data of Douabul and Riley37" to determine y„ s as a function of temperature 
and salinity, given by the following equation.

ln(Tn s> “  2m„>MSl.l tics,., ( 222 )

XtI„,.<s, = 2.03276 -  0.012837 T +■ 0.00002043 T3 (223)

£„,s,m = -0.0294777 (224)

where m,,, is the molality of sea salt, defined in Equation IX. and m,.„ and m„u the molalities 
of cations (0.484334w,v) and anions (0.515662m,,,). respectively. (Note the factor of 2
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FIGURE 35. Measured and fitted activity coefficients of H-S in seawater 
as functions of concentration and temperature. Symbols — from data of 
Douabul and Riley:-"’ lines — fitted values (Equations 222 to 224),

difference from values used in the corresponding Equations 94 to 98 for O, solubility.) The 
results of the fit are shown in Figure 35. It is of some interest to compare these values with 
activity coefficients in pure aqueous NaCl, both because NaCl is the principal component 
of sea salt and because -ylhS in NaCl(aq, has been used by Millero278 and Hershey et al.MI in 
their studies of the first dissociation constant of H2S in ionic media. Hydrogen sulfide 
solubilities in NaCl solutions have been measured by Gamsjager and Schindler2*2 (0.51 to 
3.20 mNaCl, 25°C), Barrett et a!.283 (1 to 5 mNaCl, 25 to 95°C), and Barta and Bradley97 
(0 to 6 mNaCl, 25 to 350°C). Barta and Bradley97 apply a form of the Pitzer model to their 
results, in which parameters AN.l H,s cl and Xn».h,s.ci are directly equivalent to Na and 
('/dCu.s.Na.ci' respectively. The results of Barta and Bradley are in reasonable agreement 
with those of Barrett et al.283 at 60°C and above, but anomalously low (as equilibrium mH2S) 
at 25°C.283 In Figure 36 we compare yHiS at 25°C determined by Gamsjager and Schindler282 
and Barrett et al.,283 together with yH,s in seawater for m(„ equal to mNaCl. The fitted line 
through the data of Gamsjager and Schindler282 was determined by Hershey et al.281 These 
results yield model interaction parameters A n  ,s equal to 0.0777 and £ „ ,s .Na.a  equal to 
— 0.00806 (with X,liS r , set to zero). It is clear from the figure that while the two data sets 
for NaCl are in moderate agreement, ylhS in seawater is extremely low considering the fact 
that NaCl constitutes some 90% of sea salt. Without further measurements in seawater media 
it does not appear possible to resolve this discrepancy directly. The data of Douabul and 
Riley277 must be considered doubtful.

Hydrogen sulfide undergoes a two-stage dissociation in solution:

IIS == H + HS (Khs) (225)

HS = h* + S (Ks) (226)

In natural waters at normal pH (6 to 9) the formation of S2 may be neglected tpK is equal 
to at least 14.6, ”8 with an even higher value probable284). The value of the first dissociation 
constant is given by281

l o g m( K , ls ) =  9 8 .0 8  -  5 7 6 5 .4 /T  -  1 5 .0 0 4 5 5 ( ln  T )  ( 2 2 7 )
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/nNaCl

FIGURE 36. Activity coefficients of H .S in pure aqueous NaCl at 25°C. 
Symbols: circles — data of Gamsjager and Schindler;282 triangles — tab
ulated values of Barrett et al.;28’ full line — equation of Hershey et al;2SI 
dotted line — activity coefficients in seawater (for m u) = m NaCl) from 
Equations 222 to 224.

where T/K and the equation is valid from 0 to 300°C. The stoichiometric value of the 
dissociation constant on the molinity (mol kg~‘ seawater) scale has been determined by 
Millero285 as a function of salinity (5 to 40 S%o) from 5 to 25°C:

p'Als = pKHS -  0.1498 S1'2 + 0.0119 S (228)

To convert dissociation constants obtained from Equation 228 to the molal scale, multiply 
by the factor 1/(1 — 0.001005 S). The constant T/fj5s is on the total hydrogen ion pH scale, 
thus in molal units

TK*S = mlEV/nHS^/mH.S (229)

For HS and H2S the meaning of the “ total” concentrations is straightforward; for H the 
total concentration is again related to the free hydrogen ion concentration by

wH i, = mil.;, + wEISO, + otHF (230)

where the species concentrations are estimated from the stoichiometric stability constants 
(see Equation 211).

Hershey et al.2*1 and earlier Millero278 have determined Kfls of H2S in NaCl, KC1, and 
their mixtures with MgCl, and CaCE, to determine model interaction parameters for these 
major seawater ions with HS . These are listed in Table 39, Note that these values are to 
some degree dependent upon the (assumed) relationship of yH2S with ionic strength obtained 
from solubilities in aqueous NaCl solutions (Equation 18, Hershey et al.281).

Hershey et al. ” have compared 'K,‘,s in seawater, as measured by Millero et al.,285 
with that calculated using the Pitzer model and obtain agreement to within 0.02 pKj$s units. 
Using the parameters listed in Table 39, we have also calculated TKgs (molal concentrations) 
for comparison with the measurements of Millero et al.285 which were used to parameterize
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TABLE 39
Ion-Ion Interaction Param eters Involving

HS~ at 25°C281

S p e c ie s pro, P" C*

Na HS 0.1396 0.0 -0.0127
i f HS 0.1674 0.0 -0.0194
Mg2 HS 0.17 2.78 0,0
C’a2 ’ HS -0.105 .3,43 0.0

N o te :  The activity coefficient of undissociated HS in pure aqueous 
NaCI is given by: lniyH,s) = ((0.1554 —0.00806/)
-  0.002532U -  25) + 3.1084 x 10 V  -  625))/. where 
t is in centigrade. This equation also yields XN, HiS = 0.0777 
and Ch.s nj.ci = -0.00806 at 25°C. Equations 222—224 in the 
text give yH,s in seawater, but the result appears to be incon
sistent with the NaCI values. Pure electrolyte parameters f3'm 
for NaHS and KHS are given as functions of temperature by: 

-  0.36ft -  67.5/T, P^’.'hs = 0.637 -  140/T.

4,  / mol kg~1

FIGURE 37. Stoichiometric dissociation constant of H,S ('KJg) in sea
water at 25°C. Symbols — data of Millero et al.2’*2 (converted to ntolal 
units): dashed line — calculated using the Pitzer model and a thermody
namic value of the dissociation constant of 1.046 x  10 ' mol kg ': full 
line — fitted equation of Millero et al,2"2 (Equations 227 and 228), again 
converted to rnolal units.

Equation 228. Two different sets of activity coefficients of undissociated ECS were used in 
the calculations: first, those given by Equations 222 to 224. from the seawater solubilities 
measured by Douabul and R iley ,-' and second, values based on solubilities in pure aqueous 
NaCI (see Table 39 for equation) for which it was assumed that s  / (in aqueous NaCI), 
The latter approach yielded better agreement with measured 'Kf,s. suggesting that activity 
coefficients derived from the data of Douabul and Riley"7 are indeed too low, and that 
aqueous NaCI is a satisfactory analog of seawater. Measured and predicted TK,*S at 25°C 
are shown in Figure 37, together with values calculated using Equation 228. The Pitzer 
model, together with a thermodynamic KHS equal to 1.046 x 10 7 mol kg yields stoi
chiometric dissociation constants in excellent agreement with measured values. Comparisons 
by Hershey et alx>sl down to 5°C are similarly satisfactory.
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g. Sulfur Dioxide
Sulfur dioxide is a precursor of atmospheric H,SO+, which is formed by the (largely 

aqueous phase) oxidation of SO,, which is highly soluble. Sulfur dioxide dissociates on 
dissolution in aqueous solution to form sulfite and bisulfite:

S03uq, + H,0 = H ’ + HSO, (Kllso,) (231)

HSO, = H ' + SO3 (KSI>1) (232)

The following stoichiometric constants can be delined and related to the thermodynamic 
constants (Kl(S()i and KS(1,) above:

Khso, =  wHSO, /mSO,,r, = K,|Sf)i(«H:0'ys„jir/y Hy,[SO]) (233)

K*o, =  mH’uiSOI /mHSO, = KM,i(yMS(,/y Mys„i) (234)

where wiSO,,n is equal to /nSO, + wH ,SO,. Millero et al.3"'1 have determined values of 
K*S(1, and in aqueous NaCl at 5 and 25°C. The variation of both KSsl)i and K*,, with 
ionic strength appears to be independent of temperature within this range. Results extrapolated 
to 2ero ionic strength agree closely with thermodynamic values of the equilibrium constants, 
determined by Goldberg and Parker,3*' so that the variation of pKjt|slli and pK£0i can be 
described (from 5 to 25QC) by the equations

pKfiso, = PH,(so. -  0.485/’3 + 0.3/ (235a)

where

ln(KMSOi) = 554.%3 -  16700.1/T -  93.67(ln T) + 0.1022 T <235bj

pK*,, =  pKS()i -  I.052/1- + 0.36/ (236a)

where

imK.sn,) = -358.57 + 5477.1/T + 65.3l(lnT) -  0.I624 T (236b)

Solubility data for SO,.3KB in both seawater and aqueous NaCl, prior to the work of Millero 
et a I.3*'* appear to be of doubtful quality. While Douabul and Riley3**' have determined SO, 
solubilities in seawater, their salting coefficients appear to be anomalously low31"’ in much 
the same way as those for H.S (see previous section). Consequently, for calculations in
volving seawater, activity coefficients wall be assumed to be the same as those in aqueous 
NaCl at the same total molality Millero et al.’’1" obtained the following relationship for the 
solubility of total SO (mS().,r,) in aqueous NaCl to 6 mol kg ' NaCl:

logltl(»iSO:il)) -  log„,(mSO",T,) + ( -  0.0997 4- 22.3T )/ i237)

where niSO",,, is the equilibrium solubility in pua* water, related to the apparent Henry's 
law constant A','i (determined by Goldberg and Parker'"') by

wSO“Tl = />SO,A’,, (238a)

where

In(A') =  -  142.679 + 8988.76,T +• I9.8967(ln T) -  0.0021 T (238b)
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TABLE 40
Ion-Ion Interaction Parameters Involving

HSO, and SO| Ions at 25°C2“

Species 0,0, P»> c*

Na HSO, 0.1527 0.3)97 — 0.02459
Na SO; 0.08015 1,185 -0.00434

0,,,,., ^Na.O.SOj

c i- SO; 0.099 -  0.0156

N o te ; Parameters for Na.SO, at 25°C are same as those
of Kim and Frederick.11" Parameters for inter
action of Mg-' and Ca: ' with SO-, and 
HSO, were assumed by Millero et a). to be 
the same as those for SOj and HSO., (e g., see 
Pitzer,51 Chapter 3, this volume). Model param
eters for Na.SO, and NaHSO, are the following 
functions of temperature:

Na.SO,:
p"" = 5,8X444 -  1730.55/T.

= 19.4549 + 6153,78/1
C" = .1.2355 + 367.07,T

NaHSO,:
P««> =■ 4.3407 -  1248.66,T,
0,h =- - 13.146 f 4014.80,T
C* -= -0.9565 + 277.85/T

The activity coefficient of SO,,,, in the aqueous phase 
may be derived from the solubility relationships given 
in the text (Equation 239).

The empirical representation of solubility in Equations 237 and 238 has not been used to 
estimate Pitzer model parameters, as this would require both fugacity corrections to be 
considered and probably some estimate of the self-interaction of SO, in solution, since the 
solubility is about I mol kg 1 for an experimental partial pressure of 1 atm. The effective 
activity coefficient for total SO, in aqueous solution is given by

log[(,(“ySo,i11) = loe ..kuSO ... raS() .,.) = (0.0997 -  22.3/T)/ (239)

To assist more generalized calculations, Millero et al.28h have determined model param
eters for the interaction of HSO, and Sc E with Na ’ (including ternary terms 0n SOi and 
il»Na (-, so, for NaCI solutions) as functions of temperature (see Table 40). The results, including 
values of y so,lT, estimated from Equation 239, can be used to satisfactorily reproduce the 
values of the stoichiometric dissociation constants in aqueous NaCI.28'’

What of more complex natural waters, such as seawater? The principal additional in
teractions that need to be considered, to determine activity coefficients of SO2 and 
HSO, , are with Mg2 * and Ca2 ‘ . At present there appear to be no data available from which 
to estimate their values. However, in view of the rough similarity between Na interactions 
with HS04 and S 04 , and HSO; and SO,', Millero et al.286 have suggested setting the 
unknown Mg2, and Ca2 * interaction parameters (with HSO, and SO, ) to the values for
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FIGURE 38. Smith lomcinc dissnciation conscants of SO, in seawater at 2V‘C. calculated 
on both a "free" H f’KSs,,, and 'K* and "to tal" H ('KSv,, and *Kt„,) basis, using 
the Pitzer model with parameters lor HSO, and SO! interactions given in Table 34 
la) First dissociation I Equation 233>; |b) second dissociation (Equation 234)

the corresponding SfVIi unions in order to estimate dissociation constants in natural brines, 
Comparisons with single measurements of pKfLslti and pK?„, in seawater at 25°C confirm 
that this substitution gives reasonable results. Calculated values of the two dissociation 
constants in seawater at 25°C are shown in Figure 38.

h. Ion Product o f Water in Seawater
Dickson and Riley3** have measured the ion product of water in seawater over a range 

of temperature and salinity on a total (SWS) pH scale such that, in molal units.

TKjSjC, =  wiH,'r/nOHlTl (240)

where:

mH(f, - mH.f,, + wHSO., + mHF (241)

mOH,T, = wOH,r, + /wMgOH ' + mCaOH * + wSrOH * (242)

Dickson and Riley3*’1* have compared their results with earlier measurements of Culberson 
and Pytkowicz390 and also Hansson.-91 While small systematic differences were evident, the 
variation of rKfl.,,with temperature and salinity was found to he similar in the three studies.

Within the context of the Pitzer model, the formation of HSO, . HF. and MgOH * un
treated explicitly, while the influence of CV ‘ and S r ' upon OH activity is treated as an 
interaction between the free ions at 25°C. For seawater media the greatest obstacle to direct 
calculations of K , (on any scale) for temperatures other than 25°C lies in the lack of 
information concerning the temperature variability of MgOH * formation, which accounts 
for a large proportion of total OH in seawater 

We have calculated rK,5,,, in seawater as

Kh i/'H.Oqy,,,! ,,) 1243)

where the total activity coefficients -y,„,, and y,„ „, take into account HSO, . MgOH . and 
HF formation, using the seawater recipe of Dickson and Riley.3'”1 Results at 23°C arc shown 
in Figure 39 together with calculated concentrations of free and associated H and OH 
for a solution in which mH,i, - mOH,,,. It is clear that the Pitzer model calculations are
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FIGURE 39. (a) Comparison of measured and calculated ionic product of water ('Kj$l())
in artificial seawater at 25"C. Symbols — data of Dickson and Riley:’1"' full line — empirical 
fitting equation of Dickson and Riley: dashed line — calculated using the Pitzer model.
(bl Calculated species concentrations of free and associated H ' and OH as a function of 
seawater ionic strength at 25°C.

in excellent agreement with the data, and are likely to provide reliable estimates of 1 ,t> 
to zero salinity (which the empirical fitting equation of Dickson and Riley-6* does not do). 
The calculated species concentrations shown in Figure 39 confirm the importance of the
Mg~ ‘ -OH interaction in determining the ionic product of water.

Comparisons of calculated and measured ‘Kff,, for T z4 298 K showed positive errors 
at 5, 10, and 15 C (i.e., calculated rK^,0 too great), but negative errors at 35°C. Since the 
H 1 -HSO., equilibrium and ion-ion interactions (opposite sign) are quite well parameterized 
as functions of temperature, it is likely that these systematic deviations are chiefly due to
the fact that a constant KMg()ll (154 kg mol 1 66) is used. To aid model calculations of the
ionic product of water over a range of temperatures, we have fitted as a function of
temperature [ln(KMgOH) * 1/T| to obtain optimum agreement between measured and cal
culated 1Kj q> from 5 to 35°C. with the following result:

ln(Ks1i,oll) = -I1 5 5 /T  + 8.9108 (244)

Use of this equation yields a calculated 'K,*,,, in excellent agreement with the data of Dickson 
and Riley26* at all temperatures. Since all differences between measured and calculated 
' Ki*i,0 at T #  25°C have been subsumed into KMg0„, use of Equation 244 should be restricted 
to calculations of the ion product of water in saline solutions.

D. COMPLEXATION OF TRACE SPECIES IN NATURAE WATERS
Complex formation in solutions of single electrolytes (such as pure aqueous ZnCL. 

CuCI, and H,PO,), and the activity coefficients of the various species that arise, have been 
reviewed by Zeinaitis et a!.6i These authors also consider methods of identifying complex 
formation in aqueous solution, and the application of activity coefficient models to describing 
their behavior. They conclude that, over the range of attainable temperatures and pressures, 
most electrolytes form complexes in pure solution or with other compounds dissolved in 
water. It has been shown earlier that these effects can be treated as strong interactions 
between free ions, where ion pairing or complex formation is not too great. For example, 
this is the case for ion pair formation in solutions of bivalent metal s u l f a t es . and  dissociation 
to produce HPO, and POq in pure aqueous H.PO. (for which only the first dissociation 
is treated explicitly using the Pitzer model),*6 Millero6" has presented Pit/er model parameters 
that enable the effects of numerous acid-base equilibria on trace component activities to be 
simply calculated, although their validity is mostly restricted to 25°C and ~=35 S9U.
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Metals belonging to the transition series and the B subgroups of the periodic table form 
relatively strong complexes (K >20 kg mol ') with Cl . OH , HCO, . and CO5 . Thus, 
it is impossible to calculate the total activity coefficients of these constituents in natural 
waters without an extensive consideration of chemical equilibria. The metals are also present 
at such low concentrations (10 7 mol kg ' or less) that the complexes they form will have 
a negligible effect on the concentrations of the major components. Against this constant 
ionic background, we can define for the reaction between metal M and ligand L

M + nl. = ML„ (245)

a parameter, ct, such that

a, „ = Kj5, n mL" =  mML,/mMlFI (246)

where K*(i is the overall stoichiometric formation constant, and mMlH is the concentration 
of free, uncomplexed metal. The percentage of metal present as ML„ is given by

%(MLJ = 100 x mML>iM,r , (247)

where the total metal concentration. mM,Tl, is related to the free concentration by

mM,,, = fflMlP,( l  + S X  ,ri n) = ntM,,., a M (248)
I n

The summations account for all complexes involving metal M. and a M is known as the 
overall side reaction coefficient,7'''-"''1 From Equation 246 we obtain

"’ML,, = mM,t) cr, „ (249)

so that, substituting Equations 248 and 249 into Equation 247:

9HML„) = 1(H) x ,r, „/aM (250)

Similarly, the percentage of free metal ion at equilibrium can be calculated from

%(MlFl) = IOO/aM (251)

Organisms are believed to respond to the free metal ions in solution rather than to that in 
complexed form. Equation 251 has been used to estimate free copper ion concentrations in 
seawater media, and these concentrations have been used to correlate the behavior of phy
toplankton cultures with varying background copper levels. '011 The use of the term “ free 
cupric ion activity" in this context is a misnomer, since the activity of any ion in solution 
depends only on the temperature, pressure, and standard state employed.

Equation 250 can be used to determine the distribution of the metal between the various 
complexes. Equation 251, together with frec-ion activity coefficients ('y„„,). can be used 
to calculate conventional total ion activity coefficients (yM,tl) from

TmiTi “ Ysir|Va M (252)

The most difficult problem encountered in the preparation of a speciation model of a particular 
solution is undoubtedly the selection of conditional stability constants (K*^) to describe the
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TABLE 41
Calculated Speciation of Copper(ll) and Lead in Seawater (25 C. 1 atm 

Pressure, Ic = 0.70 mol dni \  pH 8)

Total copper ('< I Total lead (% )

Complex a b e d a b c e f g

M-' 2.5 1.6 l ,8 3 A !.() 4.5 4 2 ____

MCI' 39 27.7 29 2 34 I I 8.8 18.9 13 7 2-4
MCI? 5 1 30.3 37,5 51 3 12.2 42.3 8 I0 I.O
MCL, 6 26.3 27.0 12 — 5.3 9.2 3 4 —
MCI) — O.l — — — l.5 3.6 — A —
MOH ' — 4.0 — 0, l •— l.3 10.2 30 4 —
M(OH)5 — < 0.1 — — I < 0.1 — 2 — —
MGHCT — — 2.9 — — 8.8 — 2 —

MCO) — 0.7 0.2 0.4 80 67.8 0,4 40 53 64.6
MHCO, — O.l — — — 0.2 1.4 — — —
m so ; — 0.3 0.2 0.3 — 1.9 0.5 — I —

Zirino and Yamamoto-'16 
b Florence and Hatley."-’

Dyrssen and Wedborg.4"
J Ahrland. "*
1 Stunim and Brauner."’
1 Whitfield and Turner,'"" where lead speciation is reviewed. Includes the species Ph>( () ) 

a ci  ). Pb(CO,Cl) (12 ‘7 ,). and PblCO.OH) (1'/,).
* Lu and Chert,"' includes the species PbCp (28.79f ) and PblCCKl; (29<).

complexation reactions that occur. Table 41, for example, shows widely varying estimates 
of the speciation of Cu(Il) and Pb in seawater, using stability constants drawn from available 
compilations.

Owing to the complexity of natural systems it is necessary to adapt stability constants 
determined in simple ionic media, chiefly aqueous solutions of single salts, for use in a 
speciation model of a more complex medium such as seawater. The most rigorous procedure 
would undoubtedly be to correct the KJ, values measured in simple media to infinite dilution 
(KM1 ) using the Pitzer equations or some other suitable formalism. The same theoretical 
approach could then be used to adjust KM1 to provide a conditional constant appropriate 
for the medium under consideration, by accounting for the effects of all the ion-ion and ion- 
complex interactions on the activity coefficients:

Kmi.t = Km, TmTo Tmi„ (253)

Unfortunately, there are few systems for which the necessary ionic interaction parameters 
are available, especially those involving complexes rather than just free ions. Also, the 
measurements for only a small minority of the tabulated KftL (in simple ionic media) are 
presented m sufficient detail for the initial extrapolations to infinite dilution to be made.

The necessary alternative approach is to make Some simplifying assumptions concerning 
the interactions in both the ionic medium and the natural system, thus enabling the measured 
K*1t to be used for speciation calculations with the minimum of manipulation. In applying 
such a procedure it is customary to assume the following:

l . Any strong specific interactions between the medium ions and the trace element ion 
or ligand have been taken into account in the interpretation of the original measurement 
of K4„-
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2. The activity coefficients of the free metal ion. free ligand, and complex are unaffected 
by changes in the medium composition at constant ionic strength.

3. Kml„ can be reliably corrected for the difference in ionic strength between the medium 
in which the original measurement was carried out and the system which is being 
modeled.

These assumptions become more tenable the more closely the ionic medium corresponds 
to the natural system. However, most experimental measurements are made in perchlorate 
or nitrate media. In the introduction to their critical compilation of stability constants, Smith 
and Martel F'” state that the constants listed are uncorrected for the interaction of trace 
components with the medium ions, since, in the majority of cases, insufficient data arc 
available. Turner et al.’yfc have taken the measured values compiled by Smith and MartelP5 
and fitted them directly as functions of ionic strength. The original compilation of KJ1L̂ 
values is necessarily a rather heterogenous collection of data, gathered by numerous authors 
using different experimental techniques. The lltting parameters obtained are best considered 
as providing a summary of available data. Turner et a!.'’"' fitted measured stability constants, 
on a molar basis, to the empirical relationship

loga.lK&J =  logm(KMIJ  + SAz'/.’ ’/(1 + B/,1-’) (254)

w here S is the Debye-Hiickel slope (0.511) and:

A t' -  A t J(products) -  £ t ' i reactants) (255)

This operaiional approach still provides the most comprehensive summary of the stability 
constants of trace metal complexes as functions of ionic strength, although more recent 
studies have improved our detailed knowledge of the complexation behavior of a number 
of metals. It should also be kept in mind that complexation by organic compounds plays an 
important role in natural waters such as seawater. For example, it appears that dissolved 
Cu(II) in surface seawater is present mostly in the form of organic complexes2"7 rather than 
carbonate as would be predicted by considering only interactions with inorganic ligands.

In Table 42 are listed values of the stoichiometric stability constants at 25°C and 35 
S%r for complexes of 49 metals with the major anions present in seawater, derived from 
the work of Turner el al.3W’ It should be noted first that concentrations are in molar units, 
and second that the original calculations were carried out using an ion pair model to determine 
the activities (and speciation) of the major ions. Thus the ligand concentrations and ionic 
strength of 0.65 mol dm ’ are lower than the total ion concentrations given elsewhere in 
this chapter (see the notes to Table 42) Turner et a!.2*  list the calculated speciation of 
cations in model seawater (excluding organic ligands). A similar approach has previously 
been taken in modeling chemical speciation in estuarine waters.2VH

As the experimental data base expands and theoretical procedures improve, a more 
rigorous method may be adopted and the inconsistencies of this simple treatment removed. 
For example, the Pitzer formalism has been used to nuulel activity coefficients and speciation 
in aqueous solutions of HFV,J AgCl and its mixtures with a number of chloride salts.2"" 
aqueous CuCl (on a molar basis).""1 aqueous CuCI,.2fcl and the formation of MgF' in 
saline media."’1 Most of these applications are not relevant to the study of natural waters 
— the complexation of Cut II) by Cl is of little importance and the activity coefficients of 
both H and F are determined entirely by interactions with major ions. However, they do 
illustrate the difficulties that the more rigorous approach entails, notably the very large 
number of (unknown) ion interactions that arise for systems in which multiple complexes 
are formed The case of MgF' formation is more relevant here, and demonstrates how both



3 9 6  Activity Coefficients in Electrolyte Solutions, 2nd Edition

TABLE 42
Logarithms of the Stability Constants for Cl~, F~, SO*- , and OH~, and CO2- 

Complexes of Trace Metals in 35 S%c Seawater at 25°C, for the Reaction: 
Mx+ + nAy~ = MA^-"y,+ 2,4

Cl complexes Cl complexes
n = 1 2 3 4 5 6 n = 1 2 3 4

A g 3 .21  5 .1 6 5 .8 0 3 .53 _ _ L u - 0 . 3 8  - 2 . 1 4 _ _
A3 —  ~ — — — — M n 0 .0 4  — _ _ —
A m -  — — — — — N b — — —
A s —  ~ — — — — Nd - 0 . 0 8  — 2 .1 4 — —
B a - 0 . 7 5  — — — — _ _ N i 0 .1 0  — — —
B e - 0 . 3 0  - 1 4 3 — — — — N p O , - 0 .0 5 6  — — —
B i 2 .0 0  3 .3 9 5 .03 5 .6 9 6 .1 6 5 .8 9 Pb 0 .9 2  1 .25 1 24 1.29
C d 1.35  1 .70 1.48 1.36 — _ _ Pm - 0 . 0 8  — 2 .1 4 _ _ —
C e - 0 . 0 8  - 0 . 4 7 — — — _ _ Pr - 0 . 0 8  - 2 . 1 4 — —
C f —  _ _ — — — — Pu 0 .31  — _ _ —
C o - 0 . 0 5  — — — — — R a -  0 ,7 5  — — —
C r - 0 . 4 6  — — — — — Sb ---  --- — —
C s - 0 . 8 6 — _ _ — _ _ S c 0 .0 4  - 0 . 0 9 —
C u - 0 . 2 2  — — — — Sm - 0 . 0 8  - 2 . 1 4 — —
D y - 0 . 0 8  - 2 . 1 4 — — — — S n —  --- — —
E r - 0 . 0 8  - 2 . 1 4 — — — — T a ---  --- — ___
E u - 0 . 0 8  - 0 . 6 7 — _ _ — _ _ T b - 0 . 0 8  - 2 . 1 4 — —
F e ( l l ) - 0 . 3 0 — __ — — T h 0 .2 4  - 1 . 3 2 — —
F e ( I I I ) 0 .6 3  0 .7 8 - 0 .7 4 — — — T iO --  -- — —
G a 0 .0 1 1  — — — — — T l( I I I ) 6 .6 8  11.65 14.38 16.19
G d - 0 . 0 8  - 2 . 1 4 — — — — T i l l ) 0 .0 4 3  -  0 .1 3 9 — —
H f 0 .5 0  - 0 . 2 5 4 -  1 .026 — — — T m - 0 . 0 8  - 2 . 1 4 — _
Hg 6 .7 2  13.20 14.10 15.20 — — U ( IV ) 0 .31  — — —
H o -  0 .0 8  - 2 . 1 4 — — — — U C V I) - 0 . 0 5 6  — — —
In 2 .3 0  3 .72 4 .1 0 — — — Y - 0 . 0 7 8  — — —
L a - 0 . 0 8  - 2 . 1 4 — — — — Y b - 0 . 1 8  - 2 . 1 4 — —
L i — — — — — — Z n — 0 .21  - 0 .1 1 - 0 .6 1 0 .0 9

Z r 0 .4 2  - 0 . 3 3 — 1.10 —

F complexes F~ complexes
D = 1 2  3 4 5 6 n = i 2 3  4 5 6

A g - 0 . 2 2  —  — _ _ _ L u 3 .6 3 _ _ _ _ _
A l 6 .1 0  11.07  14.98 17.98 19.40 19.84 M n 0 .0 7 --  --- --- — —
A m — ~  — — — — N b — --  --  --- — _
A s — — — — — — Nd 3.11 --- --- --- — —
B a - 0 . 3 0  —  — — — __ N i 0 .5 0 --  --  --- — _
B e 4 ,9 9  8 .7 9  11.55 12.54 — — N p O , 4 .5 4 7 .9 6  1 0 .50  11.90 — —
B i 1 40  — — — — __ Pb 1 44 2 .5 3  — — _
C d 0 .4 6  0 .5 2  — __ — __ Pm 3 .13 — — — — _
C e 3 .03  — — — — Pr 3 .03 — __ — — —
C f — — — — — — Pu 9 .0 8 14 50  1 9 .60  — — —
C o 0 .4 0  — — — — — Ra - 0 . 3 0 --  --  -- _ _
C r 4 33 7 65 10.18 — -- — Sb — — ...... —
C s — — — .... Sc 6 15 11.41 15 48  18 38 — --
C u 0 9 0  — Sm 3 14 _
D y 3 48 — Sn ............... ...
E r 3 56  ..............- — T a ..... —-
E u 3 21 - T b 3 44 —
EX 11 0 80 — T h 7 53 13 32 1 7 .9 0  20 10
Ee l 111) 5 .1 7  9 1 0  1 2 1 0 ... — — T iO — -- _
Ga 4 .4 0  7 .95  10.10 — — • — 11(111) — —

Gd 3 .3 6  — — -- — rid) - 0 . 3 6 7

H f 9 .0 8  15 30 2 1 5 0 26 90 3 2 .1 0 12 80 T m 3 58
Hg 1.01 — — - - U (1 V ) 9 08 14 50  19.64  — ..
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TABLE 42 (continued)
Logarithms of the Stability Constants for Cl', F", SO,', and OH', and CO|" 

Complexes of Trace Metals in 35 S%r Seawater at 25°C, for the Reaction:
M*+ + n V = MA^'nyl+ 296 

j g f  complexes___________________ _____________complexes
n = 1 2 3 4 5 6 n = 1 2 3 4

Ho 3.54 ___ ___ __ ___ _ U (V l) 4.54 7.96 10.50 11.90 _ —
In 3.72 6.44 8.57 9.82 — — Y 3.80 7.08 10.28 — _ —
La 2.67 __ _ — — — Yb 3.60 — — — — —
Li — -- -- — — — Zn 0.75 _ _ _ _ _ _

Zr 8.78 16.10 22.00 27,60 21.60 26.10

SOJ' complexes SOL complexes
n = 1 2 3 4 5 n = 1 2 3 4

Ag 0.524 0.447 - 2.20 _ _ Lu 1.45 2.16 — —
Al — — — — — Mn 0.87 — —

As ___ __ ___ ___ _ Nd 1.75 2.57 — —
Ba 0.77 1.62 — — — Ni 0.95 1.62 — —
Be 0.65 1.98 — — — NpO, 1.89 2.70 4.01 —
Bi 2.20 3.79 3.95 6.05 5.13 Pb 1.36 2.93 — —
Cd 1.06 1.86 2.40 1.77 — Pm 1.76 2.62 — —
Ce 1.67 2.74 — — — Pr 1.73 2.39 — —
Cf — — — — — Pu 4.11 6.86 — —
Co 0.97 — — — — Ra 0.77 1.62 — —
Cr 2.72 — — — — Sb _  _  _ —
Cs — — — — — Sc 2.51 3.80 — —
Cu 1.06 __ — — — Sm 1.78 2.67 — —
Dy 1.73 2.27 — — — Sn _  _  _ —
Hr 1.70 2.57 — — — Ta _  _  _ _
Eu 1.68 2.57 — — — Tb 1.75 2.62 — —
Fe(II) 0.81 _ — — — Th 3.91 6.57 — —
Fe(III) 2.15 2.85 — — — TiO 1.84 — _ —
Ga — — — — — TI(III) 2.486 — — —
Gd 1.80 2.68 — — — THU 0.594 — —
Hf 3.73 6.48 — — — Tm 1.70 2.61 — —
Hg 1.27 2.28 — — — U(IV) 4.11 6.86 — —
Ho 1.70 2,37 — — _ U(VI) 1.89 2.70 4.01 —
In 1.967 2.90 3.14 — — Y 1.58 2.77 — —
La 1.57 2.76 — — — Yb 1.69 2.67 — —
Li -0.135 — — — _ Zn 0.94 1.67 2.01 1.67

Zr 4.36 7.44 8.37

OH' complexes OH' complexes
D = 1 2 3 4 5 n = 1 2 3 4 5

Ag -  12.13 -23.82 ___ ___ _ Lu - 8.22 -16.61 -24.60 --32.50 _
AI -  5.50 -  10.30 -16.10 - 23.70 — Mn -  10.90 -22.60 -34.90 - 47 60 —
Am - 8.12 -  17,41 -27.43 -- 37.73 — Nb -7,34 — _

As -9.035 — — — — Nd -8.62 -17.80 -27.40 - 37.80 —
Ba -  13.89 — — — Ni -  10,20 -19.40 -30.10 - 43.30 —
Be -5.71 -  14,05 -23.29 - 36,65 — NpO, -5.89 — — _ —
Bi -  1.51 -4,87 -9.81 - . 22.4 — Pb -7.78 -17 21 -27,82 _ —
Cd -  11.14 -20.75 -33.30 - 46.78 — Pm -8.57 -17.63 -26.95 - 36.71 —
Ce -8.92 -  18.01 -27.73 - 38.33 — Pr -8.72 -  17.90 -  27.53 - 37.90 —
Cf - 8.12 -  17.41 -27.43 - 37,73 ~~ Pu 1.2671 -3.60 -7.36 - 11.88 - 17.35
Co -9.98 -19.19 -31.59 - 45.61 — Ra -  14.00 — — —
Cr -4.55 -  10.81 -  19.24 - 28.25 — Sb -  11.56 — —
Cs -  14.70 — — — — Sc -4.87 -10.76 -17  21 -26.78 —
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TABLE 42 (continued)
Logarithms of the Stability Constants for Cl , F~, SO4 and OH , and COp 

Complexes of Trace Metals in 35 S'., Seawater at 25°C, for the Reaction: 
M "  +  nA' =  MA,’ "'•*ffi Ey _

jO lT  complexes________ _____ ___ _______  €t~ complexes
n = 1 2 3 4 5 6 n -  1 2 3 4

Cu - 8.29 -  17.63 - 27 83 -  38.79 _ Sm -  8.52 - 17.50 - 26.70 -36.40 —
D y - 8.62 -  17 11 - 25.63 -  34.23 — Sn 0.93 0.59 0.53 -0.75 -
Er -  8.52 -16.81 - 25.10 -  33 30 — T a -  9.54 — --- ---
Eu .8.42 - 17.50 - 26.50 -  36.00 — Tb -8 .52  -17.21 - 26.0.3 -  35.03 —
F e ( ll ) -  9.80 -  21 (X) - 31.10 -45.30 — Th -4 .08  -7.65 - 12.94 -17.16 —
Fedll -2.73 -6.39 - 12.65 -2 1 9 6 — T iO -2 .69  -5.26 — —
G a -  3 25 -7,01 - 11.54 -1 7  45 — T ill  11) -1 .02  -2 .29 -4.11 - 15,50 —
G d -8 .62 - 17.30 - 26 10 -3 5  10 — Tl(I) -  13.223 — — --- _
H f -1.13 - 3  12 - 7.24 -12.00 18.20 T m -8 .32  -16.81 - 25.03 -33.33
H g - 3  68 -6.34 - 2 1 . 1 0  — — U (IV ) 1.267 -  3.60 -7.36 -11.88 -17.35
H o -8.62 -  17.01 - 25.53 - 34.13 — U (V I) -5 .89  — — __
In -4.00 -8.47 ~ 13.14 -22,50 — Y -8 .32  -17.31 - 26.93 -37.23
La -  9 12 - 18.30 - 28.40 -  39.50 — Y b - 8  32 -16 71 - 25.03 -33.43
Li -  13.75 — — — Z n 9 18 -17 20 - 28.40 -40 40 ..-

Z r 0.58 -2.42 6.34 -10.96 -17.04

C O ]  c o m p le x e s C O )  c o m p le x e s

n = I 2 3 n = 1 2  3

A g 2.62 ... Lu 5.68 —
A! 6.54 - - — M n 2.71 —
A m 4.11 7.47 10.62 N b -
As — —- N d 4.83 -...........-
Ba 1 .3 9  — — Ni 3.98 —
Be 3.74 — — N p O , 6.11 15.10 20.20
Bi — — Pb 5.61 871 —
C d 2.96 — — Pm 4.91 —
C e 4.89 — — P r 4. 7 3  __ —
C'f 4.11 7.47 10.62 Pu —
C o y_52 — R a 1.391 —
Cr - - — S b —

Os —  — — Sc 8.21  —
Cu 5.36 9.11 —- S m 4.97 — —
D y 5.28 — — Sn --- --- ---
Er 5.43 — — T a --- __ ---
Eu 4.94 „ — T b 5,04 —
F e ( II 3.34 — — T h 7.60 — —
F e d l l ) 7.83 — — T iO — --- __
G a 6.90 — — T l f l l l ) — —
Gd 5.40 — - - T1(I) — — —
H f — — T m 5.19 — —
H g 9.55 — — U ( I V ) ~~~ _
H o 5.34 — — U (V T ) 6,11 15.10 20.20
In 4,10 — — Y 5.05 — —
L̂a 4.27 — — Y b 5.71 — —
Li — — — Z n 3 .3 6  —

Z r —

N ote  ■ F r e e  concentrations (m m o l  d m '  ' } o f  th e m a j o r io n s  in m o d e l  s e a w a te r ,  to  b e  u s e d  w i th  t h e  a b o v e  c o m -

p l e x a t io n  c o n s ta n t s ,  a re t a k e n  f r o m  T a b le ! o f  T u r n e r  e f  alA'*’ a n d  a r e  a s  f o l lo w s :

Io n C o n e . Io n C o n e .

Ha1 0.4677 C l 0.5623
M g ’ * 0.04365 F- 3 31 x 10 ’
t v - 0.00851 s o l 9.55 x 10 '
K * 0 .0 1 0 2 co-; 3.16 x 10 '
S r * 6.31 x 10 *

pH is equal lo 8 20, and the model seawater has an effective ionic strength (/,.,) of 0.65 mol dm 0



TABLE 43
Pitzer Model Parameters for Cu(II) Salts and Their Binary 

Mixtures302
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Salt Cone. r p - pai C*

CuS04
CuCl,

11005— 1,6m 
0.19—2.25m

0.2340
0.2966

2.527
1.391

-4 8 .3 3 0,0044
-0.0360

N o te: For CuS04, model parameter b = 1.2, a, = 1.4, a, = 12.0. For CuCl,, 
b = 1.2, a, = 2.0, and a, is not required.

System Maximum I
Like charge 

(fled
Triplet

NaCl-CuCl, 7.3 0.00 -0.014
Na,S04-CuS04 5.5 0,00 -0.011
CuCl,-CuS04 7.2 -0 .02 0,043
NaCI-Na,S04 9.0 -0 .02 0.004

N ote: These parameters also give a good account of the osmotic coefficients in the 
mixtures without common ions, v iz ., NaCl-CuS04-H30  and CuClr Na,S04- 
H;().

ion association and ion interaction treatments can be used to obtain F activities in seawater 
(see Section I1I.D.3 below). Where primary interest lies_in the behavior of trace species and 
their complexes, and ionic strength is not too high; the ion pairing approach to modeling 
activities has much to offer and is well proven for estuarine systems. Some of the examples 
of the Pitzer approach are given below, followed by a discussion of the use of ion association 
models.

1. Formation of Cu(II) Chloro-Complexes
Copper forms relatively weak complexes with chloride ions, and a number of treatments 

of activity coefficients in chloride media containing copper have been carried out using the 
Pitzer formalism.264 301'302

The simplest approach is that taken by Downes and Pitzer302 who measured the osmotic 
coefficients of the five copper-containing binary mixtures of NaCl, Na,S04, CuCl2, and 
CuS04 using the isopiestic technique. They summarized their results using the Pitzer equa
tions without any explicit recognition of complex formation (Table 43). The ionic interaction 
equations were able to account for the experimental data to ionic strengths > 6  mol kg 1 
(Table 43). Indeed, the osmotic coefficients predicted using the single electrolyte solution 
parameters alone agree well with the experimental data, even for mixtures without a common 
ion.

A much more elaborate approach was taken by Haung264 who accounted explicitly for 
the stepwise formation of four copper chloro-complexes, in mixtures of CuCl, with NaCl 
or HC1, according to the equation

Cu2* + nCl = CuCl,, (256)

His analysis was comprehensive and treated all possible pairwise interactions and all triplet 
interactions except those involving the neutral complex CuCl0. In all, 37 interaction param
eters and 3 stability constants were required to describe the binary' CuCl ■ system — in 
contrast to the three parameters required by Downes and Pitzer302 for the same system. For 
the ternary Na-Cu-Cl-H20  system, 54 parameters were required, compared to the 3 or 4 
needed for the simpler treatment. This is not an economical way of describing activity
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FIGURE 40 Measured and calculated salt solubilities in the system Na 
Cu-O-H.O at 254 '. Symbols — experimental data. lines — calculated by 
Haung.(Redrawn from Haunt: w

c o e f f i c i e n t s  i n  e l e c t r o l y t e  m i x t u r e s ,  b u t  d o e s  i l l u s t r a t e  a  m o r e  g e n e r a l  a p p r o a c h  f o r  s i t u a t i o n s  
w h e r e  t h e  c o m p l e x e s  t h e m s e l v e s  a r e  o f  i n t e r e s t ,  o r  t h e i r  i n f l u e n c e  c a n n o t  b e  i n c o r p o r a t e d  
r e a d i l y  i n t o  a  p u r e  “ i o n  i n t e r a c t i o n "  s c h e m e .

I n  d e a l i n g  w i t h  s u c h  c o m p l i c a t e d  s y s t e m s ,  e x t e n s i v e  e x p e r i m e n t a l  d a t a  a r e  r e q u i r e d  t o  
o b t a i n  a  u n i q u e  s e t  o f  p a r a m e t e r s .  I n  I h e  s y s t e m  t r e a t e d  b y  H a u n g . ’ , , J  o n l y  5 3  d a t a  p o i n t s  
w e r e  u s e d  t o  c h a r a c t e r i z e  t h e  b i n a r y  C u C l  H  s y s t e m ,  a n d  o n l y  a  f u r t h e r  3 6  d a t a  p o i n t s  
w e r e  a v a i l a b l e  t o  d e s c r i b e  t h e  t e r n a r y  N a - C u - C l - H , ( )  s y s t e m .  C o n s e q u e n t l y ,  a l t h o u g h  t h e  
f i t t e d  m o d e l  p a r a m e t e r s  a r e  a b l e  t o  g i v e  a  g o o d  a c c o u n t  o f  t h e  s o l u b i l i t i e s  o f  C u C l ,  • 2 H . ( )  
a n d  N a C l  t o  h i g h  i o n i c  s t r e n g t h s  ( F i g u r e  4 0 ) ,  t h e  p a r a m e t e r  v a l u e s  o w e  a s  m u c h  t o  t h e  
f i t t i n g  p r o c e d u r e s  u s e d  ( a n d  a n y  s i m p l i f y i n g  a s s u m p t i o n s  m a d e )  a s  t o  t h e  r e a l  m a g n i t u d e s  
o f  t h e  i n t e r a c t i o n s  i n  s o l u t i o n .  T h i s  p o i n t  m a y  b e  i l l u s t r a t e d  b y  c o m p a r i n g  t h e  p a r a m e t e r s  
o b t a i n e d  b y  H a t i n g w i t h  t h o s e  e m p l o y e d  b y  F u r s t  e t  a i d " 1 t o  d e s c r i b e  t h e  e x t r a c t i o n  o f  
C t i H I )  f r o m  a q u e o u s  c h l o r i d e  m e d i a  ( N a C l ,  I . i C l .  o r  M g C l , )  b y  t h e  o r g a n i c  s o l v e n t  F I X  
6 5  N .

