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Readers of this book will, if they are familiar with the fifth edition, immediately
recognize that there are several major changes. Most obvious is the fact that there
are now four authors. This change was planned and implemented by Geoffrey
Wilkinson and me before his death. We had also decided to have the chapter on
boron chemistry done by an expert on boron chemistry since neither of us had ever
felt sufficiently conversant with that vast and complex subject. We were very
pleased when Russell Grimes consented to accept the task. With regard to the rest
of the book, the general division of labor was to be such that each author undertook
about one-fourth of the book. As fate would have it, Geoffrey Wilkinson was able
to finish written drafts of all his chapters just days before he so unexpectedly passed
away. Thus his deft hand will be very much evident here. Beyond that, however,
I have assumed the responsibility for this new edition.

The other major change that Geoffrey Wilkinson and I have made is to redistrib-
ute the content of the book. It has always been our desire to keep the physical size
of the book to about that of the fifth edition, or, if possible, a little less. Another
point that influenced our thinking was the increased appearance of books that
deal with the broad principles of fields like organometallic chemistry, reaction
mechanisms, bioinorganic chemistry and catalysis. We thus decided to eliminate
some of the broad topical chapters previously included (e.g., Bioinorganic Chemis-
try) and enlarge the coverage of the individual elements (or groups) to deal with
these types of chemistry on an element by element basis. This does not necessarily
correspond to a reduction in space devoted to important topics. For example, more,
not less, space is now devoted to the biochemistry of iron. In its arrangement of
material, this edition is now more like the third edition than the fourth or fifth,
though of course the amount of material is much greater.

We have continued to handle other aspects of the book in the same way as in
the earlier editions. We have adhered to the Periodic Table as the organizing
principle. We have also continued our practice of including references to the re-
search literature following the earlier rules, as follows. Only references that have
appeared since the previous edition are normally given; documentation of many
statements may be found in earlier editions. In citing references we mention only
the name of the corresponding author (or the first, if there are three or more)
except when there are only two authors, when both names are given.

F. Albert Cotton
College Station, Texas






Preface to the First Edition

It is now a truism that, in recent years, inorganic chemistry has experienced an
impressive renaissance. Academic and industrial research in inorganic chemistry is
flourishing, and the output of research papers and reviews is growing exponentially.

In spite of this interest, however, there has been no comprehensive textbook
on inorganic chemistry at an advanced level incorporating the many new chemical
developments, particularly the more recent theoretical advances in the interpreta-
tion of bonding and reactivity in inorganic compounds. It is the aim of this book,
which is based on courses given by the authors over the past five to ten years, to
fill this need. It is our hope that it will provide a sound basis in contemporary
inorganic chemistry for the new generation of students and will stimulate their
interest in a field in which trained personnel are still exceedingly scarce in both
academic and industrial laboratories.

The content of this book, which encompasses the chemistry of all of the chemical
elements and their compounds, including interpretative discussion in the light of
the latest advances in structural chemistry, general valence theory, and, particularly,
ligand field theory, provides a reasonable achievement for students at the B.Sc.
honors level in British universities and at the senior year graduate level in American
universities. Our experience is that a course of about eighty lectures is desirable
as a guide to the study of this material.

We are indebted to several of our colleagues, who have read sections of the
manuscript, for their suggestions and criticism. It is, of course, the authors alone
who are responsible for any errors or omissions in the final draft. We also thank
the various authors and editors who have so kindly given us permission to reproduce
diagrams from their papers: specific acknowledgements are made in the text. We
sincerely appreciate the secretarial assistance of Miss C. M. Ross and Mrs. A. B.
Blake in the preparation of the manuscript.

F. A. CotTON G. WILKINSON
Cambridge, Massachusetts London, England
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Abbreviations in Common Use

1. Chemicals, Ligands, Radicals, etc.

Ac
acac
acacH
acacen
AIBN
am

An
n[Ane]X,
Ar

aq
ATP
9-BBN
bdt
BINAP
bipy
Bu

Bz
C,lmn

cat

COD or cod
COT or cot
Cp, Cp’, Cp*
cy

dab or dad
dba

depe

depm

diars

dien
diglyme
dike

diop

diphos

DME
DMF or dmf
dmg

acetyl, CH,CO

acetylacetonate anion

acetylacetone
bisacetylacetoneethylenediimine
azoisobutyronitrile

ammonia (or occasionally an amine)

any actinide element

cyclic polydentate ligand; n = ring size; X = O, §, NR
aryl or arene (ArH)

aquated, H,O

adenosine triphosphate
9-borabicyclo[3,3,1]nonane

the anion of 1,2-benzenedithiol (H,bdt)
2,2'-bis(diphenylphosphino)-1,1’-binaphthyl
2,2’'-dipyridine, or bipyridine

butyl (Bu", normal-; Bu', iso-; Bu’, secondary-; or Bu, tertiary-

butyl)
benzyl

cryptate ligand with /-, m-, and n-membered rings (also lmn-

crypt)
catechol (o-dihydroxybenzene)
cycloocta-1,5-diene
cyclooctatetraene
cyclopentadienyl, CsHs; MeCsH,; CsMes
cyclohexyl
1,4-diaza-1,3-butadienes, RN=CH—CH=NR
trans, trans-dibenzylideneacetone
1,2-bis(diethylphosphino)ethane
1,2-bis(diethylphosphino)methane
o-phenylenebisdimethylarsine, 0-CsH,(AsMe,),
diethylenetriamine, H,NCH,CH,NHCH,CH,NH,
diethylene glycol dimethyl ether, CH,O(CH,CH,0),CH,
a diketonate anion, such as acetylacetonate
{[2,2-dimethyl-1,3-dioxolan-4,5-diyl}bis(methylene)]-
bis(diphenylphosphine)}
any chelating diphosphine, but usually 1,2-bis(diphenyl-
phosphino)ethane, dppe
dimethoxyethane (also glyme)
N,N'-dimethylformamide, HCONMe,
the anion of dimethylglyoxime (dmgH,)

x1



xii

dmpe

dmpm

DMSO or dmso
DPhF, DTolF
dpma

dppe

DPPH

dppm

dppp

E

EDTAH,
EDTAH;Z,
en

Et

Fc

form

Fp

gly

glyme (=DME)
heidi

hfa

HMPA

hpp

ind

L

Ln

M
MAO
m-C-n

Me

mes

mes*
Megtren
mnt

MTO

NBD or nbd
NBS

np? (=PNP)
np®

NTAH,
OAc

oep

OTf

ox

Pc

Ph
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1,2-bis(dimethylphosphino)ethane

1,2-bis(dimethylphosphino)methane

dimethyl sulfoxide, Me,SO

N,N’-diphenylformamidinate, N,N’-di-p-tolylformamidinate

bis(diphenylphosphinomethyl)phenylarsine

1,2-bis(diphenylphosphino)ethane

diphenylpicrylhydrazyl

bis(diphenylphosphino)methane

bis(diphenylphosphino)propene

electrophile or element

ethylenediaminetetraacetic acid

anions of EDTAH,

ethylenediamine, H,NCH,CH,NH,

ethyl

ferrocenyl (Fc¢' for substituted Fc)

a formamidinate anion

FC(CO)sz

glycinate anion

ethylene glycol dimethyl ether, CH;OCH,CH,OCHj,

the anion of N(CH,COOOH),{CH,CH,OH) (H;heidi)

hexafluoroacetylacetonate anion

hexamethylphosphoric triamide, OP(NMe,),

the anion of 1,3,4,6,7,8-hexahydro-2H-pyrimido-[1,2-a]-
pyrimidine (Hhpp)

indenyl

ligand

any lanthanide element

central (usually metal) atom in compound

methylalumoxane

macrocyclic polyether with m-membered ring and n oxygen
atoms

methyl

mesityl

2,4,6-C¢H;R;, where R is usually a bulky group such as Buw'

tris(2-dimethylaminoethyl)amine, N(CH,CH,;NMe,),

maleonitriledithiolate anion

methyltrioxorhenium(VII), CH;ReO,

norbornadiene

N-bromosuccinimide

bis(2-diphenylphosphinoethyl)amine, HN(CH,CH,PPh,),

tris(2-diphenylphosphinoethyl)amine, N(CH,CH,PPh,);

nitrilotriacetic acid, N(CH,COOH),

acetate anion

octaethylporphyrin

teflate anion, OTeF5

oxalate anion, C,0%~

phthalocyanine

phenyl, C¢H;



phen

pic

pip

pn

PNP (=np?)
porph
pp’
PPN* (=PNP*)
Pr

pts

pY

pz or pyr
QAS

QP

R

Ry

S

Sacac

sal

salen
saloph
silox
tacn
TAN
TAP
TAS

TCNE
TCNQ
teen
tempo
terpy

TFA

THEF or thf
THT or tht
tmen
TMPA
tmtaa

tn

tol

tos

Tp, Tp*
TPA

TPN (= np’)
TPP

tren

trien
triflate (ion)

ABBREVIATIONS IN COMMON USE  Xiii

1,10-phenanthroline

picolinate anion

piperidine

propylenediamine (1,2-diaminopropane)

bis(2-diphenylphosphinoethyl)amine, HN(CH,CH,PPh,),

porphyrin (or any porphyrin)

tris(2-diphenylphosphinoethyl)phosphine, P(CH,CH,PPh;,),

[(PhsP),N]*

propyl (Pr" or Pr))

p-toluenesulfonate (also tos)

pyridine .

pyrazolyl

tris(2-diphenylarsinophenyl)arsine, As(o-CsH,AsPH,),

tris(2-diphenylphosphinophenyl)phosphine, P(o-C¢H,PPh,);

alkyl (preferably) or aryl group

perfluoro alkyl group

solvent

thioacetylacetonate anion

salicylaldehyde

bissalicylaldehydeethylenediimine

the dianion of disalicylidene-o-phenylenediamine

the anion of Bu}SiOH

1,4,7-trimethyl-1,4,7-triazacyclononane

tris(2-diphenylarsinoethyl)amine, N(CH,CH,AsPh,);

tris(3-dimethylarsinopropyl)phosphine, P(CH,CH,CH,AsMe,);

bis(3-dimethylarsinopropyl)methylarsine,
MCAS(CHchchzASMez)Z

tetracyanoethylene

7,7,8,8-tetracyanoquinodimethane

N,N,N’, N'-tetracthylethylenediamine

2,2,6,6-tetramethylpiperidine-1-oxyl

terpyridine

trifluoroacetic acid

tetrahydrofuran

tetrahydrothiophene

N,N,N’, N'-tetramethylethylenediamine (also TMEDA, tmeda)

tris(2-pyridylmethyl)amine

dibenzotetramethyltetraaza[l4]annulene

1,3-diaminopropane(trimethylenediamine)

tolyl (CH;C:H,)

p-toluenesulfonate (also pts)

hydridotrispyrazoylborate; substituted Tp

1,3,5-triaza-7-phosphaadamantane

tris(2-diphenylphosphinoethyl)amine, N(CH,CH,PPh,);

meso-tetraphenylporphyrin

tris(2-aminoethyl)amine, N(CH,CH,NH,);

triethylenetetraamine, (—CH,NHCH,CH,NH,),

CF;SO3



Xiv  ABBREVIATIONS IN COMMON USE

triphos any chelating triphosphine

trop anion of tropolone

TSN tris(2-methylthiomethyl)amine, N(CH,CH,SMe),

TSP tris(2-methylthiophenyl)phosphine, P(o-C;H,SMe);
TSeP tris(2-methylselenophenyl)phosphine, P(o-C¢H,SeMe);
TTA 2-thenoyltrifluoroacetone, C,;H;SCOCH,COCF,

tu thiourea

X halogen or pseudohalogen

Xy xylol, 2,6-dimethylphenyl

2. Miscellaneous

A angstrom unit, 107 m

asym asymmetric or antisymmetric

bcc body centered cubic

BM Bohr magneton

bp boiling point

ccp cubic close packed

CFSE crystal field stabilization energy

CFT crystal field theory

CIDNP chemically induced dynamic nuclear polarization

cm™! wavenumber

CT charge transfer

CVD chemical vapor deposition

dec decomposes

d- dextorotatory

endor electron nuclear double resonance

ESCA electron spectroscopy for chemical analysis (= XPE, X-
photoelectron spectroscopy)

esI or epr electron spin (or paramagnetic) resonance

eV electron volt

EXAFS extended X-ray absorption fine structure

FT Fourier transform (for nmr or ir)

g g-value

() gaseous state

glc gas-liquid chromatography

h Planck’s constant

hcp hexagonal close packed

HOMO highest occupied molecular orbital

Hz hertz, s™!

ir infrared

IUPAC International Union of Pure and Applied Chemistry

I- levorotatory

)] liquid state

LCAO linear combination of atomic orbitals

LFSE ligand field stabilization energy

LFT ligand field theory

LUMO lowest unoccupied molecular orbital



MAS nmr
MO

mp

NOE

nmr

PE

R

(s)

SCE

SCF
SCF-Xa-SW
sp

str

sub

ABBREVIATIONS IN COMMON USE XV

magic angle spinning nmr
molecular orbital

melting point

nuclear Overhauser effect
nuclear magnetic resonance
photoelectron (spectroscopy)
gas constant

solid state

saturated calomel electrode
self-consistent field
self-consistent field, Xa, scattered wave (form of MO theory)
square pyramid(al)
vibrational stretching mode
sublimes

symmetrical

trigonal bipyramid(al)

lattice energy

ultraviolet

valence bond

atomic number

molar extinction coefficient
frequency (cm™! or Hz)
magnetic moment in Bohr magnetons
magnetic susceptibility
Weiss constant
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Chapter 1

SOME CROSS-CUTTING
TOPICS

1-1 Scope and Purpose

As explained in the Preface, the organization of this sixth edition does not include
chapters on broad classes of compounds (e.g., organometallic compounds) nor on
broad topics (e.g., bioinorganic chemistry). Much material that previously appeared
in such chapters is now distributed in the present rewritten chapters on the chemistry
of individual elements or groups of elements. However, there are still cross-cutting
concepts that are best treated generically. That will be done partly in this chapter,
but also, for a few topics that arec mainly relevant to transition metal chemistry, in
Chapter 16.

1-2 Polyhedra for Coordination and Cluster Compounds

One way to describe the structure of a coordination compound, or any molecule,
AB,, wherein a central atom A is linked to n peripheral atoms, B, is to state the
polyhedron whose vertices correspond to the positions of the B atoms. Thus, we
describe TiCl, as tetrahedral and PF; as trigonal bipyramidal. For cluster compounds,
with or without a central atom, it is obvious that the polyhedron defined is a useful
description of the structure. In this section the major coordination and cluster
polyhedra will be reviewed.

STRUCTURES OF COORDINATION COMPOUNDS
Coordination Number 2

There are two geometric possibilities, linear and bent. If the two ligands are identical,
the general types and their symmetries are linear, L—M—L, D.,;; bent, L—M—L,
C,,. This coordination number is, of course, found in numerous molecular com-
pounds of divalent elements, but is relatively uncommon otherwise. In many cases
where stoichiometry might imply its occurrence, a higher coordination number
actually occurs because some ligands form “bridges” between two central atoms.
In terms of the more conventional types of coordination compound—those with a
rather metallic element at the center—it is restricted mainly to some complexes of
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Cul, Ag!, Au', and Hg". Such complexes have linear arrangements of the metal ion
and the two ligand atoms, and typical ones are [CICuCl]", [H;NAgNH;]*, and
NCHgCN. The gold(I) halides present good examples of linear two coordination;
they consist of zigzag chains of the type (1-I). The metal atoms in cations such as
[UO,J*, [UO,]*, and [PuO,]**, which are linear, may also be said to have coordina-
tion number 2, but these oxo cations interact fairly strongly with additional ligands
and their actual coordination numbers are much higher; it is true, however, that
the central atoms have a specially strong affinity for the two oxygen atoms. Linear
coordination also occurs in the several trihalide ions, such as I5 and CIBrCl™.

X X
\ Au/ \Au /Au/ \
X/ AN
a-

Coordination Number 3

The two most symmetrical arrangements are planar and pyramidal with Dy, and G;,
symmetry, respectively. Both these arrangements are found often among molecules
formed by trivalent central elements. Among complexes of the metallic elements
this is a rare coordination number; nearly all compounds or complexes of metal
cations with stoichiometry MX, have structures in which sharing of ligands leads
toa coordination number for M that exceeds 3. There are, however, a few exceptions,
such as the planar Hgl; ion that occurs in [(CH3);S*][Hgl; ], the MN; groups that
occur in Cr(NR;); and Fe(NR,);, where R = (CHj3),Si, and various gold(I) com-
plexes.

In a few cases (e.g., CIF; and BrF;), a T-shaped form of three coordination
(symmetry C,,) is found.

Coordination Number 4

This is a highly important coordination number, occurring in hundreds of thousands
of compounds, including, inter alia, most of those formed by the element carbon,
essentially all those formed by silicon, germanium, and tin, and many compounds
and complexes of other elements. There are three principal geometries. By far
the most prevalent is tetrahedral geometry which has symmetry 7; when ideal.
Tetrahedral complexes or molecules are almost the only kind of 4-coordinate ones
formed by nontransition elements; whenever the central atom has no electrons in
its valence shell orbitals except the four pairs forming the o bonds to ligands, these
bonds are disposed in a tetrahedral fashion. With many transition metal complexes,
square geometry occurs because of the presence of additional valence shell electrons
and orbitals (i.e., partially filled d orbitals), although there are also many tetrahedral
complexes formed by the transition metals. In some cases (e.g., with Ni'', Co", and
Cu" in particular), there may be only a small difference in stability between the
tetrahedral and the square arrangement and rapid interconversions may occur.
Square complexes are also found with nontransition central atoms when there
are two electron pairs present beyond the four used in bonding; these two pairs lie
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above and below the plane of the molecule. Examples are XeF, and (ICl;),. Similarly,
when there is one extra electron pair, as in SF,, an irregular arrangement of symmetry
C,, is adopted. This can be regarded as what remains of a trigonal bipyramid (e.g.,
PF;) when one equatorial atom is replaced by a lone pair of electrons.

Coordination Number 5

Though less common than numbers 4 and 6, coordination number 5 is still very
important. There are two principal geometries, and these may be conveniently
designated by stating the polyhedra that are defined by the set of ligand atoms. In
one case the ligand atoms lie at the vertices of a trigonal bipyramid (tbp) (1-11),
and in the other at the vertices of a square pyramid (sp) (1-III). The tbp belongs
to the symmetry group Dj,; the sp belongs to the group C,,. It is interesting and
highly important that these two structures are similar enough to be interconverted
without great difficulty. Moreover, many 5-coordinate complexes have structures
that are intermediate between these two prototype structures. This ready deform-
ability and interconvertibility gives rise to one of the most important types of
fluxionality (Section 1-3).

While the thp seems to be somewhat more common than the sp, there is no
general predictive rule. For example, the [MCL]*~ ions (M = Cu, Cd, Hg) are ¢bp,
but [InCL])*~ and [TICL]*" are sp, and there are compounds that contain both tbp
and sp ions in the same crystal (e.g., [Ni(CN);s}*").

Pentagonal planar coordination, as in [Te(S;COEt);]", where two ligands are
bidentate and one monodentate, is very unusual. It seems to be due to the presence
of two stereochemically active lone pairs.