F u r s t  e t  a i d ' "  considered o n l y  p a i r w i s e  i n t e r a c t i o n s  b e t w e e n  i o n s  o f  o p p o s i t e  s i g n ,  a n d  
d i d  n o t  i n c o r p o r a t e  i n t e r a c t i o n s  i n v o l v i n g  t h e  n e u t r a l  c o m p l e x  C u C T . '  R a t h e r  t h a n  f i t t i n g  t h e  
f u l l  s u i t e  o f  p a r a m e t e r s  required f o r  p a i r w i s e  i n t e r a c t i o n s ,  F u r s t  e t  a l . ' 1”  u s e d  c o r r e l a t i o n s  
b e t w e e n  ( 3 " "  a n d  [ } ' "  t o  f u r t h e r  r e d u c e  t h e  n u m b e r  o f  u n k n o w n s .  D e s p i t e  t h i s  c o n s i d e r a b l e  
s i m p l i f i c a t i o n  t h e y  s t i l l  h a d  t o  e m p l o y  t h e i r  e x p e r i m e n t a l  m e a s u r e m e n t s  t o  d e t e r m i n e  3 3  
P i t / e r  m o d e l  p a r a m e t e r s ,  2 4  m o l a r  e x t r a c t i o n  c o e f f i c i e n t s ,  a n d  4  s t a b i l i t y  c o n s t a n t s .  W h i l e  
t h e  e x p e r i m e n t a l  d a t a  a r e  s a t i s f a c t o r i l y  d e s c r i b e d ,  t h e  p a r a m e t e r  v a l u e s  o b t a i n e d  u s i n g  t h i s  
t r u n c a t e d  P i t z e r  a p p r o a c h  a r e  q u i t e  d i f f e r e n t  t o  t h o s e  d e r i v e d  b y  H a u n g , a n d  a r e  i n  s o m e  
i n s t a n c e s  u n u s u a l l y  l a r g e  ( s e e  T a b l e  4 4 ) .  I t  i s  t h e r e f o r e  e m p h a s i z e d  t h a t  t h e  p a r a m e t e r s  
t a b u l a t e d  d o  n o t  p r o v i d e  a  u n i q u e  d e s c r i p t i o n  o f  t h e  i n t e r a c t i o n s  o c c u r r i n g  i n  s o l u t i o n ,  a n d  
g r e a t ,  c a r e  m u s t  b e  t a k e n  i n  u s i n g  t h e m  t o  m o d e l  r e l a t e d  s y s t e m s .  2

2 .  F o r m a t i o n  o f  P b  Chloro-Complexes
Although there are large discrepancies between t h e  published values of the stability 

constants for lead e h l o r o - e o m p l e x e s .  the c r i t i c a l  compilation of Smith a n d  Marteld'1' i n d i c a t e s  
that 1 I o g M, ( K,,h< , ) - 2. If s h o u l d  therefore be feasible to account tor ihe activity coefficient 
of lead, in solutions where e h  l o r o  complexes d o m i n a t e ,  by using P i t z e r  parameters d e r i v e d  
i n  a manner analogous t o  t h a t  used by Downes a n d  P i t / e r ' " ’ f o r  copper chloride H o w e v e r ,  
the study o f  lead ehloro-eomplexes b y  M i  H e r o  a n d  B y r n e .  which takes explicit account 
id t h e  presence o f  e h l o r o - e o m p l e x e s .  p r o v i d e s  a f u r t h e r  example o f  t h e  way i n  which t h e  
P i t / e r  treatment has been modified t o  include stepwise complex f o r m a t i o n .  The stability 
constants f o r  the reaction

Ptr • 4 nCl - PbCI;,’ (K,,n ) (257)



TABLE 44
Interaction Parameters for the System Cu(U)-Na-Cl-HjO at 25°C and

1 atm Pressure
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Interaction Note p" P‘" p ,J1 C*

C V -C I a 0.448 1,316 0 002
b 0.272 1.862

L V -C u C I, a 0.005 -0 ,3 5 3 0.352
h 0,797 2.687

Co- -CuClj a 0.793 1.520 2.529 0.293
h 0.852 24.978

CuCI - -CuCI, a 0.601 0.147 0.7tX)
b 2.279 3.382

CuCI -CuCI; a 0.298 0,437 0.34)
b 2.305 5.055

CuCI ■ -Cl a 0.083 U. 147 0.340
h 0.197 0.384

CuCI, -Na u 0,151 0,400 -  0.012
b 0.449 0.746

CuCii -Na" a -0 ,0 0 6 0,051 O.IKM
b 0,124 1,630

The following l(i(K, w ti]) values were also obtained from the experimental data;

Note On K, hi-i) lot Is, 1,1 IttlK .^ t,) ltd K. ,t

a 0.480 -0 .6 4 ! 2.512 -6 .2 5 3
h 0.191 -2 ,9 3 8 -  5 339 -7 .8 4 9

* Hating.*''' tt„. iUt[k. end A,, lenns also fitted.
* Furst el al . . only (J"‘ terms considered.

ate given by:

K,„i„ = (K*M,n7PhrJ/{7ph7r"-,) <2581

Mi Hero and Byrne"" assumed that the parameters describing the interactions of the free lead 
and chloride ions in solution were identical to those for zinc chloride solutions at the same 
total tunic strength. On this basis they were able to calculate the free ion activity coefficients 
yi,*,., and 7t PlI1 as a function of ionic strength in various chloride media, furthermore they 
ignored interactions between the complex ions since the lead chloride was only present at 
trace concentration. Rearranging Equation 257 and inserting the appropriate interaction 
coefficients, the following relationships were obtained in ternary chloride mixtures:

InfKp,* j) = In(Kfw,) - ■017.111,) " !ot7rHH)

lot 11 — 2/na  ( j ; : ; ; 2 » . M '  * h„ m , 1254)

ln( Kpw | ) -  Ini KfM i 1 - lo(7.iii,) -  2ln(7, l(, ,)

- In( Kn„ —2»iM AM j,w r 2/ttf 1 A, | p (26(1)

ln(Km lil = InlKf - (0(7(111-.) -  1!n(7. „. )

= lot Km , l ImM' IC™ ,, “  2mCl 0.....*■, 12(>l)



402 A c tiv i ty  C o e ff ic ie n ts  in  E le c tro ly te  S o lu tio n s , 2 n d  E d itio n

TABLE 45
Pitzer Model Parameters for Lead Chloro-Complex Interactions 

in Chloride and Perchlorate Media301

Interaction Note P° p C* •t.

Pb- -Cl u 0 .2 6 0 2 1 .6 4 2 5 0 .0 8 8 0

Pb-' -CI04 0 .3 3 3 2 1 .7 2 2 0 — 0 .1 )0 88

PbCl* -Cl b 0 .1 5
PbCr-CIO; 0 .2 2

Na' -PbCl, - 0 . 1 9

H' -PbCl, - 0 . 0 1

Mg’ '-PbCl, 0 .3 0

Ca’ ' -PbCl , 0 .4 0

Ca-' -PbCl - - 0 . 3 7

Mg’ ' -PbCl' - 0 .3 7

Cl PbCl, c - 0 . 0 3

Interaction parameters (A m pm for neutral PbCR species:

M' = H + Na t a-' cm CIO,

Ml.I'M j , 0
(assumed)

- 0 . 1 4 -0.20 0 .2 0 -0.1 1 - 0 .0 4

Assumes the parameters are identical to those for ZnCf 
Assumes HV: >,>,< > =- , = 0.
Assumes = Hno4.pM'i;-

TABLE 46
Thermodynamic Eormation Constants of Lead 
Chloro-Coinplexes at 25°C (from the Work of 

Millero and Byrne303)

Note Note logidKpfcn,) Note

1.48 a 2,03 a 1.86 a
l.i ..1.62 b 1.78..-2.44 b 1,68— 1.86 b

Millero anti Byrne.
Range (if previous values obtained from the literature arid listed by 
Millero and Byrne. I'“

w h e r e  M ' ' r e p r e s e n t s  t h e  m e d i u m  c a t i o n .  F r o m  p l o t s  o f  l n ( K , ' M -, } v s .  w C I  for t h e  v a r i o u s  
m e d i a ,  v a l u e s  f o r  t h e  i n t e r a c t i o n  t e r m s  i n  E q u a t i o n s  2 5 9  to 2 6 1  c a n  b e  d e r i v e d  ( T a b l e  4 5 ) .  
P a r a m e t e r s  i n v o l v i n g  PbCl ’ w e r e  o b t a i n e d  b y  a s s u m i n g  t h a t  0 Ni l  l,M., = , -  0 a n d

~ #(',.i« r The s t o i c h i o m e t r i c  s t a b i l i t y  c o n s t a n t s  d e t e r m i n e d  f r o m  t h e  d a t a  w e r e  
c o r r e c t e d  u s i n g  t h e  t a b u l a t e d  p a r a m e t e r s  to o b t a i n  t h e r m o d y n a m i c  s t a b i l i t y  c o n s t a n t s  w h i c h  
w e r e  in reasonable agreement with values obtained f r o m  other studies ( s e e .  for example, 
Table 4 6 ) .

3. Formation of MgF+ in Aqueous NaO and Seawater
I n  s e a w a t e r ,  t h e  m a g n e s i u m  f l u o r i d e  i o n  p a i r  a c c o u n t s  f o r  a b o u t  4 9 f t  o f  t o t a l  d i s s o l v e d  

fluoride, c o m p a r e d  with a b o u t  2 5 f  CaF ' T h e  a s s o c i a t i o n  c o n s t a n t ,  w i t h  an i n f i n i t e  dilution 
v a l u e  of 66.4.’'’'' i s  g r e a t e r  t h a n  t h e  c i r c a  2 0  k g  mol 1 l i m i t  a b o v e  w h i c h  a s s o c i a t i o n  s h o u l d
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TABLE 47
Pitzer Interaction Parameters for Na-Mg-Cl-F-H20  

Solutions at 25°C

Ions r - r » C * ®Na,Mg

Na Cl 0,0765 0.2664 0.00127 0.07 - 0.012
Na F 0.0215 0.2107 0.0
Mg Cl 0.3523 1.6815 0.0

f,F Na

0.0fa 0.0023a

N o te :  The seawater recipe of Dickson,1 w used here, is as follows for a solution 
of total salt content S, equal to 35%c, and ionic strength 0.7225 mol 
kg mNaCl 0.42764, mNa3S()4 0,02927, mKCI 0.01058, m M g C U  
0.05474, and niCaCT 0.01075 mol kg

‘ Determined by ion-selective electrode measurement, as described in text. 
Other parameters are as listed by Harvie and Weare54 and Pitzer51 (Chapter 
3, this volume).

be recognized explicitly in the Pitzer model.56 Nonetheless, it is possible, at least for the 
Mg2 4 concentrations present in seawater, to represent the Mg2 4 -F interaction either as 
occurring between free ions or in terms of the formation of the complex MgF +. The two 
alternative analyses are now described as an example of how these calculations may be 
carried out.

The association of Mg2+ and F has been measured potentiometrieally in NaCl media 
by Clegg and Brimblecombe101 from 0 to 6 mol kg 1 ionic strength at 25 ( \  Aqueous NaCl 
is the simplest medium that may be considered an adequate analog of seawater and, in terms 
of a comprehensive thermodynamic treatment, has the advantage that the interactions of 
Mg2 * and F with Na * and Cl are well established (Table 47), with the exception of two 
mixture parameters (8C, F and t|/Na c, F) which it was first necessary to determine.

The unknown parameters were obtained by measuring the mean activity coefficient "yN,lF 
and quotient yF/ycl in Na-Cl-F-H20  solutions from 1 to 6 mol kg ' ionic strength.11’1 All 
experiments were carried out using glass Na 4 and solid-state F and Cl'~ electrodes, thus 
avoiding the problem of liquid junction potentials. Both series of results were combined to 
determine 0CIF and i{iNa CI F by the usual graphical method.82

It is worth noting here that, although the system contains only three ions and the pure 
solution activity coefficients of NaCl,.tq) (to 6 mol kg ') and NaF,.K!) (to 1 mol kg ') are 
well known, the treatment above is not the only one possible within the context of the model. 
This is because the saturation concentration of aqueous NaF is only 0.983 mol kg thus 
the variation of the function BNaF above this concentration, the limit for which activity 
coefficient data are available, may be poorly predicted in solutions of greater ionic strength. 
A possible alternative treatment would therefore be to use the measurements described above, 
together with pure solution yNilF, to redetermine the parameters PSl’;,.. pyjF, and €*.,,, to high 
ionic strength together with 0O F and 4W o> •*' needed.

Knowing all interactions for the Na-Mg-F-Cl-H,0 system except those involving Mg2 5 
and F , -yNaF was then measured in the full mixture. Since both Mg24 and I-'  concentrations 
were maintained sufficiently low that the influence of N a4-Mg2*-F and Mg2' -Cl -F 
interactions on -y,. ('Jw.Mg.F and ^Mg.cu) were likely to be small, the difference between the 
measured ln(yN.,F) and that calculated by the model (Mg2*-F interactions set to zero) can 
be attributed to parameters P„J,F, py,j,F, and thus,

I n ( l W )  =  m M g 2 4 ( p “ a , ; +  g ( 2 / l 2 ) p ^ F  +  C { , b F ( Z / 2  +  m F  ) )  +  l n ( y w )  ( 2 6 2 )
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FIGURE 41. The activity coefficient of MgF' (7Mg,.) in aqueous NaCI. 
estimated from the stability constant K^,. (Equation 264), and compared 
with calculated activity coefficients of Na ; and trace Li ’ (y, ,i in the 
same solution.

where g(x) and Z are model functions given by Pitzer (Chapter 3. this volume). By fitting 
the experimental data to this equation, the following parameter values were determined: 
Pmo • 3.932; (yly. -25 .17; C ^ ,., —5.294. These parameters should be valid at all ionic- 
strengths to 5 mol kg 1 and wMg~ ‘ to c i r c a  0.06 mol kg 1 (the concentration of Mg2 ’ in 
seawater is 0.0556 mol kg 1 at 35 S%<).  The large magnitudes of the parameters, particularly 
that of C£1g|.-, suggest that they should not be used outside of these ranges of concentration.

The alternative approach is to associate the decrease in measured NaF activity in the 
experiments, as Mg2' is added to the solution, with the formation of MgF ' (i.e., a decrease 
in m V  . rather than in yNilI,), leading to

= niMgF ' /OriMg2' wiF ) (263)

where K y , (kg mol ') is the stoichiometric stability constant of MgF ‘ at 298.15 K, and 
the concentrations in Equation 263 are those of the free ions. The stability constant in the 
NaCI medium is given by the following equation, as a function of ionic strength:

logl()(K y ( j -= l .822 -  0.9821 / ' 2/( l + 0 .3 2 8 /'2) + 0.0713/ + 0.0169/2 (264)

From this equation the activity coefficient of M gF' in the solutions can also be inferred. 
Assuming that the activity coefficients of Mg2’ and F are determined only by interactions 
w ith Na ’ and Cl , then

=: TcipTi-Km̂ K mo, (265)

where Kv1„(. is the thermodynamic value of the stability constant, and both y ,u. and y, are 
estimated using the Pitzer model with Mg’ -F interactions set to zero. The resulting activity 
coefficient (yM(;1) is shown in Figure 41. compared with values of yN;, and y , , (calculated 
for trace Li - in the same solution). Of the two singly charged ions, yMt,,. most closely 
resembles that ot’ Li at moderate to high ionic strength. Values at low concentration (/ < I
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FIGURE 42 The activity and free euiKcnlnnion of F in seawater al 25°C la) Activity of F as a function of 
ionic strength Solid line — calculated using the uni interaction parameters < .  Cft,* I listed in the text; dashed 
line — estimated using the stability constant given by Equation 264 ami the activity coefficient of free  F 
determined using the model with I . C J , ,) set to zero th) Comparison of lota! imF .,.) and free im f , ,) fluoride 
concentration (for which formation of MgF" is assumed! tc) Comparison of the activity coefficients of free F 
fy(l)1). and total F lyH(.| — where VigF is assumed mu to exist and the decrease in F activity is attributed to 
slrong interaction with Mg ’

mol kg 11 depend sirongly on the nature of the empirical lifting equation, and may therefore 
be subject to large errors.

It is possible to go some way to estimating how K^,. in seawater might differ from that 
in NaCl. by assuming yMy(. retains the same value as in aqueous NaCI (at the same ionic 
strength), but allowing for the changed activity coefficients of Mg-’ ‘ and F . The stoichi
ometric' stability constant in seawater. K*1clls,. is therefore given by

K^i,,, = (26b)

where quantities with the subscript Is) refer to values in a seawater medium. A comparison 
of the two sets of stoichiometric constants suggests that -- KjftlI,,(NaCI) as both yN1t
and -y,. arc reduced in seawater relative to NaCI — probably due to the strong interactions 
with SOj and Ca*' ,  respectively. However, the change ( 15f/F at / = 0.7 mol kg ') is 
probably less than the uncertainty in the data from which K^at has been derived.

Finally, as a comparison, we estimate the activity of F in seawater as a function of 
ionic strength, using both the stability constant and purely ion interaction approaches. The 
artificial seawater recipe of Dickson' “ was used (see Table 47). in which a ratio wiF //iNa' 
of l 029 x If) ' was assumed (see Table hi. the equivalent amount of NaCI being replaced 
by NaF. First the activity of F t«F ) was estimated using the Ftl/.cr mode!, with parameters 
p"". p " \  and C* for the Mg' -F interaction taking the values listed above, and using total 
F concentration twiF,, J  in the calculation. The alternative approach involved first calculating 
tlie free I concentration, using the stability constant given by (equation 264 above and the 
Mg ' concentration at each ionic strength Then the activity coefficient of the free F was 
calculated using the l’tt/er model with parameters for the Mg F interaction set to zero, 
and the quantities multiplied together to obtain a second estimate of the activity The results 
of both approaches are shown in Figure 42 Both methods give similar results at all seawater 
ionic strengths to I mol kg 1 In more concentrated solutions the stability constant (given 
by liquation 264 to 5 mol kg !l should be used in preference to the pure ion interaction 
method, as m.Mg will exceed the maximum concentration used in the original lit."" Figure 
42b shows total and free F concentrations in the solutions At equal to 0 722 free F 
constitutes 52*vf of the total, in satisfactory agreement with earlier estimates Calculated F 
activity coefficients on both a “ free ion” and stoichiometric basis are shown in Figure 42c.
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4. Application of Ion Pairing Models
The incorporation of ion pair equilibria within the formalism of the Pitzer model, 

described in the sections above, is rendered complex by the need to consider specific 
interactions between each of the species formed and the other (major) ions present. Ion 
association models necessarily involve many more equilibria than are required by the ion 
interaction approach. However, a great simplification is that the activity coefficients of the 
free (charged) solute species are considered to be functions of effective ionic strength only, 
and not solution composition. Ion association models therefore have much to offer where 
the behavior of eomplexed species is of interest and ionic strengths are relatively low. (This 
last restriction arises because of the use of simple extended Debye-Huckel expressions to 
determine activity coefficients, and the lack of specific interactions which become more 
important as solution concentration is increased.)

The ion association model for seawater introduced by Garrels and Thompsonw has proved 
to be generally useful. The original model has been updated and extended over the years 
(see Whitfield57 and Johnson and Pytkowicz4’), but is not readily applied to solutions of 
high ionic strength (>1 mol kg ') for the reasons given above. Calculations using the ion 
association formalism within various geochemical modeling codes are described by Park- 
hurst .14

The key to the approach is to combine the existing stability constant data with conven
tional but consistent estimates of single ion activity coefficients to provide a simplified model 
of ionic interactions in solution. The ion association model assumes that pairwise interactions 
between ions of opposite charge sign are dominant and that a fraction of the anion-cation 
couples lose their electrolyte properties when their coulonrbic attraction is strong. The free 
ions and the ion pairs are assumed to be in equilibrium. In such a situation the ionic strength 
is defined in terms of the actual charges of the components assumed to exist in solution. 
An effective ionic strength (/(el). as opposed to the conventional stoichiometric ionic strength, 
is defined such that

/lei = 0.5 Ci, z; w„,, + zj wjlP)) (267)

where the subscript (F) refers to the free, unpaired component of ion i in solution and (IP) 
refers to the (charged) ion pairs j. It is assumed that the activity coefficients of the ions and 
the ion pairs in such a solution depend only on the effective ionic strength and n o t  on solution 
composition. To establish such a model, it is necessary to specify

1. The components of the solution (including the complexes and ion pairs that are assumed 
to exist)

2. Activity data for all the model species, considered as a function of effective ionic 
strength

3. Stability constants (/ = 0) for the ion pairs considered
4. Stability constants (/ — 0) for the other equilibria in solution

The definition of activity coefficients is conventionally based on the following assump
tions:

1. There are solutions where no ion association occurs,
2. The free ion activity coefficients of K ’ and Cl are equal in solutions of pure aqueous 

KC1 at all ionic strengths (extended Machines convention).
3. These free ion activity coefficients are independent of solution composition.

We note here, first, that the aqueous speciation. stability constants, and activity coefficients
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TABLE 48
Fitting Parameters for the Activity Coefficients of the Various 

Species, for the Equation: 
ln(7l) = -1 .176 z? C /d  + B O  + C/lrl2M

Species B C lO’ir Source

H 1.670 0,525 2.4 Tm
Na 1 M l 0 126 1.9
M g" 1,790 0 4.54 3.9

tv 1.729 0.321 19 Y.sn.'riitti
K- 1.265 0.014 1.2 Viu i
S r" 1.7X1 0.268 3,7 ris i/T ic i
Cl 1.265 0.014 1.2 7kci
Rr 1,576 0.033 1 1 j L / I ki i
OH I1.9HH 0.475 1 9 YfeoĤ Yicn
HSO, 1,547 -  0.088 2.2 Ynbow4v tiJ>
SO; 2.R76 0.598 4.3 Ytisi.vi74‘ Yxnh
HCO, 0 38 0 43 14 7piiHn»,«
co-; 1.811 -0 .0 6 4 1 1.4

BlOH), 1 438 0.011 9.5

F 1.234 0.153 2.2 yk t'y  mi

Ion pairs
f l - 0 .3 7 Reardon and Langmuir*”
2/2 1.2 Reardon and l,angmuirw”
1/2 1.265 0.0114 7 As for Cl Isec Reardon*^)

Neutral species
CO* 0.22 2,4 Solubility dala of Murray and Rileyu,f
BlOHl, 0.02 3,0
HF 0.2 P<ior fit

Note. Sources of mean -1on activity datai are KCI. HCI. NaCI. KF. KOH. K B r— Hamer
and Wu;“  MgCI ,. S C I.. K.SO,,. Nu.CCl„ NaBtOH)., —  Pit/er and Mayorga;'1"
CaCI, — Staples and Nutlnll:*- NaHCO , — Pil/cr and Pctpcr. “,1

■ Suggestion of Pitzer ct al. 
* Iterative procedure.

derived using an ion association model arc unlikely to be consistent with mineral solubility 
data, Second, the choice of complexes and the concentration dependence of activity coef
ficients within the ion pairing approach are not uniquely defined (many such choices arc 
possible, and these arc likely to depend upon the application).

In the absence of association, free ion activity coefficients for other ions can be obtained 
from suitably weighted ratios of the appropriate mean-ion activity coefficients, e g..

— 'Yi.rt/'Ykn (268)

Tor ions which exhibit strong pairwise interactions in all solutions (e.g.. SO] ). an 
iterative procedure is required.”4 Conventional free-ion activity coefficients calculated in 
this way can be fitted to an equation of the form (Table 48)

ln(y,) -  -  I 176/r 0 ( 1  + B O ) +- C/,,, (269)
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TABLE 49
Loglu(K) = 0) for those Association 

Equilibria which Represent Ionic Interactions224

Anion/cation N a“ MV Ca2 + K * Sr2 +

Cl * * * T *
Br ** ** ** * **
OH' -  0 .2J 2.21b 1.15" * 0.71"
h s o 4 - 0 .7 ' 0.4* 0.3* * 0,5-
sn 0.82J 2.25' 2 .3 11 0.85J 2.55s
HCO, -0 .25" 1.07' 1.10 * 1,24l
CO) 0.71 2.88“ 3.15“ 0.7" 2.64"
BtOH)., 0.00«' 1.441' 1.70'’ T i .7 ‘i
F — 0.261 1,82' 1.04' * 0.551

N o te :  P o — K is defined as zero by extended Machines eonven-
tion for activity coefficients; >(**) —  assumed K = 0 by
a n a l o g y  w i t h  t h e  c h l o r i d e  v a l u e s .

B a e s  a n d  M e s m e r . ,',,! 

h M c G e e  a n d  H o s t e t l e r . " '

E s t i m a t e d  b y  a s s u m i n g  th a t  K S(,4/ K HS1Ji -  K r t l . . K H ( l ) r  

d R e a r d o n . ^

*' N a i r  a n d  N a n e o l l a s . i,1>;

! B e l l  a n d  G e o r g e

S m i t h  a n d  M a r t e l l A ’'’ 

h G a r r e l s  a n d  T h o m p s o n .

! S e i b e r t  a n d  H o s t e t l e r . 5 ,1

' R e a r d o n  e t  a l . i_i

1 N a k a y a m a  a n d  R a s n i c k A

C h o s e n  t o r  c o n s i s t e n c y  w i t h  

:!1 R e a r d o n  a n d  L a n g m u i r  A71
" A s s u m e d  e q u a l  to  K t o r  N a C ' O ,  .

“ E s t i m a t e d  f r o m  p lo t  o f  log, , ,  K t C O i  j a g a in s t  log, , ,  K ( O x a l a t c ) .  

r E s t i m a t e d  h y  c o r r e c t i o n  to  /  2 0  o f  d a t a  o f  B y r n e  a n d  K e s t e r .

“ A s s u m e d  e q u a l  to  K f o r  C a B O y  .

r D u e r e t a l . r<

C o n n i c k  a n d  T s a o A ' f’

’ E s t i m a t e d  f r o m  p lo t  o f  l o g |(! K H : I a g a i n s t  log , , ,  K t O H  j.

The activity coefficients attributed to the ion pairs and complexes produced in solution 
are usually based on a variety of' a d  h o e  assumptions. In the model of Dickson and Whit
field.’2'1 singly charged ion pairs were assumed to behave like K ' or Cl . Neutral ion pairs 
and neutral complexes N were treated via a Setchenow-type relationship:

Inf you = a/,,., (270)

where a -  1.2 tor neutral 2:2 ton pairs and 0.3 for 1:1 ion pairs. The activity coefficients 
of neutral compounds, such as dissolved CO., were calculated from the appropriate solubility 
data (see Section 111.13).

In addition to these conventional definitions it is necessary to select stability constants
(/ = ()) [() represent the equilibria involved. T h e  constants selected for the ion pair equilibria 
will vary from model to model, but the rallies employed in the model of Dickson and 
Whitfield’21 are typical (Table 4(>). Such models have been shown to provide reasonable 
accounts of the activity coefficients and osmotic coefficients of seawater to ionic strength 
up to 1 mol kg 1 (see Whi t f i e l d i n  the previous edition of this book).
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S% 0 S%o

FIGURE 43. Stoichiometric equilibrium constants in seawater al 25°t*. 
as a (unction of salinity, calculated using the ion association model of 
Dickson and Whitfield.” 4 lal The ionic product of water l'K jy,,j, (b) the 
first dissociation constant of carbonic acid t'K * K (e) the second dis-

* W l l i

sociation constant of carbonic acid I fK , ( d i  the dissociation constant 
of boric acid I Lines — model calculations: symbols — available
data (This diagram reproduced from Dickson and Whitfield. r<)

The efficiency of such a model for calculating the stoichiometric stability constants of 
acid-base equilibria in seawater was tested by Dickson and Whitfield.”4 The values obtained 
were in reasonable agreement with the experimental data (total hydrogen ion pH scale) over 
the limited salinity range (20 to 30 SSf r) for which accurate experimental values were available 
(see Figure 43). The calculated values for the first ionization constant for carbonic acid in 
seawater (Figure 43h) are consistently lower than the experimental values. This discrepancy 
(which was also noted for ihe calculations using the Pitzer model. Figure 26) is probably 
due to inaccuracies in the estimation of the stability constants for ion pair Formation involving 
HCO, . Since the model can accurately predict p( 'K JHrt)il in aqueous NaCI for /, up to 1 
mol dm \--4 it is likely that the problem lies with the Mg? ‘ and Ca*' ion pairs with 
bicarbonate. Predicted values of rK*„m,4. and 'K f(>i are in satisfactory agreement
with available data This simple form of the ion pair model therefore provides a tolerable 
description of ionic interactions in seawater.

Die format of the model clearly lends itself to Ihe incorporation of metal eomple.xation 
equilibria. To follow up the examples considered during the discussion of the Pit/cr treatment 
(Sections III D.I to Ni l) 3) we can look at ihe use of the ion pair model to estimate Ihe 
activity coefficients of copper in saline media.*"* Since copper forms strong complexes with 
organic ligands, and since many of the ligands can be highly charged in natural systems 
the equation describing conventional activity coefficients ot the individual ionic components 
(liquation 269) is extended by Ihe addition ot the term D/,'r;’. The stability constants and 
fitting parameters required to describe the behavior of copper in seawater or estuarine waters 
containing no organic matter are summarized in Table 50 A full Pitzer model to cover all 
the possible interactions in this system would clearly he complex. Using the data in Table 
50 in conjunction with the standard seawater model (Table 48) indicates (hat the chlnro- 
complexcs considered earlier are negligible in these natural waters \t a pH of X 2. char
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TABLE 50
Thermodynamic Stability Constants and 

Activity Coefficient Fits for Inorganic 
Copper Complexes (Equation 269)M5

Complex log,,, K B C (T

Cir ’ _ 1.718 0.083 0.0016
CuOH 1 — 7.98 1.5 -0.0426 —

Cu( OH)1’ -  16.24 — -  0.0237 —
CuSO" 2.36 —- -0.521 —
CuCO*; 6,77 — -0.410 0.025
CulCOdi 10.51 1.5 -0.124 0,071
CuHCOC 1.84 1.5 0.183 0.040

acteristic of seawater, the speciation is dominated by the formation of CuCO1,' (789f) with 
less than 5% of the copper present in the free ionic form. By contrast, experimental mea
surements suggest that more than 90% of the copper in natural samples is, in fact, complexed 
by organic matter. Model organic ligands such as glycine and EDTA can be incorporated 
into the copper speciation models in a relatively straightforward manner, and the stoichio
metric stability constants calculated for copper complexation reactions are in good agreement 
with the experimental values in a variety of ionic media.'05 The incorporation of a further 
range of trace metals into such a model will depend on the availability of the stability 
constants for the relevant complex formation reactions.

APPENDIX

TABLE A1
The Relative Density (d,s,/kg in ’) of Oceanic Seawater as a Function of Salinity and

Temperature1* (Equation 7)

Temp
C'C)

Salinity (Stft)
0 5 10 15 20 25 30 35

0 999.84 1003.91 1007.95 1011.99 1016.01 1020,04 1024,07 1028.11
5 999.97 1003.95 11X17.91 1011,86 1015.81 1019.76 1023.71 1027.68

10 999.70 HX13.61 1007.50 1011.39 1015.27 1019.16 1023.05 1026.95
15 999.10 11X12.95 1006.78 1010,61 1014.44 1018.28 1022. 12 1025.97
20 998.21 1002.01 1005.79 11X19.58 101.3.36 1017.15 1020.95 1024.76
25 997.05 1000.81 1004.56 1(X)8.30 1012,05 1015.81 1019.57 1023.34
30 995.65 999.38 l(X)3.10 1006.81 1010.53 1014.25 1017,99 1021.73
35 994.04 997.74 1001.43 1005.1 2 1008.81 1012,51 1016.22 1019.93

V ote: 1n the equation given by Mi lero1* for the relative density of pure water the sign if the term in f  should
hanged to correspond to Equation 9  in this work.
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TABLE A2
Factors for the Interconversion of 

Concentration Scales Using the Equation 
¥  = X/E

¥ X E

x-t k, 2, k, + (1000 -  2, £|H>i)/H’H20
X, r, 2, C, + (p -  2, , MM.CH.O
x, mj lOOO/wH.O + 2, m,
m, k, 1 — 2, k ,w ,
m, c\ p -  2, c.tv,
mi x i (1 -  2, .if,) 10 3 m»H,0
k, m, 1 + 10-3 2, m,Wi
K x , 10 3(xH,0 wHjO + 2, x ,w )

K t\ 10 3 p
c, ml (1000 + 2, m,wj!p
c, K 103/p
c, X, j.tH.O h<H20  + 2, t.ii j p

Note: The symbols for the concentration scales are de-
fined in Table 5. p = density (g dm ’), w, = 
molar mass (g) of ion or neutral species “ i” 
(e x c lu d in g  water, given as vt-TEO). Summations 
are over all ionic and neutral species (again ex
cluding HX>). The mole fraction x, of ion or 
neutral species “ i” corresponds to the definition 
in Equation 11.

TABLE A3
Selected Values for the Conversion 

Parameters Defined in Table A2 ( Y =  
X/E) for Various Seawater Recipes

E

Y X (a) (b) (c)

X, K 54.67544 54.67532 54.67613
X, c, 55.95348 55.95353 55.96102
X, m . 56.66899 56.60953 56.66907
m, k% 0.964821 0,964810 0.964832
ml ct 0.987374'1 0.987365 0.987506
m, X, 0.017646 0,017646 0,017646
K m, 1.036462 1.036473 1,036540
K X, 0.0182897 0.018343 0.0182895
K c. 1.023375 1.023375 1.0235
c. m, 1.012788 1.012799 1.012653
r, K 0.977159 0.977159 0.977040
ct X, 0.0178720 0.017924 0.0178696

» Millero. 76
h Riley and Skirrow."*’ assuming p = 1023.375 g

dm
Recipe of Kester et al.w* as calculated by Mac
Intyre, “ assuming p = 1023,5 g dm ’.
For groundwater brines (Table 3), this value can be 
as low as 0.8002.
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TABLE A4
Coefficients for the Calculation of Pitzer Model Parameters fj,0,v, 0 ,1,v, 0 l2,v, 

and C*' as Functions of Temperature from 0 to 100°C93 94

N atl Na2S 0 4 MgCl2 MgSOu

b„ -4,1090410 x 10 1 - 1.1644972 -  1.4118667 x 10 ; -7.8645669 X 10
b, 8.8045055 2.4186443 x 1()! 4.5783681 x 10 1 1.6105729 X 101
b. 7.7002565 x 10 - 2,1978590 x 10 1 2.3719202 x 10 ' 1.4892797 X 10
b, -  2.2505103 x 10 4 -6.6686839 x 10 4 -3.0501313 x 10 4 -4.5954181 X 10
b4 1.0974488 x 10 : 3,3743240 x 10 7 -3.7549481 x 10 " 2.35901 14 X 10

-6.1507685 x 10 ; -  7.9923583 -8.5368752 X 10
C | 3.2577301 1.6695782 x 10-‘ 2.5326354 X 10'
t\ 8,9092747 x 10 ' 1.5056833 1.4616910 X 10
eg -4.5164571 x 10 * -  2.1444963 X 10
c4 -2.2510088 x 10 4

d0 -4.1068422
d, 1.9093018 X 10-
d: 6.9103123 X 10

e,. 1.0679642 x 10 ; 3.7140974 x 10 '■ 2.91X17867 x 10 4
e. -3.0822989 x 10 1 -1,5248427 x 10 ’
Cy -  1.8372623 x 10 ' 4.2278115 x 10 '
C; 2.7528745 x 10 "

KC1 k ,s o 4

Ho 0.507066 x 10 0.212275165 x 10 1
b, 0.213420 x 10 K 0.1062023 x 10'
b; -0 .1  12814 x 10 ' 0.3108538 x 10 ’
b, 0.562678 x 10 '
b4 -  0.345546 x 1(1 '

e() _ 0.781281 x 10 ‘

C-,
0.2927024

e„ 0.3614778 x 10 '
e j 
e .

-0.1840717 x 10 
-0.5274099 x 10 4

S o le : The model parameters (kg bar 1 mol 1) are given by the following equations:

p.u.v = 4[3 iTi -- b(. f  h, T + b.lritT j + b,T + b j
fX v = ap-'ydP) --- c,> 4 c, T * e.ln(T) t- ClT a c.T
X " ' = itp'-vap) -  d. + d, T  -t d;ln(T)
C"' -  t i c s , I P ) -- e,s - e-,/ F +■ e.lntTi - e.T

T h e  m o d e l  p a r a m e t e r s  w e r e  o b t a i n e d  u s i n g  a fit  c o n s t r a i n e d  to  p a s s  t h r o u g h  t h e  m o s t  r e l i a b l e  i n f i n i t e  d i l u t i o n  

v a l u e s  o f  t h e  p a r t i a l  m o i a l  v o l u m e s .  F o r  c o n v e r s i o n  t o  S . I .  u n i t s :  I b a r  -- K P  P a .



413

TABLE AS
Coefficients for the Calculation of Pitzer Model Parameters II*1 P'1*,

and C*“ as Functions of Temperature from 0 to 100X"1

N a t l  N a.S O , M gCI, MgSO«

B„ - 0  944474 X 10 \ - 0  487769 X 10 + -0  100866 X 10 4 0.376506 X 10 4

B, 0.111681 X 10 ft 0 596173 X 10 ft 0 121094 X 10 * 0 462335 X 10 *
Bj -  0.409433 X It) o - 0  273124 X 10 A -0.545891 X hi V -0.212285 X It) A
B, 0.500505 X 11) 0 555388 X 10 11 0,109379 X 10 If 0 431564 X 10 II
B. — (1.379426 X ID tl 0.422839 X in 1* 0.821611 X m 13 -0.327522 X m M

C, -0.793395 X 10 • -0.290546 X 10 4 0.134943 X 10 4
C, 0.484600 X 10 0.179985 X 10 7 -0.173557 X m A

Cj - 0  738734 X 10 m -0,276707 X 10 in 0.681185 X 10 H

c , -0.847680 X to \2

D„ - 0 189028 X It) J

D, 0 176629 X it) 4
D, -0.549757 X t o

D, 0 568136 X t o Ul

E,, 0 137289 X It) ft 0 892502 X 10 » 0.893214 X 10 -
E. -0 .838713 X 10 V

E. 0.128245 X 10 It

Mole The model parameters (pressure in bars) are given by the following equations:

|i""* l =  o-fJ'"WP-) =  B„ + B.T + B,TJ 4- B,T ‘ + •-
(}"‘ 1= = C„ t C,T + c ,r  + C .T ' + ~
|i - I ,7’p-ViJP-’) = D„ + l),T * D.T1 + D ,T ' 4 -
C*- ( =  ft'C-lP-’) =  H.„ 4 E,T 4 h.T- 4 t .T ' 4 -

TABLE Aft
O sm otic and M ajor Inn Activity Coefficients in Seawater (5— 40 S%r, 0— 35‘’C> C alculated Lsing  

the Pitzer Model (Seawater R ecipe" in Colum n b o f Table 2)

.s 4> o lIjO 1 Y«* Ym. Yc« Y* Y v Yn Y* Yr Yuen,

5 o toot 0 ‘041 0  *107 25 0  770 0 356 0 UH 0 759 0 345 0 785 0 294 0 789 0.616 0.761
IIJ 0  20 12 0 9010 0  w s 25 0 721 0 285 0 277 0.702 0.270 0 745 0.211 0 753 0 496 0 705
|5 0 VO U 0 K90* 0  992 25 0  692 0 25 1 0  24 V 0 667 0 233 0.724 0 169 0 735 0 424 1) 672
20 o 4 Oh 7 0 K985 0 990 25 0 672 0 232 0  2 1 1 0 641 0  2 11 0 .7 |0 0 143 0  715 0  373 0 648
35 o  ̂i m 0 8494 0 987 25 0  b5K 0 219 0  2 10 0 620 0 |95 0.702 0 125 0 719 0  V15 0 630
VO 0 MM t> ‘ti i| V 0 9H4 25 O f>4 7 0 .2 11 0  201 0 604 0 184 0 696 0 11 1 0 717 0 306 0  6 16
15 o 7228 o 9034 0 981 25 0 638 0 205 0 PM 0.5*9 0 175 0 692 0 100 0 7 |6 0 281 0 605
10 ii m m n *8 no 0 T K 25 0 M l o 201 1* IH9 0 577 0 168 0 6K9 0  092 0 7 |7 0  260 II 59*

s 1 *f> uH jO 1 Y - . Y h, Y . . Y* Y.3 Y v .4
5 o im i! 0 **U6 0 *>*74 it 0 771 0 *76 (0 161) 0  760 <> 788 0 310

10 o 2012 II 90|5 0  *>948 0 0 719 1) 104 tO 2H7) 0  700 0 746 0 220
15 0 *034 0 8**58 o ‘>*2 : 0 0 688 0 271 H» 151) 0 662 0 723 0 |74
20 0 406 ? o m \ 2 0 989* 0 0 666 0 252 tO 229) 0 634 0 70S 0 14*
25 o s i in o * ‘*22 0 9809 0 0 644 n 240 |0  214) 0 M2 0 697 0 115
H» O 6 |M 0 8924 0 9H42 0 fl M5 0.232 fO 204) 0 591 0 68*» 0 110
is 0 7228 0 X9U 11 98 | 3 0 0 624 o 227 in 1961 0 577 0 684 0 »i9H
40 o x *ju 0 K95l) 11 97h** it 0 M * o 224 )0 189) 0 56 V 0 6 ’ 9 0 0X8

A O 1001 0 01 (H o 997 4 5 0 0 *71 tO *591 0 761 0 "KX 0 *06
to o 20 12 0 **u2l 0 '***48 A 0 721 0 100 <0 287) 0 702 0 747 0 218
J5 o vo u If HO72 If 9922 A 11 6*8 1 0 266 III 252) 0 665 0  724 0 |73
20 ii UI67 Ii 895 | (I 4R9S 5 0 frff* o 247 fO 2 VI i 0  617 0 710 0 145
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TABLE A6 (continued)
O sm otic and Mqjor Ion Activity Coefficients in Seawater (5— 40 S%c, 0— 35"C) Calculated Using  

the Pltzer M odel (Seawater R ecipe2* in Colum n b o f Table 2)

s 4> flHjf) 1

25 0.5110 0 8947 0 9869 5
30 06163 0 8954 0  9842 5
35 0 7228 0.8968 0 9814 5
40 0.8304 0.8989 0 9786 5

5 0 1001 0.9148 0.9974 10
10 0  2012 09028 0 9948 10
15 0 3034 0 8982 0 9921 10
21) 0 4067 0 8965 0.9895 10
25 0  5110 0 8965 0.9868 10
30 0.6163 0.8976 0 9841 10
15 0 7228 0 8994 0.9814 10
40 0 K3Q4 0 9019 0 9786 10

5 0 1001 0 9147 0 9974 15
10 0 2012 0.9031 0 9948 15
15 0 3034 0 8988 0 9921 15
20 0 4067 0 8975 0 9895 15
25 0.5110 1) 8979 0 9868 15
30 0  6163 0 8993 0 9841 15
55 0 7228 0 9014 0 9813 15
40 0  8304 0.9041 09785 15

5 0 1001 0 9144 0 9974 20
to 0.2012 0 9032 0 9948 20
15 0.3034 0 8992 0.9921 20
20 0 4067 0 8982 0 9895 20
25 0 5110 0  8988 0 9868 20
30 0 6163 0.9004 0.9841 20
35 0 7228 0 9028 0.9813 20
40 0  8304 0 9058 0 9785 20

S 0 1001 0 9137 0.9974 30
10 0 2012 0 9028 0 '7948 30
15 0  3034 0 8992 0 9921 30
20 0 4067 0 8987 0 9895 30
25 0 5110 0 8997 0 9868 30
30 0 6163 0 9017 0 9841 30
35 0 7228 0 9045 0 9813 30
40 0 8304 0 9078 0.9784 30

5 0 1001 0.9132 0 9974 35
10 0.2012 0 9024 0 9948 35
15 0 3034 0 8990 0 9921 35
20 0 4067 0  8986 0.9895 35
25 0 5110 0 8997 0 9868 35
30 0 6163 0  9019 0 9840 35
35 0  7228 0 9048 0 981 3 35
441 0 8304 0 9081 0 9784 35

Y s . 9 - T fc Y* Y *

0 652 (1235 10.2171 (1615 0.700
0  639 0 227 1(1 207) 0,597 0 692
0 629 0.222 (0  199) 0.582 0.687
0  620 0  219 (0 1941 0 568 0 683

0.772 0  367 <0.3571 0 761 0 788
0  721 0 296 10 2*51 0.703 0,747
0 691 0 262 111 2501 0,666 0 725
0 671 0  243 <0 230) 0 639 0 711
0 655 0 231 <0.2161 0 618 0.701
0 642 0 223 <0.2061 0,600 0.694
0 632 0 217 rO 1991 0 585 0 689
0 624 0.214 (0.194) 0.572 0 686

0  771 0.363 (0 354) 0.760 0,787
0 721 0 292 <0 2*2) Cl. 703 0 747
0 692 0 .25* 10 24*) 0 667 0,725
0 672 0 239 <0 22*1 0 640 0 7 | |
0  656 0 227 (0 215) 0 619 0 702
1) 645 0.21K 10.205] 0 602 0.695
0 635 0 213 <0 19H) 0.587 0 691
0 627 0 209 <0 193) 0.574 0 688

0 771 0 359 <0 3511 0.760 0 786
0 721 0 2KK <0 2*0) 0 703 0 746
0 692 0 255 <0 2461 0 667 0  725
0.672 0 235 (0.2261 0.641 <1.711
0 657 0 223 (0.212) 0 620 0 702
0.646 0 214 <0.203) 0.603 0  696
0.637 0 209 |0  196) (1.589 11.692
0  629 0.205 m 191) 0 576 0 689

0  768 0.352 (0 .344) 0 758 0 784
0 720 0 2*1 <0 274) 0 701 0 744
0.691 0  24H (0.240) 0,666 0 723
0 672 0.22* (0.221) 0.640 0.710
0  657 0.216 (0 207) 0 620 0 701
0 647 0 207 <0 19*) 0 604 0 695
0.638 0 201 «) 192) 0.590 0 691
0 631 0 197 (0 1*7) 0.578 0 689