Coordination Number 6

This is perhaps the most common coordination number, and the six ligands usually
lie at the vertices of an octahedron or a distorted octahedron.

There are three principal forms of distortion of the octahedron. One is tetragon-
al, elongation or contraction along a single C, axis; the resultant symmetry is only
Dy, Another is thombic, changes in the lengths of two of the C, axes so that no
two are equal; the symmetry is then only Dy,. The third is a trigonal distortion,
elongation or contraction along one of the C; axes so that the symmetry is reduced
to Ds,. These three distortions are illustrated in Fig. 1-1.

The tetragonal distortion most commonly involves an elongation of one C, axis
and, in the limit, two trans ligands are lost completely, leaving a square, 4-coordinate
complex. The trigonal distortion transforms the octahedron into a trigonal antiprism.
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<[>

Ny
Rhombic, O — D5,

AV
O Y

Tetragonal, O, — Dy, AN Trigonal, Oy — Dsg

Figure 1-1 The three principal types of distortion found in real octahedral complexes.

{2
o

Another type of 6-coordinate geometry, much rarer but nonetheless important,
is that in which the ligands lie at the vertices of a trigonal prism; the ideal symmetry
is Dy,. This arrangement has often been observed in complexes with chelating
ligands and in a few metal sulfides, namely, MoS, and WS,, where it was first seen
many years ago, and more recently in MM;Ss (M = Mn, Fe, Co, Ni; M’ = Nb, Ta).
The chelate complexes that best exemplify this type of coordination contain the
1,2-dithiolene or 1,2-diselenolene type ligands, RC(S)—C(S)R, RC(Se)—C(Se)R.

Structures lying between the extremes of trigonal prismatic and antiprismatic
are sometimes found. As shown in Fig. 1-2, we may define the range of structures
according to a twist angle ¢, which is 0° for the prism and 60° for the antiprism.
Ligands such as the dithiolenes (1-IV) and the tropolonato anion (1-V), which are
somewhat inflexible and have too short a “‘bite” (the distance between the two
atoms bonded to the metal atom) to reach across the distance between vertices of
an octahedron, sometimes dictate a ¢ angle of <60°.

Rather recently it has been found that the trigonal prism can occur in some
discrete ML, species. The first examples were ZrMe?~ and HfMe?~, which are
discussed under the chemistry of those elements.
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VA

trigonal prism and antiprism projected down the threefold axis.

7\ Figure 1-2 A 6-coordinate structure intermediate between the
0]
\e The twist angle ¢ is measured in the plane of projection.

Coordination Number 7

There are three important geometric arrangements, as shown in Fig. 1-3. Both
experimental data and theory indicate that, except where a bias might arise from
the requirements of a particular polydentate ligand, these three structures are of
similar stability. Moreover, interconversions are not likely to be seriously hindered,
so that 7-coordinate complexes should be prone to fluxionality, as is often observed.

Coordination Number 8

There are three especially important idealized structures: the cube (O,), the square
antiprism (D,;), and the triangulated dodecahedron (D,;). All three are depicted
inFig. 1-4, which also shows how each of the latter two can be obtained by distortions
of the cube. The cube rarely occurs in discrete complexes, although it is found in
various solid arrays (e.g., the CsCl structure). Since each of the other two structures,
which can be so easily obtained from it, allow the same close metal-ligand contacts
while alleviating the ligand-ligand repulsions, their energetic superiority over the
cube is understandable.

The dodecahedron can be viewed as a pair of interpenetrating tetrahedra: a
flattened one defined by the B vertices and an elongated one defined by the A
vertices. There are also three nonequivalent sets of edges, one set being those
marked m in Fig. 1-4. The m edges are generally those spanned when there are
four bidentate ligands with a short bite. Detailed analysis of the energetics of M—X
and X—X interactions suggests that there will in general be little difference between
the energies of the square antiprism and the dodecahedral arrangement, unless
other factors, such as the existence of chelate rings, energies of partially filled inner
shells, exceptional opportunities for orbital hydridization, or the like, come into
play. Both arrangements occur quite commonly, and in some cases [e.g., the
M(CN);™ (M = Mo or W; n = 3 or 4) ions] the geometry varies from one kind

%“ Figure 1-3 The three im-

portant geometries for seven
coordination: (a) Pentagonal
bipyramid (D5); (b) Capped
octahedron (Ca)s (c)
(@ (b (© Capped trigonal prism (C,,).
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Figure 1-4 The two most im-
portant ways of distorting the
cube; (a) to produce a square
antiprism; (b) to produce a do-
decahedron.

to the other with changes in the counterion in crystalline salts, on changing
from crystalline to solution phases, and on changing the oxidation state of the
metal atom [e.g., TaCl,(dmpe), is approximately square antiprismatic while
TaCl,(dmpe); is more nearly dodecahedral].

A form of eight coordination, which is a variant of the dodecahedral arrange-
ment, is found in several compounds containing bidentate ligands in which the two
coordinated atoms are very close together (ligands said to have a small “bite”),
such as NO; and O%". In these, the close pairs of ligand atoms lie on the m edges
of the dodecahedron (see Fig. 1-4b); these edges are then very short. Examples of
this are the Cr(0,);” and Co(NO,); ions and the Ti(NO,), molecule.

Three other forms of octacoordination, which occur less often and are essentially
restricted to actinide and lanthanide compounds, are the hexagonal bipyramid (Ds;)
(1-V1), the bicapped trigonal prism (Dy,) (1-VII) and the bicapped trigonal antiprism
(D) (1-VIID). The hexagonal bipyramid is restricted almost entirely to the oxo
ions, where an OMO group defines the axis of the bipyramid, though it is occasionally
found elsewhere.

B B
c B\/\?\//.JB Bi!—;B
1 ‘B
KoK LA AN
B——B ~\ B=—==B
C B B

(1-VI) (1-vID) (1-VIII)

Higher Coordination Numbers

Of these, only nine displays appreciable regularity of form. The tricapped trigonal
prism, shown in Fig. 1-5, is rather common, being found, for example, in the
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Figure 1-5 The tricapped trigonal prism structure
found in many 9-coordinate complexes.

[M(H,O),]*" ions of the lanthanides and [ReH,)*". Another idealized structure,
which is rarer, is that of a square antiprism capped on one rectangular face. Even
higher coordination numbers, 10 to 12, are sometimes found for the largest metal
ions. In general, these do not conform to any regular geometry, although for 10
coordination a bicapped square antiprism is sometimes found, for example, in
K,[Th(O,CCO,),(H,0),]-2H,0. A distorted icosahedral arrangement for 12 coordi-
nation is found in [Ce(NO;)s]*" and [Pr(naph)]**, where naph is 1,8-naphthyridine.
The small bite of these bidentate ligands makes possible the high coordination
number.

STRUCTURES OF CAGE AND CLUSTER COMPOUNDS

The formation of polyhedral cages and clusters is now recognized as an important
and widespread phenomenon, and examples may be found in nearly all parts of
the periodic table. A cage or cluster is in a certain sense the antithesis of a complex;
yet there are many similarities due to common symmetry properties. In each type
of structure a set of atoms defines the vertices of a polyhedron, but in a complex
these atoms are each bound to one central atom and not to each other, whereas
in a cage or cluster there need not be a central atom and the essential feature is a
system of bonds connecting each atom directly to its neighbors in the polyhedron.

To a considerable extent the polyhedra found in cages and clusters are the
same as those adopted by coordination compounds (e.g., the tetrahedron, trigonal
bipyramid, and octahedron), but there are also others (see especially the polyhedra
with six vertices), and cages with more than six vertices are far more common than
coordination numbers >6. It should be noted that triangular clusters, as in [Re;Cly,]*~
or Os,(CO)p,, though not literally polyhedra, are not essentially different from
polyhedral species such as MogCl§* or Ir(CO),,.

Just as all ligand atoms in a set need not be identical, so the atoms making up
a cage or cluster may be different; indeed, to exclude species made up of more
than one type of atom would be to exclude the majority of cages and clusters,
including some of the most interesting and important ones.
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Four Vertices

Tetrahedral cages or clusters have long been known for the P4, As,, and Sb, molecules
and in more recent years have been found in polynuclear metal carbonyls such as
C04(CO)12, Ir4(CO)12, [T]S-C5H5FC(CO)]4, RSiCO3(CO)9, Fe.;(CO)%;, Re4(CO)12H4, and
a number of others; B,Cl, is another well-known example and doubtless many more
will be encountered.

Five Vertices

Polyhedra with five vertices are the trigonal bipyramid (tbp) and the square pyramid
(sp). Both are found among the boranes and carboranes (e.g., the tbp in B,CH;
and the sp in BsHy), as well as among the transition elements. Examples of the
latter are Oss(CO)y4 (tbp) and FesS,(CO)y (sp).

Six Vertices

Octahedral cages and clusters are numerous, especially among the transition metals.
Examples are Rh(CO), and [Cos(CO)14)*, as well as the metal halide type clusters,
MX;s and M¢Xy,, for M = Zr, Nb, Ta, Mo, W, and Re. The B{H? and B,CH,
species are also octahedral, although B¢H,, is a pentagonal pyramid. Less regular
geometries are also known such as the bicapped tetrahedron in Os¢(CO);s and
capped square pyramid in H,Os¢(CO);s.

Seven Vertices

Such polyhedra are relatively rare. The isoelectronic B,H}~ and BsC,H, species
have pentagonal bipyramidal (Ds,) structures. The Os,(CO), molecule has a capped
octahedron of Os atoms with three CO groups on each Os.

Eight Vertices

Eight-atom polyhedral structures are numerous, and a common polyhedron is the
cube; this is in direct contrast to the situation with eightfold coordination, where a
cubic arrangement of ligands is rare because it is disfavored relative to the square
antiprism and the triangulated dodecahedron in which ligand-ligand contacts are
reduced. In the case of a cage compound, of course, a structure in which contacts
between atoms are maximized will tend to be favored (provided good bond angles
can be maintained), since bonding rather than repulsive interactions exist between
neighboring atoms.

Relatively few cases with eight like atoms in a cubic array are known. a-
Polonium is the only element known to have simple cubic close packing. Among
the main group elements cubic CyRs, SigRy, GegRg, and SngRy molecules have been
reported! and among the transition metals there have been several reports, some

'A. Sekiguchi et al., J. Am. Chem. Soc. 1992, 114, 6260.
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with empty cubes ([NigSes(PPrj)s],? [NigCL(PPh)s(PPh;),]) and some with an atom
at the cube center (CugS[S,P(OR),]¢’).

The other cubic systems all involve two different species of atom that alternate
as shown in (1-IX). In all cases either the A atoms or the B atoms or both have
appended atoms or groups. The following list collects some of the many cube
species, the elements at the alternate vertices of the cube being given in bold type.

o
|
JA- )B
B—A
A (and appended groups) B (and appended groups)
Mn(CO); SEt
0s(CO); o
PtMe; or PtEt; Cl, Br, 1, OH
CH3Zn OCH,4
Tl OCH;,
1]5-C5H5Fe S
MC3ASCU |
PhAl NPh
Co(CO); Sb
FeSR S
MO(H20)3 S
(1-IX)

Although the polyhedron in cubane, or in a similar molecule, may have the
full O, symmetry of a cube, the A;B,-type structures can have at best tetrahedral,
T,, symmetry since they consist of two interpenetrating tetrahedra.

It must also be noted that only when the two interpenetrating tetrahedra happen
to be exactly the same size will all the ABA and BAB angles be equal to 90°. Since
the A and the B atoms differ, it is not in general to be expected that this will occur.
In fact, there is, in principle, a whole range of bonding possibilities. At one extreme,
represented by [(1’-CsH;)Fe(CO)],, the members of one set are so close together
that they must be considered to be directly bonded, whereas the other set (the C
atoms of the CO groups) are not at all bonded among themselves but only to those
in the first set. In this extreme, it might be better to classify the system as having
a tetrahedral cluster (of Fe atoms) supplemented by bridging CO groups.

At the other extreme are the A B, systems in which all A—A and B—B
distances are too long to admit of significant A—A or B—B bonding; thus the
system can be regarded as genuinely cubic (even if the angles differ somewhat from
90°). This is true of most of the systems listed previously. The atoms, however, in
the smaller of the two tetrahedra tend to have some amount of direct interaction

’D. Fenske et al., Angew. Chem. Int. Ed. Engl. 1992, 31, 321.
3]. P. Fackler, Jr. et al., J. Am. Chem. Soc. 1995, 117, 9778.
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with one another, thus blurring the line of demarcation between the cluster and
cage types.

A relatively few species are known in which the polyhedron is, at least approxi-
mately, a triangulated dodecahedron (Fig. 1-4b). These are the boron species
BgH%_, B{C;H,, and B;Cl.

Nine Vertices

Cages with nine vertices are rare. Representative ones are Bi3* (in BiyCly),
ByH}~, and B,C,H,, all of which have the tricapped trigonal prism structure (Fig.
1-5), and Sn§~, which is a square antiprism capped on one square face.

Ten Vertices

Species with 10 vertices are well known. In B,Hf; and B3C,H,, the polyhedron
(1-X) is a square antiprism capped on the square faces (symmetry D,;). But there
is a far commoner structure for 10-atom cages, commonly called the adamantane
structure after the hydrocarbon adamantane (C,yH,s), which has this structure; it is
depicted in 1-X1I and consists of two subsets of atoms: a set of four (A) that lie at
the vertices of a tetrahedron and a set of six (B) that lie at the vertices of an
octahedron. The entire assemblage has the 7, symmetry of the tetrahedron. From
other points of view it may be regarded as a tetrahedron with a bridging atom over
each edge or as an octahedron with a triply bridging atom over an alternating set
of four of the eight triangular faces.

(1-X)

The adamantane structure is found in dozens of A Btype cage compounds
formed mainly by the main group elements. The oldest recognized examples of this
structure are probably the phosphorus(III) and phosphorus(V) oxides, in which
we have P,O¢ and (OP),Oq, respectively. Other representative examples include
P4(NCH3)6, (OP)4(NCH3)6, AS4(NCH3)6, and (MeSi)456.

Eleven Vertices

Perhaps the only known eleven-atom cages are B,;Hf; and B,C,H;.

Twelve Vertices

Twelve-atom cages are not widespread but play a dominant role in boron chemistry.
The most highly symmetrical arrangement is the icosahedron (1-X1I), which has
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12 equivalent vertices and I, symmetry. Icosahedra of boron atoms occur in all
forms of elemental boron, in B;H};, and in the numerous carboranes of the B,,C,H,
type. A related polyhedron, the cuboctahedron (1-XIH) is found in several borides
of stoichiometry MB,,.

(1-XI1I)

1-3 Fluxionality (Stereochemical Nonrigidity)

Most molecules have a single, well-defined nuclear configuration. The atoms execute
approximately harmonic vibrations about their equilibrium positions, but in other
respects the structures may be considered rigid. There are, however, many cases
in which molecular vibrations or intramolecular rearrangements carry a molecule
from one nuclear configuration into another. When such processes occur at a rate
permitting detection by some physical or chemical method, the molecules are desig-
nated as stereochemically nonrigid. In some cases, the two or more configurations
are not chemically equivalent and the process of interconversion is called isomeriza-
tion or tautomerization. In other cases, the two or more configurations are chemically
equivalent, and this type of stereochemically nonrigid molecule is called fluxional.
These will be our main concern here.

The rearrangement processes involved in stereochemically nonrigid molecules
are of particular interest when they take place rapidly, although there is a continuous
gradation of rates and no uniquely defined line of demarcation can be said to exist
between ‘‘fast”” and ‘“‘slow” processes. The question of the speed of rearrangement
most often derives its significance when considered in relation to the time scale of
the various physical methods of studying molccular structure. In some of these
methods, such as electronic and vibrational spectroscopy and gas phase electron
diffraction, the act of observation of a given molecule is completed in such an
extremely short time (<<107!' s) that processes of rearrangement may seldom if ever
be fast enough to influence the results. Thus for a fluxional molecule, where all
configurations are equivalent, there will be nothing in the observations to indicate
the fluxional character. For interconverting tautomers, the two (or more) tautomers
will each be registered independently, and there will be nothing in the observations
to show that they are interconverting.

It is the technique of nmr spectroscopy that most commonly reveals the occur-
rence of stereochemical nonrigidity, since its time scale is typically in the range
1072 to 107 s. The rearrangements involved in stereochemically nonrigid behavior
are rate processes with activation energies. When these activation energies are in
the range 25 to 100 kJ mol ! the rates of the rearrangements can be brought into
the range of 10? to 10° s7! at temperatures between +150 and —150°C. Thus by
proper choice of temperature, many such rearrangements can be controlled so
that they are slow enough at lower temperatures to allow detection of individual
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Figure 1-6 The inversion of a

pyramidal molecule WXYZ. J/ ),(\ ,//)f /).( N
Note thatif X, Y,and Z are all v wam—\y —> Yiw — N ——Y
different, the invertomers are 1/ - o\ = \i/
enantiomorphous. z z z

molecules, or environments within the molecules, and rapid enough at higher tem-
peratures for the signals from the different molecules or environments to be aver-
aged into a single line at the mean position. Thus by studying nmr spectra over a
suitable temperature range, the rearrangement processes can be examined in much
detail. Only one study by any other spectroscopy, infrared, has been reported.

Fluxional Coordination Compounds

Coordination polyhedra are usually thought of in essentially static terms, that is,
as if there are no intramolecular interchanges of ligands. In many cases, especially
for octahedral complexes, this is valid, but there is a growing body of evidence that
nonrigidity, particularly fluxionality, is not uncommon. In fact, for 5-coordinate
complexes and most of those with coordination numbers of 7 or higher, nonrigidity
is the rule rather than the exception.

A common type of fluxional behavior is the inversion of pyramidal molecules
(Fig. 1-6). In the case of NH; and simple non-cyclic amines the activation energies,
which are equal to the difference between the energies of the pyramidal ground
configurations and the planar transition states, are quite low (24-30 kJ mol™!) and
the rates of inversion extremely high (e.g., 2.4 X 10" s™! for NH;). Actually, in the
case of NH,, the inversion occurs mainly by quantum mechanical tunnelling through
the barrier rather than by passage over it. In most cases, however, passage over a
barrier (i.e., a normal activated rate process) is operative. With phosphines, arsines,
R,S*, and R,SO species the barriers are much higher (>100 kJ mol™), and inversions
are slow enough to allow isolation of enantiomers in cases such as RR'R"P and
RR’SO. :

Among 4-coordinate transition metal complexes fluxional behavior based on
planar/tetrahedral interconversions is of considerable importance. This is especially
true of nickel(Il) complexes, where planar complexes of the type Ni(R;P).X; have
been shown to undergo planar = tetrahedral rearrangements with activation energ-
ies of about 45 kJ mol™' and rates of ~10° s™! at about room temperature.

Trigonal Bipyramidal Molecules

A class of fluxional molecules of great importance are those with a thp configuration.
When all five appended groups are identical single atoms, as in ABs, the symmetry
of the molecule is Dy,. The two apical atoms B, and B, (Fig. 1-7) are equivalent
but distinct from the three equatorial atoms B,, B4, Bs, which are equivalent among
themselves. In general, experiments such as measuring nmr spectra of B nuclei,
which can sense directly the kind of environmental difference represented by B,
B, versus B;, By, Bs, should indicate the presence of two sorts of B nuclei in tbp

1. J. Turner et al., J. Phys. Chem. 1995, 99, 17532.
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(0} {b) (c) tion for 5-coordinate molecules.

molecules. In many cases, for example, the ®C spectrum of Fe(CO)s, and the F
spectrum of PF; (to name the two cases where such observations were first made),
all five B nuclei appear to be equivalent in the nmr spectrum, even though other
experimental data with a shorter time scale, such as diffraction experiments and
vibrational spectroscopy, confirm the tbp structure.

All the ligands in the nmr spectrum in these cases appear to be equivalent
because they pass rapidly between the axial and equatorial sites. Theory shows that
if two nuclei occupying sites whose resonance frequencies », and », differ by
Av s7! change places at a frequency greater than Av s™!, only one resonance at
Y2(1 + 1,) will be observed. Since a ligand can move from an axial to an equatorial
site only if there is a simultaneous shift of a ligand from an equatorial site to an
axial one, it is clear that only two types of intramolecular* exchange processes are
possible: (1) those in which each step involves one axial and one equatorial ligand,
and (2) those in which both axial ligands simultaneously exchange with two equator-
ial ones. In cases for which direct evidence has been obtained, the second type of
process (2-for-2 exchange) is indicated.

It is important to realize that the nmr experiment can never do more than
distinguish between two algebraically different permutations (i.e., 1-for-1, or 2-for-
2, as above); it can never reveal the detailed pathways of the atoms. Two plausible,
idealized pathways have been suggested for the 2-for-2 rearrangement of a thp
molecule. One of them, first suggested by R. S. Berry in 1960, is shown in Fig. 1-7.
Not only do the thp and sp configurations of an ABs molecule tend to differ little
in energy, but, as Berry pointed out, they can also be interconverted by relatively
small and simple angle deformation motions and in this way axial and equatorial
vertices of the thp may be interchanged. As shown in Fig. 1-7, the sp intermediate
(b) is reached by simultaneous closing of the B;AB, angle from 180° and opening
of the B4AB; angle from 120° so that both attain the same intermediate value, thus
giving a square set of atoms, B,, B,, B,, B, all equivalent to each other. This sp
configuration may then return to a tbp configuration in either of two ways, one of
which simply recovers the original while the other, as shown, places the erstwhile
axial atoms B,, B, in equatorial positions and the erstwhile equatorial atoms B,, B;s
in the axial positions. Note that B; remains an equatorial atom and also that the
molecule after the interchange is, effectively, rotated by 90° about the A-B, axis.
Because of this apparent, but not real rotation, the Berry mechanism is often called
a pseudorotation and the atom B, is called the pivot atom. Of course, the process
can be repeated with B, or B; as the pivot atom, so that B, too will change to an
axial position.

*In both PFs and Fe(CO)s the persistence of *P—!"F and Fe—"C coupling rules out dissociative or
bimolecular processcs, and there is no reason to doubt that the overwhelming majority if not all fluxional
thp molecules rearrange intramolecularly.
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Figure 1-8 The turnstile rotation. 2

A second process that also results in a 2-for-2 exchange, called the ‘“‘turnstile
rotation” for obvious reasons, is shown in Fig. 1-8. As already noted, no choice
between these is possible on the basis of the nmr spectra themselves for an ABs
molecule, but theoretical work on PF;s and other species favors the Berry process.

Coordination Number 6 or More

The octahedron is usually rather rigid, and fluxional or rapid tautomeric re-
arrangements generally do not occur in octahedral complexes unless metal-ligand
bond breaking is involved. Among the few exceptions are certain iron and ruthenium
complexes of the type M(PR;),H,. The cis and trans isomers of Fe[PPh(OEt),],H,,
for example, have separate, well-resolved signals at —50°C that broaden and collapse
as the temperature is raised until at 60°C there is a single sharp multiplet indicative
of rapid interconversion of the two isomeric structures. The preservation of the
3IP—IH couplings affords proof that the rearrangement process is nondissociative.
The distortion modes postulated to account for the interconversions are shown in
Fig. 1-9. The rearrangement of “octahedral” bis and tris chelate complexes is
considered later.

Stereochemical nonrigidity, especially if it is fluxional, seems likely to be consis-
tently characteristic of complexes with coordination numbers of 7 or greater. All
7-coordinate complexes so far investigated by nmr techniques have shown ligand-
atom equivalence even though there is no plausible structure for a 7-coordinate
complex that would give static or instantaneous equivalence.

Eight-coordinate structures are usually fluxional. The dodecahedral structure,
which is one of the commonest, has two distinct subsets of ligands, but these can
easily interchange by rearrangement of the dodecahedron to a square antiprism,
and then back, as shown in Fig. 1-10. The fundamental feature of this process is
the opening of one or more edges shared by adjacent triangular faces to generate
one or more square faces, followed by reclosing of edges in a different way. In this
case, two such triangle-square-triangle transformations occur; the Berry process
can be viewed as entailing only one such process for each step. There are other

Figure 1-9 The types of distor-
tion postulated to lead to intercon-
version of cis and trans isomers of
Fe[PPh(OEt),],H,. p
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Figure 1-10 Interconver-
sion of A and B vertices of
a dodecahedron by way of a
square antiprism intermediate
or transition state.

systems (e.g., icosahedral carboranes) in which this simple step may provide a basis
for polytopal rearrangements.

In the case of 9-coordinate species, where the ligands adopt the Dy, capped
trigonal prism arrangement shown in Fig. 1-11, there is also an easy pathway for
interchanging ligands of the two sets, and for species such as ReHj~, ReHPRj,
and ReH,(PR;),, attempts to detect the presence of hydrogen atoms in two different
environments by nmr have failed. Figure 1-11 shows the probable form of the
rearrangement that causes the rapid exchange.

Trischelate Complexes

Trischelate complexes exist in enantiomeric configurations A and A about the
metal atom and the process of inversion (interconversion of enantiomers) is of
considerable interest. When the metal ions are of the inert type, it is often possible
to resolve the complex; then the process of racemization can be followed by measure-
ment of optical rotation as a function of time. Possible pathways for racemization
fall into two broad classes: those without bond rupture and those with bond rupture.

There are two pathways without bond rupture that have been widely discussed.
One is the trigonal, or Bailar, twist and the other is the rhombic, or Ray-Dutt,
twist, shown in Fig. 1-12 (a) and (b), respectively. Twist processes are, of course,
not confined to chelate complexes.

There are several plausible dissociative pathways, in which a 5-coordinate inter-
mediate of either thp or sp geometry is formed. One which seems likely in some
cases is shown in Fig. 1-12(c). While associative pathways entailing a 7-coordinate
intermediate with a coordinated solvent molecule have been hypothesized, there
is no evidence for their actual occurrence.

While unequivocal determination of rearrangement pathways is usually impossi-
ble, experimental data can often exclude certain possibilities. For example, in the
racemization of [Cr(C,O,);]*" a ring-opening path is virtually demanded since all
oxalate oxygen atoms exchange with solvent water at a rate faster than that for
oxalate exchange but almost equal to that of racemization.

Figure 1-11 The postulated
pathway by which the ligands
may pass from one type of ver-
tex to the other in the Ds, tri-
capped trigonal prism.
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A considerable amount of effort has been devoted to M(dike); complexes
because by using unsymmetrical diketonate ligands, the processes of isomerization
and racemization can be studied simultaneously. Since isomerization can occur only
by a dissociative pathway, it is often possible to exploit well-designed experiments
to yield information on the pathways for both isomerization and racemization.

To illustrate the approach, let us consider some of the data and deductions for
the system Co[CH;COCHCOCH(CHj;),];, measured in C¢H;Cl. It was found that
both the isomerization and the racemization are intramolecular processes, which
occur at approximately the same rate and with activation energies that are identical
within experimental error. It thus appears likely that the two processes have the
same transition state. This excludes a twist mechanism as the principal pathway for
racemization. Moreover, it was found that isomerization occurs mainly with inver-
sion of configuration. This imposes a considerable restriction on the acceptable
pathways. Detailed consideration of the stereochemical consequences of the various
dissociative pathways, and combinations thereof, leads to the conclusion that for
this system the major pathway is through a tbp intermediate with the dangling
ligand in an axial position as in Fig. 1-12(c).

Evidence for the trigonal twist mechanism has been obtained in a few complexes
in which the “‘bite” of the ligand is small, thus causing the ground state configuration
to have a small twist angle ¢, as defined in Fig. 1-2. Complexes in which there are
three chelating ligands with small bite typically contain ligands such as R,NCS; or
RC(NR');. Since their structures are already distorted considerably from octahedral
towards trigonal prismatic, a fully trigonal prismatic transition state is energetically
rather accessible.

Metal Carbonyl Scrambling

Di- and polynuclear metal carbonyl compounds have a general tendency to engage
in a type of fluxional behavior called carbonyl scrambling. This type of behavior
arises because of some of the inherent properties of metal to CO bonding. As
shown in Fig. 1-13, the energy of a binuclear system consisting of two metal atoms
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A A A A A Figure 1-13 Potential energy
curve for the concerted exchange
% of two CO ligand groups via a
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and two CO groups does not in general vary a great deal (<30 kJ mol™') over the
entire range of configurations from that in which there is one terminal CO ligand
on each metal atom to that in which both CO groups are forming symmetrical
bridges. In many cases the terminal arrangement is more stable than the bridging
one, and the overall process allows CO (A) to pass from the left metal atom to
the one on the right while CO (B) is simultaneously making the opposite journey.
This sort of process may also occur around a three-membered ring (or even a larger
one). The converse case, where a bridged arrangement is more stable than the
terminal one, also occurs. Concerted processes of this type account for most of the
known cases in which CO groups are scrambled over a skeleton of two or more
metal atoms. Let us examine a few illustrations.

The Cp,Fe,(CO), molecule exists in solution as a mixture of cis and trans
isomers with bridging CO groups, as follows.

@ /8\ /@ \ /(C)\ /CO

Fe—Fe Fe

Fe—
VAN )
0 (0]

The 'H nmr resonances for the rings should appear at different positions and, as
shown in Fig. 1-14, this is observed at —70°C. However, at +28°C only a single
sharp signal at the intermediate position is seen. Clearly, between —70°C and room
temperature some process by which the cis and trans isomers are interconverted
becomes very rapid. This process cannot be a simple rotation because of the central
rigid ring system. The nmr spectrum of the *C atoms of the CO groups shows that

-70° -53° —44° +28°
Figure 1-14 The 'H nmr
spectra of the cis- and trans-
[(77-CsH;5)Fe(CO),], at several

temperatures.
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the cis—trans interconversion is accompanied by interchange of the CO groups
between bridging and terminal positions. The explanation for both these processes
is that the CO bridges open in a concerted way to give a nonbridged Cp(OC),Fe—
Fe(CO),Cp intermediate in which rotation about the Fe—Fe bond takes place. This
rotation will be followed by a reclosing of bridges, but that may produce either a
cis or a trans isomer, regardless of which one was present before bridge opening.
In addition, the CO groups that swing into bridge positions need not be the same
ones that were there at the outset, so that bridge/terminal interchange will also
result.

Another example of CO scrambling is provided by the molecule shown in Fig.
1-15, which has four different types of CO group, a—d, as indicated. In a BC nmr
spectrum, only at —139°C or lower are all the different resonances seen. When the
temperature is raised to about —60°C only two resonances, in an intensity ratio of
5:2, are seen. This is because the five approximately coplanar CO groups (types
a, b, and ¢) are rapidly cycling around over the five available sites, as in Fig. 1-15(a).
Between —60°C and room temperature, this two-line spectrum collapses to a one-
line spectrum as the five in-plane CO groups come into rapid exchange with the
other two, probably by a process in which each set of three a, b, and ¢ carbonyl
groups on each iron atom rapidly rotates as in Fig. 1-15(b). The combined effect
of both rapid processes is to move all CO groups over all seven sites rapidly, thus
making them all appear equivalent in the nmr spectrum, even though there are
four distinct types at any instant.

This example introduces another rather common type of CO scrambling process,
namely, localized rotation of the CO groups in an M(CO); unit that is bound to
some other portion of a large molecule. In virtually every known case, this rotation
will occur rapidly below the decomposition temperature of the compound, regard-
less of whether there is any internuclear scrambling of the CO groups. However,
the activation energies, and hence the temperatures of onset, for these localized
rotations vary considerably. A rather nice example is provided by Osy(CO);s (a
bicapped tetrahedron), in which the three distinct types of Os(CO); unit exhibit
coalescence temperatures of ca. —100, —10, and +40°C. It has not been possible
to determine which signal is associated with each type of Os(CO); however.

YRV
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Figure 1-15 A molecule that | l! , o /‘\F U S
displays: (a) a cyclic mode of ¥ ¥—FeT—fe—b ==¢ T Ny’
rearrangement of the five co- e 4 a (@)
planar CO groups; (b) a mode - . ¢ b
of rearrangement of three ter-
minal CO groups on the same = "'—h\—h_b = V—T\—/?—d - ®
a a

iron atom. d d d ¢
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Cluster Rotation within CO Shells

It is well known that in molecules such as Fes(CO);;, and Rhy(CO)y,, where there
are several structurally nonequivalent types of CO groups, the *C nmr spectrum
at higher temperatures shows only one signal. This indicates that all CO groups
pass through all of the different types of sites rapidly. In the case of Rhy(CO),,,
the signal in the fast exchange regime also shows unequivocally that these CO
groups “‘see” each of the four Rh atoms equally. It is easily possible to explain
these results by the repeated occurrence of the sorts of processes just discussed.
For each of these molecules the key step would be the concerted opening of CO
bridges to give intermediates that contain only terminal groups, followed by the
reclosing of bridges using other CO groups and spanning other edges of the Fe; or
Rh, cluster. It has been pointed out, however, that for these two cases, and some
others, a different mechanism could also account for the *C nmr results.’

This alternative mechanism is based on the notion that the set of 12 CO groups
is packed around the central cluster of metal atoms in such a way as to define a
distorted icosahedron. Since the central cluster has only a few of the symmetry
elements of a regular icosahedron, its presence inside the icosahedron leads to
small, symmetry-lowering distortions. However, if we imagine that the cluster as
a whole can reorient within the shell of the CO groups, accompanied by small
readjustments of the distortions from full icosahedral symmetry, we have a mecha-
nism for rendering all of the CO groups equivalent on a time-average basis. At
the present time, no experiment has yet been devised to distinguish between this
mechanism and the more conventional ones for M,(CO),, molecules in solution.

In the crystalline state, however, there is experimental evidence showing that
at least limited reorientations of metal clusters within shells of CO groups do occur.
The clearest example is provided by Fe;(CO)y, crystals of which are disordered as
shown in Fig. 1-16. Magic-angle spinning *C nmr spectra between 31 and —121°C
show that the Fe, cluster flips between these two orientations at room temperature
but is frozen into one or the other at lower temperatures. This has the effect of
averaging the bridge CO resonances with a pair of the terminal ones, as well as
averaging the other terminal resonances in pairs. In crystalline Co,(CO), the situa-
tion is a little more complicated, but some form of rotation of the Co, cluster within
the shell of CO groups occurs. In both of these cases, the proposal of cluster rotation
within a fixed shell of CO groups is based on the reasonable assumption that because
of intermolecular forces the CO shell itself does not rotate.

Figure 1-16 An idealized
view of the structure of
Fe,(COy;), where the set of CO
groups is represented as aregu-
lar icosahedron and the two
orientations for the Fe; cluster
are shown.

°B. F. G. Johnson et al., Polyhedron 1993, 12, 977.
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Fluxional Organometallic Compounds

Fluxionality is characteristic of certain classes of organometallic compounds and is
found occasionally in others. The phenomenon is seen characteristically in com-
pounds containing conjugated cyclic polyolefins such as cyclopentadienyl, cyclohep-
tatrienyl, or cyclooctatetraene, to name the three most common ones, attached to
a metal atom through at least one but less than all of their carbon atoms, as
illustrated by the following partial structures.

M M M

S O O
M )

/

In each of these structures there are several structurally different ring carbon
atoms and hydrogen atoms; thus complex nmr spectra would be expected. For
example, the (7'-CsH;)M system should have a complex downfield multiplet of the
AA'BB’ type and relative intensity 4 for the four olefinic H atoms and an upfield
multiplet of relative intensity 1 for the H atom attached to the same carbon atom
as the metal atom. In fact, at room temperature, or not far above, most compounds
containing moieties of these kinds exhibit only one sharp singlet in the 'H or BC
spectrum for the entire organic ligand. The explanation for this is that at higher
temperatures the place of attachment of the metal atom to the ring is shifting
rapidly over some or all members of the set of such equivalent points, thus conferring
time-average equivalence on the C and H atoms. Two such hopping processes for
the (n'-CsH;)M case are illustrated in Fig. 1-17. Because of the nature of the motion
of the ring relative to the metal atom, these systems have been called “ring whizzers.”

In each of the ring whizzer systems full characterization requires experimental
information on three points: (1) structure of the configuration in which the molecule
rests between hops; (2) the rate of hopping at various temperatures, from which
activation parameters can be obtained; (3) the pathway used in the hopping process.

=<y =-¢-

ment pathways for a (n-CsHs)M
moiety. (a) 1,2 shifts. (b) 1,3 shifts,
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As the (n'-CsH;)M case shows, there is usually more than one set of jumps that
can be considered.

On all these points information is provided by nmr spectra recorded at lower
temperatures. When a temperature is reached such that the spectrum remains the
same at still lower temperatures, it is generally safe to assume that this spectrum
(the slow-exchange spectrum) indicates the structure of the molecule between
jumps. In dozens of cases structures of the above types were expected, and their
presence was confirmed in this way. Of course X-ray study of the crystalline com-
pounds can usually also be carried out, and in every case the X-ray and low-
temperature nmr results have been in agreement. If nmr spectra are then recorded
at 10 to 20°C temperature intervals between the slow-exchange limit and the higher
temperatures and each one is matched to a computer-calculated spectrum for a
given rate of rearrangement, the activation parameters can be evaluated by plotting
the rates and temperatures in the usual ways.

In quite a few cases it can be shown that the appearance of the intermediate
spectra would be different for different hopping patterns (such as the 1,2 shifts
and 1,3 shifts in Fig. 1-17), and a decision can therefore be made between them.
In all cases of (n-CsHs)M systems, observations of this kind coupled with other
data have favored the 1,2-shift pathway. For the homologous (n'-C;H;)M systems
more diversity has been found. When M = Re(CO);, only 1,2 shifts are observed,
but when M = (7-C;H;)Ru(CO), both 1,2 and 1,3 shifts occur, although the
former predominate. In the case of Ph;Sn(n'-C;H;) the fluxional pathway entails
1,5 shifts.

For the (n%1,3,5,7-Me,CsH)M(CO); molecules, with M = Cr, Mo, and W,
only 1,2 shifts have been detected, but in the (7>-CgHg)M(CO), molecules, the
predominant pathway is by 1,3 shifts, with 1,2 shifts accounting for only about
30% of the jumps. For systems of the other three types only 12 shifts have
been observed.

Allyl complexes are characteristically fluxional, the principal pathway being the

77-1*-17 process shown below.
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There are also compounds in which ligands exchange their modes of bonding.
This is illustrated, for example, by Ti(7!-CsH;),(77°-CsHs), as follows.