0 767 0  349 «) 3411 0,757 0,782
0.718 0.27* (0.270) 0 700 0 742
0.690 0 245 <0 237) 0 665 0.721
0 671 0 225 (0 .21*) 0 640 0 708
0.657 0 212 (0.205) 0 620 0 700
0.646 0 203 <0.1961 0 603 0 694
0 638 0 197 <0 1*9) 0.590 0 690
0 631 0 |93 <0 1X41 0 578 O 688

Ytl 7*»4 Y*r Y» Ytt |l,

0 126 
0.111 
0.099 
0  1)89

0.303 
0  216 
0  172 
0.143 
0  126 
0 .1 11 
o i m  
0.090

0  300 
0.214 
0.171 
0 144 
0.126 
0  111 
0.100 
0.091

0  297 
0  212 
0  170 
0.144 
0 . 125 
0  111 
0 100 
0.091

0,292 
0,209 
0.168 
0.142 
0,124 
0.111 
0  100 
0.(391

0.290 
0.207 
fl 167 
0  141 
0  124 
0  110 
0 1)90 
0.091

Vfjfr T hese ac tiv ity  am i o s m a f i t  v o c ftlc icn ts  w ere ca lcu la ted  u s in g  tiu is ta n f i25"C> v alues  <4 all te rn ary  p a ram e te rs  0, am i ifr,, 
and  fu ll O iling eq u a l m m  Ig rvm g 0  1 ami C * as IfT lJ fo r  Ni»Cl, N stiS O ,. M g S U ( . CaC’l-. K.C*1. 4ml A v a ilab le
f»JAm/£iT. e)T w ere  n sed  ftir C aSO * A ctiv ity  co e ffic ien t*  o f  a ll ions art" g iven  al 2 5 'T \  b u l a t »»ibcr tem p era  lu re s  only 
th o se  of ions w h o se  in icraciio rts  a rc  w ell p a tn m e ie n /c d . ITte ac tiv ity  co e ffic ie n t o f  h  ai 2 5 ’C  is a 'to ta l "  v a lu e , tak in g  
in to  a c c o u n t <. am p le  xninm  by Mg- ' amJ < V  '
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TABLE A7
The Solubility of Gases in Pure Water at 1 atm Pressure

Gas

Temp.
range
(T/K)

[R in(.vN) =  A

A
(cal K 1 mol-1)

+  B/T +  C huTt +  DTI**

B C 
(cal m ol-1) (cal K -1 mol -1)

D
(cal k  m ol-1)

He 273—334 -233.163 8737.84 32.2652 -0.0119726
Ne 272—339 -310.827 12766.8 43.6185 -0.0127534
Ar 274—347 -336.760 16170.1 46.2117 -0.00608793
Kr 274—348 -270.967 15992.9 33.2892 0.0260485
Xe 285—345 -360.119 18744.6 49.0332 -0.00311323
Rn 276—370 -499.309 13897.5 52.2871 -0.00101227
h 2 274—339 -357.802 13897.5 52.2871 -0.0298936
n. 273—346 -327.850 16757.6 42.8400 0,0167645
o. 274—348 -327.850 16757.6 42,8400 0.0187662
o, 277—293 -29.7374 3905.44" — —
CO 273—353 -341.325 16487.3 46,3757 —
CO; 273—353 -317.658 17371.2 43.0607 -0.00219107
CH„ 275—353 -365.183 18106.7 49.7554 -0,000285033
l 11. 275—353 -533.392 26565.0 74.6240 -0.00457313
Ethylene 287—346 -303.888 15817.6 40.7591 —
Acetylene 274—343 -311.014 16215.8 42.5305 —
Propane 273—347 -628.866 31638.4 88.0808 —
Propene 294—361 199.656 -  3940.90 -35.8336 —
Propyne 273—361 -  16821.1 45295.1 2933.82 -4.78664
Cyclopropane 298—361 649.616 -26880.3 -101.150 —
n-Butane 273—349 -639.209 32785.7 89.1483 —

lsobutane 278—343 190.982 -4912.98 -34.5102 —
1-Butene 311—378 -59.297 12730.6" — —
2-Methylpropene 273—343 -475.781 25385.0 65.3599 —
1,3-Butadiene 298—363 -976.088 50382.7 138.778 —
Ethylacetylene 273—333 171.933 -5084.59 -29.4809 —

Vinylacetylene 273—333 -99.0059 6690.87 10.8969 —
Neopentane 288—353 -868.764 43323.6 122.986 —
CH,F 273—353 -270.079 15103.1 36.1231 —
CH,C1 277—353 -342.796 194112.2 46.5481 —
CH,Br 278—535 -325.392 19159.9 43.7970 —
CF4 276—323 -644.690 30657.7 90.7528 —
CH,FC1 283—352 -  276.044 16178.1 36.8643 —
CHF,C1 297—352 -378.939 25999.6 — 0.0642996
CHF, 298—348 -37.9627 6386.96" — —
CC1F, 298—348 -32 .5600 3204.55" — —
CC1,F, 298—348 -31.8744 3480.07" — —
CCIFX’F, 298—348 -42.5189 5568.80" — —
Vinyl chloride 273—348 -240.646 15080.2 30.8852 —
C l. 273—343 -367.547 - 21547.6 45.9952 0,0416536
c ,f 6 278—343 -132.311 8925.54 13,7311 —
CH,NH, 298—333 -  18.2657 5180.80" — —
(CH,),NH 298—333 -28.0155 8000.71" — —
t HAH 298—333 -25.0844 7210.82" — —
NH, 273—373 -  162.446 2179,59 32,9085 -  0.119722
N ,0 273—313 -  180.950 13205.8 20.0399 0,0238544
NO 273—353 -333.515 16358,8 45.3253 -0.0519354
H,S 273—333 -297.158 16347.7 40.2024 0.00257153
SO, 283—386 -29.8850 5709.15 0.601884 —
Cl, 283—313 215.390 -4826.15 -38.1252 0.0177270
0,0 273—293 -  14.3490 3574,66" — —
CIO, 283—333 112.751 284.523 -21.3532 —
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TABLE A7 (continued)
The Solubility of Gases in Pure Water at 1 atm Pressure 

[R ln(xN) = A + B/T + C ln(T) + DT]“

Gas

Temp.
range
(T/K)

A
(cal K 1 m o p 1)

B
(cal m o P ')

C
(cal K~' m ol-1)

D
(cal K~2 mol

H .S e 2 9 8 — 3 4 3 -  1 4 7 .7 9 9 1 6 2 6 4 .9 4 1 .5 6 5 3 ____

P H . 2 9 8 — 3 2 3 - 3 0 9 . 2 4 0 1 6 3 6 4 ,9 4 1 ,5 6 5 3 —

A s H . 2 7 3 — 2 9 9 - 2 8 6 .1 7 1 1 5 4 3 7 .9 3 8 .0 9 3 4 —

A i r 2 7 3 — 3 7 3 - 3 1 9 . 3 2 3 1 5 4 9 2 .6 4 3 .0 2 5 9 0 .0 1 % 1 9 4

xs is  the  m o le  f ra c t io n  s o lu b il it y  at I a tm  p a rt ia l p re s s u re  o f  the  g a s ,
" F o r  the  e q u a t io n  R T  ln(.vN) =  B  +  A T .

R e p r in te d  w ith  p e r m is s io n  fro m  W i lh e lm . H . ,  B a t t in o . R . ,  a n d  W i lc o c k .  R .  J . .  Chem. Rev., 7 7 . 2 1 9 . 1 9 7 7 . 
C o p y r ig h t  b y  the A m e r ic a n  C h e m ic a l  S o c ie t y .

TABLE A8
Availability of Salting Coefficients (at the Indicated Centigrade Temperature) for Some 

Atmospheric Gases in Solutions of the Major Seawater Salts

Salt He Ne Ar Kr Xe Rn h 2 Or N2

NaCl 25 15—30 5—75 25—45 0—45 0—50 1—71 0—30“ 5— 125
Na.SOj _ — 25 — — 15 15—35 25—30
Na.CO, — — — — — — 15 15—35 25
KC1 25 15—25 5—30 25 — 18 15—25 0—35 (P—240
k ,s o 4 — — — — — — — 15—25 —
K.CO, — — — — — — 15 — 50—90
MgCP b 20 25 — — — 0—25 —
MgSO., — 20 — — — — 15 15—35 30
CaCP — 20 25 — — — 15 25 30
NaOH — — — — — — 25—250 15—250 0—240
KOH 25—80 20 25—80 — — — 21—200 15— 100 —

Salt n 2o NO s o , Cl2 CO c h 4 (TP, C,H, Q H in

NaCl 0—40 20 25 25 __ 0—300 (P-75 (>_7() 0—70
Na.SO,. 5—20 — 25—50 — 25 20—25 — — —

Na.CO, 25 — — — — 25 — 25 —
KC1 0—40 — 10—90 25 10—30 10—30 25 25—70
K.SOj 5—20 — 25 — — 25 — — —

K.CO, — — — — — 25 — — —

MgCP 25 — — h — 25 — — —
MgSOj 0—40 — — 25 — —
CaCP 5—20 — — — — 25— 125 0 — —
NaOH — .. — — — — —
KOH 10-25 — 25-...80 — — —

Sine: This ta b le  was c o m p ile d  fro m  I U P A C  S o lu b i l it y  Data S e r ie s  p u b lic a t io n s ,  a n d  d o e s  not ta k e  in to  a c c o u n t  a n y  
m o re  re c e n t  d a ta  that m a y  be a v a ila b le .  T h e  re fe re n c e s  a n d  th e ir  y e a rs  o f  p u b lic a t io n  a re  a s  fo l lo w s : H e  —
126 ( 1 9 7 9 ) ,  N e  ----- 32b 1 1 9 7 9 ). A r ..... 3 2 4  ( 1 9 8 0 ) .  K r  —  3 2 8  ( 1 9 7 9 ) .  X e .....  3 2 8  ( 1 9 7 9 ) ,  R n  —  .728 (1 9 7 9 ) .
H , —  3 3 0  ( 1 9 8 1 ) .  O .  —  192 ( 1 9 8 1 ) .  N - -... 3 3 2  ( 1 9 8 2 ) .  N .O  —  3 3 4  ( 1 9 8 1 ) ,  N O  —  3 3 4  ( 1 9 8 1 ) ,  S O , .....  2 8 8
( 1 9 8 3 ) .  C l ,  —  2 8 8  ( 1 9 8 3 ) ,  C O  —  3 3 7  ( 1 9 9 0 ) ,  C H ,  -  3 2 5  ( 1 9 8 7 ) .  C , H „  —  3 2 7  ( 1 9 8 2 ) .  C , H „ --- 3 2 9  ( 1 9 8 6 ) ,  
C iH ,o  —  3 2 9  ( 1 9 8 6 ) ,  S e e  T a b le s  2 4  a n d  2 5  to r  f it t in g  e q u a t io n s  g iv in g  s o lu b il it ie s  o f  s o m e  o f  th e se  g a s e s  in  
s e a w a te r .

S e e  C r a m e r " ’ fo r  d a ta  to h ig h  te m p e ra tu re . 
S o m e  d a ta  fo r  b a r iu m  sa lt  a v a ila b le
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TABLE A9
Molal Setchenow Coefficients (ks) for Volatile Solutes in Single 

Electrolyte Solutions at 25°Ca

Salt He Ne Ar Kr Xe h 2 o 2 N2

LiCI 0.118 0.139 0.226 0.275 _ 0.155 0.295 0.245
NaCl 0.192 0.229 0.314 0.344 0.356b 0.219 0.312 0.309
NaBr 0.208 — 0.279 — — — 0.240 —

KF — — 0.330 — — — — —

KC1 0 .155b — 0.135" 0.295 — 0.187 0.298 —

KBr — — 0.263 — — — 0.249 —

KI 0.203 0.196 0.263 0.293 0.275 0.203 0.162 0.268
KOH 0.309 — 0.376 — — 0.278” 0.389" —

NaOH — — — — — 0.325 0.422 —

NaNO, 0.148 — 0.166 — — 0.201 — —

KNO, — — — 0.224 — 0.132 0.190 —

NH„C1 0.067 — 0.157 0.157 — — — —

Salt n 2o CH, c2H 3 c 2h 4 c 2h 6 c 3h 8 C A

LiCI 0.192 0.252 ____ 0.219 0.314 0.364 0.325
NaF — — — — — — 0.585
NaCl 0.245 0.333b 0.222 0.309 0.391h 0,461 0.449
NaBr 0.199 — 0.171 — — — —

KC1 0 .183b — 0.155 — — — 0.382
KBr 0.157s — 0.123 — — — 0.290
KI 0.143 0.261 — 0.157 0.263 0.249 0.152
RbCl — — — — — — 0.322
CsCl — — — — — — 0.203
KOH 0.300 0.417 — — — — —

NaNO, 0.188" — 0.123 — — — —

NaCIO, — — — — — — 0.244
KNO, 0.119" — - 0.074 — — — —

NH,C1 0.073" — 0.054 — — — —

NH4Br 0.056 0,127 0.033 — 0.153 — —

* Compiled from data given in Krishnan and Friedman’"1' and Masterton et al.18' Experi
mental values (expt.) of this second reference are related to k tabulated here by k, = (k, 
(expt.) -  0.0157) ln(I0). k, (expt.) is defined in terms of nonelectrolyte concentrations 
expressed as mole fractions.

" Mean value from Masterton et al.181

TABLE A10
Availability of Solubility Data (at the Indicated 
Centigrade Temperature) for Hydrocarbons in 

Seawater and Aqueous Nat I

Hydrocarbon

Benzene
Toluene
Methyl-cyclopentane (C„H,.) 
Heptane (C\Hlfl)
Hexane (CJHU)
Pentane
Aeenaphthalene (C,,H 
Anthracene {C,4Hro) 
Benz|a]anthraeene

Aqueous NaCl Seawater

25 0—25
25 0—25
25 —

— 25
25 25
25 —

— 15— 25
8—30 25
___ _ 25
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TABLE A10 (continued)
Availability of Solubility Data (at the Indicated 
Centigrade Temperature) for Hydrocarbons in 

Seawater and Aqueous NaCI

Hydrocarbon

Butylben/ene (CinH!4) 
(.(-Xylene (C„H,„) 
m-Xylene fCMH,,,) 
p-Xylene (ChH,„) 
;m-Butylbenzene (C1(1H14) 
Ethylbenzene (C!UHS)
Cumene (C,H,„) 
.vec-Butylbenzene (C,nH,4) 
Benz,o(ghiJperylene (C II,,) 
Benzol b)triphenylene (C.,HU) 
Benzolajpyrene (Cj.H,,)
Benzolejpyrene (C,„H,,) 
Biphenyl (C’,,H,„)
Decane iC,,|H,,) 
Dibenz(a.h)anthraeene (C,,H14) 
Dodecane ( ( H , ]
Eicosane (C,0H4,)
Hexacosane 
Hexadecane (C„,HU) 
Napthalene (C|„H»)
Nonane ((
Octadecane fC,sH,„)
Octane (C„H,Bt 
Phenanthrene (C14HM1)
Pyrene 1(1)
Tetradecane (CI4H„J 
Undecane (CMH,4)
2 - M e t h y 1 an t h race n e (C,, H,,) 
Benz[a|anthracene (C)BHi;) 
Chrysene (C1KHi;)
Fluoranthene (C1(,Hln)
Fluorene <C, ,H,,,)
Napthalene (C „,HK) 
1-Ethylnaphthalene (C,,HI4)
I-MethyInaphthalene (CHHm)
I-Methyl phenanthrene <( I I I  
Pyrene t C!f>H,„)

Aqueous NaCI Seawater Note

— 25 a
— 25 a
— 25 a
— 25 a

____ 0 — 2 5 a
— 25
— 25
- - 25

25
........ 25

9  — 3 0 25
25 25 a

— 25
— 25
— 25 a
— 25 a
— 25 a
........ 25 a
— 2 5 a
— 25
— 25 a
— 2 5

1 1 — 32 25 a
— 15...- 2 5

2 5 a
— 25
25 —

25 —

25 —
25 —
25 —

9 — 32 — a
8 -  29 —

8 — 2 9 —

25 —
9 - 3 1

N o te :  Data are from compilations of Shaw (C\—C t and (C„...
both published in 1989.

See Table 27 for pure water and seawater solubilities of these com
pounds. For the solubilities of further organic compounds, see also 
the following: Relerences 3 3 5 . 336. 338. 339, 378. and 379.
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TABLE AN
Activity Coefficients of the Components of Weak Acids and Bases in Seawater at 

25X as a Function of Salinity (S), Calculated Using the Pitzer Model

(See "N ote"  below tor details of parameterization.)

s Tn Ysh4 Y si* in Y M*IW C 111 I| Yi *im*h>4 Yon Ykuhi>4 Yiijis>4 Yirm4 y«>4

5 0.784 0.759 0 859 0 753 0.749 0 756 0. 732 0.741 0.314 0.0581
10 0 749 0.702 0 862 0.697 0 688 0 697 0.655 0.672 0.219 0,0235
15 0.734 0.667 0 869 0,665 0.652 0.659 0.603 0.628 0 170 0.0123
2(1 0 727 <1.641 0.875 0.643 0.627 0.631 0.562 0.595 0.138 0.00721
25 0 727 0.621 0.878 0 628 0.608 0.609 0.529 0.568 0.115 0.00454
30 0.730 0.605 0.880 0.618 0.594 0 591 0 5(8) 0.546 0.0985 0.00300
35 0.735 0 592 0.879 0 610 0.58.3 0.575 0.475 0.528 0.0851 0.00204
40 0 743 0.580 0.875 0.605 0.575 0.561 0.452 0.512 0.0744 0 (8)143

S Yitso4 Ysi.4 Yiem, Ys«, Yus YhCIXj Y.«j Ys,<J«i, Y™, Yiiij

5 0.792 0.300 0 799 0.308 0.781 0.761 0 291 0.998 1.00 1.02
10 0.756 0.218 0.770 0 229 0.739 (1 705 0.189 0.995 1 00 1 03
15 0.737 0.177 0.759 0.190 0.717 0.672 0.136 0 993 1.01 1.05
20 0 725 0 150 0.755 0.165 0.703 0 648 0 103 0.991 1.01 1.07
25 0 716 0.132 0.755 0 148 0 694 0,630 0.0800 0.989 1 01 1.09
.10 0.711 0 .1 IX 0 758 0.135 0.689 0.616 0.0633 0 987 1.01 111
35 0.706 0 106 0 763 0 125 0685 0.604 0.0508 0 984 I.Dt 1 13
40 0  703 0.0972 0  769 0.117 0.6X4 0.595 0.0412 0 982 1.02 1.15

Nine Calculations were earned out using ternary (B„ and «|rl|t) paramelers as lisled by Pitzer (Chapter .1. this 
volume). Htirvic cl a l./*  and Tables 35, 3b. and 38— 40 Details are given below of where "ion pair" 
formation or association equilibria (usually with Mg3' .  CV •, SO; . or CO; ) must be considered explicitly, 
or where ion interaction parameters have been used instead. H ' — free ion activity coefficient, OH — 
C V '-O H  interaction parameteri/ed in Icons of (|3'". C*), M g''-O H  interaction treated as MgOH' 
formation and must he considered separately (see Harvic el a)/*)', B(OH)4 — interaction with M g-' and 
C a '' treated as ion pair formal ion (see Fclmy and Weare''1); H PO, —  interaction wiih Mg3, and C V  
parameterized in terms of tp*". C*);*" HPOJ — interaction with Mg3* and CV”  to he treated as ion pair 
formation, activity coefficient listed is lor the free  ion. For values of stability constants see Atlas el al '* 
and Johansson and Wedborg:3’1 PO) — interaction with Mg3' and CV * to be treated as ion pair formation, 
activity coefficient listed is For the free ion t:or values of stability constants see Atlas cl ai.77' and Johansson 
and Wedbore;’71 HS —  interaction with Mg' and Ca3' parameterized in terms of ((J"\ C*);3"  CO; - 
mleraction with Mg3' and CV* parameterized in terms ol (p"’, C*).v'

GLOSSARY OF SYMBOLS

Parentheses indicule table or equation where tenn is introduced, 

a (Subscript) anion "a"  (15)
a (Subscript, with K) an acid dissociation constant (in text)
n Activity (25)
a' Apparent activity (118)
A* Debye-Huckel (activity coefficient) parameter (54)
A, Dcbye-Hiickcl (activity coefficient) parameter on mole fraction scale (67)



B, Virial coefficient (74)
c (Subscript) cation "c ” (14)
c, Molar concentration of species “ i” (81)
c (Subscript or superscript) quantity on molar concentration scale
Ci General concentration (unspecified units) of component “ i” (10)
C* Pitzer model ion interaction parameter (34)
CY7(c Chlorinitv (1)
d„ Relative density of pure water (kg m 3) (7)
d(s) Relative density of seawater (kg m ’) (7)
E EMFG14)
E° Standard potential (114)
E, Liquid junction potential (116)
f Activity coefficient on mole fraction scale (106)
f? Mean ion activity coefficient on the mole fraction scale, infinite dilution standan

state (69)
f  Fugacity (atm) of component “ i” (43)
fH Activity coefficient correction factor (115)
(F) (Subscript) free quantity (usually concentration or activity coefficient) (47) 
g, Mass of component “ i” in grams (1)
G, Relative chemical potential of component J (24)
i (Subscript) component ion or neutral species (1)
/ Molal ionic strength (mol kg"1 H20) (20)
J (Subscript) component salt (12)
J (Superscript) Pitzer model parameter for partial molal heat capacity expression

(Table 9)
k Constant (5)
k  Setchenow coefficient for salt concentration in molal units (82)
k  Setchenow coefficient for salt concentration in molar units (81)

k sc<> Setchenow coefficient used by Lang and Zander (84) 
k (Subscript or superscript) quantity on molinity concentration scale (19)
k; Molinity of component " i” (mol kg 1 solution) (16)
K Thermodynamic equilibrium constant (molal units) (31)
K* Stoichiometric equilibrium constant, free species concentrations in molal units (31)
K* Stoichiometric equilibrium constant on molinity concentration scale (123)
Kh Henry’s law constant (mol2 kg 2 atm ') of a volatile strong electrolyte, assuming

complete dissociation in solution (66)
K,j Henry's law constant (mol kg 1 atm ') of a gas, not including any dissociation

that occurs in the aqueous phase (43)
KH 0 The thermodynamic dissociation constant of water (51)
L Ostwald solubility coefficient (101)
L (Superscript) Pitzer mode! parameter for partial molal enthalpy expression (Table

9)
m, Molality of component " i"  (mol kg 1 H,0) (11)
n (Subscript) neutral species "n ” (34)
n, Number of moles of component " i"  (28)
p, Partial pressure of species " i” (72)
P Pressure (74)
R The gas constant (8,314 J mol K !) (24)
s (Superscript or subscript) property relating to salt “ s" (80)
(s) (Subscript) property of sea salt or seawater (7)
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sp (Subscript) solubility product (173)
S General term for gas solubility (81)
S Gas solubility in pure solvent (81)
SK Knudsen salinity (2)
Sx Total salt content of seawater (g kg 1 seawater) (1)
S%c Conventional Salinity (4)
t Temperature (°C) (7)
t (Superscript) indicates a stoichiometric association constant calculated from one

“ free” and one “ total” concentration of the two associating species (usually H 
and a weak acid anion); for each constant, the “ total” and “ free” species used 
are indicated in the text (122)

T Absolute temperature (K) (24)
T (Superscript) indicates a stoichiometric association constant calculated from “ to

tal” concentrations of both associating species (159)
(T) (Subscript) total, or stoichiometric, quantity (50)
U, MX Pitzer (mole fraction) activity coefficient model parameter (67)
V (Superscript) Pitzer model parameter for partial molal volume expression (Table

9)
V, Volume occupied by species “ i” (72)
wi Molar mass of component “ i” in grams (2)
W, MX Pitzer (mole fraction) activity coefficient model parameter (67)
.r. Mole fraction concentration of component “ i” (10)
jc, The total mole fraction of ions (67)
y Mole fraction (alternate definition to x) (12)
z, Charge on ion “ i” (19)

a Side reaction coefficient (122)
P Bunsen solubility coefficient (85)
Pci Pitzer model ion interaction parameter (i = 0, 1, 2), defined in text following 

Equation 37
7 The molal activity coefficient (25, and see Table 5)
7 ± Mean activity coefficient of neutral salt (41)
7° Activity coefficient of species “ i” in pure solvent (80)
F Activity coefficient quotient (31)
C,Jk Pitzer model parameter involving neutral species (34)
T]ijk Pitzer model parameter involving neutral species (34)
0,, Pitzer model ion interaction parameter (cc' and aa') (34)
k  (Superscript) Pitzer model parameter for partial molal compressibility expression

(Table 9)
X„ Pitzer model parameter involving neutral species (34)
(i,,lk Pitzer model parameter involving neutral species (34)
p, Chemical potential of component J (24) 
v, Stoichiometric number of ion “ i” (41)
v Sum of stoichiometric numbers of cation ( v , ) and anion (v ....) in salt M„ X„ (41)
p Parameter for Pitzer mole fraction-based model (67)
px Absolute density of solution “ x” (8)
pmax Maximum density of pure water at 1 atm pressure (8)
<t> The molal osmotic coefficient (27)
4>,,t Pitzer model ion interaction parameter (cc'a and aa'c) (34) 
ft The saturation index of a solid phase (58)
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I . IN T R O D U C T IO N

Chemical modeling designed to understand geochemical processes such as those related 
to hydrothermal brines, seawater systems, and evaporite formations, as well as industrial 
problems in such areas as desalination, steam power generation, and hydrometallurgy, 
requires a detailed knowledge of the thermodynamic properties of aqueous electrolyte so
lutions. The systems of interest in these studies can differ widely in terms of their physical 
and chemical characteristics; hence, it is essential to have chemical models that accurately 
describe electrolyte solution properties over wide ranges of temperature, pressure, and con
centration. In addition, it is impractical to conduct measurements for a large number of 
different mixture compositions; thus, one needs models that allow the prediction of these 
properties for complex mixtures based on parameters evaluated from simple systems.

Various models of aqueous electrolyte thermodynamic properties have been proposed 
in the literature. Numerical comparisons of some of these models have been presented by 
Zemaitis et al.1 Unfortunately, these authors failed to recognize the stated ranges of validity 
of the various models; hence, the comparisons can be misleading. The validity of alternate 
equations is also discussed in Chapter 6 of this book. The most frequently used model at 
present is the ion interaction or virial coefficient approach developed by Pitzer2 and co
workers and discussed in detail in Chapter 3 of this volume. Success of this model when 
applied to complex and concentrated electrolyte mixtures was demonstrated for calculations 
of equilibria at room temperature between a brine phase and one or more solids by Harvie 
and We are’ and Harvie et al.4 Model applications at high temperatures were later shown to 
be equally successful for calculations of solubility equilibria by Pabalan and Pitzer,5-6 Mpller,7 
and Greenberg and Mpller,8 as well as to calculations of vapor pressure depression and 
boiling point elevation by Pabalan and Pitzer.910 More recently, the model has also been 
applied to solubility calculations at temperatures below 25°C (to near — 60°C) by Spencer 
et al."

There are, however, electrolytes of geochemical and industrial interest which become 
extremely soluble in water at high temperatures and pressures. Although the ion interaction 
model has been successful on systems from dilute to high (10 or even 20) molality,18 
application of that model to even higher concentrations by using additional virial terms12 
becomes complex and often unsatisfactory. In addition, the molality for a pure fused salt is 
infinite. An alternate approach to the molality-based model is the mole fraction-based model 
recently proposed by Pitzer and Simonson.11 This is based on a Margules-type expansion. 
It can be applied to systems which extend from dilute solutions to the fused salt, and for 
other systems of very high, but limited solubility. Applications of the model on some ionic 
systems have been demonstrated by Simonson and Pitzer,14 Weres and Tsao,15 and Pabalan 
and Pitzer.16 This model is also discussed in detail in Chapter 3 (Appendix I).

Prediction of mineral solubilities in aqueous electrolyte mixtures is an important use of 
chemical models. It is also a rigorous test of equations for the activity and osmotic coefficients 
of aqueous electrolytes. There is a large body of solubility data available in the literature, 
particularly near room temperature, from which model parameters can be derived, or on 
which model predictions can be validated. For example, an excellent compilation of solubility 
data is given by Linke.17 In addition, the Russian literature on physical and inorganic 
chemistry provides a substantial source of solubility data, mostly at 25°C, but some extending 
to 100°C or higher.

The objective of this chapter is to demonstrate the successful use of the molality-based 
ion interaction and the Margules expansion models to calculations of solubility equilibria 
on a wide variety of chemical systems which are of geochemical or industrial interest. In 
several cases, solubility calculations extend upward to high temperatures. We do not attempt 
to present here a comprehensive list of model parameters and systems for which solubility
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data have been evaluated. Chapter 3 includes extensive tables of parameters for 25°C. It is 
anticipated that as better data on solubilities or on aqueous electrolyte thermodynamic prop
erties become available, model parameters may have to be reevaluated. This is especially 
true at high temperatures and pressures, where more precise data on aqueous solution 
activities, enthalpies, and heat capacities are currently being measured (see, for example. 
Table 15 of Chapter 3).

In addition, solubility parameters determined by one investigator are not necessarily 
consistent with those determined by others. An extensive evaluation of experimental data 
is required to verify the internal consistency of a set of parameters for accurate modeling 
of solubilities in complex mixtures. As a result, although numerous studies have modeled 
solubilities using the ion interaction approach,3 11 18 51 most of these have calculated solu
bilities in binary or ternary mixtures only. The most complex system for which an internally 
consistent set of model parameters has been generated is that of seawater3-4-7-8'1118 (also 
Chapter 6). For details of parameter evaluations on specific aqueous electrolyte mixtures 
which are not discussed in this chapter, the references cited here and in Chapters 3 and 6 
should be consulted.

I I . B A SIC  T H E O R Y

The basic theory for calculations of solubility equilibria is well known. Mineral solu
bilities in electrolyte solutions can be calculated from thermodynamic considerations provided 
that equilibrium constants are known and activity coefficients can be obtained. For a hydrated 
solid with a fixed composition M„mX,,x ‘ vnH,0, which consists of vM positive ions, M, of 
charge zM, vx negative ions, X, of charge zx, and v0 molecules of water, the equilibrium 
constant, K, at a fixed temperature and pressure for the dissolution reaction

M„KiX„x ■ mil O = 1\,M ' + !■ X - 4- r,H (> ill

is given by

In K = p°/RT -  (i \ ;p-, + i\p , + f..pn ,,i RT (2)

where the p,°’s represent the chemical potentials of the solid or of the aqueous species at 
their defined standard states. The standard states for the aqueous ions and electrolytes were 
taken to be the hypothetical 1 -m ideal solution which is actually referenced to infinite dilution 
at any temperature and pressure. The solid and solvent standard states were taken to be the 
pure phases at the temperature and pressure of interest.

In terms of activities or molalities, the equilibrium constant for the solubility reaction 
is given by

In K = vM In aM + vx In ax + iy, In aH>() (3)

or

In K = yM In (mM-yM) + v. In (ni^v,) + iy, In aH,() (4)

where a,, m,, and y, represent the activity, molality, and activity coefficient of the aqueous 
ion i, respectively, and aH>() is the activity of the solvent. Although absolute values of y,'s 
for individual ions cannot be determined by ordinary thermodynamic methods due to elec- 
troneutrality constraints, the mean activity coefficient, 7 , , can be defined unambiguously 
as
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In 7* = <vM In 7m + vx In yx)/v (5)

with v = (i»M + vx). It is shown in Chapter 3. however, that equations for 7M and 7* can 
be written where the only ambiguity is a term which cancels for the 7 . product for any 
charge type. Thus, one can either use equations for 7 . or those for 7M and yv. in aqueous 
electrolyte mixtures of complex composition (e g., seawater including minor components), 
it is advantageous to use the latter because the number of possible 7 . is much larger than 
the number of 7V1 and 7*.

The activity of water is related to the osmotic coefficient. <J>, by the equation

In a,,.,, = -<}> (\UIOOO) m, (6)

where M„ is the molecular mass of w ater in g • mol ' and the sum covers all solute species. 
The Gibbs-Duhem equation relates the composition dependence of <b orall?11 to various solute 
7, or 7 . .  These activity and osmotic coefficients can be calculated from the ion interaction 
or Murgules expansion models described in Chapter 3.

The equilibrium constant. K, can be calculated provided the standard-state chemical 
potentials of the solid and aqueous species are available at the temperature and pressure of 
interest. The relationships between the dependencies of the chemical potentials on pressure 
and temperature, and on volumes, entropies (or enthalpies), and heal capacities are well- 
known. At constant pressure the temperature dependence of the standard-state chemical 
potential of component i is given by

(fljit/aT)p *  S ° (7)

or

"  IC.T, =  - S ' ,r, (T, -  Tr) + c;  dT -  T, j T (C°/T)dT ( 8 )

where S° represents the standard-state entropy of component i, and C® is the standard-state 
heat capacity (at constant pressure) which itself is expressed as a function of temperature. 
T, and T, represent the reference temperature and temperature of interest, respectively. An 
analogous expression for the temperature dependence of the chemical potential can be written 
in terms of the enthalpy and heat capacity.

The dependence of the chemical potential on pressure is given by the molar or partial 
molar volume and can be derived from density and compressibility data. At the saturation 
pressures considered in this study the effects of this pressure dependence on solubilities are 
usually small, but can be significant at moderate to high p re s s u re s .5 When pressure 
dependency information is noted below or in the Appendix, it was included in the calcu
lations. In other cases, primarily at relatively low temperatures and pressures, we assume 
that the pressure effects on the calculated solubilities are within the combined uncertainties 
of all the parameters.

III. MODELING APPROACH

From the equations given above, it is apparent that calculations of mineral solubilities 
in electrolyte solutions require data on ( I ) standard-state chemical potentials of solids and 
ot aqueous species at the temperature and pressure of interest, and (2) activity coefficients 
of aqueous species as functions of solution composition, as well as of temperature and
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pressure. For many systems of geochemical or industrial interest, the former requirement 
has not been a major problem. There are extensive compilations of standard-state properties 
for solids and aqueous species, mostly for 25°C and 1 bar, but in many cases extending 
upward in temperature.16 59 The database for aqueous species at temperatures above 25°C is 
less extensive, but there is now an increasing amount of experimental data at high temper
atures for the most geochemically or industrially important electrolytes (see below and Table 
15, Chapter 3). In addition, equations of state based in part on solvation theory have been 
useful in estimating the standard-state properties of aqueous species at elevated temperatures 
and pressures.60 61 In the case of water, its chemical potential at the temperature and pressure 
of interest can be conveniently calculated from the equations of Haar et al.62 Thus, equilibrium 
constants for important dissolution reactions can be readily calculated.

In practice, a computer database of 25°C standard-state chemical potentials of the solids 
and aqueous species of interest can be set up which the computer program can access to 
calculate the pertinent equilibrium constants. If calculations at temperatures other than 25°C 
will be performed, the database may include values of 25°C standard-state entropy (or 
enthalpy) and analytical expressions for the temperature dependence of the standard-state 
heat capacity of the solids and aqueous species.

Alternatively, a thermodynamic database consisting of equilibrium constants (or their 
temperature functions) for all the independent equilibrium reactions can be set up. This 
format is used in many of the existing geochemical modeling codes.63 69 It is believed to 
introduce less errors in the equilibrium calculations because standard-state chemical potentials 
of individual phases or species are always derived values (e.g,, EMF, solubility measure
ment), while equilibrium constants are based on reaction equilibria and are closest in their 
derivation to the actual measurements.70 In addition, the flexibility afforded by being able 
to independently adjust equilibrium constants of individual reactions and to fit these as 
functions of temperature is advantageous in developing an internally consistent database of 
parameters for complex mixtures. In this study, however, we have opted to use a database 
consisting of standard-state properties of the solids and aqueous species. This avoids the 
necessity of fitting analytical expressions to the temperature dependence of the equilibrium 
constants. This approach is very dependent on standard-state properties, as well as activity 
coefficient model parameters, reported in the literature; hence, it provides a mechanism for 
checking the consistency between independently derived parameters.

The second data requirement listed above has presented a more challenging problem for 
solubility calculations in high ionic strength solutions. Prior to the development of the ion 
interaction model by Pitzer and co-workers (Chapter 3), equilibrium calculations of mineral 
solubilities have more or less been limited to dilute aqueous solutions. Successful prediction 
of mineral solubilities in concentrated electrolyte mixtures had been hampered by the lack 
of an adequate thermodynamic model for the properties of concentrated electrolyte solutions. 
This difficulty is largely due to the fact that the solubilities of many minerals become 
exceedingly dependent on the concentration of co-solutes in the concentrated range.71 This 
behavior indicates that activity coefficients must correct for specific salt effects as well as 
for ionic strength. The application of the ion interaction approach in modeling aqueous 
activity coefficients has allowed solubilities to be calculated in aqueous solutions of high 
concentrations and complex compositions. For simpler systems, but those which extend over 
an even wider range of concentration, activity coefficients derived from a Margules expansion 
model have also been shown to be successful.16

It is important to recognize that equilibrium calculations are highly dependent on the 
thermodynamic data and model parameters used in the calculations. In modeling solubilities 
in complex systems, there is a need for both accuracy and internal consistency among all 
the model parameters and thermodynamic data for the chemical systems considered in the 
study. The approach we have taken here is to utilize as much as possible the standard-state
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properties for solids and aqueous species recommended in various compilations,56 59 as well 
as ion interaction parameters reported in the literature. Most of the reported ion interaction 
parameters are based on measurements of aqueous solution activities (e.g., EMF, isopiestic, 
vapor pressure); hence, these are derived independently of solubility data. In a majority of 
the cases studied here, the published standard-state properties and binary ion interaction 
parameters yield calculated mineral solubilities in pure water (i.e., binary electrolyte + 
water systems) which are in very good agreement with experimental data. In some cases, 
small adjustments to the values of the chemical potential of the solid phase were needed to 
improve the agreement between calculated and experimental solubilities in the binary sys
tems. In a few cases where the thermodynamic data for a hydrated solid are not available, 
these were estimated from the data for the same solid of different hydration numbers,5 or 
were estimated directly from solubility data. For calculations in ternary or more complex 
systems, the same standard-state chemical potentials and ion interaction parameters validated 
by solubility data in binary systems were used. However, mixing parameters for activity 
coefficients are required in these calculations. Solubility calculations in mixed electrolytes 
are particularly sensitive to the values of these mixing terms. For some systems the reported 
mixing parameters, which were evaluated from measured aqueous solution activities in 
ternary systems, were used successfully, although in a few cases slight adjustments were 
made to better fit the measured solubilities. For many mixtures of geochemical or industrial 
interest, however, the only data available are solubility measurements; hence, the evaluation 
of mixing terms had to rely on solubility data. Details of parameter evaluations for specific 
systems are given in the pertinent sections below, as well as in the comprehensive papers 
of Harvie and Weare3 and Harvie et al.4 together with other references given here and in 
Chapter 3.

Computationally, the approach taken in this study to calculate the equilibrium assemblage 
is based on solution of a set of nonlinear mass-action equations involving equilibrium 
constants for all the relevant equilibria and an auxiliary set of linear mass-balance and charge- 
balance equations. This is a standard technique used also by other computer codes such as 
WATEQ,63 SOLMNEQ,64 65 EQ3NR,66 EQ3/6,67 PHREEQE,68 and PHRQPITZ.69 As men
tioned previously, the equilibrium constants at the temperature of interest were calculated 
from standard-state chemical potentials, entropies, and heat capacities of the solids and 
aqueous species. The solution to the set of mass-action, mass-balance, and charge-balance 
equations was solved iteratively by matrix inversion (see, for example, Frantz et al.72). 
Alternatively, the multiphase equilibria can be solved by means of a Gibbs free energy 
minimization algorithm such as that used by Harvie and Weare.3

It should be noted that computer programs for simulation of geochemical interactions 
and which utilize equations based on the ion interaction model are available. The program 
PHRQPITZ69 contains most of the reaction-modeling capabilities of the original PHREEQE68 
code, but has replaced the aqueous model with the ion interaction approach. Latest versions 
of the programs SOLMNEQ65 and EQ3/667 include options to calculate activity coefficients 
using the ion interaction model.

IV . S O L U B IL IT Y  C A L C U L A T IO N S  U SIN G  T H E  IO N  
IN T E R A C T IO N  M O D E L

For systems ranging from dilute to moderately high concentrations, the ion interaction 
or virial coefficient model is the most commonly used representation of the thermodynamic 
properties of aqueous electrolytes. Its theoretical bases are extensively discussed in Chapter 
3 of this volume. The model is based on a virial expansion of the excess Gibbs energy, Gc7 
RT, i.e., the actual Gibbs energy of the solution minus the Gibbs energy of a reference 
solution of the same composition but with unit activity and osmotic coefficients. Expressions
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for various thermodynamic properties, including osmotic coefficients, activity coefficients, 
excess enthalpies, and volumes, follow directly from the equation for Gex/RT through the 
appropriate derivatives. Working equations for these thermodynamic functions are given in 
Chapter 3. For the purposes of solubility calculations, the expressions for osmotic and activity 
coefficients are of direct relevance. However, the expressions for excess enthalpies, heat 
capacities, and volumes are also important because they yield the temperature and pressure 
dependence of the model parameters for osmotic and activity coefficients. For convenience, 
the ion interaction model equations for osmotic and activity coefficients are summarized in 
Table 1. The terms in these equations for neutral species are not included because these 
species are not considered in the examples given below, but the full equations are given in 
Chapter 3.

In practical terms, the ion interaction model represents the osmotic and activity coef
ficients of most* electrolyte mixtures in terms of six types of empirical parameters, namely, 
Pmx. Pmx. Pmx. C&x, Oy, and »hjk. The values of (3&’x, and C*x can be determined
from experimental data on single electrolyte solutions, whereas 0y and tj/ijk, which arise for 
mixtures of two or more electrolytes, can be evaluated from data on simple mixtures. Provided 
that their temperature and pressure dependencies are known, these parameters permit the 
calculation of solubilities in binary, ternary, and more complex mixtures at different tem
peratures and pressures.

In the following two sections, experimental data on mineral solubilities are compared 
with values calculated using the ion interaction model. The first section gives examples of 
mineral solubility calculations at 25°C. Calculations at variable temperatures are given in 
the second section, some at temperatures extending to 300°C. The symbols in the figures 
of the following sections represent experimental data from various sources, and the curves 
represent solubilities calculated using the model. The intersections of the curves are the 
calculated invariant points in the system.

A. SOLUBILITIES AT 25°C
Numerous studies on solubility calculations at 25°C have been published in the past 

decade,*"18 53 and it is beyond the scope of this chapter to give an extensive summary. For 
equilibrium modeling of mineral solubilities in natural waters, a comprehensive model has 
been developed by Harvie et al.4 for the system Na-K-Mg-Ca-H-Cl-S04-0H-HC03-C03- 
CO,-H20 , and this reference should be consulted for detailed discussions; many of the 
parameters tabulated in Chapter 3 are taken from this paper. In this section, we present some 
new solubility calculations for mixtures of different valence types as an example and an 
addition to earlier calculations at 25°C. The binary ion interaction parameters P m x -

Pmx- CmX), mixing parameters (0y, tf/i|k), and standard-state chemical potentials of the solids 
and aqueous species used in the calculations are given in Tables 2 to 4, respectively, together 
with their corresponding references.

For most of the systems considered here, measurements of aqueous mixture activities 
are not available; hence, evaluation of the values for the mixing parameters 0y and relied 
on solubility data. In these cases, however, it was impractical to evaluate both 0y and tit,Jk 
from measured solubilities, and satisfactory results were obtained when either 0y or both 0 
and t|ti|k were assumed to be zero. In addition, the inclusion of the terms K01( and *0;, was 
found to be unnecessary' in fitting the solubility data, in agreement with studies done by 
Filippov and associates.19 39 Therefore, for the solubility calculations illustrated in this sec
tion, these terms were omitted from the equations given in Table 1 for osmotic and activity

*  A d d it io n a l te rm s  a p p ly  to m ix tu re s  c o n ta in in g  n e u tra l s p e c ie s  o r  to  s o lu t io n s  o f  v e ry  h ig h  c o n c e n tr a t io n s . S e e  
d is c u s s io n  in  C h a p t e r  3 .
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TABLE 1
Ion Interaction Model Equations for Osmotic and Activity Coefficients”

The expression for the osmotic coefficient is given by 

<4> -  0  = (2/V m,l| A„r : <l + hi' ’) + 2 2  mcma(B* + Z C J

+ 2 2  mcmc./(d>*. + 2  ma4'cc a) + 2 2  niTV+lf', + 2  niA.„, >1 (9)
c < c’ a a < a' c

and activity coefficients are given by

In y M = zhF + 2 ma(2BMa + ZCMll) + 2 + 2 mai|/Mca)

2  2  m am a4 Maa' + |zM 1 2 2  mt.maCca (10a)

and

In y x zxF * 2 mc(2Bcx + ZCcX) + 2 + 2 mA-x«)
c a c

+ 2 2  W ' i ' x  + W22 mcmaCca (10b)

where c and c' are cations and a and a' are anions. The charges are indicated by zM and 
zx. The B and C terms can be evaluated empirically from data on binary (electrolyte + 
water) systems, while the and »|i terms arise only for mixed electrolyte solutions and can 
best be determined from common ion mixtures. The quantity F includes the Debye-Huckel 
term and other terms as follows:

F = — A^[I,,2/(1 + blm) + (2/b)in(l + bl1'2)] + 22 mcmaB:a

+ 2 J  + 2  2  m3ma 4>;a, (11)

Also,

z  = 2  milz.l (12)

B?a = + IB'a (13)

<K = + Kt>L (14)

B' and <&' are the ionic strength derivatives of B and # . The sums over i include all solute 
species; uncharged species do not contribute to I or Z. The double summation indices, c < 
c' and a <  a ', denote the sum over all distinguishable pairs of different cations or anions. 
The parameter CMX is related to the commonly tabulated parameter C^x by the equation:

CMX = C + x / ( 2 | z m z x | i / 2 ) (15)
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The ionic strength dependence of the B terms is shown by the following equations:

B m x  =  P m x  + PLikexp(-a,I12) +  P(Mxexp( —  a 2r '2) (16a)

Bmx = +  pMxg(a ,I ,/2) + p{&g(a2I 1'2) (16b)

Bmx = [P^xg'fa.I1'2) + (16c)

where the functions g and g' are given by

g(x) = 2(1 -  (1 + x)exp( — x)]/x2 (17a)

g'(x) = 2( I (1 f  x 4 x2/2)exp( -  x)]/x2 (17b)

P'01, (3<u, and p(2) are solute-specific parameters fit to isothermal-isobaric experimental data 
on pure electrolytes at varying concentrations. (3<21 is important only for 2-2 or higher valence 
electrolytes that show a tendency toward electrostatic ion pairing. For electrolytes in which 
at least one of the ions is univalent, a, is usually taken to be 2.0 kg‘'2mol '~'a . However, 
other values of a, can be used without undue complication. For 2-2 electrolytes at 25°C, 
the optimized values of a , and a2 are 1.4 and 12 kg1/2mol ,a, respectively. These values 
can be taken to be independent of T and P for many applications, but there are theoretical 
reasons for taking a 2 to be proportional to the Debye-Hiickel parameter, A4 (see Chapter 
3).

In the case of the <I> terms there is a large ionic strength dependence for unsymmetrical 
mixing such as Na* with Mg2+ or Cl with SO) arising from long-range electrostatic 
forces which is given by theory. The complete expressions for <1̂  are

<t>„ = 0U + Myl) (18a)

= ^ ( 1 )  (18b)

= e„ + Ee„(i) + f o ' / d  a  8c)

where E6(I) and E0'(I) account for electrostatic unsymmetrical mixing effects and depend 
only on the charges of the ions i and j, the total ionic strength, and on the density and 
dielectric constant of the solvent (hence, on the temperature and pressure). Equations for 
calculating these terms are given in Appendix B of Chapter 3. The remaining term 0y arising 
from short-range forces is taken as a constant for any particular c,c' or a,a' at a given T 
and P. As explained in the text, the E0 and E0' terms are often omitted for solubility 
calculations. They are omitted in Section IV.A, but are retained in Section IV.B of this 
chapter.

“ Terms for neutral species are not included. The full equations including these terms are 
given in Chapter 3.
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TABLE 2
Single Electrolyte Parameters at 25°C

Cation Anion pioi pa, pa, C® Ref.

Na Cl 0.0765 0.2664 0.00127 73
H Cl 0.1775 0.2945 0.00080 73
Mg Cl 0,35235 1,6815 0.00519 73
Ni Cl 0.34991 1.5300 -0.00471 75
Mn Cl 0.32473 1,5146 -  0.02269 76
Co Cl 0.36428 1.4753 -0.01522 73
Na so4 0.01958 1.1130 0.00497 73
Li so4 0,13628 1.2705 -0.00399 73
Mg so4 0.2150 3.365 -32.74 0.0280 77
Fe so4 0.2568 3.063 -4 2 .0 0.0209 40
Mn so4 0.2130 2.938 -41.91 0.01551 76
Ni so4 0.1702 2,907 -40.06 0.0366 74
Cu so4 0.2340 2.527 -48.33 0.00440 78
Co so4 0.1631 3.346 -30 .7 0.03704 21
Cd so4 0,2053 2.617 -48,07 0.0114 74
A1 so4 0.854 18.53 -500.0 -0.0911 44

TABLE 3
Mixing Parameters for 25°C for Use without E0y and E0|j

Ref.

C C ' 0CC 0 value i|t value

H Mn 0 -0.0128 79 This study
Na Li 0.012 -0 .007 79 This study
Na Cu 0 - 0.011 78 78
Na Ni 0 -0 .01 -0.015 This study This study
Na Co -0 .016 -0.003 -0,008 79 This study
Na Mn 0 -  0.009 79 This study
Mg Ni 0 0.006 This study This study
Mg Cc1 0 0 This study This study
Mg A1 0 0 This study This study
Cu Li 0 0 21 21
Ni Li 0 0 This study This study
Fe Li 0 0 This study This study
Fe A! 0 -0 .04 This study This study

Ref.

a a' 0 - ' « | r » N i  *!<»<„ 0 value i|t value

Cl SC)4 -0 .02 0.005 0.01 79 This study

coefficients. The mixing parameters given in Table 3 are o n l y  for use without the h0M and
'it;, terms.

Experimental and calculated solubilities in aqueous mixtures of 1:1 and 2:1 electrolytes 
are given in Figures I to 3, for the ternary systems NaCl-NiCF-FLO. NaCl-CoCK-FTO. and 
FiCFMnCF-FFO, respectively. The intersection of the curves in Figures 1 and 2 represents 
the calculated ternary invariant point, i.e ., the coexistence of two solid phases and a saturated 
aqueous solution. For calculating the solubilities of NiCF • 6FFO and MnCF • 4FFO, the 
standard-state chemical potentials (p.°/RT) of the solids were adjusted slightly from the 
values recommended by Wagman et alC8 to better fit the solubility data. A value of -690 .8  
and -574 .78  are used here for NiCF • 6FFO and MnCF • 4H:C). respectively, compared
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Substance Formula -p q /R T Ref.

W a te r H , 0 9 5 .6 6 3 5 5 6

C h lo r i d e  io n C l 5 2 ,9 5 5 5 6

S u l f a t e  io n S O 2 3 0 0 .3 8 6 5 6

H y d r o g e n  io n H* 0 ( C o n v e n t io n )

S o d iu m  io n N a * 1 0 5 .6 5 1 5 6

L i th iu m  io n L i* 1 1 8 .0 4 4 5 6

M a g n e s iu m  io n M g 2 * 1 8 3 .4 6 8 5 6

C u p r i c  io n C u 2 * 2 6 .4 2 5 8

N ic k e l  io n Ni-* 1 8 .4 0 5 8

C o b a l t  io n C o 2 ’ 2 1 .9 4 5 8

F e r r o u s  io n F e 2 * 3 1 .8 3 5 8

M a n g a n n o u s  io n Mri* 9 2 .0 2 5 8

C a d m iu m  io n C d 2 * 3 1 .3 0 9 5 8

A lu m i n u m  io n A P * 1 9 5 .6 5 8

H a l i te N a C l 1 5 4 .9 9 5 6

M ir a b i l i t e N a , S 0 4 ■ IG H .O 1 4 7 1 .1 5 5 8

E p s o m i te M g S 0 4 • 7 H .O 1 1 5 7 .7 4 5

B is c h o f i te M g C L  • 6 H .O 8 5 3 .1 5 6

L L S O ., ■ H ,0 6 3 1 .1 3 T h i s  s tu d y

L i , S 0 4 • 3 N a ,S C )4 • 
1 2 H ;0

3 2 2 7 .6 6 T h i s  s tu d y

C h a l c a n t h i t e C u S 0 4 • 5 H , 0 7 5 8 ,3 1 5 5 6

C u S 0 4 • N a 2S 0 4 • 
2 H , 0

9 8 5 .9 9 2 5

N iC l ,  • 4 H .O 4 9 7 .6 T h i s  s tu d y

N iC l ,  • 6 H , 0 6 9 0 .8 T h i s  s tu d y

M o r e n o s i te N i S 0 4 • 7 H , 0 9 9 3 .5 1 20
N i S 0 4 • N a , S 0 4 • 4 H , 0 1221.0 T h i s  s tu d y

C o C l ,  • 6 H 20 6 9 5 .9 5 5 8

C o S 0 4 • 7 H , 0 9 9 7 .0 2 21
C o S 0 4 ■ N a 2S 0 4 • 

4 H , 0

1 2 2 4 .3 5 T h i s  s tu d y

M e la n te r i t e F e S 0 4 • 7 H , 0 1 0 0 6 .9 3 4 5

H a lo t r ic h i te F e S 0 4 • A 1 . ( S 0 4) ,  • 

2 2 H , 0

.3 7 5 2 .7 9 C o r r e c t e d  

f r o m  4 5

M n C L  • 4 H ,C ) 5 7 4 .7 8 T h i s  s tu d y

M n S (> 4 • 4 H , 0 7 7 8 .6 2 T h i s  s tu d y

M n S O ,  • N a 2S 0 4 • 

2 H , 0

1 1 0 1 .9 T h i s  s tu d y

C d S ( ) 4 • 8/3H,0 5 9 1 .0 4 2 5 8

A lu n o g e n A1,(S04), • 1 7 H .O 2 9 3 6 .5 7 4 5

P ic k e r in g i t e A M S C y ,  • M g S C )4 • 

2 2 H .O

3 9 0 3 .0 2 4 5

to values of -691,11 and -574.28 tabulated by Wagman et al. The solubility data of 
Putivl’skii et al.SI for this system extend to about 13.5 m HC1. However, the ion interaction 
parameters for HC1 were derived by Pitzer and Mayorga7' from fitting solution activity data 
up to 6 m; hence, agreement between calculated and experimental solubilities does not extend 
much above 6 m HC1, where a less hydrated solid, Mn( 1 • 2110. becomes stable in 
equilibrium with the aqueous solution.81 It may be possible to calculate the solubilities over 
the whole concentration range studied by Putivl’skii et al. if the alternate treatment of HC1 
properties by Filippov et al,‘)7 is used. That treatment was successful in fitting HC1 properties
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N aC I-N iC I, -h - ,0

zp

0 6.0 7.0

FIGLRH I . Solubilities in the system NaCI-NiCI- FFO at 2S:,C. The synihol.s 
represent values tabulated by Filippov et al.G' and the solid curves represent 
values calculated using the ion interaction model. The intersection of the curves 
represents the calculated ternary invariant point, i.e.. the coexistence of two 
solids (NaCI and NiCI • 6HA)) and a saturated aqueous solution.

NaCI-CoC -̂'F^O

MGURH 2. Solubilities in the NGCFCoCF H O system at 25'C. Values given 
by L-inke1 and Filippov et al.'!‘ are indicated by the symbols, and those 
calculated using the ion interaction model are represented by the solid curves.

up to 16 m  by including the (Cg term, which is not used for 1:1 electrolytes in the standard 
ion interaction model (see Chapter 3, Appendix H).

Figures 4 and 5, for the respective ternary systems Na,S04-LijS04-H,0 and MgClr  
NiCLTXO, show examples of calculated and experimental solubilities in mixtures of two 
1:2 aqueous electrolytes. For calculating the solubility of Li,SO., • FFO in Figure 4. the 
p.,’/RT of the solid was changed slightly from Wagman et a lls  recommended value of 
-■631.53 to -631.13. The standard-state chemical potential for the double salt Li,S04 • 
3Na,SOj • I2FLO given in Table 4 was derived from a best fit to solubility data. The value 
for NiCI, • 111 (> was adjusted to better fit the solubility data. This was also done for NiCI, 
• 6H.O as discussed previously. Wagman et al. recommended a value of -498.16 for Nil I
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HCI-MnCI2 - H 20

HOURh V Calculated and experimental solubilities in the system HO- 
Mn C I H  () at 25“C. Experimental data are from Putivl'skii ct al

NajSO^—I^ SO ^ —HjO

MOURE 4 Calculated and experimental solubilities in the Nu.Sf >, I 1 S i), 
H.O system al 25“C. Experimental data from Filippov and Kalinktn“’ and 
Bodaleva and Ke-Yuan’ ' arc represented by the symbols.

• 4H.O. compared to -497 .6  which was used in the calculations. Note that in the MgCl,- 
NiCI.-H,0 system shown in Figure 5. the less hydrated NiCI_, solid becomes stable at MgCI, 
molalities greater than about 3 6

For mixtures involving 2:1 and 2:2 electrolytes, several examples are illustrated in Figures 
6 to 14 Experimental and calculated solubilities are shown in Figures 6 to 9 for the ternary 
systems NaJS 0 1-CuS0J-H,0. Na,SO,-NiSO, H.O. Na.SOj-CoSO.-H.O. and Na.SO, MnSO,-
H.O. respectively These systems are characterized by the formation ol hydrated double 
salts, the standard-state chemical potentials of which were evaluated from solubility data 
and are given in Table 4 The values of p.“'RT for NiSO, - 7H.O and CoSO, • 7H.O used 
in the calculations were derived from the equilibrium constants given by Filippov and 
Nokhrin’" 71 and are equal to - 993 51 and -997.02. respectively. These are somewhat
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MgCI2-N iC I2 - H 20

FIGURE 5, Experimental data at 25°C in the system MgCl,-NiCl,-H20  from 
Oikova83 compared with solubilities calculated using the ion interaction model. 
Note that a less hydrated NiCl, solid is stable at MgCl, molalities greater than 
about 3.6.

Na2S04-CuS04-H20

FIGURE 6. Solubilities at 25°C in the Na,S04-CuS04-H,0 system. Exper
imental data are from Linke,17 Filippov and Nokhrin,25 and Druzhinin and 
Kosvakina.84

different from those of Wagman et al., who give values of -993.109 and -997.784 for 
NiS04 • 7H,0 and CoS04 • 7H20 , respectively. The |x°/RT value for MnS04 • 4H20  given 
in Table 4 was fit to solubility data.

Figures 10 to 12 compare calculated and experimental values in the Li2S04-CuS04-H20 , 
Li2S04-NiS04-H20 , and Li2S04-FeS04-H20  systems, respectively. Measured and calculated 
solubilities in the system CoC12-CoS0 4-H20  are given in Figure 13, while those in the system 
NiCl2-NiS04-H20  are shown in Figure 14. An example of calculated and experimental 
solubilities in aqueous mixtures of two 2:2 electrolytes is given in Figure 15 for the ternary 
system MgSO, CUSO.-H ().
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Na2S 0 4.-N iS04 -H 20

FIGURE 7. Solubilities in the system Na..SO,-NiSO,-H.O at 2S*C. The sym
bols represent values Isbutaled by Filippov el a l..IB anil the curves represent 
values calculated using the ion interaction model.

Na2 S 0 4 —C0 SO4 —H20

FIGURE 8 Solubilities in the system Na.S04 -CoS04-H.O at 2S T  Solid 
curves represent calculated values, and symbols represent experimental data 
from l.mke.1 F'tlippov and Yakovleva,“  and Sehevchuk el at."'

Solubilities in some of the systems discussed above were also treated using the ion 
interaction model by Filippov and associates.3" ^ s e v e r a l  0f the mixing 
parameters derived in iheir studies differ from those determined here. For the sulfate systems 
this is due to iheir choice of different binary interaction parameters, or to differences in 
equilibrium constants for the dissolution reaction. For the chloride systems such as NiC’L, 
CuCI,. CoCI,, and MnCl,. it is largely due to their use of the term to fit aqueous 
properties over an extended concentration ranger'”"’ The standard ion interaction model 
does not use the term for 1:1 and 2:1 electrolytes, although its inclusion makes it 
possible to fit aqueous solution properties to very high concentrations (c.g., 16 m HCT’l 
Although the binary ton interaction parameters for NiCI.. CuCI,. CoCI,. MnCl,, and MgCI, 
used in this study were derived from solution data well below saturation concentrations.
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Na2S04-MnS04 -~H20

F I G U R E  9 .  E x p e r im e n t a l  a n d  c a lc u la te d  s o lu b i l i t i e s  a t  2 5 ° C  in  th e  s y s t e m  

N a 2S 0 4- M n S 0 4~ H ,0 .  T h e  s y m b o ls  r e p r e s e n t  e x p e r i m e n t a l  d a t a  f r o m  L i n k e . 17

i^ S O ^ —CuSO^—h^O

F I G U R E  10. S o lu b i l i t i e s  in  th e  L U S 0 4- C u S 0 4- H , 0  s y s t e m  a t 2 5 ° C . T h e  

s y m b o l s  r e p r e s e n t  v a lu e s  ta b u la t e d  b y  L i n k e 17 a n d  F i l i p p o v  a n d  N o k h r i n .71

they were found to be adequate in calculating aqueous electrolyte properties up to saturation 
values.

Comparisons of calculated and experimental solubilities in aqueous mixtures of 2:2 and 
3:2 electrolytes are given in Figures 16 and 17 for the systems MgS04-Al2S04-H20  and 
FeS04-Al2S04-H,0, respectively. These systems and other electrolyte mixtures with AFSO., 
were treated previously using the ion interaction approach by Reardon.74 The calculations 
here used his binary ion interaction parameters for \l S<),. which are based on the values 
a, = 2.0, a 2 = 50, and the solid phase standard-state chemical potentials recommended 
in his study. However, his treatment of mixture properties used the full equations given in 
Table 1, including the higher-order terms for asymmetric mixing. To be consistent with the 
other examples given above, new values of the mixing parameters 0h and tji,jk were derived 
from the solubility data for use without the Nl.j and e0 't terms. For these two systems, as
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FIGURE 11 Solubilities in Ihc system L i.S0,-N iS04-H ,0  at 25T \ The 
symbols represent experimental values from Filippov and Nokhrin’" and Blidin 
and Andreeva

FIGURE 12 Experimenlal solubilities at 25"C in the system U»SH,-FeSO,
H.O from Blidin and Andreeva*' compared with calculated values

well as lor most of the other systems shown previously, ii was sufficient for solubility 
calculations to set either fl„ or both 0„ and t|>,lk equal to zero.

No additional parameters arc needed by the ion interaction mtxlel to describe aqueous 
solution properties in quaternary or more complex systems. Hence, the parameters determined 
previously from simple mixtures can he used to predict solubilities in more complicated 
systems Examples are given in the next iwo figures. Figure IK shows experimental and 
calculated solubilities in the quaternary system Na,SO,-Li,.S()t-CuSO,-H,C). and Figure 19 
compares solubilities in the quaternary reciprocal system Na-Co-CI-SO, H.,() In Figure IK. 
the symbols inside the triangle represent quaternary invariant points (i.e,, equilibrium be
tween three solids and a saturated aqueous solution) experimentally determined by Filippov 
and Nokhrin.'"’ and those at the edges of the triangle represent experimental ternary invariant
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C0O 2 —C0SO4 —H^O

mCoCI2

FIGURE 13. Calculated and experimental solubilities at 25°C in the system 
CoC1,-CoS04-H20. The symbols represent values tabulated by Linke,'7 Bursa 
and Stanin-Lovitska,w and Filippov et at.1*’

NiCi2 -N iS04 ~-H20

FIGURE 14. Solubilities in the NiCl2-NiS04-Hj0 system at 25°C. Values 
taken from Filippov et al.*’ are indicated by the symbols.

p o i n t s  ( i . e . ,  c o e x i s t e n c e  o f  t w o  s o l i d s  p l u s  a  s a t u r a t e d  a q u e o u s  s o l u t i o n )  t a k e n  f r o m  t h e  
r e f e r e n c e s  i n  F i g u r e s  4 ,  6 ,  a n d  1 0 .  I n  F i g u r e  1 9 ,  t h e  s y m b o l s  i n s i d e  t h e  f i g u r e  a r e  e x p e r i m e n t a l  
q u a t e r n a r y  i n v a r i a n t  p o i n t s  t a k e n  f r o m  F i l i p p o v  a n d  C h a r y k o v , 3 6  a n d  t h o s e  a t  t h e  e d g e s  a r e  
e x p e r i m e n t a l  t e r n a r y  i n v a r i a n t  p o i n t s  f r o m  t h e  r e f e r e n c e s  i n  F i g u r e s  2 ,  8 ,  a n d  1 3 .  T h e  s o l i d  
c u r v e s  r e p r e s e n t  v a l u e s  p r e d i c t e d  u s i n g  t h e  i o n  i n t e r a c t i o n  p a r a m e t e r s  d e r i v e d  f r o m  b i n a r y  
a n d  t e r n a r y  s y s t e m s .  T h e s e  f i g u r e s  d e m o n s t r a t e  t h a t  r e l i a b l e  p r e d i c t i o n s  o f  s o l u b i l i t i e s  i n  
c o m p l e x  s y s t e m s  c a n  b e  o b t a i n e d  u s i n g  p a r a m e t e r s  d e t e r m i n e d  f r o m  s i m p l e  m i x t u r e s .  I t  
s h o u l d  b e  n o t e d  t h a t  F i l i p p o v  a n d  C h a r y k o v 3 6  a l s o  c a l c u l a t e d  s o l u b i l i t i e s  i n  t h e  r e c i p r o c a l  
s y s t e m  N a - C o - C l - S 0 4 - H 2 0  u s i n g  t h e  i o n  i n t e r a c t i o n  m o d e l .  T h e y  o b t a i n e d  b e t t e r  a g r e e m e n t  
w i t h  e x p e r i m e n t a l  d a t a  a t  h i g h e r  C o C l ,  c o n c e n t r a t i o n s  b y  i n c l u d i n g  t h e  ( 3 1 J X  t e r m  i n  t h e i r  
t r e a t m e n t  o f  a q u e o u s  C o C l 2  p r o p e r t i e s .
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MgS04 -CdS0 4 -H 20

FIGURE 15. Calculated solubilities at 25°C in the system MgS04-CdS04- 
H,0 compared with experimental data from Linke.17

MgS04 -AI2 (S0 4)3 -H 20

FIGURE 16, Solubilities in the system MgS04-Al,(S04),-H20 at 25°C. Ex
perimental data are from Bassett and Watt71 and Moshinskii and Chibizov.92

B. SOLUBILITIES AT VARIABLE TEMPERATURES 
1. Choice of Standard-State Properties

M i n e r a l  s o l u b i l i t i e s  a t  v a r i a b l e  t e m p e r a t u r e s  c a n  b e  c a l c u l a t e d  p r o v i d e d  t h a t  s t a n d a r d -  
s t a t e  c h e m i c a l  p o t e n t i a l s  o f  t h e  s o l i d s  a n d  a q u e o u s  s p e c i e s  a n d  t h e  i o n  i n t e r a c t i o n  p a r a m e t e r s  
a r e  k n o w n  a t  t h e  t e m p e r a t u r e  o f  i n t e r e s t .  I f  t h e  s t a n d a r d - s t a t e  c h e m i c a l  p o t e n t i a l s  a n d  e n 
t r o p i e s  ( o r  e n t h a l p i e s )  a t  a  r e f e r e n c e  t e m p e r a t u r e  a n d  t e m p e r a t u r e  f u n c t i o n s  f o r  s t a n d a r d -  
s t a t e  h e a t  c a p a c i t i e s  a r e  a v a i l a b l e ,  t h e  s t a n d a r d - s t a t e  c h e m i c a l  p o t e n t i a l  a t  t h e  t e m p e r a t u r e  
o f  i n t e r e s t  c a n  b e  d e r i v e d  u s i n g  E q u a t i o n  8 .  F o r  t h e  e x a m p l e s  g i v e n  i n  t h i s  s e c t i o n ,  t h e r 
m o d y n a m i c  d a t a  f o r  s o l i d s  a n d  a q u e o u s  s p e c i e s  u s e d  i n  t h e  c a l c u l a t i o n s  a r e  g i v e n  i n  T a b l e
5 .  T h e  v a l u e s  o f  p,°/RT a t  t h e  r e f e r e n c e  t e m p e r a t u r e  o f  2 5 ° C  w e r e  t a k e n  m o s t l y  f r o m  R o b i e  
e t  a l . 5A T h o s e  f o r  t h e  s o l i d s  M g C I  • n H , 0  w e r e  t a k e n  f r o m  W a g m a n  e t  al." T h e  r e f e r e n c e  
c h e m i c a l  p o t e n t i a l  o f  t h e  s o l i d  M g S 0 4  • 7 H , 0  w a s  a d j u s t e d  s l i g h t l y  t o  f i t  t h e  2 5 ° C  s o l u b i l i t y
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re S04 -A I2(S 0 4) 5- H 20

FIGURE 17. Solubilities in the system FeSO, Al.tSf),). H.O at 25'C Ex
perimental data are front Oeckshaw,'1 Smith. " and Oykuva.

CuSOa

RGIJRE IS Solubilities a! 2 5 T  in the tjusiemary system Na.S O 1 .i .S O ,-C uS O H ,(>. 
The values are plotted in terms of the untie percent of the i ompnnent I Nil St I, 1.1 S t . or 
TtrSOd with respect it> tlte total nutither of moles t>f Na St I. * [ rSO , r  t ’uSt t, The 
symbols inside the triangle represent ipiatemary invariant points expert mentally determined 
by Filippov and Nokhrin The symbols at the edges of the triangle represent evperimeritaj 
ternary invariant pninLc from the references in Figures 4. fi. mid 1ft The curves represent 
values predicted from the ion intcraetion model using parameters derived previously from 
hi nary and reman systems. The stability fields of the various solid phases are indicated on 
I he figure
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Na,SOt CoSOt
0 20 40 60 80 100

2N&C1 CoCl2

FIGURE 19. Solubilities in the quaternary reciprocal system Na-Co-Cl- 
SC)4-H2Q at 25°C. The values are plotted in terms of Janecke indices of 
the ions (Janecke index Y, = m,z/Smz). The symbols inside the figure 
are experimental quaternary invariant points determined by Filippov and 
Charykov.’6 The symbols at the edges of the figure represent ternary in
variant points for the systems NaCl-CoCl,-HX>. Na,SOll-CoSO.,-H,0, and 
( .>t I ( .so | |  () from the references given in Figures 2, 8. and 13. 
respectively. The invariant points for the NaCl-Na2S04-H20  system were 
taken from Linke,17 The curves represent values predicted using ion in
teraction parameters derived from binary and ternary systems. The stability 
fields of the solid phases are labeled as: (A) NaCl, (B) Na2SO„, (C) Na.S04
• 10H2G. (D) Na.sn, • CoS04 • II 1,0. (E) CoSC)4 • 7H.O, and (F) CoCI,
• 6H,0.

in the binary system. For MgS04 • 6HzO and MgS04 • H2G, which become stable at higher 
temperatures, the values were slightly adjusted to fit their lowest temperature solubility 
values in binary systems. The reference value of p, RT for the double-salt KC1 • M gt'l, * 
6H ,0 (camallite) was fit to solubility data by Harvie and Weare.1 In the case of water, its 
standard-state chemical potential at T and P was calculated using the equations of state 
derived by Haar et al.62

Heat capacity (Cp) data from calorimetric measurements are available for most of the 
solids considered here. Table 5 gives the parameters for the following equation for the heat 
capacity of a solid:

Cp = a + bT + c/T2 (19)

The range of validity is also indicated. These heat capacity parameters were taken mostly 
from Kelley.5*2 The coefficients given by Kelley59 for KCl(s) are incorrect, however, and 
the values listed are from Holmes and Mesmer,98 who fit the values tabulated by Chase et 
al.57 The values for Na2S 04(s) and Na2SC)4 • 10H2O(s) were fit by Pabalan and Pitzer5 to 
data from Brodale and Giauque," 100 while those for MgSO„(s) were derived from JANAF 
data.57 The equation for Na2SO.,(s) is valid only to 241°C, which corresponds to a change 
in the stable form of the solid from Form IV to Form 1.'“’ In addition, there is an associated 
heat of transition in going from Form V to Form IV at 185°C equal to 75 cal/mol.100 For 
calculations of Na2SG4(s) solubilities to 350°C, standard-state chemical potentials of Na2S04(s) 
can be derived from the free energy functions tabulated by Brodale and Giauque."** The Cp 
coefficients for MgS04 * H,0(s) and MgS04 • 6H,0(s) were derived from linear fits to the 
low temperature data of Frost et al."" and Cox et a l.,102 respectively.



TABLE S
Standard-State Chemical Potentials, Enthalpies of Formation, and Entropies at 298.15 K of Aqueous Species 

and Minerals, and Temperature Functions of the Heat Capacity of the Solids

C„/R = a + bT +  c /T
Substance Formula -  |JL, R1 - A H f°/RT SCR a 103 b 10 5 e T (K )range

Water H .Of I) 95.6635 115.304 8.409
C h l o r i d e  ion Cl (aq) 52.955 67.432 6,778
Sulfate ion SO; (aq) 300.386 366.8(X) 2.42
S o d i u m  i o n Na' (aq) 105.651 96.865 7.096
P o t a s s i u m  ion K ' (aq) 113.957 101.81 12.33
M a g n e s i u m  ion Mg-' ’ (aq) 183.468 188.329 -  16.64
Halite NaCKs) 154.99 165.88 8.676 5.525 1.96,, — 298—1073
S y i v i t e KCI(s) 164.84 176.034 9.934 5.575 2,011 — — 298—..700
C a r n a l l i t e KC1 • MgCl, • 6H.O(s) 1020.3 1184.85 55.53 96.11 -  180.4 — 273—423
A r c a m t e K.SOj(s) 532.39 580.01 21.12 14.48 11.98 .2 -144 298—856

MgSOj(s) 472.26 518.33 1 1.02 6.71 16.30 — 298—700
Kicserile MgSG4 • H.O(s) 579.18, 649.34 (14.99) 6.89 31.05 — -273—-473
Leonhardtite Mi-m i . ■ 4H.O(s) 868.55 1007.13 (30.64) 9.39 74.8 — —273——473
P e n t a l m l r i t e MgSO., ■ 5H.O(s) 965.13 — (35.7) 10.2 89.3 — — 273—-473
Hexahydrite MgSO., ■ 6H/)(s) 1061.37 (1244.79) 41.87 10.9 l(M — -273—-473
Epsomite MgSO, • 7H,0(s) 1157.74 (1366.27) 44.79 11.8 118 — -273—-473

MgCUs) 238.74 258.71 10.78 9.511 0.714„ -  1.03. 298—987
MgCl, • H,0(s) 347.66 389.94 16.505 10.95 9.788 — 298—650
MgCl, • 2HX)(S) 451.06 516.24 21.64 15.05 13.74 — 298—500
MgCl, • 4H,D(s) 654.93 766.06 31.75 22.56 21.65 — 298—450

B i s c  ho file MgCl. • 6H,G(s) 853.1 1008.11 44.03 29.08 29.56 —- 298—385
Thenardite Na.S04(s) 512.39 559.55 17.99 12.667 13.900 -  1.240 250—514

Mirabilite Na.SO, ■ H)H.O(s) 1471.15 1475.75 71,21 10.65 196.0 _ -200—-333
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Heat capacity data for MgS04 • 4H20(s), MgS04 • 5H,0(s), and MgS04 ■ 7H,0(s) are 
not available. However, the contribution of each water molecule to the entropy or heat 
capacity of a hydrated solid is expected to be about the same. In fact, data on 25°C entropies 
and heat capacities of MgCl2 • nH20(s) and MgSO, • nH20(s) plotted by Pabalan and Pitzer5 
shows a linear trend with the number of hydration waters. A linear relationship was also 
shown between hydration numbers and enthalpies of formation for a wide variety of solids 
by Hisham and Benson.103 Thus the unknown Cp temperature functions for MgSO. • 4H20(s), 
MgSO, • 5H20(s), and MgSO. • 7H20(s) were estimated on this basis. In the case of KC1 
• MgCi, • 6H,0, the heat capacity parameters were estimated by Pabalan and Pitzer5 from 
the temperature dependence of its solubility in the ternary system KCl-MgCl2-H20  from 0 
to 150°C tabulated by Linke.17

The S°/R values in Table 5 are mostly from Wagman et al.58 Entropy values enclosed 
in parentheses were calculated from the corresponding p., RT and A H°/RT. For MgSO, • 
5H20 ( s), its entropy is not known independently and was estimated from the entropy of the 
other hydrous MgS04 solids. For KC1 • MgCl, • 6H,0, its reference entropy was estimated 
from its solubility as a function of temperature.5 With the exception of MgS04 • H20(s), 
values of A H°/RT given in the table were calculated from p°/RT and S°/R, or were taken 
from Wagman et al.58 when the value of S°/R is in parentheses. For MgS04 • H,0(s), 
A H°/RT at 25°C was taken from Ko and Daut.104

The thermodynamic data for aqueous species at the reference temperature of 25°C are 
given in Table 5 in terms of ionic properties. However, for the examples given in this 
section, equilibrium constants for dissolution reactions at variable temperatures were cal
culated using these reference values combined with temperature-dependent functions for 
standard-state heat capacities reported for neutral electrolytes (e.g., C°NaC, for [C° Na, + 
Cp.ci ])• There is now an extensive array of experimental data for the most geochemieally 
or industrially important aqueous electrolytes extending upward in temperature, as indicated 
in Table 15 of Chapter 3. It should be noted that there is currently little theoretical guidance 
for the temperature and pressure dependencies of standard-state heat capacities; hence, the 
references cited below used arbitrary analytical forms to describe these properties. The 
complexity of the empirical equations used by different investigators depends on the tem
perature and pressure range of experimental data that were used in the regression. Where 
convenient, the equations used in the examples here are given in Appendix 1. Some studies 
(e.g., Tanger and Helgeson60) have shown that standard-state properties of aqueous species 
vary rapidly at high temperatures when the critical point of water is approached, and at low 
temperatures in the vicinity of an anomaly in the thermodynamic properties of supercooled 
water. Hence, some of these equations include terms in 1 /(647-T) and 1 /(T-227) or other 
similar terms to describe rapid variations in these temperature ranges.

For NaCl(aq), Pitzer et al.'05 evaluated calorimetric data and gave parameters for cal
culating standard-state heat capacities to 300°C and 1 kb. For KCl(aq), Holmes and Mesmer98 
presented a set of parameters for KCl(aq) properties based on an evaluation of thermodynamic 
data on KC1 solutions to 250°C. In addition, Pabalan and Pitzer9 combined their heat capacity 
measurements on KC1 solutions with other literature data to yield a thermodynamically 
consistent set of parameters for KCl(aq) valid to 325°C and 5(X) bars. Although Holmes and 
Mesmer’s parameters are valid only up to temperatures of 250°C and to pressures not much 
greater than the saturation pressure of water,98 their equations are less complex and were 
used in the present examples.

In the case of Na,S04(aq) thermodynamic data including calorimetric measurements 
were evaluated by Holmes and Mesmer106 to yield parameters valid to 225°€. Pabalan and 
Pitzer0 extended to 300°C the heat capacity measurements on Na2S04 solutions and combined 
these with other data to develop a comprehensive treatment for the range to 300°C and to 
200 bars. Their new equation for Na2S04(aq) standard-state heat capacities is more complex.
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but results in very good agreement between calculated and observed solubilities up to at 
least 300°C. MgS04(aq) heat capacities have been measured by Phutela and Pitzer107 from 
75 to 200°C. These authors combined their data with literature values at 25°C and reported 
the temperature dependence of MgS04(aq) standard-state heat capacities from 25 to 200°C. 
A similar evaluation has been done by Phutela et al. “® for MgCL(aq) based on experimental 
data up to a temperature of 200°C.

For K S<),iaqi, heat capacity data at high temperatures are not available. Therefore, 
standard-state heat capacities for K2S04(aq) were calculated from the known values for 
NaCl(aq), KCl(aq), and Na2S04(aq) as shown by

(j<k SO,) = 2C°(KC1) + C°(Na2S04) -  dC.iNaC!) (20)

2, Choice of Ion Interaction Parameters and Calculated Solubilities in Binary
Systems
Ion interaction parameters necessary to calculate osmotic and activity coefficients at 

25°C are available for a wide variety of electrolyte solutions and are tabulated in Chapter
3. Recent measurements of the thermodynamic properties of electrolyte solutions have 
extended our knowledge of these parameters to higher temperatures.

For NaCl(aq), there is an extensive array of experimental data as reported by Pitzer et 
al.105 Their evaluation of these data yielded a complete set of parameters valid in the region 
0 to 300°C and saturation pressure to 1 kb. NaCl solubilities calculated using these parameters 
are compared with measured solubilities17109 in Figure 20. As shown in Figure 20, there is 
excellent agreement between calculated and experimentally determined values with a max
imum deviation of 1.5% at 275°C.

For KCl(aq), the set of equations valid to 250°C and saturation pressure derived by 
Holmes and Mesmer98 was used, instead of the more complex temperature and pressure 
functions valid to 325°C and 500 bars determined by Pabalan and Pitzer.9 For solubility 
calculations, there is no great advantage in using the latter because of the very high solubility 
of KCl(s) at high temperatures. The ion interaction parameters of KCl(aq) derived by Holmes 
and Mesmer98 and Pabalan and Pitzer9 were fit to data up to a concentration of 6 m, whereas 
the solubility of KCl(s) exceeds this value at a temperature less than 100°C. Figure 21 
compares calculated and experimental17 solubilities of KCl(s) in  water. Since Holmes and 
MesmerVs equations are valid only to 250°C, the calculations above this temperature 
represent extrapolations of their temperature-dependent equations. As shown in Figure 21, 
there is excellent agreement between calculated and experimental solubilities up to 170°C. 
There is some deviation above this temperature, but the maximum difference of 6.5% at 
250°C is quite acceptable.

For NaOH(aq), Pabalan and Pitzer110 derived temperature functions for ion interaction 
parameters valid to 350°C. Their treatment did not consider measurements of heat capacities 
or enthalpies, hence, no equations for standard-state heat capacities were given. However, 
this does not present a problem for calculations where the solubility of NaC)H(s) is not of 
interest. Its solubility in aqueous solutions is very high and is beyond the concentration limit 
for valid treatm ent with the ion interaction model. A later study by Sim onson et a l."1 
incorporates recent m easurem ents o f heat capacities and heats of dilution, but is limited to 
a temperature range below 250°C and to moderate molality.

For MgCL(aq), ion interaction parameters were derived by de Lima and P itzer117 based 
on the isopiestic data o f Holmes et a l . " 3 at high tem peratures and Rard and M ille r"4 at 
25°C. However, the osm otic coefficient data of Holmes et al. extend only to 3 .5  m  MgCL, 
whereas the solubility o f the various hydrates o f MgCL is already 7.7 m  at 100°C and rises 
to 14 m at 200°C. Hence, Pabalan and Pitzer5 adjusted the trend of C^x for MgCL(aq) to 
better fit the solubility data. W e used de Lima and P itzer’s tem perature functions for 3$’x 
and PUL • and the equation o f Pabalan and Pitzer forC$x . Calculated and observed solubilities
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FIGURE 20. Calculated NaCi (halite) solubilities in the binary NaCl- 
HFO system compared to experimental data. The solubility data from 75 
to 300°C are from Liu and Lindsay.'"'' and those below 75 C are from 
Linked' (Reproduced with permission from Pabalan. R. T. and Pitzer. K.
S.. G e o c h im . C n sm o G u m . A c ta , 51, 2429. 1487. Copyright 1987 Per- 
gamon Press.)

are compared in Figure 22, and show good agreement up to 200°C. with a maximum deviation 
of 4<7r at 150°C.

In the case of Na.SOdaq), Holmes and Mesmer106 presented temperature functions for 
ion interaction parameters based on experimental data to 225°C. Pabalan and Pitzer6 measured 
heat capacities of N.i SO, solutions to 300°C and combined their results with various other 
data to develop a comprehensive treatment for the range to 3(X)°C and to 200 bars. Figure 
23 compares experimental solubilities of Na,SO., • lOH.O(s) and Na;,SO_,(s) with values 
calculated using the parameters derived by Pabalan and Pitzer. The symbols are observed 
values tabulated by Linked7 and the curves are our calculated values. The curves are dashed 
outside the temperature range of regression of aqueous solution properties.6 While the 
calculated solubilities are greater than experimental values for Forms IV and V, the differ
ences are not large, averaging 0.08 m .  The maximum at 24ITT corresponds to a change in 
the stable form of Na,SC).(s) from Form IV to Form I."10 The agreement is remarkably good 
for the extrapolated curves below 25°C and from 300 to 320°C.

For K-.S04(aqj, ion interaction coefficients are given by Holmes and Mesmer'06 up to 
225“C. Figure 24 indicates relatively good agreement between experimental and calculated 
solubilities to 208°C, with a maximum deviation of 8% at 143°C.

In the case of MgSOgaq), a comprehensive regression of heat capacity, enthalpy, and 
osmotic coefficient data by Phutela and Pitzer111' yielded ion interaction parameters that are 
valid from 25 to 200°C, Figure 28 shows that calculated solubilities are in very good 
agreement with experimental data to 2(X)C'C.

The numerical functions for the temperature dependency of standard-state heat capacities 
and ion interaction parameters are given in the Appendix.
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FIGURE 21. Calculated KC1 (sylvite) solubilities in the binary KCl-11,0 
system compared to experimental data from Linke.17 (Reproduced with per
mission from Pabalan, R. T. and Pitzer, K. S., G e o c h im . C o sm o c h im . A c ta ,  
51, 2429, 1987. Copyright 1987 Pergamon Press.)

3. Solubilities in Ternary Systems
For ternary and more complex systems, the interaction coefficients 0y and 4»,jk complete 

the parameters necessary to describe the thermodynamic properties of electrolyte mixtures. 
These parameters are best evaluated from activity or osmotic coefficient data for common- 
ion mixtures. Because the terms which include »|>ijk in the equations for activity and osmotic 
coefficients involve the second power of molality, this quantity is best determined by mea
surements at the highest concentration, i.e., in saturated solutions. Hence, some of the best 
values of ipijk for many electrolyte mixtures come from solubility data. '-4

The values of 0y and i|/ijk at 25°C are available for a large number of systems and are 
summarized in Chapter 3. These quantities undoubtedly vary with temperature, and there 
are heat of mixing data which give their temperature derivatives at 25°C."5 Until heats of 
mixing measurements become generally available at higher temperatures, we have to depend 
on isopiestic and solubility data for the values of 0M and 4»ijk at high temperatures. These 
quantities are both small, however, and for solubility calculations Pabalan and Pitzer5-6 
previously found that it was an adequate approximation to keep 0y at its 25°C value and to 
assume simple temperature dependencies for ijiijk.

Comparisons of calculated and experimental solubilities in ternary systems for several 
systems are given below. Values of 0y and the temperature functions for t)i,,k used in the 
calculations are given in Table 6. The values of 0;j and ijiijk at 25°C were taken from various 
sources. 0Na K and i)iNllK (1 at 25°C are from Pitzer and Kim,116 who derived the parameters 
from the isopiestic data of Robinson.117 0CI S(,4, «|>a .so4.Na» a n d  1Ji c i,so4j <» which were also 
reported by Pitzer and Kim,"6 were revised by Downes and Pitzer78 based on their new 
osmotic coefficient data in the common-ion mixtures. The value of vlvLS<>4.Mg was ^  t0 
solubility data at 25°C by Pabalan and Pitzer.5 0Na Mg reported by Pitzer"8 was used, but 
the value of —0.012 for 4iNa,Mg,o derived by Harvie and Weare’ from solubility data was 
chosen instead of Pit/er's value of —0.010. For 0K Mg, 0CIOH, 0SOiOH, 
and 4%o,.oh.n,,» the 25 C values are from Harvie et al.4 who evaluated the parameters from 
solubility data. The temperature functions for ij»ljk were evaluated from solubility data by 
Pabalan and Pitzer.5-6
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FIGURE 22. Calculated solubilities in the MgClr H ,0 binary system 
compared to experimental data from Linke.17 The triangles represent ex
perimental data at the triple points. The Cftx values for MgCl2 above 100°C 
were adjusted on the basis of the solubility data. (Reproduced with per
mission from Pabalan, R. T. and Pitzer, K. S., G e o c h im . C o sm o c h im .
A c ta , 51, 2429, 1987. Copyright 1987 Pergamon Press.)

It should be noted that, in the examples presented in this section, the full set of terms 
in the equations given in Table 1 were used, including H0ij and E0'j for unsymmetrical mixing 
effects. Thus, the mixing parameters given in the previous section (Table 3) should not be 
used when the E0M and E0'i terms are present. There is also a small ionic strength effect on 
symmetrical mixing"9 which is negligible for present purposes and is omitted.

Experimental and calculated solubilities at variable temperatures in mixtures of two 1:1 
electrolytes are shown in Figures 26 and 27 for the systems NaCI KCl-H.O and NaCl NaOH- 
H20 , respectively. In the case of the NaCl-KCLH20  system. Holmes et al.li0 reported that 
J'Nii.K.c i could be neglected and represented 0Na K by the equation 0Na K = 0.0039 — 6.726/ 
T(K), based on their osmotic coefficient data for the system to a temperature of 201 C. 
These values fitted the observed solubilities tabulated by Linke17 up to 150°C, but gave large 
deviations at higher temperatures and convergence problems at 200°C. For calculating sol
ubilities in this system, it was found adequate5 to keep 0Na>K at its 25°C value of —0.012 
and to use the temperature function for 4»Na K Cl given in Table 6. Figure 26 shows that there 
is excellent agreement through 150°C, and that the small differences in the ternary system 
at 200°C are no larger than those of the KC1-H,0 binary. It should be pointed out that the 
binary ion interaction parameters for KCl(aq) were derived by fitting thermodynamic data 
to 6 m only. Hence, solubility calculations at 200 C represent severe extrapolations beyond 
the experimentally constrained range.

Examples of solubilities in mixtures involving 1:1 and 2:1 electrolytes are illustrated in 
Figures 28 to 32. Figures 28 and 29 compare calculated and experimental17'121 values in the 
ternary' systems KC1-K,S04-H,0 and KCl-MgCL-H20 , respectively, and Figure 30 shows
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FIGURE 23. Calculated solubilities of Na St I. • I0H,O (mirabilite) and 
Na S< ), (thenardite) in water as a function of temperature. The symbols 
are experimental data tabulated by Linke,17 and the curves are predicted 
values. The curves are dashed outside the temperature range used in the 
regression of Na,S04(aq) properties. (Reproduced with permission from 
Pabalan, R. T, and Pitzer, K. S., G e o c h im . C o sm o c h im . A c ta , 52, 2393, 
1988. Copyright 1988 Pergamon Press.)