R RN _
Yo o

1-4 The Use of Ligand Bulk and Other Properties
to Enhance Stability

The term ‘‘stable” is commonly used in a loose operational sense. If a compound
persists under certain conditions (specified or unspecified) it is called stable. This
is confusing, because the real questions have to do with inherent thermodynamic
stability, kinetic control of reactivity, the nature of the available reactants (e.g., O,,
H,0) and, finally, the thermodynamic stability of the reaction products.

Many “unstable” substances are simply reactive, i.e., kinetically unstable. In
recent years a realization of this has led to the design of ligands or substituents
that diminish reactivity. Most commonly, this is done simply by placing so much
steric hindrance in the potential reaction path that an otherwise thermodynamically
favored reaction cannot get underway. In other cases, it is a question of choosing
ligands or substituents that are themselves unable to engage in a type of reaction
that could result in decomposition. In this section examples of both of these ap-
proaches will be presented.

Multiple Bond Formation by Heavier Main Group Elements

It used to be (=30 years ago) a truism that while C, O, and N readily formed stable
compounds in which there are double and triple bonds to these atoms, their heavier
congeners (Si, Ge, Sn, S, Se, P, As) did not form such bonds. Explanations tended
to imply a thermodynamic cause, that is, they suggested reasons why 7 bonds
between the heavier elements would be too weak to exist. Inner shell repulsions
and poor pr—pm overlap were usually blamed.

Today it is clear that the problem was kinetic and by sterically encumbering
the multiple bonds they can be protected from electrophilic attack. It may be
noted that the 7 bonds between atoms of the heavier elements are indeed
weaker than those in the first row, but this alone is not the reason why, until
recently, compounds could not be isolated. For example, it is believed, based
partly on cis/trans isomerization studies, that while the C—C 7 bond has a
strength of about 272 kJ mol™!, the Si—Si 7 bond strength is about 170 kJ
mol~’. Thus a Si=Si is thermodynamically stable, but weak enough to be much
more reactive than a C=C bond.
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As first shown in 1981, a molecule containing an Si=Si bond can be stabilized
by a simple steric “‘fix,”” that is, using the bulky mesityl groups:

HsC H
R,Si==SiR, R= CH;
HsC H

Many isolable R,Si=SiR, compounds are now known, most containing even larger
R groups, such as 2-adamantyl, Me;C and Tip, which is a sort of supermesityl, 1-XIV.

Me,CH H
CHMe,
Me,CH H
(1-X1V)

The first “stabilized” Si=Si bond was soon followed by a P=P bond in (Me;Si),
CP=PC(SiMe;);.

Very bulky groups such as those just mentioned, and even larger ones such as
1-XV, have now been employed to prepare stable compounds containing, in addition
to Si=Si and P=P bonds, also Si=C, Si=P, Si=As, Ge=Ge, Ge=C, Sn=38n,
and Sn=C bonds.

M62CH

Me,CH
H
Me,CH
H
Me,CH H
1-Xv)

SA. Sekiguchi er al., J. Am. Chem. Soc. 1992, 114, 6260.
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Steric Protection Against Oligomerization

The employment of bulky ligands to prevent dimerization or other oligomerization
process is a well-known but important practice. In this way compounds or complexes
with lower than usual coordination numbers are obtained. It was shown many years
ago that several of the transition metals will form mononuclear tris-amido complexes
when the amido group is (Me;Si),N. It is also possible to suppress or entirely prevent
the tendency of alkoxides to form polynuclear oligomers by employing bulky alkyl
or aryl groups. For example, Ti(OEt), forms a tetramer in which each Ti atom
achieves octahedral coordination, but when very bulky R groups are substituted
for the ethyl groups, dimers or even monomers can be stabilized.

Recently, an interesting application of this principle has been made in the case
of molybdenum(III) dialkyl amides. With the small amido groups Me,N and Et,N
these dimerize, though not by the common process of forming an edge-sharing
bioctahedron, with bridging NR, groups, but, as discussed in Section 18-C-10, by
forming an ethane-like molecule with a triple Mo=Mo bond. When the R,N ligands
are (Me;C)(3,5-Me,C¢Hi)N, the two (R,N);Mo units cannot approach each other
to form a Mo=Mo triple bond, but the (R,N);Mo molecule can react avidly with
N,O to form (R,N);MoN and (R,N);MNOQ.’

Another recent example of stabilizing a very low coordination number is pro-
vided by the RyFe compound in which R = 2 4,6-(Me;C);CH,, whereby a 2-coordi-
nate iron(Il) compound is formed.?

Forestalling B-Hydrogen Transfer

Another class of supposedly “non-existent compounds,” were alkyls of transition
metals. It was tacitly assumed, years ago, that M—C bonds, where M is a transition
metal, were very weak and thus simply by breakage of such bonds decomposition
was inevitable. It is now recognized that this is much too simple an idea and that
in many cases the decomposition is not initiated by M—C bond breaking but by a
process called B-hydrogen transfer:

H, H, P|I EIR other mostly
M—C—C—R —» M--— || —— irreversible
CH, steps

The clear inference to be drawn is that the use of alkyl groups that have no
B-hydrogen atoms, such as methyl, benzyl (CHs;CH;), neopentyl (Me;CCH;) and
trimethylsilylmethyl (Me;SiCH; ), to cite the most commonly used ones, might allow
the isolation of compounds of types where the ethyl or propyl, etc. homologs
decompose rapidly. This has proven to be correct. For example, TiEt, decomposes
at —80°C, while Ti(CH,CMe;), is stable at its melting point of 90°C. It must be
noted that to some extent steric crowding may also contribute to stability since
Ti(CH,;), decomposes at about —40°C.

It is advisable to conclude with a word of caution. The decomposition of metal
alkyls may be governed by many factors, of which the possibility of 8-elimination

’C. C. Cummins et al., J. Am. Chem. Soc. 1996, 118, 709.
SW. Siedel er al., Angew. Chem. Int. Ed. Engl. 1995, 34, 325.
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is only one. However, the use of an alkyl that cannot do so is often sufficient to
suppress rapid decomposition.

1-5 Design of Specialized Ligands

Classical coordination chemistry employing simple, or relatively simple, ligands
(e.g., NH;, C1-, H,0) is presented in introductory textbooks and will not be reviewed
here. However, the design and use of a variety of complex, polydentate ligands
that are designed to achieve specific purposes is continuing to be an important
frontier of research in inorganic chemistry. In this section, several aspects of this
subject will be summarized. We begin with some basic concepts, but assume that
the reader has some familiarity with the fundamentals.’

The Chelate Effect'®

The term chelate effect refers to the enhanced stability of a complex system con-
taining chelate rings as compared to the stability of a system that is as similar as
possible but contains none or fewer rings. As an example, consider the following
equilibrium constants:

Ni**(aq) + 6NH3(aq) = [Ni(NH3)6]**(aq) log B = 8.61

Ni2+(aq) + 3en(aq) = [Ni en3]2+(aq) log B =18.28

The system [Ni en;]** in which three chelate rings are formed is nearly 10%° times
as stable as that in which no such ring is formed. Although the effect is not always
so pronounced, such a chelate effect is a very general one.

To understand this effect, we must invoke the thermodynamic relationships:

AG®°=-RTIn B

AG° = AH° - TAS®

Thus B increases as AG® becomes more negative. A more negative AG® can result
from making AH° more negative or from making AS° more positive.

As a very simple case, consider the reactions, and the pertinent thermodynamic
data for them, given in Table 1-1. In this case the enthalpy difference is well
within experimental error; the chelate effect can thus be traced entirely to the
entropy difference. )

In the example first cited, the enthalpies make a slight favorable contribution,
but the main source of the chelate effect is still to be found in the entropies. We

SRecent monographs: A. von Zelewsky, Stereochemistry of Coordination Compounds, Wiley,
1996; A. E. Martell and R.D. Hancock, Metal Complexes in Aqueous Solutions, Plenum,
1996; A. E. Martell and R. J. Motokaitis, The Determination and Use of Stability Constants,
VCH Publishers, 1989.

VA, E. Martell et al., Coord. Chem. Rev. 1994, 133, 39.
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Table 1-1 Two Reactions Illustrating a Purely Entropy-Based Chelate Effect

Cd**(aq) + 4CH;NH,(aq) = [CA(NH,CH:),)**(aq)  log B = 6.52
Cd**(aq) + 2H,NCH,CH,NH,(aq) = [Cd(en),]**(aq)  log B = 10.6

AH® AS® —TAS® AG®

Ligands (kJ mol™) (J mol~" deg™!) (kJ mol™) (kJ mol™)
4CH;NH, -573 —-673 20.1 -372
2en -56.5 +14.1 —42 -60.7

may look at this case in terms of the following metathesis:
[Ni(NH3)s]**(aq) + 3 en(aq) = [Ni en3)**(aq) + 6NH3(aq) log B =9.67

for which the enthalpy change is —12.1 kJ mol ™, whereas —TAS® = —43.0 kJ mol .
The enthalpy change corresponds very closely to that expected from the increased
crystal field stabilization energy of [Ni ens]**, which is estimated from spectral data
to be —11.5 kJ mol™! and can presumably be so explained.

As a final example, which illustrates the existence of a chelate effect despite
an unfavorable enthalpy term, we may use the reaction

[Ni eny(H,0)2)**(aq) + tren(aq) = [Ni tren(H,0),]%*(aq) + 2 en(aq)

log B =1.88 [tren = N(CH,CH,NH,);]

For this reaction we have AH® = +13.0, —TAS° = —23.7, and AG° = —10.7 (all
in kJ mol™). The positive enthalpy change can be attributed both to greater steric
strain resulting from the presence of three fused chelate rings in Ni tren, and to
the inherently weaker M—N bond when N is a tertiary rather than a primary
nitrogen atom. Nevertheless, the greater number of chelate rings (3 vs 2) leads to
greater stability, owing to an entropy effect that is only partially canceled by the
unfavorable enthalpy change.

Probably the main cause of the large entropy increase in each of the three
cases we have been considering is the net increase in the number of unbound
molecules—ligands per se or water molecules. Thus, although 6 NH; displace 6
H,0, making no net change in the number of independent molecules, it takes only
3 en molecules to displace 6 H,O.

It should be pointed out, however, that the thermodynamic explanation of the
chelate effect, in particular the contribution of entropy as presented above, is
actually not as straightforward as it might appear. The entropy change for a reaction
depends on the standard state chosen for reference and for very concentrated
solutions one might chose unit mole fraction instead of one molal and the chelate
effect would disappear. However, this is not realistic and for solutions one molal
(or less) there is a real chelate effect. In very dilute solutions (0.1 M or less) where
complexation of metal ions is generally most important, the chelate effect is of
major importance and is properly understood as entropically driven.
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Another more pictorial way to look at the problem is to visualize a chelate
ligand with one end attached to the metal ion. The other end cannot then get very
far away, and the probability of it, too, becoming attached to the metal atom is
greater than if this other end were instead another independent molecule, which
would have access to a much larger volume of the solution. This view provides an
explanation for the decreasing magnitude of the chelate effect with increasing ring
size, as illustrated by data such as those shown below for copper complexes of
HzN(CHz)zNHZ (en) and HzN(CH2)3NH2 (tn):

[Cu eny)?*(aq) + 2tn(aq) = [Cu tny]**(aq) + 2 en(aq) log B =-2.86

Of course, when the ring that must be formed becomes sufficiently large (seven
membered or more), it becomes more probable that the other end of the chelate
molecule will contact another metal ion than that it will come around to the first
one and complete the ring. It is important to note that for the comparison of five-
and six-membered rings, the simple size effect that is generally valid may (and
does) fail for the smaller metal ions such as Ni" and Cu"™ This is because of strain
energy effects. To minimize strain energy in a five-membered ring with a small
metal ion, the M—L distances must be long and, hence, the metal-ligand bond
energy is diminished.

The Macrocyclic Effect

This term refers to the greater thermodynamic stability of a complex with a cyclic
polydentate ligand when compared to the complex formed by a comparable noncy-
clic ligand. A representative comparison would be between the following pair:

NH HN NH HN
<:NH2 HZN} CNH HN:>
I

The formation of Zn (II) complexes by these two ligands, that is, the reactions

Zn?*(aq) + Li(aq) ZnL**(aq)

have been shown to have the following thermodynamic parameters:

Ly L,
Log K 11.25 15.34
—AH?® (kJ mol™) 444 61.9

AS° (J deg™ mol™) 665 85.8
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The macrocyclic effect is evident in the increase of 4.09 units in log K. It can
be seen that the overall effect is of both enthalpic and entropic origin. The relative
importance of these two contributions varies from case to case.

Cyclic Polydentate Ligands

The macrocyclic effect is now widely exploited. Several important ligands are shown
as 1-XVI to 1-XXI. The first one is porphyrin, which is usually found as one of its
numerous derivatives, including those occurring in hemoglobin, myoglobin, cyto-
chromes, etc. The trinitrogen ligands shown as 1-XIX have, over the past decade,
assumed tremendous importance.! No common metal ion will fit inside so as to
give a planar MN; core, but that is not their role. What they do, to perfection, is
to occupy three mutually cis positions in an octahedral complex.

AL v
P

(1-XVI) (1-XVII) (1-XVIID)

, ﬂﬁ
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(1-XIX) (l—XX) (1-XXI)

Crown Ethers

These are a subclass of cyclic polydentate ligands that complex alkali and alkaline
earth metal ions particularly well. Two examples are shown as 1-XX and 1-XXI.
Since systematic names for these are unwieldy, a handy notation in which 1-XX
and 1-XXI are called, respectively, 15-crown-5 (even more compactly, 15-C-5) and
dibenzo-18-crown-6. Crown ethers with as many as ten oxygen atoms are known
and several are commercially available. For more details and references see Section
11-14.

Cryptands and Sepuichrates

These are not merely cyclic but polycyclic polydentate ligands. Most cryptands have
the general formula 1-XXII. Again, a simplified code for naming them is a practical

UK. Wieghardt et al., Inorg. Chem. 1995, 34, 6440.
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necessity. They are called “cryptand-mmn,” where m and n are as defined in
(1-XXII). One of the commonest is cryptand-222.

s
./

(1-XXII)

These ligands have two characteristics that make them unusually interesting.
Because they are chelating ligands of high denticity, they give very high formation
constants, and since the size of ion that will best fit the cavities can be predetermined
by changing the ring size, these ligands can be designed to be selective.

In addition to the cryptates, which are synthesized apart from metal ions and
then used to form complexes, there are other types of multicyclic ligands called
encapsulating ligands, which are synthesized around the metal ion and cannot release
it. Complexes of this sort are sometimes called sepulchrates. Two of these are (1-
XXTIT) and (1-XXIV). An encapsulation complex allows studies to be carried out
under extremely acidic or basic conditions since the metal ion, though it cannot
be removed, can be oxidized or reduced. Such ligands also can enforce unusual
coordination geometries; in the examples shown the coordination is much closer
to trigonal prismatic than to octahedral.
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| |
B

\ B
/\/\

/

F

(1-XXIII)

Ligands of Unusual Reach

Ordinarily bidentate ligands occupy cis positions around a metal ion. This is because
two potential donor atoms separated by a chain long enough to be able to span
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two trans positions would have a very low probability of actually doing so. It would
be more likely to form only one bond to a given metal atom, while using its second
donor atom to coordinate to a different metal atom, or not at all. This is simply
an inorganic example of the well-known problem in organic chemistry of synthesiz-
ing very large rings. By appropriately designing the connection between the donor
atoms, however, ligands that span trans positions in a square complex or the two
sites in a linear LML complex can be made. An example is (1-XXV). Large chelate
ring compounds with 12 to 72 membered rings can sometimes be made from fiexible
bidentate ligands [e.g., Me,N(CH,),NMe, or R,P(CH,),PR;].

(CgHs),P P(CgHs),
(1-XXV)

Conformations of Chelate Rings

Simple diagrams of chelate rings in which the ring conformation is ignored are
adequate for many purposes. Indeed, in some cases, such as 8-diketonate complexes,
the rings are planar and no problem arises. The relative stabilities and certain
spectroscopic properties of many chelate complexes, however, can be understood
only by considering the effects of the ring conformations, as in the important case
of five-membered rings such as those formed by ethylenediamine.

Figure 1-18 shows three ways of viewing the puckered rings, and identifies the
absolute configurations in the A,8 notation. As indicated clearly in the figure, the
chelate ring has as its only symmetry element a C, axis. It must therefore be
chiral, and the two forms of a given ring are enantiomorphs. When this source of
enantiomorphism is combined with the two enantiomorphous ways, A and A, of
orienting the chelate rings about the metal atom (Fig. 1-19), a number of diastereo-
meric molecules become possible, specifically, the following eight:

AGSS) AN
A(BBN)  A(\D)
ABAY)  A(ASD)
AN A(3BD)

The two columns are here arranged so as to place an enantiomorphous pair on
each line. In the following discussion we shall mention only members of the A
series; analogous energy relationships must of course exist among corresponding
members of the A series.
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(@) L 5

Figure 1-18 Different ways of
viewing the puckering of ethyl-
enediamine chelate rings. The ab-
r & solute configurations A and & are
defined. [Reproduced by permis-
sion from C. J. Hawkins, Absolute
Configurations of Metal Com-
J plexes, Wiley, New York, 1971.]

(b)

The relative stabilities of the four diastereomers have been extensively investi-
gated. First, it can easily be shown that the diastereomers must, in principle, differ
in stability because there are different nonbonded (repulsive) interactions between
the rings in each case. Figure 1-20 shows these differences for any two rings in the
complex. When any reasonable potential function is used to estimate the magnitudes
of the repulsive energies, it is concluded that the order of decreasing stability is

A(555) > A(85)) > A(BNN) > A(MN)

This is not the actual order, however, because enthalpy differences between diaste-
reomers are rather small (2-3 kJ mol™!), and an entropy factor must also be consid-
ered. Entropy favors the 85 and SAA species because they are three times as
probable as the 686 and AAA ones. Hence the best estimate of relative stabilities,
which in fact agrees with all experimental data, becomes

A(B3N) > A(883) = A(BAN) =A(ANN)

In crystalline compounds, the A(888) isomer (or its enantiomorph) has been
found most often, but the other three have also been found. These crystallographic

Figure 1-19 Trischelate octahedral
complexes (actual symmetry: D;) show-
ing how the absolute configurations A
and A are defined according to the trans-
A A lation (twist) of the helices.
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Figure 1-20 The different
sets of repulsive interactions
that exist between the three
different pairs of ring confor-
mations in octahedral ethyl-
enediamine complexes; bro-
ken lines represent the
significant repulsive interac-
tions. [Reproduced by permis-
sion from C. J. Hawkins, loc.
cit.] A3\

AB8) = A

results probably prove nothing about the intrinsic relative stabilities, since hydrogen
bonding and other intermolecular interactions can easily outweigh the small intrinsic
energy differences.

Nuclear magnetic resonance studies of solutions of Ru", Pt", Ni, Rh™, Ir',
and Co™ [M en;]** complexes have yielded the most useful data, and the general
conclusions seem to be that the order of stability suggested here is correct and that
ring inversions are very rapid. Both experiment and theory suggest that the barrier
to ring inversion is only ~25 kJ mol L. Thus the four diastereomers of each overall
form (A or A) are in labile equilibrium.