FIGURE 24. Calculated and experimental solubilities of K2S()4 (arcanite) in water. 
The experimental data are from Linke.17 (Reproduced with permission from Pabalan, 
R. T. and Pitzer, K. S., G e o c h im .  C o s m o c h im .  A cta , 51. 2429, 1987. Copyright 1987 
Pergamon Press.)
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FIGURE 25 Calculated solubilities in the system MgSO.-H.O compared 
to experimental data from Litike ' 7 I Reproduced w ith pennission from 
Pabalan. R T ami Piuer, K S,. Genchim. Cosmochitn. Ana, 51. 2424, 
1987. Copyright 14)17 Pergamon Press I

TABLE 6
Mixed Electrolyte Parameters for Variable Temperature Calculations and for l :se 

with Kftu and *0  ̂ (Temperature T in K)

i j k

Na K Cl -0 .012 -6.804E-3 + I.AX0E-5T
Na Mg Cl 0 07 I.94038H-2 - 9.51213/T
K Mg Cl 0 2.58557E-2 14.26819/T
Cl SO. Na 0.030 -  1 69580E-2 f  3 .13544/T +  2 I6352L 5T - 1.31254E5f| 647-TI4
Cl SO. K 0.030 -5 .0 E -3
Cl s o . Mg 0.030 - I I 7 4 5 7 E - 1 +  32.(>347/T
Cl OH Na - 0  050 7.932I7E-2 I.89664EFT -  7 28044E-5T
so . OH Na 0.013 7 94I3SE-2 -  I.99387EET -  7.2I5K6E-5T 3.64400E5/I647-T)4

solubilities in the system NaCl-MgCl.-H.O. Experimental data11 in ihe KCI-K2S 04-H,0 
system extend only to 100°C, and it was found sufficient to use the 25°C values of both 

and <l<n.so,.K ovcr the whole temperature range.
Observed11- and calculated solubilities from 150 to 300°C arc compared in Figures 31 

and 32 for the systems NaCI-Na2S04-H;0  and NaOH-Na,SO.-H.O. respectively. These 
systems are particularly interesting because at very high temperatures, ihe solubility of 
Na,SO,(s) increases with increasing NaCI or NaOH concentration This is in contrast to the 
typical solubility behavior of salts which shows a decrease w ith increasing concentration of 
a common-ion solute. In the case of the system NaCI-Na,S()4-U.O. the sohibiliiy of Na-SO.is) 
at 300®C initially decreases with an increase in NaCI concentration, but flattens out at (he 
higher NaCI molalities as shown in Figure 31 The experimental data of Schroeder el af,'~ 
show that at 350°C its solubility increases with increasing NaCI concentration. This reversal 
in trend occurs at a lower temperature for the ternary system NaOH-Na.SO.-H.O as illustrated 
in Figure 32. where the solubility of Na.SOjs) at 3txrc increases with an increase m NaOH 
molality. Although it was found adequate to use constant values of and H,,IISOi to
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FIGURE 26. Calculated solubilities in the ternary mixture NaCl-KCl-H,0 compared with 
experimental data taken from Linke.17 The dashed curves are extrapolations of the solubilities 
of either NaCI or KCi into the supersaturated solution concentration of the other electrolyte. 
The intersections of isothermal curves represent calculated ternary invariant points. The values 
of t|/Nsl K ( i above 25°C were fit to solubility data. (Reproduced with permission from Pabalan, 
R. T. and Pitzer, K. S.. G e o c h im . C o sm o c h im . A c ta , 51. 2429, 1987. Copyright 1987 
Pergamon Press.)

F I G U R E  2 7 .  C a l c u l a t e d  a n d  e x p e r i m e n t a l  s o l u b i l i t i e s  i n  t h e  t e r n a r y  s y s 

t e m  NaCl-NaOH-H.O. T h e  e x p e r i m e n t a l  d a t a  w e r e  t a k e n  f r o m  L i n k e 17 a n d  

w e r e  u s e d  t o  a d j u s t  d v i .o n m ,  a b o v e  25°C. ( R e p r o d u c e d  w i t h  p e r m i s s i o n  

f r o m  P a b a l a n ,  R ,  T .  a n d  P i t z e r ,  K. S,, G e o c h im . C o sm o c h im . A c ta , 51, 
2429, 1987, C o p y r i g h t  1987 Pergamon Press.)
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mK2S04

F I G U R E  2 8 . C a lc u la t e d  a n d  e x p e r im e n ta l s o lu b il it ie s  in  the K C 1 - K , S 0 4- 
H , 0  s y s t e m . T h e  e x p e r im e n ta l d a ta  a re  f ro m  L i n k e . 1' (R e p r o d u c e d  w ith  
p e r m is s io n  fro m  P a b a la n , R .  T ,  a n d  P it z e r ,  K .  S . ,  Geuchim. Cosmochim.
Acta. 5 1 , 2 4 2 9 , 1 9 8 7 . C o p y r ig h t  1 98 7  P e rg a m o n  P r e s s .)

300°C, it was necessary to use values of i|rCLS04.Na and *|»„H.so4.Na above 250°C which are 
more negative than those at lower temperatures in order to fit the solubility data,6 The 
temperature functions derived for «Jia .SOj.Na and lK>H,so4.Na are given in Table 6. Figures 31 
and 32 indicate that in both systems, there is very good agreement between calculated and 
observed solubilities from 150 to 300°C. The same agreement at lower temperatures down 
to 10°C was also shown by Pabalan and Pitzer,4 5

An example of solubilities in mixtures involving 1:2 and 2:2 electrolytes is shown in 
Figure 33, This figure compares experimental and calculated values in the ternary system 
MgCT-MgSCVHLO, and indicates very good agreement in the temperature range 0 to 100°C.

4. Solubilities in Quaternary Systems
Ion interaction parameters and standard-state properties evaluated previously using data 

on simple mixtures can be used to predict solubility equilibria in quaternary or more complex 
systems. There are no new parameters in the equations for the more complex examples. 
Figures 34 and 35 and Table 7 present the results for the quaternary system NaCl-KCl- 
MgCl,-H20 . Figure 34 compares the predicted solubilities of NaCl(s) and/or KCl(s) at 20, 
55, and 90°C and at various molalities of MgCFtaq) with experimental data given by
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F I G U R E  2 9 . C a lc u la t e d  s o lu b il it ie s  in  the  te rn a ry  s y s te m  K C 'l M g C I  
H , 0  c o m p a re d  w ith  o b s e rv e d  v a lu e s  ta b u la te d  b y  L i n k e . 17 T h e  in se t  s h o w s  
a n  e x p a n d e d  v ie w  o f  the  a re a  d e lin e a te d  b y  b o x  ( a ) .  T h e  v a lu e s  o f  t|% MgX1 
a b o v e  2 5 ° C  w e re  a d ju s te d  o n  the b a s is  o f  th e  e x p e r im e n ta l d a ta . ( R e p r o 
d u c e d  w ith  p e r m is s io n  fro m  P a b a la n , R .  T .  a n d  P it z e r ,  K .  S . ,  Geochim.
Cosmochim. Acta, 5 1 , 2 4 2 9 , 1 9 8 7 . C o p y r ig h t  1 9 8 7  P e rg a m o n  P r e s s .)

Kayser.123 Figure 35 compares predicted solubilities at 15, 40, 65, and 90°C with observed 
values taken from Boecke.124 Table 7 compares the predicted solution compositions up to 
105°C at the quaternary invariant point with the experimental values of Serowy.125 The 
agreement between predicted and experimental values is quite acceptable considering the 
uncertainties in MgC'l .laql ion interaction parameters and in the thermodynamic properties 
of KC1 • MgCI, • 6H20.

Additional examples are given in Figure 36, which compares experimental and calculated 
solubilities of Na2S04(s) in the quaternary system NaCl-Na0H-Na2S04-H20  at 150, 200, 
250, and 300°C. Figure 36 indicates there is very good agreement between calculated and 
observed122 solubilities up to 300°C.

V. SOLUBILITY CALCULATIONS USING THE MARGULES
EXPANSION MODEL

We now turn our attention to systems which may vary in concentration over the entire 
range from dilute solutions to the fused salt. While aqueous solutions miscible over the
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mNoCI

F I G U R E  3 0 . Calculated a n d  e x p e r im e n ta l s o lu b il it ie s  in  the  N a C l - M g C l r H 20  s y s te m . E x p e r im e n t a l  d a ta  b e lo w  
1 0 0 ° C  a re  fro m  L i n k e , 1’  w h e r e a s  th o se  a b o v e  I 0 0 ° C  a re  f ro m  A k h u m o v  a n d  Vasil’ev.121 V a lu e s  o f  i|rN„ Mf, tn a b o v e  
25°C w e re  Fit to s o lu b il it y  d a ta . (Reproduced w ith  p e r m is s io n  fro m  P a b a la n , R .  T ,  a n d  P it z e r ,  K. S . ,  Geochim. 
Cosmochim. Acta, 5 1 , 2 4 2 9 ,  1 9 8 7 . C o p y r ig h t  1 98 7  P e rg a m o n  P r e s s .)

F I G U R E  31. C a lc u la t e d  a n d  e x p e r im e n ta l s o lu b il it ie s  o f  N a ,S O . ,  (thenardite) in  the  N a C I -  
N a , S 0 4- H , 0  s y s t e m . T h e  e x p e r im e n ta l d a ta  a re  f ro m  S c h r o e d e r  et a l . 122 T h e  v a lu e s  o f  
4Hso4.i«. above 25°C w e re  fit  to  s o lu b il it y  d a ta . {R e p r o d u c e d  w ith  p e r m is s io n  fro m  P a b a la n .
R .  T .  a n d  P it z e r ,  K .  S., Geochim. Cosmochim. Acta, 5 2 , 2 3 9 3 , 1 9 8 8 . C o p y r ig h t  1988  
P e rg a m o n  P r e s s .)

whole concentration range at moderate temperatures are relatively uncommon, there are 
electrolytes of geochemical and industrial interest which become extremely soluble in water 
at high temperatures and pressures. As discussed previously, an alternative approach to the 
molality-based ion interaction treatment is useful for systems extending to the fused salt and 
for other systems of very high but limited solubility. The model discussed below is essentially
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F I G U R E  3 2 . C a lc u la t e d  s o lu b il it ie s  o f  N a , S 0 4 ( th e n a rd ite )  in  the  N a 0 H - N a 2S 0 4- 
H  O  s y s te m  c o m p a re d  w it h  e x p e r im e n ta l d a ta  f ro m  S c h r o e d e r  e t a l . 122 T h e  v a lu e s  o f  
i|)OH s„ 4.n ,  a b o v e  2 5 ° C  w e re  f i t  to  s o lu b il it y  d a ta . ( R e p r o d u c e d  w ith  p e r m is s io n  fro m  
P a b a la n , R .  T .  a n d  P it z e r .  K .  S . ,  Geochim. Cosmochim. Acta, 5 2 , 2 3 9 3 ,  1 9 8 8 . 
C o p y r ig h t  1 9 8 8  P e rg a m o n  P r e s s .)

F I G U R E  3 3 . C a lc u la t e d  s o lu b il it ie s  in th e  s y s te m  M g C l , - M g S 0 4- H , 0  c o m p a re d  w ith  e x p e r im e n ta l d ata  
ta k e n  fro m  L i n k e . 17 T h e  e x p e r im e n ta l d a ta  w e re  u se d  to  a d ju s t  the  v a lu e s  o f  (R e p r o d u c e d  w ith
p e r m is s io n  f ro m  P a b a la n , R .  T .  a n d  P it z e r ,  K .  S , .  Geochim. Cosmochim. Acta, 5 1 ,  2 4 2 9 ,  1 9 8 7 . C o p y r ig h t  
1 98 7  P e rg a m o n  P r e s s .)
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F I G U R E  3 4 ,  P r e d i c t e d  a n d  e x p e r i m e n t a l  s o l u b i l i t i e s  o f  N a C I  ( h a l i t e )  o r  K C 1  ( s y l v i t e )  i n  

t h e  quaternary s y s t e m  N a C l - K C I - M g C l r H , 0  a t  2 0 .  5 5 ,  a n d  90°C. a n d  a t  M g C U  m o l a l i t i e s  

o f  a p p r o x i m a t e l y  1 , 1 .  2 . 1 .  a n d  3 , 2 .  E x p e r i m e n t a l  d a t a  a r e  f r o m  K a y s e r . 12’ ( R e p r o d u c e d  w i t h  

p e r m i s s i o n  f r o m  P a b a l a n ,  R .  T .  a n d  P i t z e r ,  K .  S . ,  G e o c h i m .  C o s m o c h i m .  A c t a ,  5 1 ,  2 4 2 9 .  

1 9 8 7 .  C o p y r i g h t  1 9 8 7  P e r g a m o n  P r e s s . )

FIGURE 35. Predicted solubilities in the quaternary system N a C I - K C l -  

Mg(.'l:,-H ,0 at 15, 40, 65. and 90"C. The solid symbols represent expert' 
mental values from Boecke'44 f o r  solutions saturated w i t h  both halite and 
sylvite.
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TABLE 7
Experimental and Predicted Compositions of 

Solutions in the Quaternary System NaO-KCl- 
Mg( l.-H.O at Various Temperatures in 

Equilibrium with Halite + Sylvite + Carnallite.*

Experimental Calculated
I

f "0 i n«K(i mM|!( l2 mK< I

0 0.50 0.35 3.77 0,50 0 31 3.83
10 0.46 0.45 3.84 0,50 0.40 3.89
15 0.45 0.49 3.88 0.51 0.45 3.92
20 0.44 0.54 3.92 0.51 0.50 3.95
25 0.43 0 59 3.97 0 51 0.56 3.98
30 0.42 0.64 4.02 0.52 0.61 4.02
40 0.40 0.73 4.13 0.52 0,73 4.09
50 0.39 0.83 4.26 0.51 0.85 4.18
55 ojy 0.88 4.34 0.51 0,91 4.23
60 0.38 0,93 4.41 0.50 0.98 4.29
70 0.39 1.03 4.58 0.49 MO 4.42
80 0 39 1.13 4.72 0.47 1.21 4.57
83 0.41 1.15 4.78 0.46 1.24 4.63
90 0.46 1.22 4 90 0.44 131 4.76
95 0.49 1.27 4.99 0,43 1.35 4.87

too 0.55 1.32 5.10 0.41 1 39 4.99
105 0.60 1.37 5.20 0.39 1.43 5.12

E x p e r i m e n t a l  v a l u e s  a r e  f r o m  S e r o v v y . ' - '

t h a t  o f  P i t z e r  a n d  S i m o n s o n 1 '  a n d  i s  a n a l o g o u s  t o  t h o s e  u s e d  f o r  n o n e l e c t r o l y t e  s o l u t i o n s .  
V a r i o u s  e x p r e s s i o n s  h a v e  b e e n  u s e d  t o  d e s c r i b e  t h e  e x c e s s  G i b b s  e n e r g y  o f  n o n e l e c t r o l y t e s . 12,1 
a n d  t h e  M a r g u l e s  e x p a n s i o n  h a s  b e e n  u s e d  s u c c e s s f u l l y  b y  A d l e r  e t  a l . 1 2 1  f o r  s e v e r a l  n o n 
e l e c t r o l y t e  s y s t e m s .  T h e  t h e o r e t i c a l  b a s i s  f o r  u s i n g  t h i s  a p p r o a c h  o n  e l e c t r o l y t e  s o l u t i o n s  
w a s  d i s c u s s e d  b y  P i t z e r ' ’ ’'  ( a l s o  A p p e n d i x  I  o f  C h a p t e r  3 ) .  B r i e f l y ,  i n  c o n c e n t r a t e d  e l e c t r o l y t e  
s o l u t i o n s  t h e  s u b s t a n t i a l  i o n i c  c o n c e n t r a t i o n  e f f e c t i v e l y  s c r e e n s  t h e  l o n g - r a n g e  i n t e r i o n i c  
f o r c e s  t o  s h o r t  r a n g e .  T h u s  a l l  o f  t h e  i n t e r p a r t i c l e  f o r c e s  a r e  e f f e c t i v e l y  s h o r t  r a n g e  a n d  t h e  
p r o p e r t i e s  o f  t h e  s y s t e m  c a n  b e  c a l c u l a t e d  b y  m e t h o d s  s i m i l a r  t o  t h o s e  f o r  n o n e l e c t r o l y t e s .  
I n  t h e  d i l u t e  r a n g e ,  h o w e v e r ,  w h e r e  i o n i c  c o n c e n t r a t i o n s  a r e  v e r y  l o w ,  t h e  s c r e e n i n g  e f f e c t  
i s  l o s t  a n d  t h e  l o n g - r a n g e  n a t u r e  o f  e l e c t r o s t a t i c  f o r c e s  m u s t  b e  c o n s i d e r e d .  A s  w i t h  t h e  
m o l a l i t v - b a s e d  i o n  i n t e r a c t i o n  m o d e l ,  t h i s  e f f e c t  i s  d e s c r i b e d  b y  a n  e x t e n d e d  D e b y e - H i i e k e l  
t r e a t m e n t .

A ,  MODEL EQUATIONS AND SOLUBILITY CALCULATIONS IN BINARY 
ELECTROLYTE + WATER SYSTEMS
T h e  e x c e s s  G i b b s  e n e r g y ,  g " .  p e r  m o l e  o f  p a r t i c l e s  i s  g i v e n  b y  t h e  s u m  o f  a  t e r m  f o r  

s h o r t - r a n g e  i n t e r a c t i o n s .  g \  a n d  a  D e b y e - H i i e k e l  t e r m .  g n H :

G*"’.- 'Sj n, =  g-"' — g' ■+ gl,H ( 2 1 )

w h e r e  G "  i s  t h e  e x c e s s  G i b b s  e n e r g y  f o r  a n y  a m o u n t  o f  m a t e r i a l  a n d  n ,  i s  t h e  n u m b e r  o f  
m o l e s  o f  c o m p o n e n t  i .  I t  s h o u l d  b e  n o t e d  t h a t  t h e  b a s e  f u n c t i o n  f r o m  w h i c h  G ’"  i s  a n  
' ' e x c e s s ”  i s  d i f f e r e n t  i n  t h e  m o l a l i t y  a n d  t h e  m o l e  f r a c t i o n  s y s t e m s  ( s e e  C h a p t e r s  I a n d  3 ) .  
T h e  l o g a r i t h m s  o f  t h e  a c t i v i t y  c o e f f i c i e n t s  a r e  s i m i l a r l y  s u m s  o f  t e r m s  f o r  s h o r t - r a n g e  f o r c e s  
a n d  f o r  t h e  D e b y e - H i i e k e l  e f f e c t .  A  c h o i c e  m u s t  b e  m a d e  f o r  t h e  r e f e r e n c e  s t a t e  o f  t h e  s o l u t e :
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either the pure liquid (possibly supercooled), or the solute at infinite dilution in the solvent. 
The latter differs from the conventional solute standard state only in the use of mole fraction 
instead of molality units. For the activity coefficient of a symmetrical salt MX, one has 
either

In (-yM-yx) -» 0 as x, -*• 0 (22)

or

In CYmVx) ~ 1► 0 as x, 1 (23)

where the symbol * denotes the infinitely dilute reference state on a mole fraction basis and 
x, is the mole fraction of the solvent on an ionized basis, i.e.. for a symmetrical salt MX,

x, = n, in, + 2n.) (24)

with n, and n2 the numbers of moles of solvent and solute, respectively. In addition, the 
mole fractions of the solute are defined as

xM = xx = n- (n, + 2n2) = (1 — x,)/2 (25)

X ,  =  xM +  X x  =  1 -  X ,  (26)

and the ionic strength on a mole fraction basis is given by:

I* = C/2) 2  (27)

with z, the charge on the zth ion. For the present case with z = 1, Ix = x/2 = xM = xx.
A system of equations for electrolytes based on the reference states expressed in Equations 

22 and 23 was developed in detail for singly charged ions by Pitzer and Simonson. 13 Although 
they considered both types of reference states for the solute, most of their working equations 
are for the pure liquid reference state. This supercooled liquid basis was used for NaCI-ITO 
by Pitzer and Li129 for a study extending to 550°C. However, for the examples given here, 
which are limited to 350°C, it seemed better to use the infinitely dilute reference state, and 
the equations below are derived on that basis.

The short-range contribution to the excess Gibbs energy of an aqueous solution with a 
single solute MX can be written in terms of the Margules expression:

g' KT = — x2(W, MX -  x,U,.MX) (28)

where W, MX and U, MX are specific to each solute MX and are functions of temperature 
and pressure. The Debye-Htickel term representing the long-range electrostatic contribution 
is given by

gDH/RT = (4A.1, p) Inti + pi; i (29)

The Debye-Huckel parameter Ax is related to the usual parameter A^ (for the osmotic 
coefficient on a molality basis) by

A, = f l l,2Arf. (30)

where O is the number of moles of solvent per kilogram (—55.51 for water).
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N a O H

Mole %

A

N a O H

M a le  %

B

FIGURE 3 6 . C a lc u la t e d  a n d  e x p e r im e n ta l s o lu b il it ie s  o f  N a .,S C )4 (thenardite) 
at f ix e d  m o la li t ie s  o f  N a O H  in  the q u a te rn a ry  s y s t e m  N a C l- N a O H - N a ,S O . ,~  
H  ' > at te m p e ra tu re s  o f : ( A )  I 5 0 ° C ;  ( B )  2 0 0 ° C ;  ( C )  2 5 0 ° C ;  a n d  ( D )  3 0 0 ° C .  
T h e  s y m b o ls  a re  e x p e r im e n ta l d a ta  fro m  S c h r o e d e r  et al.,2J (R e p r o d u c e d  w ith  
p e r m is s io n  fro m  P a b a la n , R, T .  a n d  P it z e r ,  K. S.. Geochim. Cosmochim. 
Acta, 5 2 , 2 3 9 3 , 1 9 8 8 . C o p y r ig h t  1 9 8 8  P e rg a m o n  P r e s s .)
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Appropriate differentiations of the excess Gibbs energy with respect to the numbers of 
moles of the solvent and MX (at constant T and P) yield the equations for the activity 
coefficients:

In y, -  2AJ J ' A t l  + p i * 2) + xf[WIMX + (1 — 2x,)U, MX] (31)

IrHyJyJ) = -  2A„{(2/p)ln(l + pi}2) + li'2 (1 — 2Ix)/( 1 + pi' 2)}

+ 2(x( — 1 )W, Mx + 4x2X|U| mx

(32)
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The activities of the solvent and the solute are then given by

In a, = ln(x,7,) (33)

In aMX = ln(xMxxy*y*) (34)

The parameter p in Equations 29, 31, and 32 is related to the distance of closest approach 
of ions. To keep the equations for the thermodynamic properties of electrolyte mixtures 
simple, it is desirable to have the same value of p for a wide variety of salts and for a wide 
range of temperature and pressure. The functional forms of Equations 31 and 32 are relatively 
insensitive to variations in p values. It has been found satisfactory21’ to take a standard 
value for p and let the short-range force terms accommodate any differences in p. In 
calculations for metal nitrates in water14 from 100 to 163°C, p was given a fixed value of 
14.9. For systems considered here, a constant value of 15.0 was found to be satisfactory.16

The Margules expansion model has been tested on some ionic systems over very wide 
ranges of composition, but over limited ranges of temperature and pressure1415 (also Chapter 
f6). In the examples given here, the model is applied over a wider range of temperature and 
pressure, from 25 to 350°C and from 1 bar or saturation pressure to 1 kb. NaCl and KC1 
are major solute components in natural fluids and there are abundant experimental data from 
which their parameters can be evaluated. Models based on the ion interaction approach are 
available for NaCl(aq)106 and KCl(aq),1'2'8 but these are accurate only to about 6 m. Solubilities 
of NaCl and KC1 in water, however, reach 12 and 20 m, respectively, at 350°C, and ionic 
strengths of NaCl-KCl solutions reach more than 30 m at this temperature.1,0 Thus, the 
problem of describing accurately the thermodynamic properties of NaCl(aq) and KCl(aq) to 
saturation concentrations in binary salt-H,0 mixtures and in ternary NaCl-KCl-H,0 systems, 
and in calculating solubility equilibria to 350°C is a severe test of the Margules expansion 
model.

For solubility calculations, equations for osmotic and activity coefficients at saturation 
pressure are of direct relevance. However, for purposes of developing general equations for 
the thermodynamic properties of electrolyte solutions, it is useful to recalculate experimental 
values to a single reference pressure. This allows experimental data on different solution 
properties (e.g., activities, enthalpies, and heat capacities) whose relationships with each 
other are defined on an isobaric basis, to be considered in the overall regression of the model 
equations. The parameters required to recalculate thermodynamic data from the experimental 
to the reference pressure can be determined from a regression of volumetric data. For the 
Margules expansion model, the pressure dependence of the excess Gibbs energy, osmotic 
coefficient, and activity coefficient can be derived from volumetric data as shown below.

The total volume, V, of the solution is given by

V = n,V° + n2V° + I . . G  ' OP), (35)

where V° is the molal volume of the solvent, and V° is the partial molal volume of the salt 
at infinite dilution. The apparent molal volume, '‘’V, of the solute is given by

■f»V = (V — n,V°)/n2 (36)

so that

•t.y = Vj + (l/n,)(flGeVdP>l (37)

Equations 28 and 29 for the excess Gibbs energy, and Equation 37 then yield
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*V = (Av» l n ( l  + pi1'2) + V” -  2RTx| W; stx -  x © ,MX] (38)

where

A,., = 4RITT ’(PA,,, 4P), (39)

w r>MX = (dw,.MX/dP)T (40)

and

Ui.mx = (au,,MX/aP)T (4i)

Equations 40 and 41 relate the volumetric parameters W) MX and U( MX to the pressure 
dependence of the parameters W1MX and U, MX for the excess Gibbs energy and osmotic/ 
activity coefficients. For NaCl(aq), Pabalan and Pitzer16 derived values of W) MX and 
UJ mx l°r NaCl(aq) for temperatures 25 to 350°C and pressures from 1 bar or saturation 
pressure to 1 kb, based on volumetric data on NaCl solutions. Initially, they regressed 
Equation 38 to isothermal and isobaric sets of experimental values. They obtained excellent 
fits to isobaric-isothermal sets of data, which indicated the P and T dependence of V°, 
W; Mx. and l"; N1V The next step was to perform a simultaneous regression of NaCl(aq) 
apparent molal volumes from 25 to 350°C. Over this wide range of temperature, however, 
and particularly above 300°C, standard-state properties based on the infinitely dilute reference 
state exhibit a very complex behavior,103131 which is related to various peculiarities of the 
solvent. For example, in modeling NaCl(aq) volumetric properties, Rogers and Pitzer131 
adopted a reference composition of a “ hydrated fused salt” , NaCl • 10H2O, in order to 
minimize the P and T dependence of the standard-state volume and to adequately fit volu
metric data to 300°C and 1 kb. Thus, in an analogous manner, Pabalan and Pitzer16 used 
the (supercooled) fused salt as the reference state. The equation for the apparent molal 
volume on this basis can be easily derived from that for the excess Gibbs energy of Pitzer 
and Simonson,13 and is given by

*V = (A,, x/p) ln[(l + plj'*)/(l + p © 1'2)] + V°,s + 2RTx,(Wf MX + x2© MX) (42)

where 1° represents 1, for a pure fused salt and is V2 for salts of singly charged ions, while 
V2ft is the molal volume for a (supercooled) fused salt. Values for the infinitely dilute
reference state can be calculated from V?1 using the relation

V° = V?* + 2RTW: V1X -  (A,v P) Inf I + p © 1'2] (43)

Apparent molal volumes of NaCl solutions from 25 to 350°C w e r e  used to fit Equation
4 2  a n d  t h e  f o l l o w i n g  P  a n d  T function for V ? %  W ]  M x ,  a n d  U ) > M X :

f ( T , P )  =  A  +  B P  +  C P 2  ( 4 4 a )

w h e r e

A  = q, + q2/T + q,T + q4T2 + q5/(647 -  T)2 (44b)

B = q„ + q7/T + q « T  + q , T 2  + q10/(647 -  T ) 2  ( 4 4 c )

C  = q „  + q l 2 / T  + q ( 1 T  + q14T2 + q15/(647 -  T ) 2  ( 4 4 d )
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TABLE 8
Parameters for Equations 42 and 44 Evaluated from 

Apparent Molal Volumes of NaCl Solutions up to 350°€ 
and 1 kb

q.q2q2
q4
q5q<,q7
q*
q9q.0
qn

quq»q<5

V ? * W I „ X l  I . M \

6 .4 3 4 4 9 7 E + 0 2 -  1 .7 2 4 8 3 5 E _ 0 2 -  2 .9 7 8 9 8 1 8 E _ 0 2
0 .0 3 .3 4 7 3 3 3 E + 0 0 5 .7 8 7 2 1 1 0 E + 0 0
3 .5 5 4 5 4 4 E 0 0 1 .9 9 6 6 8 9 E - 0 5 3 .5 3 2 1 8 3 6 E - 0 5
4 .6 1 2 8 2 3 E - 0 3 3 .8 6 1 3 8 8 E - 0 9 6 .7 5 9 1 8 3 6 E - 0 9
3 .2 5 4 7 8  I E + 0 5 4 .2 7 3 2 9 5 E + 0 0 4 .4 6 3 9 6 0 I E + 0 0
4 .4 9 6 6 1 4 E - 01 3 .3 1 8 7 0 4 E - 0 6 1 .2 3 5 9 9 7  I E - 0 5
2 .8 3 0 4 0 5 E + 01 — 6 .1 8 3 5 5 1 E - 0 4 - 2 . 0 1 2 5 0 7 9 E - 0 3
2 .0 4 7 9 0 6 E - 0 3 0 .0 -  1 .7 7 5 7 0 5 5 E - 0 8
2 .6 2 7 7 9 6 E - 0 6 - 9 . 9 1 4 6 1 5 E - 12 0 .0
1 .9 4 8 4 2 3 E 0 3 -  2 .0 4 8 6 3 4 E - 0 2 -  2 .9 3 2 6 9 0 4 E - 0 2
1 .2 0 1 0 8 7 E - 0 4 0 .0 0 .0
1 .3 2 7 2 4 9 E - 0 2 0 .0 0 .0
3 .5 3 9 7 7 4 E - 0 7 0 .0 0 .0
3 .5 4 6 8 5  I E - 10 0 .0 0 .0
1 .2 6 3 7 7 8 E - 01 0 .0 0 .0

Up to 300°C, the overall regression included values at pressures to 1 kb. At 350°C, 
however, only volumetric data at pressures less than or equal to 200 bars were included 
because the simple pressure function given by Equation 44a is inadequate to fit the 350°C 
data over the whole pressure range. The parameters for Equation 44 for V°f\  W* MX and 
UI.mx evaluated from the volumetric data are given in Table 8. Using this set of parameters 
the various thermodynamic properties of NaCI(aq) solutions can be recalculated to a reference 
pressure, here chosen to be 200 bars. Because the volumetric data for KC1 solutions are 
more limited in concentration range and are less precise than those for NaCl solutions,9 a 
separate evaluation of KCl(aq) volumetric data was not done. Instead, the pressure depen
dence of KCl(aq) properties was approximated using the values for NaCl(aq). This procedure 
has been shown to be successful for Na2S04(aq).6

Osmotic coefficients of NaCl and KC1 solutions from various sources were recalculated
to the reference pressure of 200 bars.16 An overall regression to each isobaric set of data 
was done to determine values of W, MX and U, MX as functions of temperature using the 
equation

f(T) = q, + q / f  + qjnT + q,T + q5T2 + q,. (647 -  T) (45)

The parameters for NaCl(aq) and KCl(aq) evaluated from the osmotic coefficients are given 
in iaoie 9. These parameters, together with those of Table 8, permit the calculation of 
osmotic and activity coefficients of NaCl and KC1 solutions to saturation concentration at 
pressures to 1 kb from 25 to 300°C, and at pressures to 200 bars above 300°C.

For solubility calculations, standard-state chemical potentials for the solids and for the 
aqueous species are needed. The latter can be derived from equations for standard-state heat 
capacities given by Pitzer et al.105 and Pabalan and Pitzer9 for NaCl(aq) and KCl(aq), 
respectively, or from the equation of state for standard-state properties of electrolytes given 
by Tanger and Helgeson.60 In the present calculations, the former equations were used to 
300°C, and the latter above 300°C. Standard-state values for the solids can be derived as 
discussed previously in Section IV.B, or directly from the Gibbs energy functions tabulated 
by Chase et al.57 Figures 37 and 38 compare predicted solubilities in water for NaCl and 
KC1, respectively, to 350°C with experimental values taken from various sources. The
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TABLE 9
Parameters for Equation 45 for W, Mx and U, MX for NaCI and KC1 Solutions 

Evaluated from Osmotic Coefficients up to 350 C at a Reference Pressure of 200
bars

w l .N a i 'l U I ,NaO w. t! s. K (I

9i I.0620140E + 03 2.278343 IE + 03
fo -  2.3263776E + 04 — 5.5141510E + 04

- 2.0149086E + 02 - 4.2036595E + 02
94 6.1763652E -  01 1.1574638E + 00
% -  2.9491559E -  04 - 5.3640257E -  04
q« 0.0 2.544191 IE + 01

1.870602E + 03
-  5.071750E + 04
-  3.326169E + 02 

7 . 159419E -  01
-2.458959E -  04
-  1.63461 IE  + 01

3 . 9 9 9 6 0 6 E  +  0 3
— 1 .0 6 3 2 4 5 E  +  0 5
-  7 . 1 4 5 4 6 2 E  +  0 2  

1.610570E +  0 0
-6 .069845E  -  0 4  

0.0

F I G U R E  3 7 . S o lu b i l it ie s  o f  h a lite  ( N a C I )  in  w a te r  to  3 5 0 ° C .  T h e  c u r v e  
re p re s e n ts  v a lu e s  c a lc u la te d  u s in g  the M a rg u le s  e x p a n s io n  m o d e l fo r  a c 
t iv ity  c o e f f ic ie n t s  ( in f in it e  d ilu t io n  re fe re n c e  sta te ) , a n d  s ta n d a rd -sta te  
c h e m ic a l  p o te n t ia ls  fo r  N a C l ( a q )  d e r iv e d  fro m  the e q u a t io n s  o f  P it z e r  et 
a l . 10'  to  3 0 0 ° C ,  an d  o f  T a n g e r  a n d  H e lg e s o n 61’ a b o v e  3 0 0 ° C .  (R e p r o d u c e d  
w it h  p e r m is s io n  fro m  P a b a la n , R .  T .  a n d  P it z e r ,  K .  S . ,  Chemical Modeling 
o f Aqueous Systems II, M e lc h io r ,  D . C .  a n d  B a s s e t t ,  R .  L . ,  E d s . ,  A . C . S .
S y m p . S e r ie s  4 1 6 ,  A m e r ic a n  C h e m ic a l  S o c ie t y ,  W a s h in g t o n , D . C . ,  1 9 9 0 , 
c h a p . 4 .  C o p y r ig h t  1 9 9 0  A m e r ic a n  C h e m ic a l  S o c ie t y . )

a g r e e m e n t  i s  v e r y  g o o d ,  a l t h o u g h  t h e r e  a r e  s u b s t a n t i a l  d i f f e r e n c e s  b e t w e e n  v a r i o u s  m e a 
s u r e m e n t s  f o r  K C 1 .

B, MODEL EQUATIONS AND SOLUBILITY CALCULATIONS IN TERNARY
SYSTEMS
O f  m o r e  i n t e r e s t  a r e  s o l u b i l i t y  c a l c u l a t i o n s  i n  t h e  t e r n a r y  s y s t e m  N a C I - K C l - H , 0 .  T h e  

e q u a t i o n s  f o r  t h e  e x c e s s  G i b b s  e n e r g y  a n d  a c t i v i t y  c o e f f i c i e n t s  i n  a  m i x t u r e  o f  a  s o l v e n t  a n d  
t w o  s a l t s  w i t h  a  c o m m o n  i o n ,  M X  a n d  N X ,  a n d  w i t h  c a t i o n  f r a c t i o n  F  o f  M  w e r e  d e r i v e d  
b y  P i t z e r  a n d  S i m o n s o n . "  T h e i r  e q u a t i o n  for t h e  a c t i v i t y  c o e f f i c i e n t  o f  t h e  s o l u t e  M X  i n  
t h e  t e r n a r y  m i x t u r e  M X - N X - H 2 0  b a s e d  o n  a  p u r e  f u s e d  s a l t  s t a n d a r d  s t a t e ,  w h e n  c o n v e r t e d  
t o  t h e  i n f i n i t e l y  d i l u t e  r e f e r e n c e  s t a t e  ( A p p e n d i x  I ,  C h a p t e r  3 ) ,  i s
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FIGURE 38. Solubilities of sylvite (K C I)  in water to 350°C. The curve 
represents values calculated using the Margules expansion model for ac
tivity coefficients (infinite dilution reference state), and standard-state 
chemical potentials for KCI(aq) derived from the equations of Pabalan and 
Pitzer* to 300°C, and of Tanger and Helgeson“  above 300°C. (Reproduced 
with permission from Pabalan, R. T. and Pitzer, K. S., C h e m ic a l M o d e lin g  
o f  A q u e o u s  S y s te m s  II , Melchior, D. C. and Bassett, R. L., Eds., A.C.S.
Symp. Series 416, American Chemical Society, Washington, D.C., 1990, 
chap. 4. Copyright 1990 American Chemical Society.)

In(yay|) = -2A,{(2/p)ln(l + p lf )  + i;'2(l -  21„)/(1 + pi;'2)} + 2[x,(l -  x,F) -  1|W,,MX 

+ 2x,x,{(l -  F + 2Fx,)UIiMX -  (1 -  F)[W,.nx + (x, -  x,)U,.NX]}

+ Xj( 1 -  l id 1 -  x,)F) WMXNX + x,[3F -  1 + 2x,F(l -  2F)]Um.n + 2x,(l -  2x,F)QLMX.NX}
(46)

Here the total mole fraction of ions x, = (1 — x,), whereupon xM = Fx,/2, xN = (1 -  
F)x,/2, and xx = x,/2. The corresponding equation for ( y ^ y * )can be obtained from Equation 
46* by interchanging subscripts M and N and interchanging F with (1 — F); note that 
WMx,nx remains unchanged but that UN M = - U M N. In principle, all but one of the 
parameters of a ternary system MX-NX-H20 ,  namely, Q i,mx,nx> can be determined from 
the binary systems. For NaC!-KCl-H20 , however, the temperatures of interest here are far 
below the melting points of NaCl and KCI which precludes the determination of WNaC1 KCI 
and UNaK from that binary. Hence, these two parameters together with Qi.Naci.Ka must be 
evaluated from activity data in the ternary system. Values of W, NaC), W, KC), U, NaCI, and 
U, KCI have been previously determined from binary NaCl and KCI solutions.

Robinson117 provided precise isopiestic data for the NaCl-KC!-H,0 at 25°C, whereas 
Holmes et a l.120 provided data at 110, 140, 172, and 201 °C. These measurements, however, 
extend only to ionic strengths of about 7.5 m, whereas the maximum solubility in the system 
already exceeds this value at T <50°C, and reaches more than 30 m at 350°C. It is apparent 
that a determination of the values of WN>C1 KC1, U Na K, and Q, NaC, KC, should consider also 
the solubility data for mixtures of NaCl and KCI in solution. These are available from the

There is an error in this equation in Reference 16 and in the similar equation for ln(yMyx) in References 13 
and 14 in the location of the bracket which here precedes UMN.
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m
K C l

FIGURE 39. Solubilities of halite and/or sylvite in the NaCl-KCl-H.O system. The squares and circles are 
experimental data taken from Sterner et al.™ and Link-, respectively (open symbols for halite, dosed symbols 
for sylvite). The open triangles are triple-point (halite + sylvite + saturated solution) data from Linke, and the 
closed triangles are triple-point data from Sterner et al. The curves are calculated as in Figures 37 and 38.

tabulation of Linke17 and the extensive evaluation of Sterner et a l.130 Good agreement was 
obtained with the constant values U Na k = 1 .250 and Q , , N a a .K c t  = 0.9547, together with a 
temperature-dependent expression for WNaCI KCI given by Equation 45 for which q,, q2, q„ 
q4, q5, and q6 have values of 1779.00, -319 .436 , -46416.5 , 0.73346, -0.00028096, 
and 0.0, respectively.* Solubilities calculated from these parameters and those given in 
Tables 8 and 9 are compared to experimental data in Figure 39. The calculated values agree 
very well with those measured by Sterner et a l.,130 mostly within 2% and not exceeding 
5 % . * *  Standard deviations between osmotic coefficients calculated using these parameters 
and experimentally determined values are 0.004, 0.003, 0.005, 0.006, and 0.008 for tem
peratures of 25, 110, 140, 172, and 201°C, respectively.

VI. CONCLUSIONS

The calculation of mineral solubilities in electrolyte solutions requires models that ac
curately describe the thermodynamic properties of aqueous electrolytes over wide ranges of 
concentration as well as temperature and pressure. For practical applications to systems of 
geochemical or industrial importance, one needs thermodynamic models that can be gen
eralized to multicomponent systems and which rely primarily on parameters that can be 
evaluated from simple systems. The examples given in this chapter clearly demonstrate that

* The numerical value of UNa K in Reference 16 is different because of the error in the equation for Intyjyl).

** These calculations ignored the potential effects of solid solution formation. The very recent work of Sterner et 
al,1” indicates that at temperatures above about 300°C, formation of NaCl-KCl solid solution becomes signif
icant. This reduces KCl(s) and NaCl(s) activities from the values for the pure solids, and will result in slightly 
lower calculated solubilities at temperatures above 300°C if the Margules parameters given here are used.
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two models based on general equations for the excess Gibbs energy of aqueous electrolyte 
mixtures meet these criteria. The ion interaction model has been shown to be successful in 
modeling mineral solubilities for a large variety of systems and over wide ranges of tem
perature conditions. The Margules expansion model is at a less mature stage of development, 
but the examples given in this chapter indicate that it is a useful alternative for systems 
which may extend to very high concentration and potentially to fused salt systems.
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APPENDIX: NUMERICAL EXPRESSIONS FOR TEMPERATURE
DEPENDENCY

Given below are expressions for the temperature dependency of the ion interaction 
parameters and the standard-state heat capacities for several important salts as well as HC1 
and NaOH. The functions are those actually used in the mineral solubility calculations 
reported above, together with comments and citations. Citations and comments are also 
included for two cases where new but more complex expressions have been published very 
recently. Alternate expressions are also given by Greenberg and Mpller8 and Mollcr for 
several of these solutes for the range 273 to 523 K. For optimum accuracy, all ion interaction 
parameters for a particular solute should be taken from the same source.

Pressures are here designated by P and are in bars; .standard-state heat capacities are in 
J • mol 1 • K 3"” and (3111 are in kg • mol while C* is in kg2 • mol 2, T is in K and 
Tr = 298,15 K,

NaCl(aq)
Ion interaction parameters — Pitzer et al.," '5 273 to 573 K and saturation pressure to 1 

kbar. P refers to pressure in bars.

f(T) = Q l/T + Q2 + Q3 P + Q4 P2 4- Q5 P3 + Q6 ln(T)

4- (Q7 + Q8P + Q9 P2 4- Q10 P3)T 4- (Ql 1 4- Q12 P 4- Q13 P2)T2

4- (Q14 + Q15 P + Q16 P2 4- Q17 P3)/(T - 227) 4- (Q18 4- Q19 P

+ Q20 P2 + Q2I P ’)/(680 -  T)

p,o, p" = 2C

Ql -656.81518 119.31966 -6.1084589
02 24.86912450 -  0.48309327 4.0217793E -  1
03 5.381275267E -  5 0 2.2902837E -  5
(>t -  5.588746990E - 8 0 0

Q5 6.589326333E . 12 0 0

06 -  4.4640952 0 -0.075354649
07 0.01110991383 1.4068095E - 3 1.531767295E - 4
Q8 • 2.6573.39906E -  7 0 -9 .0 5 5 0 9 0 IE -  8

0 4 1.7460069631: . 10 0 0

0 1 0 1.046261900E . 14 0 0

Oil . 5.3070I2889E -  6 0 I.538600820E 8

Q12 8.634023325E -  10 0 8.6926600E - 1 1
OD -4.I78596200E -  17 0 0
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P»» P<- C* =  2C

Q14 -  1.579365943 -4.2345814 0.3531041360
Q15 2.202282079E - 3 0 -4.3314252E -  4
Q16 -1.310550324E - 7 0 0
Q17 -6.3813688333E -- 11 0 0
Q18 9.706578079 0 -0.09187145529
Q19 -0.02686039622 0 5 .1904777E -  4
Q20 t . 534474401E - 5 0 0
Q21 -3.215398267E - 9 0 0

Standard-state heat capacity — the following equation was fit to values from 273 to 573 
K and at 1 bar or saturation pressure tabulated by Pitzer et al.,105 Table A-4. For values at 
other pressures, the reader is referred to the tables and equations given by Pitzer et al.105 
which are valid in the range 273 to 573 K and to 1 kbar pressure.

C° = -1.848175E6 + 4.411878E7/T + 3.390654E5 ln(T)

— 8.893249E2T + 4.005770E -  IT2 -  7.244279E4/(T -  227)

-  4.098218E5/(647 -  T)

A computer program to calculate various properties of NaCl(aq) from the equations of Pitzer 
et al.'05 is available.152

KCl(aq)
Ion interaction parameters — Holmes and Mesmer,98 273 to 523 K.