One of the interesting and important applications of the foregoing type of
analysis is to the determination of absolute A or A configurations by using substituted
ethylenediamine ligands of known absolute configuration. This is nicely illustrated
by the [Co(l-pn)s)** isomers. The absolute configuration of /-pn [pn = 1,2-diamino-
propane, NH,CH(CH,) — CH,NH,] is known. It would also be expected from consid-
eration of repulsions between rings in the tris complex (as indicated in Fig. 1-20)
that pn chelate rings would always take a conformation that puts the CH; group
in an equatorial position. Hence, an /-pn ring can be confidently expected to have
the dconformation shown in Fig. 1-21. Note that because of the extreme unfavorabil-
ity of having axial CH; groups, only two tris complexes are expected to occur,
namely, A(665) and A(666). But by the arguments already advanced for en rings,
the A isomer should be the more stable of these two, by 5 to 10 kJ mol™. Thus we
predict that the most stable [Co(/-pn);]** isomer must have the absolute configura-
tion A about the metal.

In fact, the most stable [Co(l-pn);]** isomer is the one with + rotation at the
sodium-D line, and it has the same circular dichroism spectrum, hence the same
absolute configuration as (+)-[Co en;]**. The absolute configuration of the latter

H
A
M\ ¢
N/\' “cH,
Figure 1-21 The absolute configuration and expected conformation /C“—H
(i.e., with an equatorial CH; group) for an M(l-pn) chelate ring. H
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has been determined, and it is indeed A. Thus the argument based on conformational
analysis is validated.

Biochemical Applications

In many instances ligands have been designed to support one or more metal ions
in an environment believed to be similar to that in a metalloenzyme, or class of
metalloenzymes. It is not intended that such ligands have any overall similarity to
the overall natural environment, but only that they provide a local environment
around the metal ion or ions that might be structurally—and if possible function-
ally—similar to the local environment of the metal ion(s) in the natural system.
There are many examples that might be chosen to illustrate this. We give here only
one, which, while not necessarily better than others, is recent and representative
of this type of activity.

There are numerous copper-containing enzymes, €.g., tyrosinase, that use a
two-copper active site to bind and activate O, so it can oxygenate hydrocarbons,
especially aryl groups. To model this process, the ligand 1 in Fig. 1-22 was designed
and it was shown! that after it had bound two copper(I) ions, 2, it could be exposed
to O, and the remaining steps shown would occur. This ligand was especially
designed to make this sequence of reactions possible.

N R 2+
N\/\PY
)/NI —2cu(t) \(02)( iy
PY/  “PY PY’C”' -PY
1 2
R R
2+ PY
N \jY

N, O NN OH

— /\ — H

To i —
|'4

Figure 1-22 An example of how a specially designed ligand, 1, and its Cu' complex, 2, can

mimic the behavior of an enzyme that catalyzes the oxidation by O, of an aryl group to
a phenol.

PY

1-6 Isoelectronic and Isolobal Relationships

Seemingly diverse metal-ligand fragments, I,M and L;M’, may have fundamental
similarities because they are either isoelectronic, isolobal, or both. An appreciation
of these relationships and how they can serve to predict chemical and structural
similarities is also of importance in organometallic chemistry, generally.

K. D. Karlin et al., J. Am. Chem. Soc. 1994, 116, 1324.
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Isoelectronic Relationships

Since this concept is a relatively familiar one, let us simply provide a few examples
that are pertinent to metal atom cluster chemistry and organometallic chemistry.
Some of them derive directly from the isoelectronic relationships already noted in
connection with simple metal carbonyl molecules.

1. Species of the same or similar composition containing metal atoms from the
same group are isoelectronic:

Mn(CO)s/Re(CO)s CpMo(CO)3/CpW(CO); Co(CO)4/Ir(CO);

2. Species with the same or similar ligands containing metal atoms from differ-
ent groups with a suitable change in net charge are isoelectronic

Fe(CO);/Co(CO)3;

3. Species in which NO is substituted for CO, with proper charge adjustment,
if necessary, are isoelectronic

NiNO/Co(CO), CpFe(NO)R/CpCo(CO)R

4, The replacement of one CO ligand by two electrons or two H atoms gives
isoelectronic species

FesC(CO);5/FeC(CO) 4l [RegC(CO) 9] /[RegC(CO)1sHI>

5. Based upon the fact that arene ligands such as CiHy and C;H5 are six-
electron donors, we have sets of isoelectronic species such as

CgHgCr/CsHsMn/Cr(CO); or CsHsNi/CgHgCo

Isolobal Relationships

Two molecular fragments are isolobal if the number, symmetry properties, shapes,
and approximate energies of their frontier orbitals are the same. They may or
may not also be isoelectronic. For example, the HB and HC fragments are
isolobal (but not isoelectronic), whereas the H,C~ and H,N moieties are both
isolobal and isoelectronic. These relationships are illustrated in Fig. 1-23. As
shown there, the symbol «> is used to express isolobality. Also shown in Fig.
1-23 is the idea that we may choose to picture the isolobality in more than one
way. Thus, for the HB and HC fragments, we can either envision one sp hybrid
orbital whose axis is colinear with the H—B or H—C bond, plus two p orbitals
perpendicular to this axis, or we may envision a state of full hybridization,
where the frontier orbitals in each case are three of the four in a set of sp?
tetrahedral hybrids. The orbitals whose similarity is critical in determining
isolobality are called the frontier orbitals.

The illustrations of isolobality given in Fig. 1-23 may seem so obvious as to be
trivial, but the concept gains power when generalized to more disparate systems.
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H H H
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B8 <—G>- [ \ / \ /
Figure 1-23 Some simple examples of isolobal species. Each pair is represented in two
ways: above, with least hybridization; below, with fullest hybridization.

Consider, for example, the species shown in Fig. 1-24. The practical importance of
these isolobalities is that, in general we may expect the existence of stable, isostruct-
ural molecules in which one component is replaced by another that is isolobal to it.
As an illustration of this, all of the following clusters may be regarded as related
by isolobal replacements; in each case, there is a tetrahedral core:

Co4(CO)12 Co3FeH(CO)2 CsHsNiCos(CO)g
CeHgCo4(CO)g HCCo3(CO)g PCo3(CO)g

HC <) =g (©OCsMn <) 3> G—CUQ

HC 6 ~g>  (OCuCr 6

Figure 1-24 Some more general examples of isolobal species.
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1-7 Bond Streich (or Distortional) Isomerism'?

This is (or was) a subject that waxed and waned between the writing of the fifth
edition and this one. However, it is still mentioned in recent and contemporary
literature and therefore, in keeping with the purpose of this book (to prepare the
student to read the chemical literature), it will be briefly discussed. The episode
began with the proposal that one geometrical isomer of (PMe,Ph)CL,MoO existed
in two forms, green and blue, in which the Mo to O distances were 1.80 and
1.68 A, respectively, where all other molecular dimensions were virtually the same.
Other supposedly similar pairs of compounds were subsequently claimed and a
theoretical study appeared to offer support for the phenomenon.

However, experimental studies soon showed that in the original case and appar-
ently in all similar ones, as well as more complicated ones, no such bond stretch
‘isomers exist. The isomer(s) with the longer bond are simply the normal (short-
bonded) molecule co-crystallized with an impurity so that at some crystal sites a
M —Clbond occurs where there would be an M=0 bond in the pure oxo compound.
The refinement of X-ray data from such a mixed crystal leads to the appearance
of a longer M=0 bond. Also, the contamination of a blue compound by a yellow
impurity gives the appearance that there is a green compound. From the theoretical
side the concept seems counter-intuitive (reminiscent of “polywater”?) and, indeed,
a high-quality molecular quantum study® failed to confirm the earlier theoretical
support.

It has been pointed out that the well-known and genuine phenomenon of spin-
state isomerism, where molecules of the same composition and general structure
will often show significant metrical differences in different spin states, should not
be confused with the alleged bond-stretch isomerism.'¢

1-8 Relativistic Effects'’

As commonly employed, atomic and molecular quantum mechanical calculations
do not entail relativistic considerations, but over the last few decades it has become
clear that many facets of the chemistry of the heaviest elements, certainly from
about hafnium on, are significantly affected.

The basis of these effects is found in the relativistic mass increase for a moving
particle. Its mass, m, increases with its velocity, v, according to the relation

m = mg[1-(vlc)* 2

where m, and c are the rest mass and the speed of light, respectively. For the
heavier elements, with their high nuclear charges, electrons near the nucleus (viewed
classically as particles revolving about the nucleus) move at speeds that are greater
than 10% of the velocity of light. For gold (Z = 79) we have for the 1s electrons
v/c =~ 0.6 and thus m = 1.23 m,.

BG. Parkin, Accts. Chem. Res. 1992, 25, 455; Chem. Rev. 1993, 93, 887.

43, H. Enemark et al., Inorg. Chem. 1994, 33, 15.

157, Song and M. B. Hall, Inorg. Chem. 1991, 30, 4433.

6G. Parkin and R. Hoffmann, Angew. Chem. Int. Ed. Engl. 1994, 33, 1462.

U'N. Kaltsoyannis, J. Chem. Soc. Dalton Trans. 1997, 1 and earlier references cited therein.
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Because the Bohr radius of an orbit depends on m™!,
a, = 4meh*imZe?

the mass increase causes significant orbital contractions, as shown in Fig. 1-25. For
Pt and Au the contractions of the 6s orbital are nearly 20%.

Rather than dealing in any more detail with the theoretical aspects of this
subject, we shall list some of the phenomena of direct, practical interest to chemists
that result from relativistic effects on electronic structure.

1. The 2-coordinate radius of Au'is 0.08 A smaller than that of Agl.!®

2. While Zn}* and Cd3* are not important, Hg3* is very important.

3. The so-called inert-pair effect for T, Pb, and Bi as well as the low cohesive
energy of elemental mercury arise from relativistic contraction of the 6s or-
bitals.

4. The lanthanide contraction, classically ascribed entirely to the shielding effect
of the 4f electrons, is also partly (ca 15%) due to relativistic effects.

5. Spin-orbit coupling is of relativistic origin and becomes so large in the heavier
elements that the electronic states of the atoms are better classified by the
values of J (total angular momentum) than by S and L separately. This has
profound effects on spectroscopic and magnetic properties. It also affects
properties that are more properly called chemical, such as the anomalously
large electron affinities of the Hg and Tl atoms. The very large spin-orbit
coupling splits the 6p shell into two shells 6p,, and 6ps;,, with the former
relativistically contracted and hence more stable.

6. The electronic structures and bonding im..actinide compounds cannot be
reliably treated without the inclusion of relativistic effects. A specific example
is provided by uranocene, (CgHs),U,” but there are many others.?*

BH. Schmidbauer et al., J. Am. Chem. Soc. 1996, 118, 7006.

YA. H. H. Chang and R. M. Pitzer, J. Am. Chem. Soc. 1989, 111, 2500.
®M. Pepper and B. E. Bursten, Chem. Rev. 1991, 91, 719.

AN, Kaltsoyannis and B. E. Bursten, Inorg. Chem. 1995, 34, 2735.
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1-9 Zintl Compounds?

These compounds are named for the German chemist Eduard Zintl who pioneered
their study during the 1920s and 1930s. It is instructive to survey the main classes
of compounds that are not Zintl compounds in order to show why they are appropri-
ately considered as a separate class.

When very electropositive elements, the alkali, alkaline earth and lanthanide
metals, combine with very electronegative elements, oxygen, nitrogen, and the
halogens as well as combinations of these such as the anions NOj, ClO;, SOF,
relatively simple salt-like compounds which are very ionic in character and typically
have an extensive aqueous chemistry are formed. The anions may often be large
(8,057, P;Of") or even infinite polymers, as in the chains, sheets, and networks
formed by silicates, but we still regard these as ionic salts held together by essentially
electrostatic forces.

When metallic elements combine with each other the products are called alloys
and usually have metallic properties.

When non-metallic compounds combine with one another they form com-
pounds that are non-ionic and non-metallic, sometimes molecular (As,N,, P,S;)
and sometimes infinite polymers (SiS,, As,S;, Si0;).

However, in addition to these familiar classes, there remains a large number
of important compounds, most of which fall into the class of Zintl compounds.
They are formed when highly electropositive metals combine with the moderately
electronegative (P, As, Sb, Se), or metalloidal (Ge, Ga), or even metallic (T1, Sn,
Pb) main group elements. In these compounds there is an essentially complete
transfer of valence electrons from the very electropositive metal atoms to the
main group elements which then form polyhedra, bands, chains, or sheets that are
negatively charged. Within these anionic structures there is usually a network of
electron-pair bonds, with each atom achieving a closed octet, and the compounds
are diamagnetic semiconductors. There are also borderline cases where all these
requirements may not be entirely met, but most often the key feature is a combina-
tion of charge and structure that allows each atom to have an octet of valence
shell electrons.

These compounds are discussed here as a class because they are formed by a
large number of elements and they cannot, therefore, be described satisfactorily
under the heading of one element or even one group of elements, since many Zintl
compounds contain elements from two groups, €.g., Na,Ga;Sbs.

Some representative compounds will now be presented. Some contain discrete
Zintl anions while others have extended one-, two-, and three-dimensional struc-
tures. It is also possible, as just mentioned, to have Zintl anions consisting of more
than one main group element.

Examples of small, structurally simple Zintl anions are Si{~ and Si§~, 1-XXVI
and 1-XXVII. In these it is evident that the octet rule is obeyed. Each Si atom in
Sif~ is surrounded by three electron pairs in the Si—Si bonds plus another lone
pair. When one Si—Si bond is broken, two more electrons must be added, one to
each of the outer Si atoms and thus we go from Si{~ to Si§~.

Z8. M. Kauzlarich, ed., Chemistry, Structure and Bonding of Zintl Phases and Ions, VCH
Publishers, 1996.
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P~

(1-XXVI) (1-XXVII)

Among the larger discrete anions are the well known P~ (also As}™) that has
the structure 1-XXVIII. This structure is similar to that of P,S;, a neutral molecule,
but since the mere replacement of three S atoms by three P atoms would leave it
short three electrons, it is a 3~ anion. The SnSb¢~ ion is isostructural, with Sn at
the cap position. The Sn,P}?~ anion, 1-XXIX, is structurally analogous to Si,Clg, but
since each P atom has two electrons fewer than Cl, two electrons are added to each
P atom so that each atom has an octet and the overall charge is 12—. This and
SnSb{™ are examples of hetero Zintl anions. There are isoelectronic and isostructural
analogs of Sn,P¥", viz., Si;Ted” and Ga,Sb{*".

P
P
P ' .
/Sn——Sn
P
P p
(1-XXVIII) (1-XXIX)

Another hetero Zintl anion is the SL,P" ion, 1- XXX, where the manner in
which all bonds and octets are formed should be obvious. Silicon and phosphorus
also combine to form an infinite chain anion, (SiP,)3*", 1-XXXI.

\ / - Si Si - ~Si
P P ) Y SN

(1-XXX) (1-XXXT)

It should be noted that all the EZ” ions with E = S, Si, Te are genuine Zintl
anions, although this is not usually emphasized. A recent example is the Te3™ ion.

There are also some discrete Zintl anions that obey more complex valence
rules such as Inf;, where the structure is that of a trigonal prism capped on all five
faces and there is an “extra” electron which is probably expelled into a conduction
band.? Other examples are provided by ions such as Sn§~, which can be obtained
by reduction of Sn?* in liquid ammonia containing dissolved sodium.

In general, discrete Zintl anions, whether they obey the simple octet rule or
are electronically more complex, can often be obtained intact from the initial Zintl
phase by substituting tetraalkylammonium ions for the alkali metal cations or by
encapsulating the latter in a cryptand such as cryptate-222 (see 1-XXII).?

BR. C. Haushalter et al., J. Alloy Comp. 1995, 229, 175.
¥R, Nesper et al., Z. Naturforsch. 1993, 486, 754.
BR. C. Haushalter et al., Inorg. Chem. 1983, 22, 1809.
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Aninfinite sheet structure is found in Sr[Sn,As;], where cyclohexane-like Sn;As;
6-rings are fused together on all edges. A completely 3-dimensional array is found
in NazGa3Sb3.

Zintl anions are capable of acting as ligands, as shown, for example, by the
compound P,Cr(CO)3~, 1-XXXII. One of the basal P—P bonds of P3~ (1-XXVIII)
has opened to allow the P3~ unit to serve as a 6-electron donor to Cr(CO);.

(1-XXXII) (1-XXVIII)

1-10 Chemical Vapor Deposition and Inorganic Materials

Inorganic compounds are uniquely suited to the production of materials with well-
defined characteristics and advanced design. A notable example is the deposition
of thin films of high purity and controlled structure, as part of semiconducting or
opto-electronic devices or as surface coatings, using volatile precursor compounds.
The growth of films by the thermal decomposition of compounds or compound
mixtures from the gas phase is known as Chemical Vapor Deposition (CVD)? and
relies on the control of physical properties such as volatility through appropriate
ligand design. In most cases the deposition process involves the saturation of an
inert gas stream with the vapor of a volatile precursor compound which then passes
over a heated substrate where thermal decomposition of the precursor leads to the
deposition of a solid film. The advantage of the CVD technique is uniformity of
coverage, film thickness and composition. Most films are polycrystalline, with either
random or strongly oriented crystallite orientations. In the case of semiconductor
devices, the substrates tend to be single crystals of silicon, gallium arsenide, etc.
Provided the film to be deposited consists of a compound with a related crystal
structure and closely matched unit cell parameters, the structure and orientation
of the substrate is continued into the deposited film, a process known as epitaxial
growth. In such a way devices with a complex sequence of very thin films of differ-
ent compositions and precisely defined electronic characteristics can be grown
epitaxially.

Numerous types of materials have been made by CVD techniques, such as
metal carbides, borides, silicides, oxides, nitrides, and chalcogenides, as well as films
of pure metals.” For example, thermolysis of Cp*PtMe; deposits films of platinum
on glass or silicon wafer substrates,® while Pd(hfacac), (hfacac = 1,1,1,5,5,5-

%W. S. Rees (ed.), CVD of Nonmetals, VCH, Weinheim, 1996; J. T. Spencer, Prog. Inorg.
Chem. 1994, 41, 145.

Overview of metal film deposition: M. J. Hampden-Smith and T. T. Kodos, Chem. Vap.
Deposition 1995, 1, 8 and 39; H. D. Kaesz, Coordination Compounds in New Materials and
in Materials Processing, in: ACS Symp. Ser. 1994, 565, 444.

BH. D. Kaesz et al., J. Am. Chem. Soc. 1989, 111, 8779.