I 'll) = Q1 + Q2(l/T -  1/Tr) + Q3 ln(T/TR) + Q4(T -  TR) + Q5(T2 -  

+ Q6 ln(T -  260)

(!" pm C* =  2C

Ql 0.04808 0.0476 -7.88E -  4
Q2 -758.48 303.9 91,270
Q3 -4.7062 1.066 0.58643
Q4 0.010072 0 -0.0)12980
Q5 -  3.7599E -  6 0 4.9567E -
Q6 0 0.0470 0

T£)

Standard-state heat capacity — Holmes and Mesmer,98 273 to 523 K.

C°p = —991.51 + 5.56452 T -  0.00852996 T2 -  6S6/(T -  270)

A more comprehensive and complex treatment including volumetric properties which yield 
the pressure dependencies of other parameters was presented very recently by Pabalan and
Pitzer.9

MgClj(aq)
Ion interaction parameters — de Lima and Pitzer,112 with equation for C£,x modified to 

70fit the solubility data, 298 to 473 K.

f(T) = Q1 T2 + Q2 T + Q3
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P<»* 0<" C* =  2 ' ‘ C

Ql 5.93915E -  7 2.60169E -  5 2.41831E - 7
Q2 -9.31654E -  4 -  1.09438E -  2 -  2.49949E - 4
Q3 0.576066 2.60135 5.95320E - 2

Standard-state heat capacity — Phutela et al.,108 298 to 453 K.

C° = — 7.39872E6/T + 7.96487E4 -  3.25868E2 T 

+ 5.98722E - I T 2 -  4.21187E -  4 T3

CaCl2(aq)
Ion interaction parameters — Greenberg and Mpller,8 298 to 523 K, 0 to 4 mol • k g 1. 

f(T) = Q1 + Q2 T + Q3/T + Q4 In T + Q5/(T -  263) + Q6 T2 + Q7/(680 -  T)

0«»> P<» C* =  2"- C

Ql -9.41895832E1 3.4787 1.93056024E1
Q2 -4.0475002E -  2 -1 .5417E  -  2 9.77090932E - 3
Q3 2.34550368E3 0 — 4.28383748E2
Q4 ). 70912300E1 0 -3.57996343
Q5 -  9.22885841E -  1 0 8.82068538E - 2
Q6 1.51488122E -  5 3.1791E -  5 -4.62270238E - 6
Q7 -  1.39082000 0 9.91113465

A simpler equation valid to 473 K and 4.3 mol • kg 'i s  given by Phutela and Pitzer.133 
Standard-state heat capacity — Phutela et al.,108 298 to 373 K.

C° = — 1.26721E6/T + 7.41013E3 -  11.5222 T

Na2SO„(aq)
Ion interaction parameters — Pabalan and Pitzer,6 298 to 573 K and 1 bar or saturation 

pressure, Tr = 298.15 K. Note that these parameters are based on the value a, = 1.4 
instead of the usual value of 2.0 for a 2-1 electrolyte.

ft I ) = p, T2/6 + p2 T/2 + p3 V  (In T -  5/6)/6 + p4 T3/12

+ p5 T4/20 + pJT/2 + 3(227)2/2 T + 227(1 -  227/T) ln(T -  227)]

-  p7[T/2 + 3(647)2/2 T + 647(1 -  647/T) ln(647 -  T)]

-  k,/T - fL(Tr)]T?/T] + K, + fc(Tr)

pw pa. C = C*/2M

Pi 2.1549644E -  02 3.6439508 4.6590760E - 02
Pi -7.6918219E -  01 -9.1962646E + 01 1.1711403
Pj -3 .5486084E -  03 -6.5961772E -  01 8.4319701E - 03
P4 4.0811837E -  06 1.6043868E -  03 2.0439550E - 05
P 5 0.0 -  6.5972836E -  07 8.3348147E - 09
P* 0.0 1.6491982E -  01 1 3147008E - 03
Pi 0.0 2.2057312E -  01 1.6797063E - 03
fJT „  1 bar) 1.738512E -  03 5.820066E -  03 1.117462E - 04
l.'.f.. 1 bar) -  1.255087E -  02 7.037660E -  01 3.808550E - 03
K: 3,915.434531 708,447.986899 6,717.929066
K 55.769488 5,768.102375 -68.202263
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Standard-state heat capacity — Pabalan and Pitzer,6 200 bars, 298 to 573 K,

C°p = 1727842 -  4.643364E7/T -  307864.3 In T

+ 680.2831 T -  0.2438667 T2 + 100338.7/(T -  227)

-  252748.6/(647 -  T) J ■ mol 1 ■ K~ 1

The change of heat capacity with pressure for Na2S04(aq) was assumed to be twice that for 
NaCl(aq) in the absence of detailed volumetric data for Na2S04(aq). A simpler equation 
from Holmes and Mesmer106 valid from 276 to 498 K and 1 bar of saturation pressure may 
suffice; it is

q  = — 1206.2 + 7.6405 T -  (1.23672E -  2)T2 -  6045/(T -  263)

K2S 0 4(aq)
Ion interaction parameters — Holmes and Mesmer,106 273 to 498 K. Note: these pa

rameters are consistent with using a value of a , = 1.4, instead of the usual value of 2.0.

f(T) = Q! + Q2(Tr -  T2/T) + Q3(T’ + 2TJ/T -  3T|) + Q4(T + T2/T -  2TR)

+  Q 5 ( l n ( T ; T R) +  T „ / T  -  1] +  Q 6 { t / ( T  -  2 6 3 )  +  ( 2 6 3  T  -  T 2R) / | T ( T R -  2 6 3 ) 2]}

+  Q7{ 1 /(6 8 0  -  T )  +  ( T J  -  6 8 0  T ) / [ T ( 6 8 0  -  T R)2]}

P«°» O  = 2,n C

Q1 0 0.6179 9.1547E -  3
Q2 7.476E -  4 6.85E -  3 0
Q3 0 5.576E -  5 0
Q4 4.265E -  3 5.84IE -  2 -1 .81E  -  4
Q5 -3,088 0 0
Q6 0 -0 .90 0
Q7 0 0 0

Standard-state heat capacity:

Cr(K SO.) = 2C°(KC1) + C'r(Na.SO.) -  2C°(NaCl)

MgSO„(aq)
Ion interaction parameters — Phutela and Pitzer,107 298 to 473 K. Note that the final 

column gives the temperature coefficients for C. For MgS04, this is related to C* by C* = 
4C (see Equation 15).

f(T) = QHT/2 + 29872 T -  298) + Q2(T76 + 29873 T -  29872)

+ Q3(T712 + 29874 T -  29873) 4- Q4(T720 + 29875 T -  29874)

+ (298 -  2987T)Q5 + Q6

|i" 3‘" C = 0/4

Q1 -  1.0282 -2.9596E -  1 -  1.3764E -  1 1.054IE -  1
Q2 8.4790E - 3 9.4564E -  4 I.212IE -  1 -8.9316E -  4
Q3 -2.33667E -- 5 0 -2.7642E -  4 2.5IE -  6
Q4 2.1575E . 8 0 0 -2.3436E -  9
Q5 6.8402E - 4 I.1028E -  2 — 2.1515E -  1 -8.7899E -  5
06 0,21499 3,3646 -32.743 0.006993
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Standard-state heat capacity — Phutela and Pitzer,107 298 to 473 K.

C„ = — 6.2543E6/T + 6.5277E4 -  2.6044E2 T + 4.6930E -  1 T 

— 3.2656E -  4 T ‘
HCI(aq)

Ion interaction parameters — Holmes et al., 134 273 to 523 K. The equation and parameters 
listed are valid to 7 mol • kg but this paper also includes more complex equations valid 
to 648 K and to 16 mol • k g ~ ‘ ; also note that the equations use p, the density in kg * n r  3 
of pure water at the particular P and T, and that they include pressure dependence to 400 
bars.

f(T) = Q1 + Q2 ln(p/997) + Q3(p -  997) + Q4(T -  TR) + Q5(P 

p « o ,  p<» < = C®/2

Ql
Q2
Q3
Q4
Q5

0.17690 
- 9.14()E -  2 
0

-4.034E -  4 
6.20E -  6

0.2973 
16.147 

-  1.763IE -  
0
7.20E -  5

0.362E -  3 
0 
0

-3.036E -  5 
0

Standard-state heat capacity — Holmes et a l.,”4 273 to 648 K.

where

C; = 17.93 -  16.79 T/(T -  240) + 6.4579E5 TXp

Xp = [(d2lne/dT2)p -  (dlne/dT)p]/e

1)

with e the dielectric constant (relative permittivity).

NaOH(aq)
Ion interaction parameters — Pabalan and Pitzer,110 0 to 350°C and saturation pressure 

to 400 bars. P refers to pressure in bars.

f(T) = Ql + Q2 P + (Q3 + Q4 P)/T + Q5 ln(T) + (Q6 + Q7 P)T

+  (Q8 +  Q9 P)T2 +  'Q10/(T -  227) +  (Qll +  Q12 P)/(647

p<«i p,„ =  2C

Ql 2.7682478E 4- 2 4.6286977E +  2 -  1.6686897E +  1
Q2 — 2.8131778E - 3 0 4.0534778E -  4
Q3 -  7.3755443E -7 3 -  I.0294181E + 4 4.5364961E +  2

Q4 3.7012540E - 1 0 -5 .17140 I7E  -  2
Q5 -4.9359970E + 1 -8.596058 IE  +  1 2.9680772

Q6 1.0945I06E - 1 2.3905969E -  1 -6.5161667E -  3
Q7 7.1788733E - 6 0 -  1.0553037E -  6
Q8 -4.0218506E - 5 -  1.0795894E -  4 2.3765786E -  6

Q9 -  5.8847404E - 9 8.9893405E -  10
Q10 1.1931122E + 1 0 — 6.8923899E -  t

Q l i 2.4824963 - 8 . 1 156286E -  2
Q12 -  4.8217410E - 3 0 0

A more precise treatment based in part on new measurements of heat capacities and enthalpies 
but for the more restricted range to 523 K has been published recently by Simonson et al.111
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I . IN T R O D U C T IO N

A. GENERAL
Our purpose in this chapter is to discuss the subject of ion association at high temperatures 

and pressures from three points of view: (1) selected equilibria principally determined by 
electrochemical and electrical conductance measurements, (2) the evidence for association 
of electrolytes from calorimetry, and (3) association of metals with ligands such as acetate, 
hydroxide, and chloride.

There is a large body of chemical literature on the subject of ion association at ambient 
conditions particularly involving simple anions like chloride and sulfate with metal ions, for 
which low stabilities are found for the associated species. Inherently, in such cases ambiguity 
arises in any attempt to resolve speciation from activity coefficient effects. The conclusions 
are dependent on the assumptions in the model chosen for representing activity coefficients, 
and ambiguities are most prominent where assignments of species concentrations are based 
solely on measured activity coefficients or other excess thermodynamic properties. Better 
assignments can result when direct observation is made of one or more species in the 
association equilibrium such as by spectral measurements. Even then, activity coefficients 
must be assigned before equilibrium constants can be obtained. The uncertainties in the 
separation of speciation (or mass action) from activity coefficient effects are most unam
biguously addressed when stability constants are relatively high. In that event, equilibria 
can be observed in dilute solutions where activity coefficient assignments are most certain. 
Also, for the study of relatively stable species, the supporting electrolyte approach can be 
utilized to fix the activity coefficients of all species while variations are made in the con
centrations of minor components of interest. In a continuous model of the transition from 
strong electrolyte behavior at one set of T-P conditions to another set where weak electrolyte 
behavior (or association) becomes significant, one must span the ambiguous region.

We do not attempt to be comprehensive in our coverage of this subject of ion association 
but will discuss a few methods and examples in some detail. The vast literature on the 
subject of ion association at low temperatures is described elsewhere15 and is not addressed 
here except as a point of departure in the temperature variations for the examples chosen 
for study.

B. EXPERIMENTAL METHODS
The two principal experimental methods for studying ion association processes at high 

temperatures, electrochemical cells and electrical conductance, are discussed here. Other 
methods will be described in Sections III and IV. 1

1. Electrochemical Cells
The use of hydrogen electrode concentration cells for acidity measurements at high 

temperatures was pioneered principally at Oak Ridge since 1969, and these cells have been 
used extensively to obtain precise acidity data on a number of acid-base and hydrolysis 
reactions to 300°C. A recent paper by Mesmer et al,6 summarizes results through 1987. 
Even solutes such as CrOj and SO; , which are thermodynamically unstable in a hydrogen 
atmosphere at high temperatures, could be studied because the kinetics of reduction are 
favorable.

A typical cell representation is

H2,Pt|NaCl(m,), HA(0.01 m,), NaA(0.01 m JNaCKm ,), HCK0.01 m iiPt.H.

(test solution) (reference solution)

where HA represents a monoprotic acid in a high concentration of NaCl (m,) as a supporting
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electrolyte for controlling activity coefficients and minimizing liquid junction potentials. 
These cells operate well to 300°C as limited by the Teflon in liners, seals, and the porous 
plug junction. Routinely, the ionic strength is varied to determine salt effects and to permit 
derivation of infinite dilution log K values, often accurate to about 0.01 log units. Such 
cells have been operated in both titration7 and flow8 modes. In the former, equilibration 
permits wide variation of the test solution by admitting titrant to the system where complex 
speciation analysis is involved. In the latter, no vapor space is present and only short residence 
times are required. Details of considerations of the liquid junction potentials are discussed 
in some detail previously.7-9 

The cell potential is given by

E = RT [ H q ^ r 
F [H + ] -y + ELJ ( 2)

where r refers to the reference compartment, the bracketed terms are molai concentrations 
(including any associated acid HX formed with the medium electrolyte NaX), and y and yr 
are the activity coefficients of the hydrogen ion in the two solutions and are assumed to be 
constant and equal in the presence of the supporting electrolyte. The liquid junction potential 
ELJ is approximated by use of the Henderson equation using limiting conductances for all 
ions present:7-9

ELJ = XD,(li] -  [i]r) (3)

Here [i] represents each ion in the two solutions and the coefficients D, in the presence 
of a supporting electrolyte are given by

RT z ,X,
F |z,|S(|z1|X1[i]) (4)

where z, is the charge and X is the limiting conductance of the ion. Using supporting 
electrolytes ELJ can be easily kept <1 mV.

These concentration cells have been used to examine a number of ionization and hy
drolysis reactions as summarized in Reference 6. Ionization constants derived from such 
cells are represented for simple weak acids and bases to 300°C in Figure 1.

2. Electrical Conductance
A number of studies of electrical conductances of electrolyte solutions in the supercritical 

range have been carried out at ORNL using a platinum-lined cell described by Quist and 
Marshall.1" Results are available" for several of 1-1 electrolytes and for the ionization of 
H,0 and Nll.iaqt. The conductance apparatus and procedures for data analysis are discussed 
by Marshall and Frantz."

Briefly, the molar conductance A of an electrolyte solution is given by

A = a/R„M (5)

where a is the cell constant that depends on cell geometry, R„ is the observed resistance of 
the solution, and M is the molar concentration of the electrolyte. The degree of ionization 
or dissociation of an electrolyte 0 is given by the ratio A/A', where A' is the hypothetical 
conductance of a solution of completely dissociated solute. The latter quantity, at temper-
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t/'C
0 50 100 150 200 250 300

1/T

FIGURE 1. Temperature dependence of the association constants for the formation of weak 
adds and bases at the saturation vapor pressure of water to 300°C. All data are based on 
results from EMF measurements. The symbol <(> represents cyclohexyl- group.

atures and densities where no association occurs, obeys the Onsager relationship in dilute 
solutions:

A' = A0 -  (A + BA0)M,/2 (6)

Here A and B have theoretical values based on viscosity, dielectric constant, temperature, 
and ionic charge. By extrapolation of A0, the limiting equivalent conductance, from tem
perature-density regions where complete dissociation occurs to regions of incomplete dis
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sociation, A' can be computed from Equation 6. The equilibrium constant (molar concen
trations) is given by

K = e2Myl/(l  -  0) (7)

where y  T , the mean real ionic activity coefficient, is usually approximated by the extended 
Debye-Hiickel relationship. Alternatively, K and A„ may be obtained from the Shedlovsky 
equation

1 1 MAS(z)yiq- - (8)
AS(z) A0 KA,i

where S(z) is treated as an empirical parameter and A0 and K are solved for simultaneously. 
At this time, it is not possible to assess properly the uncertainties in the derived values of 
K, but there is presently no better experimental method for their measurement in the su
percritical region.

The ionization reactions of only two neutral species, H20  and NHdaq), have been 
studied by potentiometry12 to 300°C and by conductivity13 in the supercritical region. The 
accuracy of the results for H ,0  were inherently limited in the supercritical region by the 
need to involve several other equilibrium constants in deriving Kw from the hydrolysis of 
NH4Br(aq).13 Probably the ionization results for NH,(aq) are more accurate since they could 
be derived directly from the measured conductance14 of dilute NH,(aq) solutions.

C. ACID-BASE EQ U ILIB R IA  TO 300 C
The temperature dependence of the association constants for the formation of 13 acids 

and bases along with light and heavy water are shown in Figure 1 at the saturation vapor 
pressure of water. All have been studied by the EMF method and the results were derived 
by a general analysis of selected literature data along with the EMF results. The results from 
recent work on acetic acid13 and bisulfate16 are shown along with the results presented 
previously.6 All these results demonstrate similar curvature of 1/T plots, which reflects a 
similar AC° for the association process. Of these systems, H ,P04, H2P 04 , Si(OH)4(aq), 
and B(OH),(aq) were studied in cells in which the hydroxide ion concentration was actually 
determined, i.e., a reference of standard hydroxide solution was used. The free hydroxide 
concentration in equilibrium with the buffer mixture was observed for the following reaction:

A + H O  HA(aq) + OH (9)

All such reactions are found to have small AC° values over the range to 300°C. This was 
first observed in 1974 by Mesmer and Baes17 for phosphate equilibria and was attributed to 
the small change in solvent electrostriction for reactions with only anions. In 1980 Lindsay18 
termed these reactions and the analogous ones involving cations as “ isocoulombic” . The 
isocoulombic form is convenient for extrapolation and as a basis for obtaining estimates 
where the change in heat capacity can be approximated as zero. Figure 2 shows several 
examples of log(KA/KH,0) plots, where KA represents the association constant for the acid. 
The value of AC° represented by the curvature of the 1/T dependence for Si(OH)4(aq) is 
-  49.4 J • mol > • K ,

Although the precise representation of the temperature dependence of equilibrium con
stants is model dependent, the high precision of these data sets (±0.01 log units) allows 
the derivation of accurate enthalpy and heat capacity changes for association by differen
tiation. Also, the availability of very accurate low temperature data as reference points 
provides a firm anchor for the temperature dependence. Figure 3 shows AC° values for
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0 50  100 200  300

f-K.il 'Kh 2. { K  ̂ Kn,,i foi inur acuK to 3HO (T.

association reactions to form MX). NH.taq).  CO .(at]). and cyclohexvlaminc(aq).  and tor 
tlicir isocoulomhic reactions as well as that of Si(OH),(aq). The AC,’ for ion association in 
ai! these cases approaches infinity as the critical temperature of water is approached, while 
| A t ’ ACp(H - 0) |  is small and relatively insensitive to temperature |AC’p(H.,()) corresponds 
to the association reaction (H '  + OH we H O t j .  The results for AV exhibit similar
tvhaviot.  Such behavior reflects the fact that and Vi.  the partial molar quantities for 
the eiectiolsle,  Jivcitre toward negative infinite more rapidly for strong electrolytes than the 
same quantities for the neutral species ( such as H.O)  approach positive infinity. Data on 
( for NuCI(aq) have been reported b\ Smith-Magovvan and W o o d 1'1 and on V, by Roger- 
ind Ibt/cr v and In Hilbert. '' The large variation of ACp (or fort association is virtually 

eliminated in holding the demit', constant near 1.0 g • cm as shown by Patterson et a!. 
for the' formation o! C ( ) tao i idwi ihe ions. l i t is  phenomenon will be discussed in general 
in the next section

IT ASSOCIATION REACTIONS TO FORM 11,0, NffTaq), HCtOqS
AND NaCHaqi TO 800”C

r. \10> *' :

ol ion a-

,a water  w ItiOOC and 10 khar lias lu.cu .!■-. ■ w onoentm ; a .mra ' ine reactions in
gewia k  This dr nwtv-!aistal mode; has relative;'. mo gta mieteis w deserihe ateh v k.f b 
t a n e m r  icmperatme pres.tire vomditums, and although it mas not (it the data witlttn spur-
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FIGURE 3. AC° as a function of temperature for association reactions 
representing water. CO,(aq), cyclohexylamine, and NH,(aq) and isocou- 
lombic reactions for the latter three and Si(OH)J(aq).'’ Uncertainties in 
AC° for the ion association reaction to form H.O are indicated across the 
top of the Figure.

imental uncertainty everywhere it represents accurately the principal variations. Such an 
analytical function affords the opportunity for evaluating and examining the thermodynamic 
quantities. The following relationships have been derived6 from Equation 10a and are given 
in part by Marshall24 and by Gates et al.25

log K = a + b/T + c/T2 + d T ‘ + klogp 
k = (e + f/T + g f  i

(10a)

M i = — 2.303R[(b + 2c/T + 3d/T2) + (f + 2g/T)logp] -  RT U  (10b)

AS° = 2.303R[(a -  c/T2 -  2d/T3) + (e -  g/T2)logp| -  RTkct (10c)

AC; = — 2.303R(( ^  2c/T2 -  6d/T) -  (2g/T2)logpl

— Ra(2eT -  2g/T) -  RT2k(<ta/dT)p (lOd)

AV° = -  RTkp (lOe)
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TA B LE 1
Parameters for Equation 10a," Reference 6

Parameters H ,0 NH,(aq) HCKaq) NaCKaq)

a 4.008 5.50020 5 , 4 0 5 1.197
10 ' b 3.2452 -  1 5 6 7 8 7 — 3 . 8 7 4 9 -  1.260
10 ' e - 2 . 2 3 6 2 6.1790 0 0
10 ' d 3 . 0 8 4 -  6 , 5 2 5 6 1 0 0
10 1 e -  1.3957 - 1.41095 -  1.393 -0 .920
10 ' f 1 .2 6 2 3 0.629.378 0 0
10 ‘ g - 8 . 5 6 4 ! -  1 2 .4 3 0 0

•’Units: b a nd . K :  c  a nd g, K c  d . K7 .

A V ' )(OA VcTT)r = (l/pKdp/TT),, + (e — g/T: )/(Tk)

A0” ™ - ( l/AV,)(ciAVc7<ip),. {1 /(A)(fi|3/r'tp), ( i()g)

where p is the density of water. « is the expansitivity coefficient, — (1 /p)(t>p/fiT)p. and (3 
is the compressibility coefficient. (1 /p)(ftp/ftp),.

The parameters for the lour association reactions are given in 'Fable 2. Note, the coef
ficients in Tabic 1 for the association icactions have the opposite signs to those in Reference
6: also the a parameter for Nil was incorrectly given and should be ..5.50020 for the
ionization reaction.

Equation 10a can be further simplified for the purpose of approximate fits to data over 
restricted regions of temperature and pressure and for extrapolations as was presented else
w h e r e . ' ' S u c h  a simple form having only a. b, and fa s  parameters has been successful 
in modeling several reaction types to about 3(XT'C along the saturation pressure curve. This 
simple form requires only reference values of log K, AH°, and ACj; at 25°C and 1 bar, for 
example, for the estimation of the temperature and pressure dependencies with useful ac
curacy. In this simple ease, AC® ~ -  fRT(c'ta/f/T)p and AV° = - fR p . The uncertainty for 
such estimates is discussed in Section ILF.

B. THERMODYNAMICS OF ASSOCIATION
Association constants for the four eases presented here are show n in Figure 4 at constant 

pressure, at constant density, and along the saturation vapor pressure curve for water. The 
simple nearly linear variation of log K with 1/T at constant density is common to all and 
suggests that maintaining a constant spatial relationship among the solutes and solvent is a 
source of this simplicity. Also, as was seen previously,6 the variation of log K.V/KH.() for 
HCl(aq) and NaCKaq) with 1/T shows very little curvature (small AC6), since the reaction 
represented is in the anion-onlv form. In the supercritical region a small variation with 
pressure results from a small AV° for the reaction in this form. The general pattern observed 
for these association reactions is expected to apply to other charge pairing reactions.

The derivative quantities. AS® (Figure 5), AV° (Figure 6), AH5 (Figure 7). and AC” 
(Figure 7). have similar overall features for the f o u r  cases. At the saturation pressure very 
large positive values are approached; values for AV° indicated at 370°C are equal to several 
liters per mole. Less variation with temperature is seen at constant density and also at 
constant pressures that are higher than the water vapor pressure

The dependence of these four thermodynamic quantities on the volumetric properties of 
water in the density model leads to divergent values at the Tc and pc for water, since the 
density derivatives with respect to temperature and pressure approach negative and positive 
infinity, respectively, at the critical point. These trends with increasing temperature can
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FIGURE 4. The log K for the association of ions to form H,(), NH,(aq), HCl(aq), and 
NaCl(aq) to 8(X)°C.6 Conditions: saturation vapor pressure of water, bold curve; constant 
density, light lines; constant pressure, dashed curves.

result from the hydration sphere becoming increasingly more ordered, the solvent becoming 
increasingly more disordered, or from a combination of the two effects. On the other hand, 
all the thermodynamic quantities vary only slightly with temperature at high densities (0.8 
to 1.0 g • cm '). This suggests that under such conditions there is little change in the ordering 
or of the energy of the system. Likewise, the literature cited indicates strongly that the ionic 
strength effect on thermodynamic quantities for association reactions is analogous to in
creasing the pressure or density, i.e., it reduces the magnitude of the quantities and their 
dependence on temperature. Adding electrolytes makes further ordering of the solvent with 
increased pressure more difficult.

Cobble and Murray30 first observed the rapid approach of AH° of solution of electrolytes 
to very large negative values at high temperatures. Later Gates et al. derived C° , and 
V° for the pair of ions ( H3, OH ) from the AC° for the ionization of water and demonstrated 
the behavior shown in Figure 7. Here AC° shows even more interesting behavior than the
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ICC  l/’C

t : ’C 11'C

FIGURE 5. The change in entropy for association reactions to form H.O, NH,(aq>. HCI(ai)), 
and NaCHaq).” Conditions: saturation vapor pressure of water, bold curve; constant density, light 
lines; constant pressure, dashed lines.

other quantities in that it approaches positive infinity with increasing temperature below the 
critical point and approaches negative infinity with decreasing temperature above the critical 
point. They also showed the approach to positive infinity for volumes on approaching the 
critical v  i„i from either direction. It is apparent that the reaction thermodynamics for 
association reactions are dominated by the partial molar quantities for the ions rather than 
by those quantities for the neutral species.

The Born equation for the solvation energy of electrolytes predicts the qualitative features 
of the behavior of electrolyte thermodynamics and this has been discussed by several groups: 
Cobble and Murray,’" Helgeson and Kirkham,”  Gates et a l..’5 and Wood et a l.’2 However, 
this continuum model provides no molecular insight regarding the solvation process but 
suggests that electrostatic forces extend over greater distances as the dielectric constant of 
the medium declines. For thermodynamic quantities to become excessively large implies 
larger spheres of influence at high temperatures than at low temperatures, since individual 
bond strengths are finite and rarely exceed about 400 kJ • mol 1 or molar volumes rarely 
exceed a few tens of cubic centimeters per mole of bonding unit.
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FIGURE 6. The change in volume for the association reactions to form H,0, NH,(aq), HC'l(aq). 
and NaCl(aq).6 Values at 370°C at the saturation vapor pressure are indicated at the upper left. 
Conditions: saturation vapor pressure of water, bold curve: constant density, light lines; constant 
pressure, dashed lines.

Another interesting consideration results from the Bjerrum model1 for ion association 
as found by .Simonson et al.1’’ and discussed in more detail below. This model is also an 
electrostatic approach and it assumes ions are paired if separated by a distance less than a 
distance for which the interaction energy is 2 kT; those separated at greater distances are 
assumed to be dissociated. Qualitatively correct enthalpies and equilibrium constants were 
obtained for (Ca; ‘ . Cl ) association with a value for the closest distance of approach of 4 
A. For example, the All extrapolated from conductance data at 523 K is 120 kJ • mol 
and 51 ki • mol' 1 is given by the Bjerrum model.

C. DRIVING FORCE FOR ION ASSOCIATION REACTIONS
Often the driving force for ion association reactions at ambient conditions is the TAS° 

term of AG°, although occasionally both the AH° and TAS° terms favor association. The 
results summarized in Table 2 demonstrate that in the four cases presented here the TAS° 
term is the driving force at temperatures greater than about 200°C. At these conditions All
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t/C  t/'C

FIGURE: 7. The changes in enthalpy anil heat capacity tor the association reaction to form water.1’ Conditions: 
saturation vapor pressure ot water, bold curve; constant density, light lutes; dashed curves, constant pressure.

TABLE 2
Standard Enthalpies, Entropies, and Gibbs Energies for 

Association Reactions11

T p / b a r A H I A S A G A H T A S A G

H , ( ) ( a q ) N H d a q )

25 S a t . - 5 5 . 5 5 2 4 . 3 3 7 9 , 8 8 - 2 , 3 8 2 4 .8 1 - 2 7 . 1 9
100 Sat . ..4 2 . 2 7 4 5 . 3 5 - 8 7 . 6 2 9 . 9 4 4 4 . 7 6 -  3 4 . 8 2
2 0 0 S a t . -  1 8 .3 6 8 3 . 3 9 -  1 0 2 . 2 5 3 8 . 1 6 8 7 . 8 7 - 4 9 , 7 1
3(H) Sa t . 6 9 , 3 5 1 94 ,5 1 -  1 2 5 . 1 6 139  8 2 2 1 4 . 1 3 -  7 4 .3 1
*50 S a t . 4 1 2 . 0 5 5 8 . 7 -  1 4 6 .7 5 3 1 . 7 6 2 9 , 9 -  9 8 .1
3 7 4 .1 Sa t . X X X X

4 0 0 5 0 0 197 3 5 0 -  153 -)g-| 3 87 -  104
5 0 0 5 0 0 4 1 7 6 5 6 -  2 3 9 5 1 6 715 -  199
6 0 0 5 0 0 191 4 9 7 - 3 05 2 5 8 5 2 9 ... ~>~J j
8 0 0 5 0 0 122 531 4 0 8 179 5 6 0 - 3 8 0

H C I ( a q ) N a C I ( a q )

2 0 0 Sat . 110 93 17 4 8 4 0 8
3 0 0 S a t . 198 2 0 6 - 8 106 110 - 4
3 5 0 Sat . 5 4 0 570 -  30 332 349 ... | 7

374.1 Sat. X X X 'X

4CX) 500 331 369 38 194 213 - 19
500 500 568 691 - 128 347 421 ■ 74
600 500 33? 536 - 199 i 98 314 1 16
800 500 264 575 311 150 331 - 181

Ctiits: kJ • mol 1 Uncertainties in A H ''  and I A S '  for H , 0  and NH.iaqj are estimated 
for temperatures up to 300"C as cited in Reference 6. At temperatures near arid above 
the critical temperature, the uncertainties for all four reactions are expected to vary 
from about 5 kJ • mol 1 at the lower temperatures to about 1? at the highest temper
atures Also, strong correlation is expected for the nearly equal uncertainties in A H °  
and T A S ' .
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opposes association and the predominance of the I AS term increases as temperature in
creases, resulting from the contribution of an increasingly positive AC° to the two terms as 
demonstrated in Reference 6.

The implications of these facts have been discussed in terms of bonding changes and 
changes in the ordering in the system as ion association occurs. The overall process is

M ill ()),„ + X (H,0)n ^  MX(H ()),. + (m + n -  ptll.O (11)

which takes account of hydration of the species in the reaction. The process can be viewed 
as three hypothetically separable steps: (1) a new bond or interaction is formed, M-X; (2) 
the (m + n — p) water molecules are liberated from the hydration spheres; and (3) these 
liberated waters become bound to bulk water. For step (1) All . AS°, and AV° are all 
expected to be negative and AV° is quite small. For step (2) all are expected to be positive 
as bonds and structure are lost (the actual case for association thermodynamics at high 
temperatures is shown in Table 2), and for step (3) the opposite is expected. Step 2 leads 
to the condition that describes the high temperature results. The magnitude of the positive 
changes could increase if the number of waters liberated increases with temperature or 
conversely if the bulk solvent structure, or hydrogen bonding, decreases.

D. HYDRATION MODEL
The Figures 4 to 7 show that at densities near 1.0 g • cm 3 all the thermodynamic 

quantities are both relatively small and essentially invariant from 25 to 800°C. Therefore, 
the differences in the environment of water molecules in the solvation spheres of the dissolved 
species and in the bulk solvent network are very small only at this density, while near the 
critical point very large differences exist. A simplified picture consisting of two states for 
water molecules, hydration spheres and bulk water, was given previously.6 By this model 
the partial molar volumes for species (ions and neutral) are represented by only two terms 
as follows:

V" = V6*-' + n,(Vbs -  Vb“) (12)

where Vhc represents the species hard core molar volume, n is the hydration number, V1" is 
the molar volume of water in the hydration sphere of the species, and Vhw is the molar 
volume of (bulk) water. The molar volume change for an association reaction is given by

AV = — An(Vhs -  Vbw) (13)

where A represents (products — minus — reactants) and Vhs is an average for the hydration 
spheres of all species in the reaction. If the AY! is assumed to be small and Vh' is 18 cm3 
■ mol \  the values of An listed in Table 3 are obtained from the observed AV° for association 
reactions. Very high An values are obtained near the critical point as the compressibility 
coefficient for water and AV° for the association reactions approach infinity. That fact is 
true no matter what finite value is assumed for Vh\  since Vh“ is finite at the critical point 
(56 cm' • m ol"1). These values of An are, of course, dependent on the choice of V1" such 
that if a larger value of Vhs is chosen An increases; the sensitivity of An to the choice of 
Vhs is greatest at high solvent densities. No particular significance can be attributed to the 
actual magnitude of the An numbers, especially the smaller values, but the trends toward 
high values at low densities and temperatures near the critical temperature are of most 
interest. For AV° to approach infinity, the hydration number for ions must do so as well, a 
result which is also predicted by the model of Quint and Wood.14
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TABLE 3
Changes in Hydration Numbers An for Association 

Reactions3

°c
P/g '
cm "’ h 2o NH3(aq) HCl(aq) NaC.'Kaqi

200 Sat. 19 23 17 11
250 Sat. 21 25 20 13
300 Sat. 30 35 29 19
350 Sat. 91 106 90 60
370 Sat. 588 674 582 384
374.1 Sat. CO DC 3 0 o c

250 0.8 21 28 20 13
300 0.8 16 21 17 11
400 0.8 15 17 15 10
600 0.8 14 15 14 9
800 0.8 14 15 14 10
350 0.6 62 72 62 41
400 0.6 36 41 36 24
600 0.6 18 19 18 12
800 0.6 14 15 14 10
400 0.3 316 360 315 208
600 0.3 33 37 34 22
800 0.3 21 22 21 14

* Based on the assumption of an average molar volume for the hydration 
water of 18 cm3 • moO ' at all temperatures and pressures.

E. EXTRAPOLATION OF ASSOCIATION CONSTANTS
Extrapolation of association constants can be viewed as a matter of the precision of the 

reference quantities of log K, AH°, and AC° chosen and the temperature variation of AC°. 
The general case is given by the following relationship, where the AC° integrals are deter
mined by the model that best represents the process at hand:

log ( ^ 7 ^ ) = ( I/(2.303R))[AHx{p} (~ — — ‘ /AC,.IT + /  ^  dTK rjp J Tr T r  T
~  AV?r(p ^ Pr)l

Here, the reference temperature and pressure are 298.15 K and 1 bar. It is a very good 
approximation that AH°{p} = AH°{pr} along the saturation pressure curve. Also, AV° is 
nearly independent of pressure at 298.15 K. The last term contributes only about +0.03 
log units at 573 K and for the purpose of estimates can be ignored. With these approximations, 
the contribution of the two integrals in AC° to log (KT{p}/Kx{pr}) can be evaluated and, if 
AH°, and K r are known, the value of log Kr{p} can be computed. The values of the integrals 
for some literature data are shown in Table 4. Listed are values of [log (K,{p}/K1 {pr}) -  
(AH/{pr}/(2.303R))(l/Tr -  1/T)], The term in AV° is neglected. The contribution in log 
units from the AC° integrals becomes 0.24 to 0.37 at 100°C, 0.93 to 1.4 at 200°C, and 2.0 
to 2.9 at 300°C, always in the direction of increasing association with increasing temperature. 
Thus, if the AH, were zero for an association reaction, then the increase in log K for the 
reaction is indicated by these amounts.

It is also interesting to examine the magnitude of AC“ for ion association reaction types 
from this point of view. The AC° values in Table 5 become increasingly positive for the 
association of ions; ( - C ° 2) for NaCl also shows quite similar increases. Results for the 
formation of the ferrous acetate complex,16 FeAc 1, are also shown for comparison.
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TABLE 4
1 A C °

Values of the Integrals [ —  J AC„ dT + f  ■■■-■* dT] (1/(2.303R)) 

for Ion Association Reactions from Equation 14

t fC ) h 2c o , NHj(aq) h 2o — Cp>2(NaCI)“ (FeAc4)1’

100 0.37 ± 0.01 0.24 ± 0.04 0.24 ±  0.01 0,09 0.07 ± 0.3
200 1.43 ± 0.02 1.03 i  0.03 0.93 ±  0,02 0.69 0.28 ± 0.3
300 2.91 ± 0,06 2.27 ± 0.06 2.00 ± 0.05 2.14 1.20 ± 0.3

* Value at 200 bars is shown for comparison.”
" Reference temperature SOX instead of 25°C.M’

TABLE 5
AC" Values for Formation Reactions and Cp2 (NaCl) at the Saturation 

Vapor Pressure of Water

t (°C) h 2c o , NH,(aq) h 2o (FeAc4)* N a n i '

100 278 ± 14 212 ± 10 174 ± 6 100 ± 100 77
200 430 ± 36 401 ± 40 342 ± 30 420 ± 60 245
300 1300 i  1501, 1220 ± 100b 1 180 i  KX)6 1800 ± 200 1641

" Corrected as described in Reference 6. 
b Values at 200 bars from Reference 31.

F. UNCERTAINTIES IN EXTRAPOLATED EQUILIBRIUM CONSTANTS
Extrapolation of equilibrium constants beyond the range of experimental data has un

certainty associated with the failure of the chosen model to represent accurately physical 
reality, but also from random errors originating from the parameters in the model. Little 
can be done to assess the former, but the latter can and should be evaluated as a lower 
estimate of the error for the extrapolated value. In this discussion two cases will be evaluated: 
(1) a reaction for which a small and constant AC° is likely, e.g., a reaction for which only 
cations or only anions are present (the so-called isocoulombic case); and (2) a reaction for 
which AC° is expected to vary strongly with temperature and pressure such as in ion 
association or charge neutralization reactions.

The uncertainties associated with independent variables contribute to the variance17 of 
the dependent variables X* as

07;,„k = X(<9 log K/dXi)2a 7 15)

with no cross terms.
For the case of constant AC° where AV° ^  0,

log K AH-r, ,J_ l_ AC°,.
2.303R lTr ~ I ' + 2.303R

llnl + Tr(I _ I ,1 (16)

Nominal uncertainties were assigned to the reference values of AH° and AC° (<rAH = 
4 kJ • mol 1 and < r S ( = 40 J • mol 1 • K ') and their contributions to u h v  K are plotted in
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FIGURE 8. Contribution to the uncertainty in log K computed from 
reference values of log K, AH", and AC° at 25°C and 1 bar using two 
models and assigned uncertainties to AH?S. and AC° (25°C), Cases: (A) 
using the density model in Equation 18 and assuming the sole error is 
a 4c (25-, = 40 J • mol 1 ■ K 1; (B) using the constant ACP model in Equation 
16 and assuming the sole error is cr -̂ (25., = 40 J ■ moU 1 • K (C) using 
either model with the sole error assigned to = 4 kJ • mol

Figure 8 as a function of temperature. Here we assume log Kr is not a significant contributor 
to the (Tlog K. Similar quantities are shown for the second case for which log K is represented 
by the simple form

In K = a + b/T + c/T In p (17)

and AC° varies as given by Equation lOd. The dependence on reference values is given by

f , , , AH°{Tr,pr} 1 1
log Kfr.pS = log k fr,.p,} + ( f  -  j )  +

£  (T Ti + In —]/(Tr(da/dT)p) (18)
2.303R T T p

where a r represents the expansitivity coefficient and pr the density of water at the reference 
conditions.

The crAH (25°) contributes the same amount to crk)g K in both cases and its magnitude 
reaches 0.35 log units at 300°C. For the two cases <xic (25°) contributes nearly equally but 
slightly more for Equation 16 (AC® = constant) and becomes 0.33 and 0.38 for the two 
cases at 300°C. At lower temperatures the contribution from the crAH (25°) is significantly 
greater than that for erAC (25°). Of course, the uncertainties in log Kr are proportional to 
the values assumed for criH and (r4Cp at the reference conditions.

III. ION ASSOCIATION FROM CALORIMETRIC EVIDENCE

In contrast to spectroscopic and spectrophotometric methods, which give direct evidence 
for the presence of associated species at high temperatures, and conductance and electro
motive-force measurements, which allow direct inference of the presence and concentration 
of the products of ion pairing or hydrolysis reactions, evidence for ion association at elevated 
temperatures from calorimetric methods is less direct. This is due to the fact that calorimetry
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as a bulk thermodynamic technique yields no direct information on the molecular or ionic 
species present in a given solution, and that, for a particular solution model, both activities 
and enthalpies for the assumed species are needed to resolve observed heats. In the case of 
heat capacity measurements, the picture is even less clear: in addition to the needed activity, 
enthalpy, and heat capacity values for the species, there may be a significant contribution 
to the observed heat capacity from “ chemical relaxation” effects due to changes in relative 
species concentrations over the temperature range of an individual measurement. Except for 
reactions which proceed essentially to completion, there is relatively strong model depen
dence of reaction thermodynamic properties and assignments of speciation obtained from 
the analysis of calorimetric measurements.

In spite of these limitations, calorimetry can give useful information on ion association 
in electrolyte solutions at higher temperatures and pressures. Calorimetry may be used as a 
tool for extending the temperature range of measurements of ion association reactions; in 
favorable cases, assignment of the association constants and enthalpies of association may 
be made solely on the basis of calorimetric measurements. Enthalpy measurements are used 
more often than heat capacities in studies of ion association in electrolyte solutions, and the 
following discussion will be limited in its treatment of heat-capacity techniques. Two distinct 
types of experiments have been used to obtain information on ion association in electrolyte 
solutions. Enthalpies of dilution, particularly when extended to low solute molalities (below 
0.01 mol • kg '), provide evidence for association of electrolytes through marked departure 
of the observed enthalpies from the expected limiting-law behavior. Enthalpies of mixing, 
or titration experiments, may be useful in determining association constants for those cases 
where a product ion pair predominates over the levels of associated species contained in the 
two solutions to be mixed. Each of these experiments, with relevant examples, will be 
discussed in detail in the following sections.

A. E LE C T R O S T A T IC  CONSIDERATIONS
The entropic basis for the enhanced formation of ion pairs in simple electrolytes at high 

temperatures has been discussed in detail above, where it was pointed out that the entropy 
increase on ion pair formation, due to the net release of hydrated water molecules to the 
bulk solvent, dominates the entropy decrease on formation of the ion pair from the component 
ions. It is also useful to consider a continuum-dielectric picture of the solvent, the Bjerrum 
model of ion association, in which simple electrostatic effects strongly favor ion association 
at high temperatures. In that model the Bjerrum length, which is taken to be that interionic 
separation defining the formation of an ion pair, is given by

where zt and zi are the charges on the ions, e is the electronic charge, and k is the Boltzmann 
constant. This length increases as the product of the dielectric constant D and temperature 
T decreases with increasing temperature, suggesting increased formation of ion pairs at high 
temperatures. On this basis the degree of dissociation 0 may be written as3

where y = -  z,zJe2/DrkT, b = -  zizje2/Da()kT, N is Avogadro’s number, c, is the molar 
concentration, r is the distance of ion i from the test charge j, and % is the distance of 
closest approach of the ions. The association constant KA is the limiting value of Equation

qy = |zizj|e2/(2DkT) (19)

(20)

2 0 :

Ka =  (4 itN/ 1 Q00)(|zjZj|e2/DkT)3 • Q(b) (21)
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where Q(b) represents the integral in Equation 20. It should be noted that this constant has 
units (1 • mol ')• that is, reciprocal molarity units. Expressing KA as the logarithmic quantity 
in molal units,

log Ka = A -  3 log (DT) + log Q(b) + log p (22)

where A = log {(4rrN 1000)(|z.,z)|e-/k)3} = 13.55 fora El charge-type electrolyte. Tem
perature differentiation gives

AH°/RT2 = a -  |3/(DT)j {d(DT)/dT}p + {d[ln Q(b)]/dT}p (23)

where a  is the thermal expansitivity of water. Here the derivative {6t(DT)/AT}p is negative, 
{0[ln Q(b)]/r)T}p and a are positive, and the overall expression is positive-definite. Thus by 
this model ion association is endothermic and AH° diverges toward + at the solvent critical 
conditions. The model predicts large exothermic differences from limiting-law behavior for 
dilution enthalpies at low molalities, where the fractional level of ion pairing decreases with 
decreasing molality. Also, since All for ion association is strongly positive, the model also 
points to the entropy as the driving force for association reactions. A quantitative example 
of the application of Equations 22 and 23 to hydrochloric acid is given below.

An assignment of ion pairing thermodynamic properties based on observed departures 
of dilution enthalpies at low molalities from the electrostatic limiting law presupposes that 
the limiting law is applicable at high temperatures. Two factors limit confidence in this 
analysis at high temperatures. Practically, the solvent dielectric constant and its temperature 
derivative, needed to compute the limiting slope for the relative enthalpy, are known less 
precisely with increasing temperature. Compilations based on the available measured die
lectric constants have been made over wide ranges of temperature by Bradley and Pitzer. ' 
Uematsu and Franck,19 and Archer and Wang.40 Limiting-law slopes as defined by Bradley 
and I’it/cr ' have been reported by Pitzer et a!.15 and by Archer and Wang.40 In the former 
calculation, the equation of state for water of Haar et al." was used to calculate the required 
values of solvent density and its temperature and pressure derivatives; Archer and Wang40 
used the equation of state of Hill,42 noting that it does not include the apparent fitting artifacts 
in higher derivatives of p at low temperatures present in the equations of Haar et a), and of 
Saul and Wagner.41 Archer44 has given a simple set of parameters in the Pitzer model 
extending beyond the limiting-law term w'hich may be used in interconversions between the 
various' representations of limiting-law slopes. In work above 523 K, notably by Holmes et 
al.45 and Simonson et al.,46 the equation of state of Haar et al. has been used with the 
dielectric constant representation of Uematsu and Franck to calculate limiting-law' slopes. 
Values of the limiting-law slopes for the osmotic coefficient and for the relative enthalpy 
calculated from the HGK equation of state and either the Bradley and Pitzer or the Uematsu 
and Franck correlations for the dielectric constant are compared in Figure 9 with the recent 
values of Archer and Wang, based on their dielectric constant and the equation of state of 
Hill. Agreement of A,,, and A„ among the three treatments is reasonably good at temperatures 
between 298-E5 and 523,15 K over the pressure range from the saturation vapor pressure 
to 100 MPa, with differences in A,t> no larger than \% and calculated AH within 5°/< at all 
conditions considered, '("he disagreement of calculated values, particularly in the temperature 
and pressure derivative properties, at temperatures below 298.15 K has been noted previ
ously.' Based on this comparison, limiting-slope values are relatively unambiguously known 
to 523 K. However, the departures from limiting-law behavior of the observed dilution 
enthalpies taken as an indication of the onset of ion association at high temperatures become 
pronounced only above 523 K. Even at these higher temperatures, the apparent uncertainty 
in the limiting slopes is not sufficiently large to account for the observed departures from 
theoretical behavior of the dilution enthalpy at low molalities.
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FIGURE 9. Comparison of Debye-Hiicke! limiting slopes A* and AH as defined by Bradley and 
Pitzer.w For both A* and AH, 8A = f(K)(A -  h „ s) l h n l, where A is taken from the equation of 
state of Haar et al.41 and the dielectric constant of Bradley and Ihi/et ' (solid curves) or of Uematsu 
and Franck'1’ (dashed curves), and A„, is taken from Archer and Wang.4"

A more fundamental concern with this approach to the study of ion pair formation in 
high-temperature electrolyte solutions arises through consideration of the underlying as
sumptions of the application of the Debye-Hiickel theory to Gibbs free energies at elevated 
temperatures. As the solvent compressibility increases, particularly near the saturation pres
sure curve above 573 K, treatment of the solvent as an incompressible continuum dielectric 
fluid becomes increasingly doubtful. This question has been addressed by Levelt Sengers 
and co-workers,47 who have outlined a treatment of solution thermodynamics at high tem
peratures based on an expansion of the Helmholtz free energy in temperature, density, and 
composition about the solvent critical point. Also, Wood et a l.’4 have described properties 
of an ionic solute in a compressible dielectric solvent. At the present time no quantitative 
limits have been set on the temperature and pressure limits of applicability for models such 
as the Pitzer ion interaction treatment, which reduce to the Debye-Hiickel limiting law in 
the natural variables of the Gibbs free energy. Pitzer and Li48 and others have introduced 
the relatively loose concept of “ liquid-like” densities as a condition for applying Gibbs free 
energy electrostatic models at high temperatures, Simonson et al.46 have shown that such a 
treatment may be used to represent quantitatively observed enthalpies of dilution of HCKaq) 
to the solvent critical temperature at pressures well above the critical pressure provided an 
assumed ion association equilibrium is included in the analysis, and that the levels of ion
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FIGURE 10. Dilution enthalpies of HCl(aq) at various temperatures from Holmes et at.45 indicating departures 
from limiting-law slopes (light lines) at higher temperatures.

pairing calculated from conductance measurements in the supercritical region are consistent 
with the observed dilution enthalpies. With this in mind, the departure at low molalities and 
high temperatures of measured enthalpies of dilution of simple electrolytes from the limiting 
behavior predicted by the electrostatic limiting law in the Gibbs free energy may be assumed 
to be due to the dissociation of ion pairs, as outlined in Equations 20 and 21.

B. ION ASSOCIATION EV ID EN C E FROM  D ILUTIO N  EN TH A LPY  
M EASUREM ENTS
Enthalpies of dilution have been measured, primarily at Oak Ridge, for a number of 

simple electrolyte solutions over wide ranges of temperature, pressure, and molality. Results 
reported to date include dilutions of NaCl(aq),49 HCKaq),45-4” NH4Cl(aq),50 CaCl2(aq),”  and 
NaOH(aq),51 at temperatures as high as 673 K. In these studies it has been noted that the 
observed dilution enthalpies AdilHm, given for a simple electrolyte in terms of the relative 
apparent enthalpy L̂ , as

AdllHin = L*(mf) -  L^m,) (24)

are consistent with the assumption of complete solute dissociation at temperatures to ap
proximately 523 K. In the case of NaCl(aq). complete dissociation was assumed in the 
treatment of Pitzer et al.”  at temperatures to 573 K. At higher temperatures, the observed 
A,. H .. at low molalities plotted against m12 are steeper than predicted by the Debye-Huckel 
limiting-law slope. Examples of this behavior as exhibited by HCl(aq) and CaCL(aq) are 
illustrated in the dilution enthalpies shown in Figures 10 and 11.

This divergence from the theoretical slope for AdllHm occurs in a molality range where 
it is not possible to account fully for the observed results with widely used models for short- 
range interparticle interactions such as the ion interaction model of Pitzer. ’5 52 However, 
unless measurements of AdllHm are available at very low molalities with very high precision, 
it is not possible to assign unambiguous values of KA and AH° based on dilution enthalpy 
measurements. While this point has been discussed in detail by Simonson et al.,'ft it is useful 
to reconsider the primary considerations here.
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FIGURE 11. Dilution enthalpies of CaCl.(aq) to 673 K from Simonson et al.4<’ indicating departure from limiting- 
law behavior at low molalities on the expanded scale of the right-hand plot.

For a solute MX which may undergo ion pairing according to

M Gaq) + X (aq) = MX(aq) (25)

with

Ka = (mMX/mM.mx ) { y MX/ y M . - i x ) (26)

and degree of dissociation 8 =  mMX/m, where m is the stoichiometric molality of the solute, 
the enthalpy of dilution from ms to m, may be written

4 dllHm = ifin i l  . 11 + L!,,im,i -  l.1,u n i (27)

Here the L,b are apparent relative enthalpies of the mixed solutions [M ‘ (aq) + X (aq) + 
MX(aq)| at their equilibrium mole ratios, relative to the hypothetical reference state L | = 
0 at m = 0 with 0 held fixed at the finite-molality equilibrium value. The quantity 8n is 
the difference in the number of moles of ion pairs formed for a given total number of moles 
of solute between the initial and final solution molalities. In a usual case, i.e., where 0 
increases with m at constant T and p, 8n <  0, and 4H° > >  0, the net Adl)Hm observed is 
more negative than predicted based on assumed complete dissociation and the limiting-law 
slope even when the assumed smaller values of the L$j compared with the case of assumed 
complete dissociation are taken into account. The source of the ambiguity in the treatment 
lies in the coupling of excess and reaction thermodynamic properties. Given the assumed 
large differences in dilution enthalpies per mole of solute for charged and uncharged solutes, 
the LJ, are strongly dependent on 0, which is determined by the equilibrium constant, the 
species molalities, and their activity coefficients. The most appropriate conditions for de
termining reaction thermodynamic constants from dilution enthalpy results are very low
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molalities, where activity coefficients of the charged species may be assumed to follow 
extended-limiting-law behavior and those for uncharged species may be assumed to be unity. 
The reaction quantities KA and AH0 may then be fitted to the observed dilution enthalpies 
over a range of temperatures, with appropriate forms chosen for the temperature dependence 
of Ka to give thermodynamic consistency of the resulting values. This method is most 
appropriate when KA is large enough that 0 varies significantly over a relatively small range 
of low molalities. In practice, the idealized method described above has not been applied 
to actual experimental results due to limitations of the calorimetric techniques in reaching 
very low molalities with sufficiently high precision. A modification of this approach based 
on the assumption of model-substance behavior of excess thermodynamic properties of 
charged solutes has been applied in mixing-enthalpy studies, as discussed below.

Two methods to lift the covariance of excess- and reaction-thermodynamic quantities 
have been used in a recent analysis of enthalpies of dilution of HCl(aq) to 648 K . I n  one 
treatment, the values of KA and AH° are assumed known from another source, e.g., ex
trapolation of conductance measurements at supercritical temperatures, and excess ther
modynamic properties of all solute species are assigned by fitting to the observed dilution 
enthalpies as a function of temperature. In a second approach simplifying assumptions are 
made concerning the form of the expression for excess thermodynamic properties of the 
solute species; values of excess and reaction thermodynamic properties are then assigned 
by fitting the model to the available experimental results, without recourse to independently 
determined values of KA and AH

In the case of HCl(aq), a third method may be used to evaluate KA near ambient 
temperature. Following Marsh and McElroy/’’ if it is assumed that the distribution of 
unionized HC1 to the vapor phase follows Raoult's law at those conditions below the solute 
critical temperature (324.6 K),

aHa(i) = aHcl(v) (28)

XHClgHCI = f/f° “  p/p° (29)

At low stoichiometric liquid-phase HC1 molalities, xHC1 «= mHO/55.5, gHO = 1; these ap
proximations give

mHCI = 55.5 p/p° (30)

where p is the measured partial pressure of HC1 over the solution and p° is the corresponding 
vapor pressure of pure HC1; KA may then be calculated from Equation 26. The vapor pressure 
data of Fritz, and Fuget,54 calculated from emf measurements, combined with vapor pressures 
of pure HC1,55 were used to calculate molalities of unionized HC1 in the liquid phase from
273.15 to 323.15 K along the saturation vapor pressure curve. Apparent KA values were 
then calculated for a given stoichiometric molality using the activity coefficients tabulated 
by Holmes et al.;45 the values were found to be independent of molality to m = 0,5 mol • 
kg 1, indicating that the approximations introduced above are appropriate for the present 
set of results. The resulting KA values, and those at higher temperatures where the other 
representations for KA are in agreement, were fitted to a simple function of temperature and 
solvent density (slightly different from that of Section II):

log Ka = 4.424 -  3149,9/T -  13.85 log p (31)

Values of KA calculated from this fit are compared in Figure 12 with those extrapolated 
from the supercritical conductance measurements of Frantz and Marshall56 and those for the



513

FIGURE 12. Ion association constant for HCi(aq) along the saturation 
vapor pressure curve, (a) Symbols calculated from Equation 22. curve 
fitted to the form of Equation 31; (b) calculated for the formation of 
the 1-1 ion pair from the CE model of Reference 46; (c) fitted to low- 
temperature partitioning data and high-temperature conductance data 
as described in the text; (d) extrapolated from fitted data of Frantz and 
Marshall.5’’

1 -1 ion association reaction calculated from dilution enthalpies and the CE model of Simonson 
et al,4A Another set of KA values, reported from 298.15 to 623.15 K by Ruaya and Seward57 
from measurements of AgCl solubility, are in reasonable agreement (0.5 log units) with 
curve (b) of Figure 12, and are not shown in the plot.

Values of KA may also be calculated for this temperature range from Equation 22, 
assuming a reasonable value (0 .18 nm) for the ion pair radius for HC1. The resulting values 
are complex functions of temperature, density, and dielectric constant, but are well repro
duced (± 0 .05  log units) with the functional form of Equation 31. This capability of the 
simple fitting function to represent results calculated from the more complex Equation 22 
may account in part for the wide success of this temperature-density relation in representing 
measured K ,. These fitted values are shown as curve (a) in Figure 12, where it is clear that 
the use of a temperature-independent ion pair radius is insufficient to give agreement with 
any of the curves obtained from fitting experimental results. This failure is not surprising 
in view of the approximations involved in the Bjerrum treatment concerning short-range 
interactions; in particular, very small values of KA calculated from the Bjerrum treatment 
would require unphysically large values of the ion pair contact radius. All equations for KA 
are in good agreement for KA ±  50, but disagree widely at lower temperatures (lower KA) 
where the ambiguities in assignment of excess and reaction thermodynamic properties are 
pronounced. Reaction thermodynamic properties derived from dilution enthalpy measure
ments may differ significantly from more directly obtained values where association is
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inconsequential, but should come into closer agreement as the effects of ion association 
become increasingly important.

C. ION ASSOCIATION EVIDENCE FROM MIXING ENTHALPY 
MEASUREMENTS
Measurements of enthalpies of mixing of simple electrolytes at high temperatures have 

also been used to provide an experimental basis for the assignment of values of thermo
dynamic properties of assumed ion association reactions, notably by Oscarson et al.58,59 in 
recent studies to 593 K. This method is a flow-calorimetric adaptation of the thermometric 
titration method widely applied in batch instruments near ambient temperature.60 For single 
reactions which proceed to completion, AH° may be calculated straightforwardly from the 
limiting value of the observed enthalpy with one reactant in excess, with appropriate cor
rections for dilution enthalpies of products and reactants. Where the reaction does not proceed 
to completion, i.e., where K <  +=*, both K and AH0 may be determined from the shape 
and magnitude of the observed enthalpies as a function of titrant added. It has been noted60 

that this method is most appropriate for 1 <  logK  <  4.
In cases where one association reaction is markedly favored over all other possible 

combinations in the experiment, the results are relatively unambiguous. Uncertainties in 
enthalpies of dilution of reactants and products, and in the levels of ion pairing of the 
electrolytes in the reactant solutions, may be negligible in comparison with the observed 
enthalpy of formation of the product ion pair. However, the reaction thermodynamic values 
must be extracted from modeling the observed enthalpies, with consideration of all possible 
reactions in a relatively complex electrolyte mixture at high temperatures; the resulting values 
may include a significant uncertainty due to covariance of multiple reactions in the mixture 
under unfavorable conditions.

The second ionization constant for sulfuric acid,

HS04 = H" + SO*- (32)

has been reported by Oscarson et al.58 for temperatures from 423.15 to 593.15 K based on 
measured enthalpies of mixing of (Na2S 0 4 + H2S 04) and dilution enthalpies of Na2S 0 4 

and H ,S04. The reported log K, for association of H* and SOj ranges from 3.56 at 423.15 
K to 6.94 at 593.15 K, with the higher values somewhat outside the optimum range for the 
determination of log K2 from analysis of mixing enthalpy curves with varying extent of 
reaction. Dilution enthalpy corrections to the observed enthalpies were made for all charged 
species, assuming that the excess thermodynamic properties of NaCl at high temperature 
reported by Liu and Lindsay,61 with appropriate charge factors, could be used to represent 
the dilution enthalpies of product and reactant species. Values of K . and AH were fitted 
to each isothermal set of results, and brought into approximate thermodynamic consistency 
through a representation of the temperature dependence of these quantities which ignored 
the effects of changing experimental pressures with temperature. The resulting K, values 
were in approximate agreement with the recent potentiometric study of Dickson et al. , 16 

with A(log K,) ranging from 0.02 log units at 523.15 K to 0.25 log units at 423.15 K. 
Differences in AH° were as large as 15 kJ • mol 1 at 523 K.

A brief consideration of the data analysts techniques employed in the mixing enthalpy 
experiments will serve to illustrate important sources of the discrepancies between the 
calorimetrically determined values and the more precise potentiometric results. At 523.15 
K, the reported AH° for the calorimetric study was 105 kJ • mol 1. Using the approximation 
(at log K2 = 5.34) of complete reaction of Na2S 0 4 with H,SQ4 gives a limiting value for 
the reaction enthalpy of 54 J • min 1 in the experiments where reactants were mixed at 1 
mol • kg ’; the observed heat production was near 19 J • min giving a total correction
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of 35 J • min 1 arising from dilution enthalpies and any assumed competing reactions. 
Assuming a 20% uncertainty introduced in the dilution enthalpy corrections from the use of 
NaCl as a model substance in calculating excess thermodynamic properties gives an uncer
tainty in AH° of 14 kJ • mol approximately the difference between the AH° values 
calculated from the calorimetric and potentiometric studies.

The above example also serves to indicate that the thermodynamic quantities for com
peting minor reactions, e.g,, the reaction

N a* + SO; = NaS04 (33)

in the present case, must include very large uncertainties which are difficult to assess 
quantitatively. Thermodynamic properties for assumed competing reactions must be assigned 
on the basis of misfit of the observed mixing and dilution enthalpies using the NaCl model- 
substance assumption for excess thermodynamic properties. Since this assumption is inap
propriate in most cases, incorrect values of K and AH0 for secondary reactions will be 
obtained from the calorimetric results.

IV . M E T A L  C O M P L E X A T IO N

Most of the early work on metal complexation was concentrated on chlorides,4-5 62 which 
are of primary interest in geochemistry related to the mobility of metals in natural hydro- 
thermal systems and the subsequent formation of ore deposits. Other applications include 
corrosion, hydrometallurgy, waste disposal, and oceanography. More recently, the emphasis 
has shifted to organic ligands65 that may influence the transport of metal ions in groundwaters 
and play a similar role in the cycle chemistry of power-generating plants, and to those 
synthetic ligands that exhibit the potential for removal of metal ions from waste streams.

In general, four techniques have been used predominately to obtain quantitative infor
mation as to the stability of these complexes in solution, viz., spectrophotometry, conduc
tivity, solubility, and potentiometry. More attention will be given to potentiometry in this 
section as the utilization of concentration cells to study metal complexation at high tem
peratures is relatively recent. Other methods such as solvent extraction and polarography 
have received more limited attention; Raman spectroscopy has proven to be a versatile tool 
in determining speciation and suggesting the relative stabilities of these species.64 Neutron 
and X-ray diffraction65 66 have been used to gain a direct measure of the structure, bond 
lengths, and angles in the first coordination sphere of aqueous metal ions. However, although 
these studies are critical to our understanding of solvation and solute-solute interactions, 
they are restricted to high concentrations, metal ions with a high neutron cross-section, and 
finally to ambient conditions for the present. NMR is another technique that is growing in 
use to elucidate structures of dissolved metal species, e.g., for such species as aluminum 
acetate.67 NMR has been used effectively at high pressures and to high temperatures, although 
to a limited extent.68 The above discussion focuses on those complexes that are amenable 
and practical for study at high temperatures as this is the theme of this chapter and therefore 
excludes the wealth of information available on coordination compounds of transition metals 
at ambient conditions.4-5-62-65 Seward64 reviewed the general topic of metal complexation at 
high temperatures in 1981 so that this section also serves to update the material formerly 
covered with some shift in emphasis.

A, EXPERIMENTAL METHODS — THEIR APPLICATION AND LIMITATIONS 
I. General

The majority of complexes formed with mono- and bivalent metal cations involving 
geologically and industrially interesting ligands have low inherent stabilities at moderate
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temperatures with the result that they are difficult to measure and each method then has its 
own limitations and advantages. This situation is analogous to measuring the hydrolysis 
constants of moderately weak, or moderately strong, acids or bases. For example, the 
dissociation quotients of iodic acid and bisulfate ion, which exhibit pKa values of 0.803 and 
1.964 at 25 C. have been investigated by many techniques by numerous workers"' " with 
wide variations in the reported constants. Primarily, this general problem is due to the 
difficulty in assigning the quantity of the minor species present (e.g., in the case of hydrolysis, 
the protonated acid, or the complexed metal in complexation studies) without perturbing the 
medium sufficiently with the high proton or ligand concentrations required to allow quan
titative separation of activity coefficient effects from the desired Gibbs energy change of 
reaction. Bjerrum71 recently underscored this difficulty by stating that even the use of a 
high, constant ionic strength with a supporting electrolyte to minimize the former effect is 
negated if the ligand concentration is varied over the entire range of ionic strength, thereby 
violating the constant ionic media criterion.

Note that a supporting electrolyte with promising properties is sodium trifluorometha- 
nesulfonate, which is believed to be a very strong electrolyte,72 even at 295°C, and is 
thermally stable in moderately acidic solutions73 and in the presence of hydrogen.72 Com
plexes have been isolated with trifluoromethanesulfonate (triflate) as a ligand,74 but these 
are unstable in water and only slightly less labile than perchlorato-complexes with respect 
to aquation. Therefore, this salt provides a supporting ionic medium for reactions where 
ionic strength can be varied systematically, leading the way to an unambiguous species 
identification and extrapolation of equilibrium quotients to infinite dilution.

The following is a brief discussion of the important high-temperature experimental 
methods indicating their usefulness and limitations. Specific examples of experimental results 
alluded to in Section IV.A.2 will be presented later in Section IV.B.

2. Specific Methods 
a. Electrochemical Cells

The use of concentration cells for measuring the extent of hydrolysis was described 
earlier in Section I. This cell configuration has been used successfully at high temperatures 
(295°C) to measure indirectly complexation by a hydrolyzable ligand, acetate, of metal ions 
(viz., M2+ = 1 c ' and Zn2 + )36-75 that are stable to reduction by the H2 atmosphere inside 
the cell. The configuration of the cell and the compositions of the titrant for a bivalent metal 
ion VH are as follows:

H,.Pt | Nal T'SO.un i.HAumo.NaAcdn,) || NaAclin.i.HAcim,l.NaFsCS<),(m,> | 1‘t.H,
(reference) (test)

NaF,('S< bun p.HAcim, ).Na Ac i n i Ni t  F.t'SO.Um.,)
(titrant)

In this arrangement it is the competition between the free protons and metal ions for acetate, 
as shown in Equations 34 and 35,

11 + Ac - ^  HAc (34)

Mm ‘ + nAc ^ M (A c )‘nn ~" (35)

that results in a shift in the proton concentration that can be quantified in terms of n, which 
is defined as the number of acetate ligands per metal center. The dissociation quotient of 
acetic acid (HAc), QHAc, is known15 as a function of ionic strength (albeit in a different 
medium, NaCl), temperature, and pressure. Thus the overall, or cumulative, formation
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quotients for the metal eomplexation, as defined by the generalized equation for mononuclear
species.

Q7 = (MAc” "]/[M'nT ][Ac ]" (36)

is related to the equilibrium constant, KJ, at infinite dilution,

K J = Q,!7ma<7(7m7ac) 0 7 )

where 7  represents the activity coefficient of the appropriate species in solution and the 
superscript T serves to differentiate the overall thermodynamic quantity from the stepwise 
quantity preferred later in the discussion. Thus n is related to Q,1, , the derived hydrogen ion 
concentration, [H 4 ], and the acetic acid concentration, [HAc], as shown in Equation 38:

n = n2[(MAc„)m n]/{[Mm + 2[(MAcn)m nf}

= nX .M lA c ]"}/{! + 2„QI[Ac-]"}

= nSn{QHQ„Ac[HAJ/[H * l}"}/n + 2 n{QHQ„Ac[HAc|/[H ‘ (38)

The proton concentration is obtained in turn from the measured potential difference E as 
given in Equation 2, Given matching electrolytes of identical ionic strengths, substantial 
evidence exists supporting the effectiveness of the Henderson equation in accurately pre
dicting the value of ELJ. 76 An iterative solution of Equations 2, 36, and 38, and the mass 
balance equations, ionic strength, and ELJ, yields the formation quotients, Q7, of the principal 
species in solution.

The limitations of this potentiometric method involving competitive eomplexation are 
( 1 ) there is a need to estimate liquid junction potentials (with the precautions mentioned, 
the uncertainty in log Q7 amount to about ± 0 .0 0 2 ); (2 ) the metal ions must be inert to 
reduction by hydrogen; (3) the minimum concentration of total metal ion in solution is c i r c a  

10 3 mol • k g " 1; (4) readily hydrolyzable metals present a problem, particularly at tem
peratures approaching 300°C, because the minimum pH of the solution is dictated by the 
buffer ratio of the hydrolyzable ligand; (5) the upper temperature limit is 295°C, due mainly 
to the presence of Teflon in the system, but also to the volatility of acetic acid; and (6 ) the 
assignment of formation quotients to complexes that represent < 10 % of the total metal 
concentration is usually ambiguous without supporting information, or at least a knowledge 
of these quotients at other experimental conditions. The latter limitation is common to all 
techniques that do not distinguish species explicitly based on some directly measurable 
property, such as the assignment of a characteristic Raman vibrational mode.

It may be of interest to note that this method of competitive eomplexation has been 
taken a step further in the case of the ferrous acetate, whereby chloride ions are also titrated 
into the above cell configuration.77 Thus both chloride and acetate ions compete as ligands 
and, from a knowledge of the thermodynamics of the acetate eomplexation. those for chloride 
can be extracted. However, the competing ligands cannot differ too greatly in their com- 
plexing abilities so as to ensure a meaningfully large potential change, and the equilibrium 
quotients obtained are necessarily less precise than those obtained for the “ primary” ligand.

A cell of similar configuration to that described above, fitted with silver/silver chloride 
electrodes, has been tested successfully in this laboratory to measure chloride eomplexation 
with cadmium(II) up to 200°C. Tx This method shows great potential for the direct and precise 
measurement of the strength of a number of important metal chloride complexes as a function 
of temperature and ionic strength. The liquid junction potential is again minimized by
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matching the ionic strength in both cell compartments and maintaining a low pH, because 
the mobility of hydrogen ions dominates the Henderson expression. The low pH is obviously 
an effective counter to contributions from metal ion hydrolysis. There is the usual need to 
restrict the chloride concentration to c irc a  10%  of the total ionic strength to maintain a 
constant ionic medium, i.e., the approximation is made that the activity coefficients of the 
interacting species are constant throughout a titration. The limitations are, in common with 
concentration cells in general, as outlined in {1), (3), {5), and (6 ) above; however, (2) now 
restricts metals for study to those that are not oxidized by silver chloride or reduced by 
silver, and (4) an upper temperature limit of c irc a  250°C is imposed by the solubility of 
silver chloride which becomes so great in the presence of high chloride concentrations as 
to affect the stoichiometry to an, as yet, inestimable extent.

The more conventional cells without liquid junctions have been used in various forms,
e.g., mercury-metal amalgam electrode vs. a silver chloride reference electrode79-80 for 
chloride complexation measurements. These measurements can be made very precisely, but 
require calibration or a knowledge of the absolute potentials of each half-cell reaction. 
Although this criterion alone does not preclude their application to high temperatures, as 
demonstrated by Greeley et al.81 in their use of a Hamed cell to determine of hydrochloric 
acid activity coefficients to 250°C, this remains a virgin field.

b. UV-Visible Spectrophotometry
Perhaps the majority of complexation equilibria involving transition metals and actinides 

has been investigated by this technique at ambient conditions. The measurements are con
venient and relatively fast. In those idealized cases involving a single-step process where 
the starting material and final product have been independently identified and their spectra 
recorded, the interpretation of the intermediate spectra is unambiguous and explicit ther
modynamic quantities can result. Most transition metal systems involve multistep equilibria 
and speciation is based on deconvolution routines of the broad absorption bands associated 
with d-d electronic transitions to obtain the individual extinction coefficients. A simultaneous 
fitting process is carried out isothermally with the assignment of corresponding formation 
quotients.

Seward and co-workers,82-81 who have reported the thermodynamics of chloride com
plexation of lead(II) and iron(II), are pioneers in the application of spectrophotometry to 
high temperature environments. Their results extend to 350 and 200°C, respectively, and 
were performed in the absence of any supporting electrolyte, such that the activity coefficients 
of the ionic species were treated individually from available experimental data and/or from 
extended Debye-Huckel expressions.

c. Solubility Measurements
Most of the information on complexation at high temperatures is derived from solubility 

measurements, which are intrinsically appropriate for poorly soluble metal ions that are 
often difficult to study by more convenient methods.84 87 Solubility studies are in general 
tedious and often suffer in precision because of several problems: sampling (particularly for 
those metal ions having prograde solubility); analytical limitations at very low solubilities; 
slow equilibration kinetics (especially experiments conducted from supersaturation where 
nonequilibrium, and/or amorphous, phases are preferentially precipitated); adequate control 
and characterization of the solid phase(s) and the particle sizes present prior to and following 
the attainment of equilibrium; and other parameters such as temperature, pressure, redox 
potential, and pH at temperature. Other concerns result from the need for analysis of the 
sampled solutions in terms of the species actually present at temperature, and, particularly 
in the case of organic ligands at high temperature, the thermal stability of the species over 
the long time periods generally required for equilibration. Nevertheless, with careful control
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of the experimental conditions and an appropriate choice of solid phase and solution com
position, solubility studies often provide a unique vehicle for the study of complexation 
phenomena.

The solubility method infers that the solid phase contains the metal ion of interest as an 
oxide, sulfide, etc., or a more complex mineral assemblage. Ruaya and Seward88 have 
investigated the enhancement in the solubility of silver chloride in the presence of metal 
ions to deduce the thermodynamics of the metal chloride species based on a prior knowledge 
of the inherent silver chloride solubility to 350°C. Thus, dealing with crystalline solids which 
exhibit rapid dissolution kinetics overcomes many of the potential difficulties outlined above.

d. Raman Spectrometry
Raman spectrometry has developed into a powerful tool for the identification of aqueous 

species and a whole range of innovative high temperature cells has been designed. Mea
surements are normally restricted to concentrations in excess of 0 .1  mol • kg ' and obviously 
to species with Raman active bond stretching or deformational modes. These measurements 
are particularly useful as an aid in confirming the configuration of metal complexes and can 
be carried out to extremes of temperature89 and pressure,90 as well as deal directly with 
natural microsize samples, such as fluid inclusions. However, despite the rapidly growing 
list of metal complexes that have been investigated by this technique, quantitative ther
modynamic information is difficult to extract. Moreover, questions as to changes in ster
eochemistry from octahedral to tetrahedral configurations as a function of either temperature 
or ligand concentration (i.e., change in n) have not been answered unequivocally. Similarly, 
distinguishing between mono- and bidentate complexation by such ligands as acetate is 
speculative rather than definitive.

B. SPECIFIC EQUILIBRIUM RESULTS 
1. Metal Hydroxide Complexes

These complexes, which are normally categorized under the heading of hydrolysis 
reactions, have received considerable attention at elevated temperatures because of their 
obvious importance in natural and industrial environments. However, the almost universal 
insolubility of metal oxides and their hydrates has limited the applicability of most techniques, 
particularly potentiometry, leaving the majority of thermodynamic information to be gleaned 
from very difficult solubility studies. The solubility results are obtained from the primary 
dissolution reaction, which for the well-known case of magnetite,84 86 Fe30 4, takes the form

'/, Fe.O, + (2 - n)H + '/3 H,(g) ^  FefOH)- " + (IV, -  nllLO (39)

Combining the equilibrium constants for the reaction for which n is zero, i.e., for the 
unhydrolyzed ferrous ion, with those for the successive hydrolyzed forms leads to the 
generalized reaction

Fe2+ + nll.O Fe<()H);; " + nH (40)

For values of n :£ 2, this reaction involves only cationic species. In this sense, the reactions 
are “ isocoulombic” ,6-18 and as such are expected to have a minimal dependence on ionic 
strength and to exhibit a minimal change in heat capacity of reaction, because the change 
in solvation, or electrostriction, is minimized. Thus, to a first approximation, the enthalpy 
of reaction is temperature independent and the equilibrium constant for Reaction 40 may be 
represented as simply

log KJ„ = a + b/T (41)
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FIGURE 13. Temperature dependence of the overall 
formation constants of FesOH),. ", according to Re
action 40, where the solid lines and •  symbols were 
calculated from the equation in Table 4 of Reference 
84, while the dashed lines and ♦  symbols were ob
tained from Table V in Reference 86, and the value 
symbolized by ■ was taken from Mesmer/'

FIGURE 14. Temperature dependence of the step
wise formation constants of Fe(OH); ", according to 
Reaction 42, where the solid lines represent the regres
sion curves for the results of Sweeton and Baes84 sym
bolized as ■ and Mesmer1” symbolized as • ,  while the 
remaining values were taken from Tremaine and 
LeBianc86 for n = 1, ▼; n = 2, A; and n = 3, ♦ .

As a further consequence of the isocoulombic form, the AV‘h' „ for the reaction is expected 
to be small so that changes in pressure along the saturation curve should have minimal effect 
on Kh n. The results for Reaction 40 shown in Figure 13 are based on solubility data taken 
over the temperature ranges 50 to 300°C84 and 100 to 300°CSA and the results of potentiometric 
titrations at 25°C.91 The latter was restricted to the determination of Khr , by the solubility 
limit, but does show good agreement with the extrapolation of Sweeton and Baes.84 However, 
expressing the formation of the higher-order hydroxoferrous(II) species in terms of overall 
equilibrium constants defined by Equation 40 does not allow for a direct comparison of 
these two sets of data. Moreover, Equation 40 can be reformulated to the hydroxide form 
using the known dissociation constant of water92 (i.e., = K'„ „ K„. where Kw =
[H"][OH D  to a form more familiar to complexation reactions as exemplified by Equation 
35. It is more instructive to present complexation equilibria as stepwise reactions in the 
general form

1.5 2 . 0  2 .5  3 .0  3 .5
1 0 0 0 / T

ML™/," ‘ 1 + L  ^  ML” " (42)

where Mm+ and L represent Fe2+ and OH in the present example and the equilibrium 
quotient at infinite ionic strength, K„, is then Knr/K] The stepwise formation constants 
for Fe(OH)2~n are given in Figure 14 as functions of temperature . Clearly, there is a marked 
disparity between the two sets of reported constants;84 86; particularly noticeable is the reversal 
in the trend in the K„ values. This is notwithstanding the larger experimental uncertainties 
in the lower temperature values for n = 3. Stepwise formation constants generally decrease
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FIGURE 15. Temperature dependence of the first formation constant of (A) magnesium9'* 
and calcium;95 (B) nickeKII),94 cobalt(II),97 and iron(Ii),M where ■ represents the value at 
25°C of Perrin.98

as the number of ligands increases;4 5 61 even when a “ trans” effect is operative, the constants 
decrease, although in a more irregular, pairwise manner.41 Therefore, at least based on this 
criterion and the excellent agreement with the 25°C constant of Mesmer,41 the results of 
Sweeton and Baes21 appear more consistent.

The hydrolysis of magnesium and calcium were investigated94 45 in 1 mol • kg 1 NaCl 
and KC1 from 50 to 250°C and 50 to 200°C, respectively, using the high temperature hydrogen 
ion concentration cell. Solubility limited these experiments to a study of the first hydrolysis 
constant, which when written in the “ proton form” , Equation 40, is isocoulombic and can 
be converted to the “ base form” , Equation 42, at infinite dilution by the approximation:

K, = Qh,,Qw/K2 (43)

These results can be seen in Figure 15A. For ease of comparison, the corresponding log K, 
values are presented in Figure 15B for nickel(II) ,96 cobalt(Il) ,97 and iron(II) ,84 where the 
latter curve is that shown in Figure 14. The nickel(II) results were obtained from a study 
of the solubility of NiO for 150 to 300°C.46 The first hydrolysis constant of cobalt(II) was 
measured in a hydrogen ion concentration cell from 25 to 200°C in HC1/KC1 mixtures47 

where the maximum n achievable was < 0 .0 2  such that the second hydrolysis product was 
negligible. These authors carried out the extrapolation to infinite dilution using a log Kh , 
vs. I1'2 plot and these results are presented here without modification.

The trend in stability of Mg(OH)+ >  Ca(OH)+ is expected based simply on ion size, 
which in turn is consistent with the similar shape of the curves, indicating that this difference 
is due primarily to a more positive entropy change for the former reaction, since AH, is 
virtually the same and ACP_, is related to that for the association of a proton and a hydroxide 
ion by virtue of Equation 43. Indeed, it is apparent that the AH, is comparable to the 
enthalpies for the hydrolysis reactions shown in Figure 1. Similarly, for cobalt(II), iron(II), 
and possibly nickel(II) considering the experimental errors imposed by this difficult study 
and the discrepancy with the precise value reported at 25°C9S (see Figure 15B), it would 
appear that AS, controls the trend in AG, for the various metals. Specifically, the more 
tightly bound and extensive the solvating sheath, the larger the entropy change as these 
water molecules are lost to the bulk solvent. Figure 16 illustrates this point qualitatively, in
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F I G U R E  16 .  T h e  re la t io n s h ip  b e tw e e n  the G ib b s  e n 
e r g y  c h a n g e  fo r  R e a c t io n  4 2  a n d  the e n t ro p y  c h a n g e ,  
s y m b o liz e d  b y  • ,  at 2 0 0 ° C  w h e re  th e  u n it s  a re  k J  • 

m o l 1. T h e  c o r r e s p o n d in g  e n t h a lp y  c h a n g e s  a re  d e 
p ic te d  (O ) fo r  c o m p a r is o n . T h e  m e ta ls  c o n s id e r e d  a re  
C a 2 2 , «  M g 2 2 F e 2 2 ,84 C o 2 2 a n d  P b 2 2 «

that variations in the entropy term at 200°C (this temperature is convenient as it lies near 
the center of the temperature ranges studied) are reflected directly in the free energy of 
reaction for those systems in which the bonding is predominantly electrostatic. By way of 
comparison, the more covalent character of the “ softer” lead(Il)‘w ion gives rise to an 
additional exothermic enthalpy contribution. Furthermore, as the change in charge becomes 
less of a factor as in the stepwise addition of hydroxide ions, the positive entropy contribution 
decreases until for divalent metal ions, the effect of temperature on the formation of higher- 
order species (i.e,, n > 2 ) is less predictable.

2. Metal Chloride Complexes
As only the complexes of iron(II) have been studied to high temperatures for the three 

main ligands discussed here, viz., hydroxide, chloride, and acetate, initial focus will be 
placed on this metal. Ferrous chloride complexation, although very relevant to problems of 
corrosion, are nevertheless very weak and therefore many of the difficulties associated with 
such measurements as described above apply to this system. Consequently, there is a large 
disparity in the values reported at ambient conditions, as well as apparent discord at high 
temperatures. However, the results of a recent spectrophotometric investigation from 25 to 
200°C involving chloride concentrations from 0.01 to 3.4 mol • kg 1 and those from po- 
tentiometric titrations alluded to in Section IV.A.2.a show good agreement within the ex
perimental error limits and similar agreement with earlier solubility data at the highest 
temperature of 300°C (see Figure 17). The potentiometrie results were determined at an 
ionic strength of unity and were assigned the same ionic strength dependence as the cor
responding ferrous acetate complex to obtain the infinite dilution data depicted in the figure. 
Considering the two markedly different methods used in the extrapolations which most likely 
account for most of the uncertainties in the reported equilibrium constants, the agreement 
is satisfactory.

Lead and zinc chloride complexes have also been studied to high temperatures by 
spectrophotometry and solubility, respectively.82-88101 These results shown in Figure 18 
indicate that Seward82 has described well the behavior of K, and K2 for the lead(II) system, 
whereas the zinc(II) data appear extraordinary both in the magnitude of K, and in its 
relationship to the remaining equilibrium constants. Kaatze et al. 102 suggest that both the 
monochforo- and dichlorozinc(II) species maintain the octahedral geometry of the fully 
hydrated zinc(II) precursor, whereas the trichloro ion is five coordinate with a possible 
trigonal bipyramidal structure. The tetrachlorozinc(II), like most of the divalent 3d transition 
metal analogues, is known to be tetrahedral. These authors hypothesize, based on dielectric 
spectroscopic measurements, that the monochlorozinc(H) ion is an outer sphere, or water-
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F I G U R E  17. T e m p e ra tu re  d e p e n d e n ce  o f  the  fo rm a tio n  co n stan t o f  F e C l  * ,  
w h e re  the s y m b o ls  • ,  o ,  a n d  ±  re p re s e n t  th e  re s u lt s  in  R e f e r e n c e s  8 3 ,  7 7 ,  
a n d  1 0 0 , r e s p e c t iv e ly .  T h e  s o l id  a n d  d a s h e d  c u r v e s  r e s u lt  f ro m  the re 
s p e c t iv e  fits  o f  the c o m b in e d  p o te n tio m e tr ic  and  sp e ctro p h o to m e tr ic  d ata77'8’ 
a n d  th e  s p e c tro p h o to m e tr ic  d a ta  a lo n e .83

\ n =  1

1.5 2.0  2.5  3 .0  3.5

1 0 0 0 / T 1 0 0 0 / T

A B

FIGURE 18. Temperature dependence of the formation constants of (A) the P b ( C l ) 2 “ 
complexes where the solid curves represent the regression fits o f  Seward/ 2 while the symbols 
o (n = 1 ), ♦  (n = 2), and V (n  =  3 )  were taken from Reference 101 and the references 
quoted therein; and (B) the Zn(Cl);"” complexes/*

separated ion pair. While this may be the case at ambient conditions, there exists ample 
evidence to show that ZnCl+ is an inner sphere complex at high temperatures.82 However, 
none of these observations suggests why the K, values reported by Seward82 for ZnCl * 
should be so large relative to either the other divalent metal complexes or to the higher- 
order chlorozinc(II) complexes. Raman spectra indicate that at least at the 1 mol • L ' 1
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1 0 0 0 / T

F I G U R E  19. T e m p e r a t u r e  d e p e n d e n c e  o f  th e  fo rm a t io n  c o n s ta n ts  o f  
F e O H  ' , hJ F e A c  V ’6 F e C l ' ( s e e  F ig u r e  1 7 ) , a n d  F e A c 2 (d a s h e d  c u r v e ) .36

concentration level, ZnCl2 dominates at high temperatures.90 In addition, the ZnCl+ ion 
shows anomalous behavior relative to ZnAc+ in that it is less stable at low temperatures, 
for a given [Cl ~ ]/[Ac “ j ratio, and more stable at high temperatures.75 In the cases of iron(II)36 

(see Section IV.2.C) and lead(II) , 103 the chloro-complex is systematically less stable than 
the corresponding acetate complex. Clearly, more experimental work is called for to clarify 
this important and interesting question.

In view of the above speculation as to changes in stereochemistry of chloroaquozinc(II) 
complexes, it is interesting to note that Angell and Gruen104 were able to observe spectro- 
photometrically the transition from octahedral to tetrahedral symmetry for conversion of 
NiClJ to NiClj with increasing temperature in concentrated magnesium chloride solutions. 
Similarly, the cobalt(II) complexes with chloride and bromide exhibit the same behavior105 

as they rearrange by strongly endothermic processes establishing that these changes are also 
entropy driven. The octahedral CuCljV analogue was not observed, 104 and only partial 
conversion of Co(H20)g+ to a tetrahedral configuration was reported at 350°C.105

Frantz and Marshall1*36 investigated the association of Mg2+ and Ca2+ by chloride ions 
from 25 to 600°C using conductivity. For the sake of comparison, the log K, values ex
trapolated to the arbitrarily chosen temperature of 200°C by means of density functions are 
— 1.21 and —0.49, respectively. Thus the order of increasing stability of the MC1+ species 
with respect to the hydrated metal ion, M2 + , is Mg(II) <  Ca(II) <  Fe(II) <  Pb(II) <  Zn(II), 
which, for the last three metals, reflects their increasing hardness. 107 Therefore, if it is 
assumed that interactions between the hard chloride ion and these metals are predominantly 
electrostatic as suggested, there is sufficient covalent character or ligand field stabilization 
of the metal-chloride bond to account for their enhanced stability.