1-10 Chemical Vapor Deposition and Inorganic Materials 43

N = Y s
RN N

9 O
O ‘) q Figure 1-26 The dia-
%"{/ ."{(/}'!.Q(/' mond structure seen from
0

O O O . .
two points of view. (a)
O~ B0 B0 The conventional cubic
0= OSF 00
9, O

unit cell. (b) A view show-

O O
)g}!@ ing how layers are
O OO OlC O d: these 1
w B0 stacked; these layers run
W‘\!{ perpendicular to the body
@ (®) diagonals of the cube.

hexafluoropentanedionato anion) and related Cu complexes give palladium or cop-
per films.” Metal alkoxides M(OR), are precursors for metal oxide films.** Polyden-
tate ligands have proved useful to ensure the volatility of divalent metal compounds;
e.g., the tridentate alkoxide -OCBuw/(CH,OR), gives volatile Ca and Ba compounds.™
Polyether complexes of alkaline earth carboxylates M(O,CCF;),(L) are precursors
for optical materials such as barium titanate,” and mixtures of alkoxides M(OR),
and carboxylates M'(O,CR),, give mixed-metal oxides.?® Thermolysis of the amino-
borane [Et,NBH,], deposits boron nitride films on silica,* and heating titanium
thiol complexes, TiCL(HSR),, leads to films of TiS,, a cathode material in lith-
ium batteries.*

A particularly important area is the design and production of semiconductor
devices. Semiconductors are crystalline materials differing from metals in having a
much lower concentration of current carriers and lacking freely delocalized elec-
trons. Instead, all valence electrons are tied up in a valence band, while the unoccu-
pied orbitals form a potential conduction band. The difference between insulators
and semiconductors is the size of the energy gap between valence and conduction
band: whereas in insulators this energy gap is too large for electrons to be promoted
from the valence to the conduction band, in semiconductors this can be achieved
for example on exposure to light.

A typical semiconducting material is silicon. It crystallises in the diamond lattice
(Fig. 1-26) but unlike diamond its band gap is narrow enough (1.12 V) to make
it semiconducting.

Since the electrical properties of semiconductors are strongly influenced by the

- incorporation of heteroelements, ultrapure semiconductor grade silicon is obtained
by the reduction of SiCly or SiHCl, with very pure Mg or Zn, followed by the
growth from the molten silicon of a columnar single crystal which is further purified

M. J. Hampden-Smith et al., Chem. Mater. 1996, 8, 1119; Chem. Vap. Deposition 1997, 3, 85.
¥D. C. Bradley, Polyhedron 1994, 13, 1111.

'W. A. Herrmann et al., Angew. Chem. Int. Ed. Engl. 1994, 33, 105.

2M. J. Hampden-Smith et al., Inorg. Chem. 1996, 35, 6995.

3M. J. Hampden-Smith et al., J. Sol-Gel Science Technol. 1997, 8, 35.

¥A. R. Phani et al., J. Chem. Soc., Chem. Commun. 1993, 684.

3C. H. Winter et al., Inorg. Chem. 1993, 32, 3807.
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by zone refining. Single crystal films of Si are deposited by the thermal decomposi-
tion of SiH,. Silicon wafers for the production of silicon chips are made by slicing
the single-crystal block at a fixed orientation relative to the unit cell axes. High-
purity silicon is probably the purest substance ever made. Purity is often expressed
by the carrier concentration. A carrier concentration of 10 cm™ corresponds to
only 1 carrier atom per 5 X 108 silicon atoms.

The inclusion of low concentrations of elements such as P, As, or Sb adds
electrons to the conduction band (n-type doping), while replacement of Si atoms
by B, Al, or Ga produces electron holes in the valence band (p-type Si) (Fig. 1-27).
The majority of electronic devices employ p-n junctions.

A series of isoelectronic compounds with identical crystal structures but differ-
ent band gaps can be envisaged if half the silicon atoms in Fig. 1-26 are replaced
by elements with fewer valence electrons, €.g., aluminum or gallium, and the other
half with elements that make up the electron deficit, i.e., Group 15 atoms. This
leads to the so-called III-V semiconductors, important examples being GaAs and
InP. Similarly, the chalcogenides of divalent metals give II-VI materials, such as
ZnSe or CdTe. All these materials crystallize in the cubic zinc blende (ZnS) struc-
ture. The closely related hexagonal wurtzite lattice is also often found (Fig. 1-28).

The band gap decreases with increasing atomic number of the elements, so
that materials such as cadmium mercury telluride Cd; Hg,Te, in which a small
proportion of the cadmium positions are taken by mercury, become conducting on
exposure to infrared light and are used in heat seeking and night vision devices.

Organometallic compounds are particularly important for the production of
III-V and II-VI semiconductors, in a process known as metal-organic chemical vapor

Zinc blende (cubic ZnS) Waurtzite (hexagonal ZnS)

Figure 1-28 Unit cells of the zinc blende and wurtzite structures. Black circles indicate
metal cations, open circles anions. Note the similarity to the diamond structure, Fig. 1-26.
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deposition (MOCVD) or metal-organic vapor phase epitaxy (MOVPE).**7 A gas
stream of metal alkyls with sufficient volatility, typically GaMe; or ZnMe,, is mixed
with a volatile reaction partner, such as AsH; for III-V or H,Se or PriTe for II-VI
materials. Films are deposited by passing the gas mixture over a heated single-
crystal substrate. Multiple layers can be grown in this way. Very controlled film
growth can be achieved at low pressures (metal-organic molecular beam epitaxy,
MOMBE).

GaMe, + AsH, T?I—> GaAs
4

A
ZnMe, + H,Se CH, ZnSe

““Single-source” precursors which contain both the metal and the heteroelement
in one molecule at a defined stoichiometric ratio have also been successful in some
cases, although their generally lower volatility and the possibility of incorporating
carbon impurities have limited their application.® Examples are [Me,Ga(u-
AsBuy)], to give GaAs, and bulky chalcogenolates [M(ER),], [R = C¢H,Bu; or
Si(SiMe;);] and M[BwP(E)NR]; (M = Zn, Cd; E = S, Se, Te) for II-VI compounds.”

1-11 Bioinorganic Chemistry®®

Biochemistry is not merely an elaboration of organic chemistry. The chemistry of
life involves, in essential and indispensable ways, at least 25 elements. In addition
to the “organic” elements C, H, N, and O, there are 9 other elements that are
required in relatively large quantities, and called, therefore, macronutrients. These
elements are Na, K, Mg, Ca, S, P, CI, Si, and Fe. There are also many other
elements, micronutrients, that are required in small amounts by at least some forms
of life: V, Cr, Mn, Co, Ni, Cu, Zn, Mo, W, Se, F, and I. As research activity
intensifies, and as instrumental methods of analysis and detection become more
sophisticated and sensitive, it is likely that other elements will be added to the list
of micronutrients. The elements Cr, Ni, W, and Se have been added only within
the last few years.

The metallic elements play a variety of roles in biochemistry. Several of the
most important roles are the following:

1. Regulatory action is exercised by Na*, K*, Mg?*, and Ca?*. The flux of these
ions through cell membranes and other boundary layers sends signals that
turn metabolic reactions on and off.

%@G. B. Stringfellow, Organometallic Vapor-Phase Epitaxy: Theory and Practice, Academic
Press, New York, 1989.

¥P. O’Brien in: D. W. Bruce and D. O’Hare (eds.), Inorganic Materials, Wiley, New York,
1992, p. 491; F. Maury, Chem. Vap. Deposition 1996, 2, 113

3A. H. Cowley and R. A. Jones, Polyhedron 1994, 13, 1149.

¥M. Bochmann et al., Chem. Vap. Deposition 1995, 1, 78; 1996, 2, 85.

“S. J. Lippard and J. M. Berg, Principles of Bioinorganic Chemistry, University Science
Books, Mill Valley, CA, 1994.
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2. The structural role of calcium in bones and teeth is well known, but many
proteins owe their structural integrity to the presence of metal ions that tie
together and make rigid certain portions of these large molecules, portions
that would otherwise be only loosely linked. Metal ions particularly known
to do this are Ca?* and Zn?*.

3. An enormous amount of electron-transfer chemistry goes on in biological
systems, and nearly all of it critically depends on metal-containing electron-
transfer agents. These include cytochromes (Fe), ferredoxins (Fe), and a
number of copper-containing “blue proteins,” such as azurin, plastocyanin,
and stellacyanin.

4. Metalloenzymes or metallocoenzymes are involved in a great deal of enzy-
matic activity, which depends on the presence of metal ions at the active
site of the enzyme or in a key coenzyme. Of the latter, the best known
is vitamin B;,, which contains cobalt. Important metalloenzymes include
carboxypeptidase (Zn), alcohol dehydrogenase (Zn), superoxide dismutase
(Cu, Zn), urease (Ni), and cytochrome P-450 (Fe).

5. All aerobic forms of life depend on oxygen carriers, molecules that carry
oxygen from the point of intake (such as the lungs) to tissues where O, is
used in oxidative processes that generate energy. Examples of the most
important oxygen carriers and the metals they contain are:

Hemoglobins (Fe), found in all mammals.
Hemerythrins (Fe), found in marine invertebrates.
Hemocyanins (Cu), found in arthropods and molluscs.

For many of the more prominent biochemically active elements details will be
given in the pertinent chapters.

1-12 The Reference Literature of Inorganic Chemistry

In this book the literature is cited in a selective way. Only those articles in the
primary literature (i.e., research journals) that have appeared since the preceding
edition of the book was completed, 1988, and prior to the end of 1996 are cited.
(A few references in 1997 are also included.) Even in this, there is no intention to
be complete, but only to be reasonably helpful. References are also given to the
secondary literature, that is, review journals. Primary literature references, even
within the period 1988-1996 are sometimes intentionally omitted when there is a
reference to the secondary literature that contains them.

There is also a tertiary literature, namely, certain monographs on particular
elements or classes of compounds and, more important, encyclopedic works. Mono-
graphs, and some reviews, are cited in the Additional References lists in each
chapter (or, in Chapters 17 and 18, each sub-chapter).

The encyclopedic tertiary literature is not explicitly cited, but it is very valuable
to readers seeking further references and older references. The following works
are the major ones.

R. B. King, Ed., Encyclopedia of Inorganic Chemistry, John Wiley & Sons, New York, 1994.

J. E. Macintyre, Exec. Ed., Dictionary of Inorganic Compounds, Chapman and Hall, London,
1992. Since 1992 there have been four supplements.
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Comprehensive Coordination Chemistry, G. Wilkinson, R. D. Gillard and J. A. McCleverty,
Eds., Pergamon Press, Oxford, 1987.

J. Buckingham, Ed., Dictionary of Organometallic Compounds, Chapman and Hall, Lon-
don, 1984.

The organometallic chemistry of all the elements is covered systematically in E. W. Abel,
F. G. A. Stone, and G. Wilkinson, Eds., Comprehensive Organometallic Chemistry,
Elsevier, Amsterdam, 1982, covers the subject up to 1981 and the supplementary edition
II covers the literature from 1982 to 1994.

Finally, we note Gmelin’s Handbuch der anorganische Chemie, published since 1974 by
Springer-Verlag, Berlin-New York. These volumes, of which there are many, cover their
subjects in minute detail. The older volumes (the series began in 1927) are in German,
but for the last dozen years or so they have been appearing in English. Unfortunately,
many elements have not been updated for many years.
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Chapter 2

HYDROGEN

GENERAL REMARKS
2-1 Introduction

Three isotopes of hydrogen are known: 'H, H (deuterium or D), and *H (tritium
or T). Although isotope effects are greatest for hydrogen, justifying the use of
distinctive names for the two heavier isotopes, the chemical properties of H, D,
and T are essentially identical except in matters such as rates and equilibrium
constants of reactions; in addition, diverse methods of isotope separation are known.
The normal form of the element is the diatomic molecule: the various possibilities
are H,, D,, T,, HD, HT, and DT.! Naturally occurring hydrogen contains 0.0156%
deuterium, whereas tritium occurs naturally in amounts of the order of 1 in 10",

Deuterium as D,0O is separated from water by fractional distillation or electroly-
sis and by utilization of very small differences in the free energies of the H and D
forms of different compounds, the H,O—H,S system being particularly favorable
in large-scale use:

HOH(1) + HSD(g) = HOD(1) + HSH(g) K~ 1.01

Deuterium oxide is available in ton quantities. It is used in certain nuclear reactions,
to synthesize deuterated compounds as nmr solvents, and for labelled compounds
in reaction mechanism and spectroscopic studies.

Tritium, which is radioactive (87, t;, = 12.4 y), is made by the reaction °Li(n,a)*H
in nuclear reactors. It is also formed in plasmas? as *H* and by cosmic ray induced
nuclear reactions in the upper atmosphere. The decay of *H probably accounts for
traces of He in the atmosphere.

Dihydrogen (bp 20.28 K) is a colorless, odorless gas virtually insoluble in water.
It is made industrially by the steam reforming of hydrocarbons, notably methane

Molecular H, (and D) have ortho and para forms in which the nuclear spins are aligned
or opposed, respectively. This leads to very slight differences in bulk physical properties,
and the forms can be separated by gas chromatography.

2A. Carrington and J. R. McNab, Acc. Chem. Res. 1989, 22, 218.
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(reaction 2a), or from coke (reaction 2b), followed by the water-gas shift reaction
(reaction 2c):

CH, + H,0=CO +3H, AH = +206 kJ mol! (a)
C+H,0=CO+H, (b)
CO+H,0=C0,+H, AH = -46 kJ mol! (©

Reaction 2b is strongly endothermic, and the process is therefore run at a high
temperature (ca. 900-1100°C). Steam reforming is carried out over nickel or Ni/
A1), catalysts, although Rh/AlLO; catalysts and higher hydrocarbon feedstocks
have also been used. Most of the hydrogen thus produced is consumed directly in
large-scale processes such as the production of methanol, using Cu/ZnO catalysts:

CO + 2H, = CH;0H

In this reaction the residual CO, content can be tolerated. Another major H,
consuming process is the manufacture of ammonia. This requires pure H,; carbon
oxides are poisons for the ammonia catalyst and have to be removed, CO, by
scrubbing, and residual CO (as well as traces of CO,) by catalytic conversion to
CH, (methanation) which is recycled.

Hydrogen gas is sometimes naturally found in geological structures; recently,
crushed basalt and H,O in the dark under anaerobic conditions was found to
generate H,. This would account for natural emissions and explain the energy source
for bacteria growing in underground systems.?

Although efforts have been made to achieve photochemical or metal-catalyzed
cleavage of water to H; and O,, none is yet practical. However, hydrogen has been
obtained from OH groups* in the reaction [Cp’ = 1,3-(Me;Si),CsH;], which is an
oxidative elimination:

Cp' U, (u-OH), — Cp'jUV,(u-0), + H,

Hydrogen is not exceptionally reactive, in part due to the highly endother-
mic dissociation:

H,=2H AHQ? = 434.1 kJ mol’!

Hydrogen burns in air to form water and will react with oxygen and the halogens
explosively under certain conditions. At higher temperatures the gas will reduce
many oxides either to lower oxides or to the metal. In the presence of suitable
catalysts and above room temperature it reacts with N, to form NH,. With electro-
positive metals and most non-metals it forms hydrides.

Despite the high bond energy of H,, the molecule is readily cleaved at low
temperature and pressure by many transition metal complexes, when two metal-

T. O. Stevens and J. P. McKinley, Science 1995, 270, 450.
‘R. A. Andersen et al., J. Am. Chem. Soc. 1996, 118, 901.
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hydrogen bonds are formed, for example,

RhCl(PPh3)3 + H2 RhHgCl(PPh:;)g

These reactions involve initial coordination of molecular hydrogen (see Sect. 2-16).

Atomic hydrogen (t;, ca. 0.3 s) can be obtained by UV radiation, in discharge
tubes or electric arcs. The recombination produces high temperatures. Hydrogen
atoms produced by mercury sensitization® can be used at 1 atm and 0-150°C for
organic syntheses on a preparative scale. The hydrogen atoms are generated as
follows:

Hg + hv = Hg*
H, + Hg*=2H + Hg

2-2 The Bonding of Hydrogen
The chemistry of hydrogen depends mainly on three electronic processes:

1. Loss of the Valence Electron. The 1s valence electron may be lost to give
the hydrogen ion H* which is merely the proton. Its small size (r ~ 1.5 X
107" c¢m) relative to atomic sizes (r ~ 107 cm) and its charge result in a
unique ability to distort the electron clouds surrounding other atoms; the
proton accordingly never exists as such, except in gaseous ion beams; in
condensed phases it is always closely associated with other atoms or mole-
cules.

2. Acquisition of an Electron. The hydrogen atom can acquire an electron,
attaining the 1s? structure of He, to form the hydride ion H™. This ion exists
as such essentially only in the saline hydrides formed by electropositive
metals (Section 2-13).

3. Formation of an Electron-Pair Bond. The majority of hydrogen compounds
contain an electron-pair bond. The number of carbon compounds of hydro-
gen is legion, and most of the less metallic elements form numerous hydro-
gen derivatives.

The chemistry of many of these compounds is highly dependent on the nature
of the element (or the element plus its other ligands) to which hydrogen is bound.
Particularly dependent is the degree to which compounds undergo dissociation in
polar solvents and act as acids:

HX_—; H++X.

Also important for chemical behavior is the electronic structure and coordination
number of the molecule as a whole. This is readily appreciated by considering the
covalent hydrides BH;, CH,, OH,, and FH. The first not only dimerizes (Chap. 5)
but is a Lewis acid, methane is chemically unreactive and neutral, ammonia has a
lone pair and is a base, water can act as a base or as a very weak acid, and FH is
appreciably acidic in water.

SR. H. Crabtree et al., J. Am. Chem. Soc. 1991, 113, 2233.
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Except in H, itself, where the bond is nonpolar, all other H—X bonds possess
polar character to some extent. The dipole may be oriented either way, and impor-
tant chemical differences arise accordingly. Although the term “hydride” might be
considered appropriate only for compounds with H negative, many compounds
that act as acids in polar solvents are properly termed covalent hydrides. Thus
although HCl and HCo(CO), behave as strong acids in aqueous solution, they are
gases at room temperature and are undissociated in non-polar solvents.

Since water is the most important hydrogen compound, we consider first hydro-
gen bonds. These dominate all the chemistry of water, aqueous solutions, hydroxylic
solvents, hydroxo species and so on. They are of crucial importance in all biological
systems, being responsible inter alia for base pairing in nucleic acids and in the
linking of polypeptide chains in proteins. Hydrogen-bonding also has immense
importance for molecular recognition and in defining crystal structures.

THE CLASSICAL HYDROGEN BOND; WATER; HYDRATES;
HYDROGEN IONS; ACIDS AND BASES

2-3 The Classical Hydrogen Bond*

The literature on this topic is so extensive that only a brief discussion as it involves
inorganic chemistry can be given here. The concept of the hydrogen bond was due
to Huggins, Latimer, and Rodebush at the University of California, Berkeley in
1920. It is the term given to the relatively weak interaction between a hydrogen
atom bound to an electronegative atom and another atom that is also generally
electronegative and has one or more lone pairs enabling it to act as a base. We
can thus refer to proton donors XH and proton acceptors Y and can give the
following generalized representation of a hydrogen bond:

8 &+
X—H----Y

Such interaction is strongest when both X and Y are first-row elements. It might
be assumed that H-bonding occurs in the direction of the lone pairs and this was
confirmed for the NH--O=C bond in a survey of many structures. However, this
is not generally so, H bonds often preferring linearity or near linearity. Lone pair
directionality is more important in organic compounds for sp? rather than sp? lone
pairs. Although O—H--O and N—H:--O are the most common H bonds, others
include N—H--S;7 N—H--N# S—H--§° S—H--0,” and C—H--0."° Although
O—H--O bonds have been intensively studied in organic chemistry, they are also

‘D. A. Smith, ed., Modeling the Hydrogen Bond, A.C.S. Symposium Ser No. 569, A.C.S.
Washington, DC, 1994; F. Hibbert and J. Emsley, Adv. Phys. Org. Chem. 1990, 26, 255;
C. B. Aakeroy and K. R. Seddon, Chem. Soc. Rev. 1993, 397.