3. Metal Acetate Complexes
Acetate complexation by ferrous(II)36 and zinc(II) 75 ions was studied using the hydrogen 

ion concentration cell as referred to earlier and stepwise formation quotients of the former 
are piesented in Figure 19 as a function of temperature and ionic strength. The dashed curve 
represents log K2 as a function of temperature where the values at 25°C are uncertain to at 
least 0.5 log units, thus accounting for the usual behavior at low temperature.36

Considering the trend in stability of the ferrous complexes in Figure 19, the major 
contribution is from differences in entropy. For example, for the sequence FeOH6, FeAc f , 
F e d  at 200°C, AH, = 36, 44, and 43 kJ mol >, while TAS? = 8 6 , 6 6 , and 53 kJ mol >,
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respectively. Thus, it is again solvation changes associated with the formation of the FeL 
species that mainly dictate their relative stabilities, regardless of the suggestions of possible 
effects of chelation by the potentially bidentate acetate ion.36-75,89 Moreover, solvation changes 
outweigh considerations of the ligand field stabilization effect, as the spectrochemical series 
would predict that the ligands fall in the order Ac >  OH >  Cl. Finally, the relative order 
of increasing stability, — AG°, in terms of the metals is AlAc2+ 108 >  PbCl+ 103 >  ZnAc 
75 >  FeAc+ ,36 The strength of the interaction of acetate with the very hard Al3 ion is in 
full accord with these arguments.
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ionic. 496
ion interaction models of, see Ion interaction ap

proaches
mean. 11, 13— 14, 88, 156, 298—299, 437 
measurements of, 175— 177, 181, 185 
of mineral solubility, 442 
modeling of, 65 
Monte Carlo method for, 67 
neutral solutes and, see Neutral solutes 
for oxygen, 345 
pH scales and, 352— 359 
Pitzer model and, 413—414, see also Pitzer 

model
in potentiometry. 165, 168— 169, 175— 177,

181, 185, 352— 359 
pressure and, 21—22. 299—300, 474 
quotient of, 351 
of sea salt, 315— 317 
in seawater, 300
seawater stoichiometry and, 283— 290 
single-ion, 91—92 
of solute components, 210 
of solutes, 239
strong electrolytes and, 313—329 

mineral solubility and, 317—321 
seawater and, 315—317 
sulfuric acid and, 322—324 
supersaturated solutions and, 327—328 
thermodynamics and, 328—329 
volatile type, 324—327

temperature and, 21— 22, 298, 314 
thermodynamic models of, 293 
weak electrolytes and, see Weak electrolytes 

Additivity, 6— 7, 42, 60— 61 
Adenosine monophosphate (AMP), 186 
Adiabatic compressibility, 3 
Aerosols, 281, 295, 324— 325, 327 
Air solubility, 336
Alcohols, 186, see also specific types 
Alkaline earth amalgams, 168 
Alkalinity, 361
Amalgam electrodes, 166— 169 
Amines, 186, see also specific types 
Amino acids, 186, see also specific types 
Ammonia, 373— 378 
Ammonium, 179
AMP, see Adenosine monophosphate 
Amygdalin, 186 
Anhydrite solubility, 320 
Anionic silver chloride, 158 
Anion-reversible electrodes. 157 
Anoxic systems, 281 
Apparent molal enthalpy, 96, 298— 299 
Apparent molal heat capacity, 96 
Apparent molal volume, 97, 474— 476 
Apparent molar quantities, 21— 24 
Approximation, see also specific types 

Debye- Hiickel, 57
generalized mean spherical (GMSA), 62 
hypemetted-chain (HNC), 62, 64— 67 
linearization. 56
mean spherical (MSA), 62, 64, 67 
Pereus-Yevick (PYA), 62 
reference hypemetted-chain (RHNC), 62, 65— 66  

Aprotic solvents, 183 
Aqueous buffers, 162— 163 
Aragonite, 365— 367 
Association, see Ion association 
Assymmetrical mixing, 114, 117, 122— 125 
Athermal solutions, 15— 17 
Atmospheric gases, 299. 302, see also specific 

types
properties of. 331 
salting coefficients of, 416 
Setchenow coefficients for, 336, 417 
solubility of, 335— 346 

data on, 346— 349 
Pitzer model and, 337— 346 

Average force potentials, 40 
Average potential, 46, 47

B

Barium, 179 
Bilirubin, 179
Binary interactions, 84, 297, 458— 459
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Binary systems, 458— 459, 470— 477
Biologically based electrodes, 186— 187
Bisulfate ions, 322
Bithermal equilibrium, 249
Bjerrum model, 501, 507
Boiling point elevation, 19, 211, 436
Boltzmann factor, 36
Borate, 162
Boric acid, 370— 373
Bom equation, 500
Boundary conditions, 52
Bromide interference, 184
Bronsted’s postulate, 81
Buffer capacity, 352
Buffers, 162— 163, 166, 354, 357, see also specific 

types
Bunsen coefficients, 333, 347

€

Cadmium, 168
Calcite, 365— 368
Calcium, 175, 179, 181, 521
Calcium carbonate minerals, 365— 367
Calcium chloride, 175
Calcium didecyl phosphate, 175
Calcium electrodes, 176, 178— 179
Calcium orthoborate, 372
Calcium sulfate, 321
Calorimetry, 455

ion association and, 506— 515 
dilution enthalpy and, 510— 514 
electrostatic considerations and, 507— 510 
mixing enthalpy and, 514— 515 

Canonical ensemble, 67 
Canonical partition function, 32, 34, 36, 45 
Carbohydrates, 186, see also specific types 
Carbonate, 162 

alkalinity of, 361
dissolved, see Carbon dioxide-dissolved carbonate 

system
equilibrium of, 365 
Pitzer model and, 368— 370 
in seawater, 361— 364

Carbon dioxide, 281, 308, 331— 332, 360— 361, 
408

Carbon dioxide-dissolved carbonate system, 360— 
370

carbonic acid and, 360— 361 
Pitzer model and, 368 

Carbonic acid, 360— 361 
Carboxylic adds, 186 
Cation-reversible electrodes, 157 
Cation-selective electrodes, 169— 173, 186 
Cell models, 44— 47 
Cell potential. 493 
Ceramic membranes, 165 
Cesium. 168
Charge-dipole interactions, 42 
Charge-induced dipole, 41 
Charging process, 55— 56, 82

Chemical potentials, 5— 12, 21, 62, 2)4 
activity coefficients and, 301 
in closed systems, 290—292 
constant, 38 
in electrolytes, 8—9 
fixed, 67 
gradient of, 240
Kirkwood-Buff equations and, 65 
Kirkwood-Buff method and, 64 
in marine chemistry, 291 
in open systems, 292—293 
potentiometry and, 156 
pressure and, 438 
of solid phases, 308 
of solids, 437 
solvent, 12 
standard, 301
standard-state, 438—439, 450, 453, 455—456, 

476
statistical mechanics and, 31, 33, 37—38 
temperature and, 438 

Chloranil electrodes, 184 
Chloride, 179, 492
Chloride complexation, 517—518. 522—524
Chlorine, 175
Chlorinity, 284— 285
Cholesterol, 179
Cholic acid, 179
Citrate, 179
Closed systems, 290—292 
Closest distance of approach, 501 
Closure assumption, 56 
Cluster diagrams, 61 
Cluster expansion, 57—59, 62 
Cluster integrals, 40, 53, 58 
Clusters, 64
Cluster summation method, 59 
Cofactors, 186
Collective effects, 50, 53— 54, 59 
Colligative properties, 17—21, see also specific 

types
Combustion enthalpies, 210 
Complexation, 392— 410, see also specific types 

acetate, 524— 525 
chloride, 517—518, 522—524 
chloro, 399—402 
constants for, 395 
copper, 410
copper chloro, 399—400 
hydroxide, 519—522 
ion association and. 515—525 
ion pairing and, 406—4)0 
lead chloro, 400—402 
magnesium fluoride. 402—405 
Pitzer model and, 395 

Component activities, 7—8 
Composition fluctuations, 36—38 
Composition scales, 7— 12 
Compressibility. 3, 60. 298, 300, 498 
Computer axles, 132, 294 

activity coefficients and, 305, 308
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calcium sulfate solubility and, 321 
mineral solubility calculations and, 440 
Pitzer model and, 305, 308 

Concentrated solutions, 82 
Concentration scales, 287— 288, 291, 295. 348, 

411
Conductance, 493— 495 
Configuration integral, 32, 51— 52 
Conformality, 47, 49 
Copper, 175
Copper chloro-complexes. 399— 400 
Copper salts, 399 
Core repulsion, 41, 44 
Correlation integral, 66 
Correlations, 50, 62, 64— 65 

direct, 62
pair, 35, 49. 54, 61— 62, 64, 69 

Corresponding states, 47, 49 
Cospheres, 44
Coulomb forces, 42— 43, 50. 58, 63, 66 
Coulomb interactions, 41, 50, 65 
Coulomb potential, 53, 55 
Coulomb’s law, 65 
Creatinine, 179, 186 
Critical point, 68

D

Debye charging process, 55— 56, 82 
Debye-Huckel approximation, 57 
Debye-Huckel equations, 15. 64. 269, 270 
Debye-Huckel expressions, 518 
Debye-Huckel limiting law, 56, 59, 66— 68 

activity coefficients and, 313 
ion interaction approaches and, 81, 83 
isopiestic methods and, 270— 271 
strong electrolytes and ,313 

Debye-Hiickel limiting slope, 13, 297 
Debye-Huckel parameters, 81, 87, 94, 98, 120 

activity coefficients and, 296 
dielectric constant of water and, 129— 131 
for enthalpy, 96 
mineral solubility and, 443 
temperature and, 297 

Debye-Hiickel relationship 
ion association and, 495 
Margules expansion model and, 470 
potentiometry and, 158 

Debye-Hiickel term, 87, 120, 442, 470 
Debye-Hiickel theory, 54—58, 65. see also Poten

tial energy
of Gibbs free energy, 509 
ion association and, 509 
ton pairing and, 62, 63 
Margules expansion model and, 470 

1-Decanol, 179
DHLL, see Debye-Hiickel limiting law 
Diagrams, 57— 59, 61— 62, see also specific types 
Dibutylphthaiate. 213 
Dielectric constant, 43, 129— 131 
Differential relations, 2—-5

Diffusion coefficients, 211 
Dilution

enthalpy of, 510—515 
heat of, 96, 104, 299 
infinite, 40

3,5-Dinitrosalicylate (DNS), 178
Dioctylphenyl phosphonate, 175, 179
Dipole moments, 41
Direct correlation functions, 61—62
Dispersion forces, 42
Dispersion interaction, 41
Dissociation constants, 350, 387
Dissolved salts, 302—304
Distribution functions, 35, 45, 65
Divalent cation electrodes, 178
Divergences, 58
DNS, see 3,5-Dinitrosalicylate
Double-junction reference electrodes, 176, 181
Driving forces, 237, 240—241, 501—503
Dynamic methods, 212

E

Effective potential, 47 
Electrical conductance, 493—495 
Electrochemical cells, 492—493, 516—518 
Electrodes, see also specific types 

amalgam, 166— 169 
anion-reversible, 157 
biologically based, 186— 187 
calcium, 176— 179 
cation-reversible, 157 
cation-selective, 169— 173, 186 
chloranil, 184 
divalent cation, 178 
double-junction reference, 176, 181 
enzyme-based, 186— 187 
fluoride-selective, 184 
gas-sensitive membrane, 187— 188 
glass

cation-selective, 169— 173, 186 
pH-type, 159— 166, 185 
sodium-selective, 176 

hydrogen, 157— 163 
ion-exchange, 175— 180 
ion-reversible, 211 
lead-selective, 182 
liquid ion-exchange, 175— ISO 
micro-, 181
neutral carrier-based, 181— 182 
palladium membrane, 157 
pH, 159— 166, 185
polymer-based ion-exchange, 175— 180 
of second kind, 182— 184 
silver chloride, 159 
solid-state membrane, 184— 185, 187 

Electrolytes, 7— 12 
chemical potentials in, 8— 9 
electrophoretic effect for, 2 1 1  

higher-valence, 2 1 1

ion interaction approaches and, 80, 86— 91
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mineral solubility in, see Minerals, solubility of 
mixtures of, 88—91, 169, 213. 436, 438—439 
polyvalent, 156 
pure, see Pure electrolytes 
statistical mechanics for, 53—69 

cluster expansion and, 57— 59 
Debye-Hiickel theory and, 54—57 
integral equations and, 59—62 
ion pairing and, 62—64 
Kirkwood-Buff method and. 64—65 
numerical results and, 65—69 
potential energy and, 54—57 

strong, see Strong electrolytes 
supporting, 492—493
thermodynamic quantity derivation for, 20—21 
thermodynamics of, 210, 436 
weak, see Weak electrolytes 

Electromotive forces of cells. 20— 21 
Electrophoretic effect, 211 
Electrostatic forces, 81 
Electrostatic instability, 175 
Electrostatic potential, 54, 59 
e.m.f., 210, 213 
Energy, see also specific types 

calculation of, 64
conservation of (first law of thermodynamics), 

3—4
free, see Free energy 
Gibbs free, see Gibbs free energy 
Helmholtz free. 2, 32—33, 54 
internal, 60, 68 
kinetic, 31, 63
potential, see Debye-Hiickel theory; Potential en

ergy
total, 3, 42 

Enthalpy, 2, 21— 24 
apparent molal. 96, 298—299 
apparent relative, 510—511 
combustion, 210 
Debye-Hiickel parameter, 96 
of dilution, 510— 515 
ion association and, 502, 508, 510— 515 
ion interaction approaches and, 95—97 
isopiestic methods and, 238 
mixing, 514—515 
molal, 96—97, 298— 299 
molar, 22— 24 
partial molal, 97, 298 
partial molar, 22— 24 
relative, 508, 510— 511 
relative apparent, 510— 511 

Entropy, 2, 4, 32, 46, 456—457 
ion association and, 502 
of mixing, 15— 17 
standard-state, 438 

Enzyme-based electrodes, 186— 187 
Equations of state, 3 
{equilibrium constants, 291—292, 305 

defined, 520 
extrapolated, 505— 506 
ion association and, 495, 505— 506, 519—520

for mineral solubility, 437—439, 457 
temperature and, 439 
thermodynamic, 366 
uncertainties in extrapolated, 505— 506 

Equilibrium thermodynamics, 290— 293 
Equilibrium vapor pressure, 237 
Evaporites, 318, 370 
Excess Gibbs energy, 85, 88, 95, 106 

isopiestic methods and, 272 
Margules expansion model and, 471, 473—475, 

477
mineral solubility and, 440 
of nonelectrolytes. 470 
pressure and, 474 
from short-range forces, 139— 143 

Expansitivity coefficient, 498 
Extensive quantities, 2 
Extraction, 210— 211

F

Faraday constant, 156
Fluctuations, 36—38, 49, 55—57, 60, see also spe

cific types 
Fluoride, 179
Fluoride-selective electrodes, 184 
Formalisms, see also specific types 

in statistical mechanics, 31—37 
Formation constants, 393 
Fourth virial coefficient, 133 
Free energy, 34, 44, 54, 290 

diagrams of, 58 
electrical contribution to, 50 
equilibrium state of minimum, 290 
Gibbs, see Gibbs free energy 
Helmholtz, 2, 32—33, 54 
local, 32 
overall, 291 
total, 64 
unperturbed, 49 
variational methods and, 50 

Free-ion activity coefficients, 407 
Freezing point depression, 17— 19 
Freezing temperature depression. 211 
Fugacity, 39—40, 214— 220 

Lewis rule of, 331 
partial pressure and, 332 
relative, 216

G

Gases. 156, 186, see also specific types 
atmospheric, see Atmospheric gases 
imperfect, 77—80
nonideal solutions in imperfect, 77— 80 
solubility of, 303, 324— 325. 346— 349 

in pure water, 415—416 
Gas-liquid equilibrium, 350 
Gas-sensitive membrane electrodes, 187— 188 
Generalized mean spherical approximation (GMSA).

62
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Geochemical models, 185, 294, 439 
Gibbs-Bogoliubov principle. 50 
Gibbs-Duhem relation. 12— 14, 38, 144, 210, 438 
Gibbs free energy, 2, 12, 97 

cell reaction and change in, 20 
as composition function, 210 
Debye-Huckel theory of, 509 
derivatives of, 95 
excess, see Excess Gibbs energy 
ion association and, 502, 509 
isopiestic methods and, 214—220 
isothermal, 210 
measurements of, 210 
minimization of, 319 
partial molar, 210, 214 
pressure and, 210, 474 
temperature and, 210 

Glass electrodes, see also specific types 
cation-selective, 169— 173, 186 
pH-type, 159— 166, 185 
sodium-selective, 176 

Gluconic acid, 186 
Glucose, 186 
P-Glucose oxidase, 186 
Glycerol, 213
GMSA, see Generalized mean spherical approxima

tion
Grand canonical ensemble, 67
Grand canonical partition function, 32, 34, 36
Grand ensemble, 34
Grand partition function, 39
Guggenheim's equations, 81— 82
Guntelberg charging process, 56
Gurney term, 44
Gypsum solubility, 318—321

H

Hard core, 41, 43, 65 
Hamed cell, 158 
Heat capacity, 2, 299, 455, 457 

apparent, 96
ton interaction approaches and, 95—97 
molal, 96 
partial, 298 
of solids, 456
standard-state, 438—439, 453, 457, 476. 480 

Heat of dilution, 96, 104, 299 
Heat of mixing, 127 
Heat of solution, 104
Heat-transfer block, 237, 244 , 266 
Helmholtz free energy, 2, 32—33, 54 
Helmholtz function, 32 
Henderson equation, 352, 357, 518 
Henry’s law artifacts, 348
Henry's law constants, 302, 324— 325, 329—330, 

345, 351
Hexyl trifluoroacetylbenzoate, 179 
Higher order terms, 131 — 132 
HNC, see Hypemetted-cham 
Hydration model, 503

Hydrobromic acid, 161 
Hydrocarbons, 348— 349, 417—418 
Hydrochloric acid, 160— 161, 183 
Hydrochromic acid, 161 
Hydrofluoric acid. 161 — 162, 378—380 
Hydrogen, 181, 305 

in aqueous solutions, 353—359 
concentration scale for, 357—359 

Hydrogen electrodes, 157— 159, 160— 163 
Hydrogen peroxide, 186 
Hydrogen sulfide, 385— 388 
Hydroiodic acid, 161 — 162 
Hydrological cycle. 281—283 
Hydrolysis, 516, 518—519, 521 
Hydroxides, 166, 492, 519—522 
Hypemetted-chain (HNC) approximation, 62, 64— 

67
Hypersaline waters, 281

I

Ideal mixing, 47, 136— 139 
Ideal solutions, 348 

defined, 15, 215, 272 
statistical mechanics of, 33—34 
thermodynamics of. 15— 17 

Impedance, 184 
Imperfect gases, 77—80 
Importance sampling, 51 
Indium, 168 
Induced moments, 42 
Infinite dilution, 40 
Inorganic ions, 186
Integral equations, 4 4 , see also specific types 

statistical mechanics and, 5 9 — 6 2 ,  6 4 — 6 5 , 6 7  
Intensive proprties, 2 
Intermoleeular potentials, 4 2  
Internal energy, 6 0 ,  6 8  
Ion association, 4 9 1 —5 2 5  

acid-base equilibrium and, 4 9 5 —4 9 6  
association reactions and, 4 9 6 — 5 0 6  
calorimetry and, 5 0 6 — 5 1 5  

dilution enthalpy and, 5 1 0 — 5 1 4  
electrostatic considerations and, 5 0 7 — 5 1 0  
mixing enthalpy and, 5 1 4 — 5 1 5  

complexation and, 5 1 5 — 5 2 5  
constants for, 6 3 ,  3 5 1 ,  5 0 4  
dilution enthalpy and, 5 1 0 — 5 1 4  
driving forces for. 5 0 1 — 5 0 3  
electrical conductance and, 4 9 3 —4 9 5  
electrochemical cells and, 4 9 2 —4 9 3  
electrostatic considerations and, 5 0 7 — 5 1 0  
equilibrium of, 7 7 — 8 0 ,  9 3 —9 5  
equilibrium constants and, 4 9 5 ,  5 0 5 — 5 0 6  
experimental methods for study of, 4 9 2 —4 9 5  
extrapolation of constants for, 5 0 4  
hydration model and, 5 0 3  
hydroxide complexes and, 5 1 9 — 5 2 2  
ion interaction and, 3 0 4 — 3 0 6 , 4 0 4 ,  5 1 0  
mixing enthalpy and, 5 1 4 — 5 1 5
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models of, 293— 294, 395, 404, 408—409, 
496—498 

process of, 63
solubility measurements and, 518—519 
thermodynamic constants for, 351 
thermodynamics of, 351, 498— 501 

lon-exchange electrodes, 175— 180 
lon-exchange equilibrium, 175 
lon-exchange reactions, 184 
Ionic activity coefficient, 496 
Ionic association, 64
Ionic equilibrium in weak electrolytes, see under 

Weak electrolytes
Ionic strength, 84, 129, 289— 290, 316. 357, 406 
Ion interaction approaches, 75— 146, 293— 312, 

436, see also specific types 
additional-terms equations and, 133— 136 
application of, 439
asymmetrical mixing and, 114, 117, 122— 125 
Bronsted’s postulate and, 81 
computer codes and, 132, 294 
Debye-Hiickel effect and, 143— 146 
Debye-Huckel parameters and, 98 
dielectric constant of water and, 129— 131 
dissolved salts and, 302— 304 
enthalpy and, 95— 97
excess Gibbs energy and, see Excess Gibbs en

ergy
general equations for, 82—86, 120—122 
Guggenheim’s equations and, 81—82 
heat capacity and, 95—97 
higher order terms and, 131 — 132 
high temperatures and, 104— 113 
history of, 81—82 
imperfect gases and, 77— 80 
ion association and, 93—95, 304— 306, 404, 510 
ionic strength and. 84, 129 
ion-neutral interactions and, 129 
ion pairing and, 304— 306 
to mineral solubility, 440—466 

in binary systems, 458—459, 470—477 
in quaternary systems, 465—466 
in ternary sytems, 460—465, 477—479 
25-degree temperature and, 441—452 
variable temperature and, 453—466 

mixed electrolytes and, 88—91 
mixing terms and, 92 
mixtures and, 113— 120 
molality-based, 436 
mole fraction and, 136— 139 
multicomponent salt solutions and, 301—302 
natural solutes and, 302 
neutral solutes and, 92—93, 302— 304 
neutral species and, 131 — 132 
nonideal solutions and, 77—80 
parameters of, 296, 299—304, 306— 312 
Pitzer model and. see Pitzer model 
pressure and, 95— 97 
pure electrolytes and, see Pure electrolytes 
single-ion activity coefficients and, 91—92 
single salt solutions and, 299— 300

symmetrical mixing and, 114, 126— 128 
temperature and, 95—97 
theory of, 82—86

lon-ion interactions, 371, 381, 388, 390 
Ionization, 493, 514 
lon-neutral interactions, 129, 373 
Ion pairing, 62— 64, 177— 178 

activity coefficients and, 304— 306 
applications of, 406—410 
models of, 352, 395, 406—410 
Pitzer model and, 304—306, 409 

Ion-reversible electrodes, 211 
lon-selective microelectrodes, 181 
Iron, 179, 185
Irreducible cluster integrals, 40 
Isocoulombic reactions, 495—496, 519— 521 
lsopiestic activity coefficient, 181 
Isopiestic equilibrium, 221, 240 
lsopiestic measurements, 156 
lsopiestic methods, 209—272, see also specific- 

types
accuracy of, 258— 259 
activities and, 214— 220 
chamber design for 

errors and, 232— 245 
materials for, 264— 266 

data in
equations for representing, 268— 272 
sources of, 263— 264 

errors in, 251—262
chamber design and, 232—245 
corrosion of sample cups and, 256 
equilibration times and, 252— 254 
reagent purity and, 256— 258 
reference standard discrepancies and, 259 
reuse of samples and, 252— 254 
sample cup corrosion and, 256 
sample reuse and, 252—254 
sample size and, 252— 254 
summary of, 262 
weighing and, 259— 262 

experimental techniques related to, 249— 251 
fugacity and, 214—220 
Gibbs energy and, 214— 220 
history of, 232—246
materials for construction of apparatus for, 264— 

268
Oak Ridge National Laboratory, 246— 249 
osmotic coefficients and, 214— 220 
publication of data in, 231—232 
reference standards for, see Isopiestic reference 

standards
sample cups for, 256, 266— 268 
solubility determinations by, 262—263 
sources of data in, 263— 264 
vapor pressure and, 214— 220 
weighing errors in, 259— 262 

Isopiestic molality ratios, 229—230 
Isopiestic reference standards, 212— 213, 220— 232 

for aqueous solutions 
at 298.15K, 222—226
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at other temperatures, 226—229 
tertiary, 230— 231 

discrepancies in, 259 
isopiestic molality ratios and, 229—230 
for nonaqueous solutions, 231 
publication of data on, 231—232 
self-consistency among, 229—230 
tertiary. 230—231 

Isothermal compressibility, 3 
Isothermal Gibbs energy, 210

K

Kinetic energy, 31, 63 
Kirkwood-Buff method, 64—65 
Kirkwood-Buff theory, 37—38, 60

L

Laar equation, 139
Lakes, 281, 369
Lanthanum, 169
Lattice models, 44—47
Laurie aied, 184
Lead, 175
Lead chloride. 522
Lead chloro-complexes, 400—402
Lead-selective electrodes, 182
Lecithin, 179
Lewis fugacity rule, 331
Ligands, 492
Limiting conductance, 493
Limiting slope, 13, 297, 508
Linearization approximation, 56
Liquid ion exchange electrodes, 175— 180
Liquid junction, 157— 158, 352, 359, 364, 493
Liquid-liquid extraction, 210— 211
Lithium, 168— 169, 179
Lithium aluminum silicate, 169
Local free energy, 32

M

Maclnnes convention, 359, 368 
Magnesium, 168, 175, 178, 181, 521 
Magnesium fluoride, 402—405 
Magnesium orthoborate, 372 
M a la t e , 179 
Malonate, 179
Margules expansion model, 139, 436, 438, 466— 

479
in  b inary' s y s t e m s ,  470—477 
e q u a t io n s  for, 470— 477 
in te rn a ry  s y s t e m s ,  477—479 

McMillan-Mayer th e o r y , 38—41, 61 
M e a n  a c t iv i t y ,  10— 11, 158 
M e a n  a c t iv i t y  c o e f f ic ie n t s ,  1 1 . 13— 14, 88. 156, 

298—299
M e a n  e le c t ro s ta t ic  p o te n t ia l, 54, 59 
M e a n  fo rc e  p o t e n t ia ls ,  se e  u n d e r  P o te n t ia ls  
M e a n  m o d a l it y ,  11

Mean potential energy, 55 
Mean potentials, 46, 54—55, 57, 59 
Mean spherical approximation (MSA), 62, 64, 67 
Metal complexation, see Complexation 
Microelectrodes, 181 
Minerals, see also specific types 

calcium carbonate, 365—367 
solubility of, 317—321, 435—484 

activity coefficients of, 442 
in binary systems, 458—459, 470—477 
calculations of, 436—438, 440—441, 443 

Margules model for, see Margules expansion 
model

computer codes for, 440 
equilibrium constants for, 437—439, 457 
ion interaction approaches to, see under Ion in

teraction approaches 
modeling of, 438—440 
osmotic coefficient of, 442 
prediction of, 436, 439, 452, 465 
pressure and, 438 
in quaternary systems, 465—466 
in ternary sytems, 460—465, 477—479 
theory of, 437—438 
at variable temperatures, 453

Mixing, see also Mixtures; specific types 
assymmetrical, 114, 117, 122— 125 
enthalpy of, 514—515 
entropy of, 15— 17 
free energy of, 44 
heat of, 127 
ideal, 47, 136— 139 
parameters of, 440. 444, 449 
random, 46—47 
symmetrical, 114, 126— 128 
terms for, 92

Mixtures, see also Mixing; specific types 
of electrolytes. 88—91, 169, 213, 436, 438—

439
parameters for, 113— 120 
of solvents, 93, 160— 161 
of sugars, 213

Models, see also specific types 
of activity coefficients, 65 
Bjerrum, 501. 507 
cell, 44—47 
density-based, 496 
geochemical, 185, 294. 439 
hard-core, 41 
hydration, 503
ion association, 293— 294, 395, 404, 408—409, 

496—498
ion-interaction, see Ion interaction approaches 
of ion pairing, 352, 395, 406—410 
lattice, 44—47
Margules expansion, see Margules expansion 

model
of mineral solubility, 438—440 
Pitzer, see Pitzer model 
primitive, 43. 62, 64—65, 67—68 
restricted primitive, 43, 62, 67—68
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thermodynamic. 293 
of virial coefficients, 440 

Modified Poisson-Boltzmann, 67 
Molal compressibility, 300 
Molal enthalpy, 96— 97, 298—299 
Molal heat capacity, 96 
Molal ionic strength, 316 
Molality. 77, 84, 437 

ion interactions based on, 436 
isopiestic, 229—230 
scales of, 286 
of sea salt, 289 

Molal osmotic coefficient, 215 
Molal volume. 95—97, 474—476 
Molar enthalpy, 22— 24 
Molar fraction statistics, 272 
Molar Gibbs free energy, 210, 214 
Molar quantities, 5— 7, 21—24 
Molar volume, 104 
Molecular correlation functions, 40 
Molecular distribution functions, 34— 36, 48 
Molecular dynamics, 44, 50—53 
Molecular interactions, 41—44, see also specific 

types
Molecular volume, 37 
Mole fraction, 136— 139, 288, 348 
Mole fraction osmotic coefficient, 215 
Mole fraction scales, 295, 348 
Molinity. 286, 289
Monte Carlo method, 33, 43—44, 49, 62, 69 

ion pairing and, 63 
molecular dynamics and, 50— 53 
primitive model and, 65, 67—68 

MSA, see Mean spherical approximation 
Multicomponent salt solutions, 301—302 
Multicomponent systems, 12— 14, 26—28, 286— 

289, 348
Multipole moments, 42 
Mutual fluctuations, 56

N

Naphthalene, 334— 335
National Bureau of Standards tNBS) scale, 353— 

354
NBS, see National Bureau of Standards 
Nemst equation, 159 
Nemstian behavior, 179 
Nemst slopes, 176
N e u tra l c a r r ie r -b a s e d  electrodes, 181 — 182 
N e u tra l io n  p a ir s ,  4 0 8
N e u tra l s o lu t e s .  92— 93, 302—304, 3 2 9 — 3 4 9  

a tm o s p h e r ic  gas s o lu b il it y  a n d , 3 3 5 — .146 
e m p ir ic a l r e p re s e n ta t io n s  o f  s o lu b i l it y  a n d , 332- 

3 3 4
g a s s o lu b il it y  a n d , 346— 349 
S e t c h e n o w  c o e f f ic ie n t s  a n d , 3 3 4  

N e u tra l s p e c ie s ,  299 
N it ra te s , 179 
Nitrites. 179 
N it r o b e n z e n e , 180

o-Nitrophenyl octyl ether, 179 
Nonaqueous solvents, 160— 161 
Nonelectrolytes, 7— 12, 470 
Nonideal solutions, 77—80

o
Oak Ridge National Laboratory isopiestic methods, 

246—249
Onsager relationship, 494 
Open phases, 5—6 
Open systems, 292—293 
Omstein-Zemike equation, 61, 62 
Osmolality, 221 
Osmometry, 212
Osmotic coefficients, 12, 44 , 64, 86, 89, 291 

activity coefficient and, 13— 14 
excess, 272
isopiestic methods and, 214—220 
mean activity coefficient and, 13— 14 
of mineral solubility, 442 
Pitzer model for, 295—296, see also Pitzer 

model
pressure and. 474 
of seawater, 314, 316, 413—414 
water activity and, 438 

Osmotic conditions, 39 
Osmotic pressure, 19—20, 38—40, 220 
Ostwald coefficient, 347 
Oxalate, 179, 186 
Oxalate oxidase, 186 
Oxygen

activity coefficients for, 345 
Henry's law constant and, 345 
Pitzer model and, 344 
solubility of, 332, 337, 343—344

P

Pair correlations, 35, 49, 54, 61—62, 64, 69 
Pairwise additivity, 42—43 
Palladium membrane electrode. 157 
Palladium oxide. 157 
Partial heat capacity, 298 
Partial molal compressibility, 300 
Partial molal enthalpy. 97, 298 
Partial molal volume, 97, 300, 474 
Partial molar enthalpy, 22— 24 
Partial molar Gibbs free energy, 210, 214 
Partial molar quantities, 5—7 
Partial molar volume, 104 
Partial molecular volume, 3 7  
Partial pressure, 1 8 8 , 3 32  
Partition functions. 44—45, 47 

cell models and, 46 
formalism and, 31—34, 36 
grand, 39
perturbatiuon theory and. 48 

PCBs, see Polychlorinated biphenyls 
Penicillin, 186 
Perchlorate, 179
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Percus-Yevick approximation (PYA), 62 
Periodate, 179
Periodic boundary conditions, 52 
Perturbation, 48—50, 62 
pH, 91—92, 158, 358 
pH electrodes, 159— 166, 185 
Phosphoric acid, 302, 380— 385 
pH scales, 352—359, 364 
Pitzer model, 76. 185, 294—312, 332 

activity coefficients and, 413—414 
ammonia and, 374 
ammonium and, 375
atmospheric gas solubility and, 337—346 
boric acid and, 370 
carbonate systems and, 368— 370 
carbon dioxide and, 368 
complexation and, 395 
consistency of, 359
copper chloro-complexes and, 399—400 
copper salts and, 399 
dissolved salts and, 302—304 
ionic equilibrium and, 359 
ion pairing and, 304— 306, 409 
lead chloro-complexes and, 400 
limerick about, 229
multicomponent salt solutions and, 301—302 
neutral solutes and, 302— 304 
parameters of, 296, 298— 304, 306—312 
pressure and, 412—413 
single salt solutions and, 299—300 
temperature and, 412—413 

Poisson-Boltzmann equation, 56—57, 65, 67 
Polychlorinated biphenyls (PCBs), 348, 350 
Polymer-based ion-exchange electrodes, 175— 180 
Polyvalent electrolytes, 156 
Polyvinyl chloride membranes, 178— 179 
Potassium, 168, 175, 179, 181 
Potential energy, 31, 42, see also Debye-Huckel 

theory
electrostatic, 59 
ion pairing and, 63 
mean, 55
statistical mechanics and, 54—57 
total, 60

Potentials, see also specific types 
average, 40, 46—47 
of average force, 40 
cell, 493
c h e m ic a l ,  s e e  C h e m ic a l  p o te n t ia ls  
c o u lo m b , 5 3 ,  5 5  
drift in ,  159  
e f f e c t iv e ,  4 7  
e le c t ro s t a t ic ,  5 4 , 5 9  
o f  Hamed c e l l , 158  
intermolecular, 4 2  
liq u id  ju n c t io n ,  3 6 4 , 4 9 3  
m e a n , 4 6 .  5 4 — 5 5 , 5 7 ,  5 9  
o f  m e a n  fo r c e , 3 8 , 4 2 — 4 4 ,  5 3 — 5 5  

c o u lo m b  in te ra c t io n s  fo r , 6 5  
c o u lo m b ’s  la w  fo r , 6 5  
fo r m a lis m  a n d , 3 5 — 3 6

integral equations and, 60 
interionic, 82
ion interaction approaches and, 82—83 
McMillan-Mayer formalism and, 61 
pair correlation functions and, 61 
solvent dipole and, 62 
thermodynamic properties of ionic solutions 

and, 66
pairwise additive, 42 
standard, 156, 158— 159, 165, 167 
zero-curent, 176 

Potentiometry, 155— 188, 517 
accuracy of, 157, 164 
amalgam electrodes in, 166— 168, 169 
biologically based electrodes in, 186— 187 
cation-selective electrodes in, 169— 173 
data in, 158— 159
electrodes of second kind in, 182— 184 
enzyme-based electrodes in, 186— 187 
errors in, 165
gas-sensitive membrane electrodes in, 187— 188 
glass pH electrodes in, 159— 166 
hydrogen electrodes in, 157— 159 
ion-exchange electrodes in, 175— 180 
ion pairing and, 177— 178 
liquid ion-exchange electrodes in, 175— 180 
neutral carrier-based electrodes in, 181 — 182 
pH scales and, 352—359 
polymer-based ion-exchange electrodes in, 175— 

180
principles of, 156— 157 
results of, 165— 168, 170— 173, 183 
selectivity of, 169— 170, 181, 185 
solid-state membrane electrodes in, 184— 185 
stability constants and, 185 
transference and, 182— 185 
typical data in, 158— 159 
typical results in, 165— 168, 170— 173 

Practical osmotic coefficient, 215 
Pressure, 60, 475—476, see also specific types 

activity coefficients and, 21—22, 299—300, 474 
chemical potentials and, 438 
equilibrium vapor, 237 
excess Gibbs energy and, 474 
fugacity and, 332 
Gibbs energy and, 210, 474 
ion interaction approaches and, 95—97 
mineral solubility and, 438 
osmotic, 19—20, 38—40, 220 
osmotic coefficients and, 474 
partial, 188, 332 
Pitzer model and, 412—413 
total, 210, 332 
vapor, see Vapor pressure 

Pressure coefficient, 239 
Pressure derivative, 238 
Primary reference standards, 230 
Primitive model, 43, 62, 64—65, 67—68 
Probability density, 34—35 
Probability distribution, 52 
Pure electrolytes, 86- .88, 299
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paramaters for, 98— 104
for high temperatures, 104— 113 

variation for, 302 
PVC, see Polyvinylchloride 
PYA, see Percus-Yevick approximation 
Pyrophosphate, 179

Q
Quaternary systems, 465—466 
Quinhydrone, 184

R

Radial distribution functions, 35, 59, 121 
Rainwater, 281—282 
Raman spectroscopy, 293, 519 
Random mixing, 46—47 
Raoult’s law, 214, 272 
Rational osmotic coefficient, 215 
Reactant concentrations, 166 
Reagents, 256— 258, see also specific types 
Reference hypemetted-chain (RHNC) approxima

tion, 62, 65— 66
Reference standards, isopiestic, see Isopiestic refer

ence standards 
Reference state, 291 
Regular solutions, 15— 17 
Relative fugacity, 216 
Restricted primitive model, 43, 62, 67—68 
RHNC, see Reference hypemetted-chain 
Ring diagrams, 58 
Rivers, 281 
Rubidium, 168

s
Salinity, 283— 286. 316, 410 
Salting coefficients, 333, 416 
Salting-in, 26— 28, 333—334 
Salting-out, 26—28, 333— 334 
Saturation index, 320 
Scaled particle theory, 334—335 
Sea salt, 300

activity coefficients of, 315— 317 
molality of, 289 
molinity of, 289 
stoichiometry of, 289—290 

Seawater, 281—282, 304 
activity coefficients of, 300 
artificial, 287—288, 355, 362 
atmospheric gas solubility in, 335— 346 
carbonate system in, 361—364 
conductivity of, 285 
density of. 283—286, 410 
hydrocarbons in, 348— 349, 417—418 
ion product of water in, 391— 392 
magnesium fluoride in, 402—405 
major components of, 315—317 
as multicomponent electrolyte solution, 286—289 
osmotic coefficients of, 314, 316, 413—414

oxygen solubility in, 344 
PCBs in, 348, 350 
stoichiometry of, 283—290 

Secondary reference standards, 230 
Second virial coefficient, 84, 101 
Selectivity coefficients, 185 
Setchenow relationship, 294, 332, 334, 336, 347 

348
for atmospheric gases, 417 
for hydrocarbons, 349 

Side reaction coefficient, 393 
Silver chloride, 158— 159, 519 
Single-ion activity coefficients, 91—92 
Single salt solutions, 299—300 
Sodium, 179, 181
Sodium-selective glass electrodes, 176 
Solid-state membrane electrodes, 184— 185, 187 
Solubility, 211 

of air, 336 
of anhydrite, 320
of atmospheric gases, see under Atmospheric 

gases
of calcium sulfate, 321 
empirical representations of, 332—334 
of gases, 303, 324— 325, 346— 349 

in pure water, 415—416 
of gypsum, 318—321 
of hydrocarbons, 348, 417—418 
isopiestic methods for determination of, 262— 

263
measurements of, 518—519 
of minerals, see under Minerals 
of naphthalene, 335 
of oxygen, 332, 337, 343—344 
of PCBs, 350
of salts, 308— 309, 317—321 
of silver chloride, 519 

Solubility constants, 365 
Solutes, see also specific types 

activity coefficients of, 239 
activity coefficients of components of, 210 
activity of, 290 
interactions among, 41 
neutral, see Neutral solutes 
reference state for, 291 
solvent interactions with, 41—42 

Solvent dipole, 62 
Solvents, see also specific types 

activity of, 12 
aprotic, 183
chemical potentials of, 12 
interactions between, 42 
mixed, 93, 160— 161 
nonaqueous, 160— 161 
solute interactions with, 41—42 

Spectroscopy, 293, 518— 519, see also specific 
types

Stability constants, 185, 349, 396, 409 
stoichiometric, 363 
thermodynamic, 349, 351, 410 

Standard potential, 156, 158— 159, 165, 167
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Standard-state chemical potentials, 439, 445, 450, 
453, 455—456, 476 

Standard-state entropy. 438 
Standard-state heat capacity, 438—439, 453, 457, 

476, 480
Standard states, 7— 12, 290 
Standard-state volume, 475 
Starch, 179 
State equations, 3
Static methods, 212, see also specific types 
Statistical mechanics, 29—70 

cell models of, 44—47 
defined, 30
for electrolytes, 53—69 

cluster expansion and, 57—59 
Debye-Hiickel theory and, 54—57 
integral equations and, 59—62 
ion pairing and. 62—64 
Kirkwood-Buff method and, 64—65 
numerical results and, 65—69 
potential energy and, 54—57 

exact theories of, 37—41 
formalism in, 31—37 
Kirkwood-Buff theory of, 37—38 
lattice models of, 44—47 
McMillan-Mayer theory of, 38—41 
molecular dynamics and, 50—53 
molecular interactions and, 41—44 
partition functions and, 31—33 
perturbation theory and, 48—50 
theories of, 37—41, see also specific types 
variational methods and, 48—50 

Stepwise formation constants, 520 
Stereochemistry, 524 
Stoichiometric dissociation constants, 350 
Stoichiometric equilibrium constants. 361—364 
Stoichiometric formation constants, 393 
Stoichiometric stability constants, 363 
Stoichiometry 

of sea salt, 289—290 
of seawater, 283— 290 

Streams, 281
Strong electrolytes, 313— 329 

mineral solubility and, 317—321 
seawater and, 315— 317 
sulfuric acid and, 322—324 
supersaturated solutions and, 327—328 
thermodynamics and, 328— 329 
volatile, 324—327 

Sucrose, 179
Sugars, 213, see also specific types 
Sulfur dioxide, 389—391 
Sulfuric acid, 322—324, 514 
Sulfurous acid, 166
Supersaturated solutions, 262, 327—328 
Symmetrical mixing, 114, 126— 128

T

Tartaric acid, 179 
Temperature

activity coefficients and, 21—22, 298, 314 
boiling, 19, 211, 436 
chemical potentials and, 438 
Debye-Hiickel parameters and. 297 
derivatives of, 238 
equilibrium constants and, 439 
equilization of, 244 
freezing, 211 
Gibbs energy and, 210 
gradients of, 233 
heat capacity and, 456 
ion interaction approaches and, 95—97 
numerical expressions for dependence on, 480- 

484
Pitzer model and, 412—413 
pure electrolytes and high, 104— 113 
seawater density and, 410 

Ternary systems, 460—465, 477—479 
Tertiary reference standards, 230—231 
Tetradeeylammonium carbonate, 179 
Tetrahydrofuran, 179 
Thallium. 168 
Thermal expansion, 3, 210 
Thermal fluctuations, 55 
Thermodynamic equilibrium constants, 366 
Thermodynamic ion association constants, 351 
Thermodynamics, 1—28, 37 

activity coefficients and, 7— 12, 328— 329 
apparent molar quantities and, 21—24 
athermal solutions and, 15— 17 
basic functions in, 2—5 
chemical potentials and, 5— 12 
of chloride species, 519 
colligative properties and, 17—21 
compressibility equation and, 60 
database for. 439
derivation of quantitites in, 20—21
differential relations between functions of, 5
of electrolytes, 210, 436
enthalpy and, 21—24
equilibrium. 290— 293
excess in, 24— 26
first law of, 3—4
Gibbs-Duhem relation and, 12— 14
glass pH electrodes in studies of. 165
ideal solutions and, 15— 17
of ion association, 351, 498—501
isopiestic methods and, 210
laws of, 3— 5
modeling of, 293
molar quantities ami, 5— 7, 21—24
multicomponent systems and, 12— 14, 26— 28
partial molar quantities and, 5—7
physical meaning of quantities of, 3—4
potentials of mean force and. 66
regular solutions and, 15— 17
second law of. 4
of strong electrolytes, 328—329
third law of, 4
two-component systems and, 12 — 14 
volume and. 21—24
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Thermodynamic solubility constants, 365
Thermodynamic stability constants, 349, 351, 410
Total energy, 3, 42
Total vapor pressure, 210
Transference, 182— 185
Transport, 176, 183— 184
Trichloroacetic acid, 166
Trifluoromethanesulfonate, 516
Trioctyl phosphate. 179
Tripentyl phosphate, 179
Triplet interactions. 297, 308
Tripolyphosphate, 179
Tns buffer. 166, 354, 357
Two-component systems, 12— 14

u
Ultraviolet-visible spectrophotometry, 518
Unsymmetrical mixing, 114, 117, 122— 125
Urea, 186
Urease, 186
Uric acid, 179, 186

V

Valinomycin, 176, 181 
Vanadate-oxalate, 166 
Van der Waals equation, 330 
Van't Hoff equation, 336 
Vapor pressure, 212, 214—220 

depression of, 436 
equilibrium, 237 
total, 210

Variable coefficients, 82 
Variance reduction methods, 51 
Variational methods, 48—50 
Vaterite, 365
Virial coefficients, 40, 84, 101, 133. 217 

imperfect gases and, 77— 80 
mineral solubility and, 436, 440, 536 
modeling of, 440 

Virial equation of state, 331 
Vitamin B, 179 
Vitamin D, 179

Volatile strong electrolytes, 324— 327 
Volume, 21—24

apparent molal. 97, 474 
ion interaction approaches and, 95—97 
molal, 95—97, 474—476 
molar, 104
partial molal. 97, 300, 474 
partial molar, 104 
partial molecular, 37 
standard-state. 475 

Volumetric data, 104 
Volumetric properties, 97

w
Weak electrolytes, 349— 392, 419 

Henry’s law constants for, 351 
hydrogen ions and, 353— 359 
ion association constants for, 351 
ionic equilibrium calculations for, 359— 392 

ammonia and, 373—378 
boric acid and, 370— 373 
carbon dioxide-dissolved carbonate and, 360— 

370
hydrofluoric acid and, 378— 380 
hydrogen sulfide and, 385— 388 
ion product of water and, 391—392 
phosphoric acid and, 380—385 
sulfur dioxide and, 389— 391 

in natural waters, 350— 352 
pH scales and, 352— 359 
potentiometry and, 352— 359 
thermodynamic ion association constants for, 351 
thermodynamic stability constants for, 351 

Weighing errors, 259— 262

Y

Young’s rule, 294. 334—335

z
Zero-curent potential, 176
Zinc, 168
Zinc chloride, 522