M. A. Walters ef al., Inorg. Chem. 1995, 34, 1090.

ST. Steiner, J. Chem. Soc., Chem. Commun. 1995, 1331.

°P. M. Boorman et al., J. Chem. Soc., Chem. Commun. 1992, 1656.

WF. Steiner, J. Chem. Soc., Chem. Commun. 1994, 2341; M. G. Davidson, J. Chem. Soc.,
Chem. Commun. 1995, 919; P. Behrens et al,, Angew. Chem. Int. Ed. Engl. 1995, 34, 2680,
J. Janiak et al., Chem. Eur. J. 1995, 1, 637.
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Table 2-1 Some Parameters of Hydrogen Bonds

Depression of

Bond Stretching XY X—H

X—H-Y Energy Frequency Distance Distance

Bond Compound (kJ mol ™) (cm™) (A) (A)
F-HF KHEF,* ~212 ~2450 2.26 1.13
F—H-F HF(g) ~28.6 700 2.55
O—H-0 (HCOH), 29.8 ~460 2.67
O—H--0 H,0O(s) ~21 ~430 275 1.01
O—H+0O B(OH), 2.74 1.03
N—H+*N  Melamine ~25 ~120 3.00
N—H-N NH;Ci ~460 312
C—H-N (HCN), 180 3.2
“For KF-2H,0 see K. Schwartz et al, Inorg. Chem. 1994, 33, 4774.

important in inorganic chemistry, for example, in the association of alcohols with
metal alkoxides."

HOR
l'
’
L,,Mo\ +HOR ——— L,,MO\ Q)
R R

Groups such as PH, CIH, and BrH, as well as transition metal hydrides MH,, that
will be discussed later, can act as donors, while acceptor atoms can be N, O, F, Cl,
Br, Se, or P.

Early evidence for H-bonding arose from comparisons of physical properties
of hydrogen compounds, the classic cases being the abnormally high boiling points
of NH;, H,O, and HF compared to those of PH;, H,S, and HCl. Detailed X-
ray diffraction and neutron diffraction data are now available, and ion cyclotron
resonance and other techniques allow estimates of bond energies.

The strength of an H-bond may be defined as the enthalpy of the process:

X——H----Y —> X—H+Y

There are three main types: weak, with enthalpies 10-50 kJ mol™; strong, 50-100
kJ mol™Y; very strong, >100 kJ mol’, the best example of which is F—H-F~.
Examples of H-bonds and the range of certain properties are given in Table 2-1.
Very short, strong H-bonds are found in HF; , H(O,CR); , H(ONO,);, and in
various other species.”” In some cases such as O-~H--O and F---H--'F, the bonds
are symmetrical. There appears to be no unique correlation between XY and

1G. van Koten et al., J. Am. Chem. Soc. 1995, 117, 10939.
2G. Gilli et al., J. Am. Chem. Soc. 1994, 116, 909.
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Figure 2-1 The structure of crystalline hydrogen fluoride.

X—H distances and the entire environment has to be considered. Figure 2-1 shows
an example of F—H—F bonding in the (HF), polymer. Since the structure might
be expected to be linear, that finding lends strong support for preferred directions
in some cases. By contrast, HCN polymers are linear.

Multicenter H-bonds™ are known in a number of compounds, the most common
being 3-center bonds of the type (2-IA); four-center bonds are rare. H-bonds of
type (2-IB) are also known.

- e “ B
X—H. ~ .
B H
(2-1A) (2-IB)

Hydrogen bonds with C— H---X interactions can be formed if the C—H bond
is relatively polar as it is when C is bonded to electronegative groups as in HCCl;.
A bis(carbene)-H" complex has been shown to have the structure (2-IIA)* with a
linear C—H—C bond.

mes mes + 0 '
H N N H Il{ PII
T+ | ™ L
H N N H —C=C —<
mes mes
(2-1IA) (2-1IB)

Finally, there are some 7 interactions!® with OH, NH, and C=C, an example being
(2-1IB).

2-4 Ice and Water

The structural nature of ice and, a fortiori, of water are very complex matters that
can be treated but briefly here.

There are nine known modifications of ice, each stable over a certain range of
temperature and pressure. Ordinary ice, ice-I, which forms from liquid water at

BFor references see R. H. Crabtree et al,, Inorg. Chem. 1995, 34, 3474.

“T. Steiner et al., Chem. Commun. 1996, 1277.

BA. A. Arduengo et al,, J. Am. Chem. Soc. 1995, 117, 572.

leJ. A. K. Howard et al., J. Am. Chem. Soc. 1996, 116, 4081; C. A. Hunter et al, Chem.
Commun. 1996, 2529.
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Figure 2-2 The structure of ice-I. Only the oxygen atoms are shown.

0°C and 1 atm, has a rather open structure built of puckered, six-membered rings
(Fig. 2-2). Each H,O is tetrahedrally surrounded by the oxygen atoms of four
neighboring molecules, and the whole array is linked by unsymmetrical hydrogen
bonds. The O—H-O distance is 2.75 A (at 100 K), and the H atom lies 1.01 A
from one oxygen atom and 1.74 A from the other. Each oxygen atom has two near
and two far hydrogen atoms, but there are six distinct arrangements, two being
illustrated in Fig. 2-3, all equally probable. However, the existing arrangement at
any one oxygen atom eliminates certain of these at its neighbors. A rigorous analysis
of the probability of any given arrangement in an entire crystal leads to the conclu-
sion that at the absolute zero ice-I should have a disordered structure with a zero-
point entropy of 3.4 J mol™ deg™!, in excellent agreement with experiment. This
result in itself constitutes a good proof that the hydrogen bonds are unsymmetrical;
if they were symmetrical, there would be a unique, ordered structure, hence no zero-
point entropy. Entirely similar considerations confirm the presence of a network of
unsymmetrical H bonds in KH,PO, and Ag,H;IO4, whereas the absence of zero-
point entropy in K[FHF] accords with the symmetrical structure of the FHF" ion,

o O
n
I O

Figure 2-3 Two of the six possible configurations of the hydrogen atoms about an oxygen
atom in ice.
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The structure of liquid water has been the subject of much study, experimentally
and theoretically. In addition to water dimers"” there are trimers® and tetramers
that have ring structures. The pentamer is also cyclic while the heptamer prefers
a 3-dimensional structure. In the complex CiHs(H,O)s, the water appears to have
a structure containing four single and two double donor water molecules.”

Water becomes supercritical above 374°C and 220 atm, becoming less polar.
This allows homogenization with non-polar organic materials, thus making them
available for chemical reactions. An important potential use is the rapid destruction
of toxic organic compounds and waste by oxygen.?

2-5 Hydrates and Aqua lons?'

Crystalline hydrates of metal ions and of organic substances, especially those with
N—H and O—H bonds, are numerous. For metal ions, the oxygen is always bound
to the metal and the lone pairs on it can be directed toward the metal and involved
in bonding but can, however, also form H bonds. There is hence flexibility, allowing
stabilization in lattices of many different types of hydrated structure.

It is often of practical importance to be able to distinguish between coordinated
water, M(OHy,), and non-coordinated lattice water. Infrared spectra can be diagnos-
tic, a key feature being the appearance around 1650 cm™ of a 8oy absorption for
coordinated water.”

The configuration at the oxygen atom of a coordinated water molecule may
be pyramidal or planar.?® There appears to be no significant energy difference
between these two.

The structures and dynamics of hydrates have been studied by both ab initio
calculations® and by a variety of experimental techniques. Hydration numbers for
the most common cations and anions are known.”

The rates of exchange of coordinated water molecules with bulk solvent
vary over nearly 20 orders of magnitude. The [Ir(H;O)]** ion is the slowest
and [Cs(H;0),]" is the fastest. The rates for all common cations are presented in
Fig. 2-4.

Gas hydrates® are a particular class of inclusion compounds where, generally,
molecules of a gas can be trapped in a lattice having receptor holes of the right size.

). Bertran et al., J. Am. Chem. Soc. 1994, 116, 8249.

8], E. Fowler and H. F. Schaefer, III, J. Am. Chem. Soc. 1995, 117, 446.

YK. D. Jordan et al., J. Am. Chem. Soc. 1994, 116, 11568.

2T, Clifford and K. Bartle, Chem. Brit. 1993, 499.

2'H. Ohtaki and T. Radnai, Chem. Rev. 1993, 93, 1157 (417 refs); G. W. Nelson and J. E.
Enderby, Adv. Inorg. Chem. 1989, 34, 195; H. D. Lutz, Bonding and Structures of Solid
Hydprates in Structure and Bonding Vol. 69, M. J. Clarke, ed., Springer, New York, 1988.
2@. J. Kubas et al., Organometallics 1992, 11, 3396.

BS. P. Best et al., J. Chem. Soc. Dalton Trans. 1993, 2711.

#L. G. M. Petterson et al., J. Am. Chem. Soc. 1994, 116, 8705; U. Koelle et al., Inorg. Chem.
1995, 34, 306.

BH. Bertagnolli and T. S. Ertel, Angew. Chem. Int. Ed. Engl. 1994, 33, 45.

#R. L. Christiansen and D. E. Sloan Jr., Ann. N.Y. Acad. Sci. 1994, 715, 283; E. D. Sloan,
Clathrate Hydrates of Natural Gases, Dekker, New York, 1990; A. Miiller et al, Angew.
Chem. Int. Ed. Engl. 1995, 34, 2328; J. L. Attwood et al., eds. Inclusion Compounds, Academic
Press, London, Vol. 1, 1984 et seq.
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Figure 2-4 Exchange rate constants (k) and mean residence times (7) for coordinated H,O
molecules. r = k™. Tall bars are directly measured values while short bars give values derived
from complex formation rates. Reproduced from A. E. Merbach et al., J. Am. Chem. Soc.
1996, 118, 5265.

The first example, discovered by Humphrey Davy in 1811, was Cl,-7H,0. Hy-
drates are commonly obtained when water is frozen in presence of a gas such as Ar,
Kr, Xe,” Cl,, CO,, and so on. Methane hydrate® occurs as a solid under permafrost or
on the deep sea bed in various parts of the world in vast quantities. Utilization
presents problems and is not likely to be necessary for some time when conventional
natural gas deposits run out.

Gas hydrates have two common structures. One has 46 molecules of water that
form 6 medium size and 2 small cages; this is for small molecules. Complete cage
filling to give the composition X-5.6H,0 is rare. Medium cage filling gives X-7.67H,0
and chlorine hydrate Cl,-7.3H,0 approaches this. The second structure formed with
larger molecules such as CHCL; or EtCl has 8 large and 16 smaller cages.

Salt hydrates. These may be formed when R,N* or R;S* salts crystallize from
aqueous solution; examples are Bu{N+*PhCOj;-39.5H,0 and (Bu,;S)F-20H,0.

The frameworks here are H-bonded water molecules, some H bonded to F~
or the oxygen of anions. The cations and parts of the anions (e.g., PhC of benzoate)
occupy cavities randomly and incompletely. Hydrates of strong acids, for example,
HPF,-7.67H,0, HBF,-5.75H,0, and HCIO,-5.5H,0 are also known.

It may be noted that there is some structural analogy between this type of
hydrate and zeolites. For example, [Me,NJOH-5H,O is isostructural with the silicate

2T. Pietrass et al., J. Am. Chem. Soc. 1995, 117, 7520.
®R. H. Crabtree, Chem. Rev. 1995, 95, 987; K. Lekvam and P. Ruoff, J. Am. Chem. Soc.
1993, 115, 8565.
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sodalite and there are parallels between 12- and 17-A gas hydrates and other
zeolite structures.

When salt hydrates are melted under CO, pressure, the gas is reversibly ab-
sorbed. Thus (Me,N)F-4H,O at 50°C and 100 kPa absorbs CO, to give a concentra-
tion ca 1.9 M. This may lead to new methods for removal of CO, from gas streams.?

2-6 Hydroxonium Cations

Since the reaction

H(g)=H*g)+e AH =569 kJ mol'!

is more endothermic than that for Xe, one consequence is that the hydrogen ion
can be found only when its compounds such as HCI(g) are dissolved in media that
can solvate the protons. The solvation process provides the energy for the H—X
bond rupture, as indicated by the water solvation reaction estimated from thermody-
namic cycles:

H*(g) + nHyO = H*(aq) AH =-1091 kJ mol’!

Although the hydrogen ion is commonly written as H*, solvation is always assumed,
as is the case for other ions such as Na* or Fe?*,

The reduction of solvated protons to H,, e.g., by reaction of Zn or Fe with
dilute acids, is one of the most fundamental redox reactions. The reaction is not
simple as it depends upon the nature of the solvent, concentrations and temperature.
Reduction can be achieved, of course, electrolytically and by a variety of other
reactions, some being catalytic.?

In crystalline compounds the hydroxonium ions H,O*, H;Of, H,07, H,O;},
and H;,,0%'* have been characterized.® In compounds commonly written as
H,PtCls2H,0 or HBF,-nH,O, the acidic proton is always present as the oxonium ion.

In some acids, such as H,SO,, the protons can be bound to the O atoms, while
for other acids like H,Fe(CN);, the anhydrous form has FeCN---H---NCFe hydrogen
bonds; no oxonium ion is present in 2PO(OH);-H,0 and (CO,H),-2H,0 that has
a 3-dimensional H-bonded structure.

The structural role of H;O* in a crystal often resembles that of NH{; thus
H;0*ClO; and NH; ClO; are isomorphous. The important difference is that com-
pounds of H;O" and similar ions generally have much lower melting points than
have NH{ salts.

The structure of H;O* is that of a flat pyramid (2-III) while that of HsO5 is
shown in (2-IV); the other ions are more complicated and O--H—O distances may

BR. Quinn et al., J. Am. Chem. Soc. 1995, 117, 329.

®U. Koelle, New J. Chem. 1992, 16, 157.

3H, Henke and W. H. Kuks, Z. Krist. 1987, 181, 113.

3P, C. Junk and J. L. Attwood, J. Chem. Soc., Chem. Commun. 1995, 1551; C. A. Reed et
al., Inorg. Chem. 1995, 34, 5403.
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differ considerably. Alcohols can form similar ions with H*. Although the H,O*
ion is unknown, many stable 4-coordinate oxygen compounds, such as those with
the basic beryllium acetate structure, have been made and structurally characterized.
A recent new example is [(Ph;PAu),O]{BF,],.*

2-7 Anionic Species

The “solvation” of H* by anions can form species such as [H(NO,),]~, [H(SOsF),],
and [H(HCO,),] that are commonly found in crystals. The anions HF; and
[CI—H—CI]~,* which can be isolated as stable salts of [K(18—C—6)]*, can be
included in the same category.

The hydrated hydroxyl ion H;O; has been recognized in transition metal hy-
drated hydroxo species such as [Cr(bipy),(H,O)OHJ**.* The formation of these
compounds occurs as follows (2-V).

H H H
o/ \ /
. -’ /O—H'---O\
M N H =——= LM S /ML
) 0---H—O
l / \
H H H
2-V)

The recognition of H;O; bridges provided an explanation for why it was the only
“cis-hydroxoaqua” species that could undergo the so-called “olation” reaction to
give dihydroxo species, i.e.,

2cis-[Cr(en),(H,0)OH]?* —;;‘1—;— [(en),Cr(u-OH) ,Cr(en),,** )

There are of course some genuine hydroxoaqua complexes without H;O; bridges.
Single bridged compounds are also known.* The bridges can be gauche (2-VI) or
anti (2-VII); the O—O distances are in the range 2.41-2.54 A. Finally it may be
noted that free hydroxide-water clusters have been studied both experimentally
and theoretically. They are of the type OH (OH,), where n can be from 1 to ca 30.%

¥H. Schmidbauer et al., Nature (London) 1995, 377, 503.

#J. L. Attwood et al., Inorg. Chem. 1990, 29, 467.

M. Ardon and A. Bino, Struct. Bonding (Berlin) 1987, 65, 1.
%K. Wieghardt et al., J. Chem. Soc. Dalton Trans. 1994, 2041.
8. S. Xantheas, J. Am. Chem. Soc. 1995, 117, 10373.
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STRENGTHS OF PROTONIC ACIDS

An important characteristic of hydrogen compounds (HX) is the extent to which
they ionize in water or other solvents, that is, the extent to which they act as acids.
The strength of an acid depends not only on the nature of the acid itself but very
much on the medium in which it is dissolved. Thus CF;CO,H and HCIO, are strong
acids in water, whereas in 100% H,SO, the former is nonacidic and the latter only
a very weak acid. Similarly, H;PO, is a base in 100% H,SO,. Although acidity can
be measured in a wide variety of solvents, the most important is water.

It is convenient to note here that 1,8-bis(dimethylamino)naphthalene and re-
lated compounds are very strong bases and act as a profon sponge, removing H*
and forming N---H-'N H-bonds that are symmetrical and nearly linear.

2-8 Binary Acids

Although the intrinsic strength of H—X bonds is one factor, other factors are
involved, as the following consideration of the appropriate thermodynamic cycles
for a solvent system indicates. The intrinsic strength of H—X bonds and the thermal
stability of covalent hydrides seem to depend on the electronegativity and size of
the element X. The variation in bond strength in some binary hydrides is shown
in Fig. 2-5. There is a fairly smooth decrease in bond strength with increasing Z in
a periodic group and a general increase across any period.

For HX dissolved in water we may normally (but not always—see later) assume
that dissociation occurs according to the equation:

HX(aq) = H*(aq) + X'(aq)

The dissociation constant K is related to the change in Gibbs free energy by
the relation

AG®=-RTInK

and the free energy change is in turn related to the changes in enthalpy and entropy
via the relation

AG=AH-TAS
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Figure 2-5 Variations in mean H—X bond energies.

in which R is the gas constant and T is the absolute temperature, which we shall
take to be 298 K in the following discussion. The dissociation process may be
considered to be the sum of several other reactions (i.e., as one step in a thermody-
namic cycle). Table 2-2 summarizes the Gibbs free energy changes for these sev-
eral steps.

Hydrogen fluoride in dilute aqueous solution is a very weak acid; the pK values
for the halogen acids change only slightly (3 units overall) from HI to HBr to
HCI, but there is a precipitous change, by 10.2 units, on going to HF. The classic
thermodynamic explanation for this is that the HF bond is so much stronger than
those of the other HX molecules that even an unusually high free energy of solvation
of F~ cannot compensate for it; thus most dissolved HF molecules remain undissoci-
ated. However, this is not correct. From ir studies of the four aqueous HX acids it
was inferred that the H;O" ion in aqueous HF is indeed present in large quantity
but with a perturbed spectrum indicative of strong H-bonding to F~. In other words,
HF is dissociated, but tight ion pairs, F~---H*—OH,, unique to F~, which is a far
better participant in H-bonding than CI-, Br~, or I", reduce the thermodynamic
activity coefficient of H,O*.

Table 2-2 Free Energy Changes (kJ mol™) for Dissociation of HX Molecules in Water

at 298 K
Process HF HCl1 HBr HI

HX(aq) = HX(g) 23.9 —-4.2 —42 —4.2
HX(g) = H(g) + X(g) 535.1 404.5 339.1 272.2
H(g) = H*(g) + e 1320.2 1320.2 1320.2 1320.2
X(g) te=X(g) -3475 —366.8 —345.4 -3153
H*(g) + X (g) = H*(aq) + X (aq) -1513.6 -13934 —1363.7 —1330.2
HX(aq) = H*(aq) + X (aq) 18.1 -39.7 —54.0 -57.3
PKa(= AGY5.71) 32 -7.0 -9.5 -10
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On increasing the HF concentration new equilibria become important.® The
ion pair H;O* F~ increasingly dissociates with the formation of HF; :

H;0*F + HF == H10" + HF,"

X-ray study of the crystalline hydrates H,O-nHF, n = 1, 2, and 4, shows that
these are H;O*F~, H;O*HF;, and H;O*H,F; .

2-9 Oxo Acids

The second main class of acids are compounds with X—OH groups of the type
H,XO,,, for example, H;PO,, or better O=P(OH)s.

For oxo acids certain generalizations may be made concerning (a) the magnitude
of K;, and (b) the ratios of successive constants, Ki/K;,, Ky/K;, and so on. The value
of K; seems to depend on the charge on the central atom. Qualitatively, it is
reasonable to suppose that the greater the positive charge, the more the process
of proton loss will be favored on electrostatic grounds. If this positive charge is
taken to be the so-called formal charge, semiquantitative correlations are possible.
The formal charge in an oxo acid H,XO,, is computed assuming the structure of
the acid to be O,,,X(OH),. Each X—(OH) bond is formed by sharing one X
electron and one OH electron and is thus formally nonpolar. Each X—O bond is
formed by using two X electrons and thus represents a net loss of one electron by
X. Therefore the formal positive charge on X is equal to the number of X—O
bonds, hence equal to (m — n). The data in Table 2-3 show that with the exception
of the acids listed in brackets, which are special cases to be discussed presently,
the following relations between m — n (or formal positive charge on X) and the
values of K; hold:

Form-n=0 pK;~85:10 (K~10%t10%
Form-n=1 pK;~28+09 (K~102t010%
Form-n2>2 pK; << 0 (the acid is very strong)

With very few exceptions, the difference between successive pK’s is 4 to 5.
Phosphorous acid (H;PO;) obviously is out of line with the other acids having
m — n = 0 and seems to fit fairly well in the group with m — n = 1. This is, in
fact, where it belongs, since there is independent evidence (Chapter 10) that its
structure is OPH(OH), with H bonded directly to P. Similarly, H;PO, has a pK;
that would class it with the m — n = 1 acids where it, too, belongs, since its structure
is OP(H),(OH), with the two H hydrogen atoms directly bound to P.

“Carbonic acid” is exceptional in that the directly measured pK;, 6.38, does
not refer to the process

H,CO; =H*+ HCO4

since CO, in solution is only partly in the form of H,CO;, but largely present as

%R. Braddy et al., J. Fluorine Chem. 1994, 66, 63.
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Table 2-3 Strengths of Oxo Acids, H,XO,,, in Water K, (pK,)

(m — n) Examples ~log K, (pK;) ~log K; (pK>) —log K; (pK;)
0 HCIO 7.5
HBrO 8.68
H;As0, 922 ? ?
H,GeO, 8.59 13 ?
HTeO, 8.80 ? ?
[H;POs} 1.8 6.15
H;BO, 922 ? ?
1 H;PO, 212 72 12
H;AsO, 35 72 12.5
H;IO, 3.29 6.7 ~15
H,S0O, 1.90 7.25
H,Se0, 2.57 6.6
HCIO, 1.94
HNO, 33
[H,COs} 6.38 (3.58) 10.32
2 HNO, Large neg. value
H,S0O, Large neg. value 1.92
H;SeO, Large neg. value 2.05
3 HCIO, Very large neg. value
HMnO, Very large neg. value

more loosely hydrated species CO,(aq). When a correction is made for the
equilibrium

€O;(aq) + H,0 = H,CO3(aq)
the pK; value of 3.58 is obtained, which falls in the range for other m — n = 1 acids.

Many metal ions whose solutions are acidic can be regarded as oxo acids. Thus
although the hydrolysis of metal ions is often written as shown here for Fe3*:

Fe** + H,0 = Fe(OH)** + H*

it is just as valid thermodynamically and much nearer to physical reality to recognize
that the Fe’* ion is coordinated by six water molecules and to write:

[Fe(H,0)6]** = [Fe(H,0);OH** + H*  Kg,**~ 10

From this formulation it becomes clear why the Fe?* ion, with a lower positive
charge, is less acidic or, in alternative terms, less hydrolyzed than the Fe** ion:

[Fe(H,0)g]** = [Fe(H,0)sOH]* + H*  Kgezr << Kperr

It should be noted that one cannot necessarily compare the acidity of the bivalent
ion of one metal with that of the trivalent ion of another metal in this way, however.
There appears to be no good general rule concerning the acidities of hydrated metal
ions at the present time, although some attempts have been made at correlations.
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Table 2-4 K,/K, Ratio for Dicarboxylic Acids, HO,C(CH,),CO,H

n 1 2 3 4 5 6 7 8
Ki/K, 1120 29.5 17.4 12.3 112 10.0 9.5 9.3

2-10 Theory of Ratios of Successive Constants

It was shown many years ago by Niels Bjerrum that the ratios of successive acid
dissociation constants could be accounted for in a nearly quantitative way by electro-
static considerations. Consider any bifunctional acid HXH:

HXH=HX +H*  k
HX =X*+H" K,

There is a purely statistical effect that can be considered in the following way.
For the first process, dissociation can occur in two ways (i.e., there are two protons,
either of which may dissociate), but recombination in only one; whereas in the
second process dissociation can occur in only one way, but recombination in two
(i.e., the proton has two sites to which it may return, hence twice the probability
of recombining). Thus on purely statistical grounds one would expect K; = 4 K,.
Bjerrum observed that for the dicarboxylic acids HO,C(CH,),CO,H, the ratio
Ki/K, was always >4, but decreased rapidly as n increased (see Table 2-4). He
suggested the following explanation. When the two points of attachment of protons
are close together in the molecule, the negative charge left at one site when the
first proton leaves strongly restrains the second one from leaving by electrostatic
attraction. As the separation between the sites increases, this interaction should di-
minish.

By making calculations using Coulomb’s law,” Bjerrum was able to obtain rough
agreement with experimental data. The principal difficulty in obtaining quantitative
agreement lies in a choice of dielectric constant, since some of the lines of electro-
static force run through the molecule (D ~ 1-10), others through neighboring water
molecules (D uncertain), and still others through water having the dielectric constant
(~82) of pure bulk water. Nearly quantitative agreement is obtained using more
elaborate models that take into account the variability of the dielectric constant.
The important point here for our purposes is to recognize the physical principles
involved without necessarily trying to obtain quantitative results.

Thus the large separation in successive pK'’s for the oxo acids is attributable
to the electrostatic effects of the negative charge left by the dissociation of one
proton on the remaining ones. In bifunctional binary acids, where the negative
charge due to the removal of one proton is concentrated on the very atom to which
the second proton is bound, the separation of the constants is extraordinarily great:
K; and K, for H,S are ~1077 and 107, respectively, whereas for water we have

H,0 =H* + OH" Ki=10

OH = H* + 0% K> <1036 estimated

®F o q,q,/Dr, where F is the force; ¢; and g, the charges separated by r; and D the dielectric constant
of the medium between them.
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Table 2-5 The Hammett Acidity Function H, for Several Acids

Acid ~H, Acid ~H,
HSO,F + SbF; (14.1 mol%) 26.5 HF (100%) 151
HF + SbF; (0.6 mol%) 21.1 HF + NaF (1 M) 8.4
HSO4F 15 H,PO, 5
H,S:0, 15 . H,S0, (63% in H,0) 4.9
CF,SOH 13.8 HCO,H 2.2
H,SO, 11.9

2-11 Pure Acids and Relative Acidities; Superacids*®

The concepts of hydrogen ion concentration and pH discussed previously are mean-
ingful only for dilute aqueous solutions of acids. A widely used means of gauging
acidity in other media and at high concentrations is the Hammett acidity function
H,, which is defined in terms of the behavior of one or more indicator bases B, for
which there is the protonation equilibrium

B + H* =BH*

The acidity function is defined as

_ . [BH*|
Hoy =pKay* - log “EBE
In very dilute solutions
(BI[H"]
Kpwe = A

[BH]

so that in water, H, becomes synonymous with pH. By using suitable organic bases
(e.g., p-nitroaniline) and suitable indicators over various ranges of concentration
and acidities or by nmr methods, it is possible to interrelate values of H, for strong
acids extending from dilute solutions to the pure acid.

For a number of strong acids in aqueous solution up to concentrations about
8 M, the values of H, are very similar. This suggests that the acidity is independent
of the anion. The rise in acidity with increasing concentration can be fairly well
predicted by assuming that the hydrogen ion is present as HyO{, so that protonation
can be represented as

H904+ +B —~— BH*+ 4H20

Values of H, for some pure liquid acids are given in Table 2-5. It is to be noted
particularly that for HF the acidity can be very substantially increased by the

“G. A. Olah, Angew. Chem. Int. Ed. Engl. 1995, 34, 1393; 1993, 32, 767; G. A. Olah,
G. K. S. Prakash and J. Sommer, Superacids, Wiley, 1985; T. A. O’Donnell, Superacids and
Acid Melts as Inorganic Reaction Media, VCH, New York, 1993; F. Arata, Adv. Catal. 1990,
37, 165 (solid superacids); F. Aubke et al, in Synth. Fluorine Chem., G. A. Olah et al,
eds., Wiley, New York, 1992, pp. 43-86 (transition metal derivatives of strong protic acids
and superacids).
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additions of a Lewis acid or fluoride ion acceptor, for example:

2HF + SbFs ~— H,F* + SbF¢

but its acidity is decreased by addition of NaF owing to formation of the HF; ion.
Antimony pentafluoride is commonly used as the Lewis acid, since it is compara-
tively easy to handle, being a liquid, and is commercially available. However, other
fluorides such as BF;, NbF;, and TaFs behave in a similar way. Acid media with
—H, values above about six are referred to as superacids, since they are upward
of 10° times as strong as a I M aqueous solution of a strong acid. The addition of
SbF;s to HSO;F dramatically raises the —H, value from 15 for 0% SbF; to ~17 at
0.4 mol % SbFs and finally to 26.5 at 90 mol %, the latter being the highest —H, value
known. The SbF;—FSO;H system, which is very complicated, has been thoroughly
investigated by nmr and Raman spectra. The acidity is due to the formation of the
H,SO;F* ion. The equilibria depend on the ratios of the components; with low
ratios of SbFs to FSO;H the main ones are the following;

SbFs + HSOsF ——== FsSbO——S——OH
E
H(F;SbSO;F) + HSO3F ——= [F5SbOSO,F]" + H,SO;F*

2H(FsSbSOsF) === E,Sb0 OSbFs + HySOsF*

Mj—n =0

At higher ratios the solutions appear to contain also the ions SbFs and [FsSb—
F—SbF;s]~ , which occur in solutions of SbFs in liquid HF, together with HS,O¢F
and HS;O.F, which occur in SO;~FSO;H solutions. These are generated by the
additional reactions

HSOsF =—= HF + SO,
3SbF;s + 2HF === HSbFg + HSb,F;
2HSO;F + 3803 === HS,O¢F + HS;04F

The SbF;—HSO;F solutions are very viscous and are normally diluted with liquid
sulfur dioxide so that better resolution of nmr spectra is obtained. Although the
equilibria appear not to be appreciably altered for molecular ratios SbF;-HSO;F
<0.4, in more concentrated SbF; solutions the additional equilibria noted here are
shifted to the left by removal of SbF; as the stable complex SbF;-SOs;, which can
be obtained crystalline.
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Table 2-6 Properties of Some Strong Acids in the Pure State

Acid mp (°C) bp (°C) x* (temperature, °C) &’ (temperature, °C)
HF —83.36 19.74 1.6 X 1076 (0) 84 (0)
HCl1 ~114.3 —85.09 3.5 X 107° (—85) 14.3 (—114)
HBr —86.92 —66.78 14 x 1071 (—84) 7.33 (—86)
HI —50.85 —3541 8.5 x 1071% (—45) 3.57 (—45)
HNO; —41.59 82.6 3.77 x 1072 (25)
HCIO, —112 (109 extrap.) 1.085 x 1074 (25)
HSO,F —88.98 162.7 1.044 x 1072 (25) ~120 (25)
H,SO, 10.377 ~270 & 110 (20)

*Specific conductance (ohm™ cm™). Values are often very sensitive to impurities.
*Dielectric constant divided by that of a vacuum.
“Constant-boiling mixture (338°C) contains 98.33% of H,SO,; d = with decomposition.

Extensive studies have also been made on the HSO;F—Sb(SOsF);s conjugate
superacid system*; this may be more acidic than the two strongest known HSO;F
compounds, namely, HSO,F —SbF,(SO;F); and HSO;F—Ta(SO;F);.

2-12 Properties of Some Common Strong Acids

A collection of some properties of the more common and useful pure strong acids
is found in Table 2-6.

Hydrogen Fluoride*

The acid is made by the action of concentrated H,SO, on CaF, and is the principal
source of fluoride compounds.

It is available in steel cylinders, with purity approximately 99.5%; it can be
purified further by distillation. Although liquid HF attacks glass rapidly, it can be
handled conveniently in apparatus constructed either of copper or Monel metal
or of materials such as polytetrafluoroethylene (Teflon or PTFE) and Kel-F (a
chlorofluoro polymer).

The high dielectric constant is characteristic of hydrogen-bonded liquids. Since
HF forms only a two-dimensional polymer, it is less viscous than water. In the vapor,
HF is monomeric above 80°C, but at lower temperatures the physical properties are
best accounted for by an equilibrium between HF and a hexamer, (HF)s, which
has a puckered ring structure. Crystalline (HF), has zigzag chains (Fig. 2-1).

After water, liquid HF is one of the most generally useful solvents. Indeed in
some respects it surpasses water as a solvent for both inorganic and organic com-
pounds, which often give conducting solutions as noted previously; it can also be
used for cryoscopic measurements.

The self-ionization equilibria in liquid HF are

2HF =—=—H,F*+F K~ 1010

HF
F+HF ——HF,, —=H,F;” andsoon

4F, Aubke et al., Inorg. Chem. 1995, 34, 2269.
“W. D. Chandler et al, Inorg. Chem. 1995, 34, 4943,
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The structures of fluoronium ions,” H,F*, H;F;, and H;F¢ as SbF; and
Sb,F;; salts have been determined as well as those of the anions H,F;, HyF;,
H,F;, and H;Fs as potassium salts.

The formation of the stable hydrogen-bonded anions accounts in part for the
extreme acidity. In the liquid acid the fluoride ion is the conjugate base, and ionic
fluorides behave as bases. Fluorides of M* and M?* are often appreciably soluble
in HF, and some such as TIF are very soluble.

The only substances that function as ‘““acids” in liquid HF are those such as
SbFs, previously noted, which increase the concentration of H,F*. The latter ion
appears to have an abnormally high mobility in such solutions.

Reactions in liquid HF are known that also illustrate amphoteric behavior,
solvolysis, or complex formation. Although HF is waterlike, it is not easy, because
of the reactivity, to establish an emf series, but a partial one is known.

In addition to its utility as a solvent system, HF as either liquid or gas is a
useful fluorinating agent, converting many oxides and other halides into fluorides.

Hydrogen Chloride, Bromide, and lodide*?

These acids are quite similar but differ from HF; they are normally pungent gases;
in the solid state they have hydrogen-bonded zigzag chains and there is probably
some hydrogen bonding in the liquid. Hydrogen chloride is made by the action of
concentrated H,SO, on concentrated aqueous HCl or NaCl; HBr and HI may be
made by catalytic reaction of H, + X, over platinized silica gel or, for HI, by
interaction of iodine and boiling tetrahydronaphthalene. The gases are soluble in
a variety of solvents, especially polar ones. The solubility in water is not exceptional;
in moles of HX per mole of solvent at 0°C and 1 atm, the solubilities in water,
1-octanol, and benzene, respectively, are HCl, 0.409, 0.48, 0.39; HBr, 1.00, 1.30,
1.39; HI, 0.065, 0.173, 0.42.
The self-ionization is very small:

3HX === HX*+ HXy

Liquid HCI has been fairly extensively studied as a solvent, and many organic
and some inorganic compounds that can be protonated dissolve giving conduct-
ing solutions:

B +2HCl === BH*+ HCl,"

The low temperatures required and the short liquid range are limitations, but
conductimetric titrations are readily made.

Salts of the ion H,Cl* have not been isolated, but crown ether salts of the
HCI; and HBr; ions have been structurally characterized. These are angular with
strong H-bonds, though the parameters vary with the cation.*

Nitric Acid
Nitric acid is made industrially by oxidation of ammonia with air over platinum

catalysts. The resulting nitric oxide is absorbed in water in the presence of air to

“D. Mootz and K. Bartmann, Z. Naturforsch. 1991, 46B, 1659.
“J. L. Attwood ef al, Inorg. Chem. 1990, 29, 467.
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form NO,, which is then hydrated. The normal concentrated aqueous acid (~70%
by weight) is colorless but often becomes yellow as a result of photochemical
decomposition, which gives NO,:

2HNO; ¥ 2NO; + H,0 + 1,0,

The so-called fuming nitric acid contains dissolved NO, in excess of the amount
that can be hydrated to HNO; + NO.

Pure nitric acid can be obtained by treating KNO, with 100% H,SO, at 0°C
and removing the HNO; by vacuum distillation. The pure acid is a colorless liquid
or white crystalline solid; the latter decomposes above its melting point according
to the previous equation for the photochemical decomposition, hence must be
stored below 0°C.

The acid has the highest self-ionization of the pure liquid acids. The initial proto-
lysis

2HNO; ~— HoNO;* + NOy
is followed by rapid loss of water:
H2N03+ -_— H20 + N02+

so that the overall self-dissociation is

2HNO; === NO,* + NO; + H,0

Pure nitric acid is a good ionizing solvent for electrolytes, but unless they produce
the NO3 or NOj ions, salts are sparingly soluble.

In dilute aqueous solution, nitric acid is approximately 93% dissociated at
0.1 M concentration. Nitric acid of concentration below 2 M has little oxidizing
power. The concentrated acid is a powerful oxidizing agent and, of the metals, only
Au, Pt, Ir, and Re are unattacked, although a few others such as Al, Fe, Cu are
rendered passive, probably owing to formation of an oxide film; magnesium alone
can liberate hydrogen and then only initially from dilute acid. The attack on metals
generally involves reduction of nitrate. Aqua regia (~3 vol. of conc. HC1 + 1 vol.
of conc. HNOs) contains free chlorine and CINO, and it attacks gold and platinum
metals, its action being more effective than that of HNO; mainly because of the
complexing function of chloride ion. Red fuming nitric acid contains N,O,. Some
metals, notably tantalum, are quite resistant to HNO; but dissolve with extreme
vigor if HF is added, to give TaFs or similar ions. Nonmetals are usually oxidized
by HNO; to oxo acids or oxides. The ability of HNO;, especially in the presence
of concentrated H,SO,, to nitrate many organic compounds is attributable to the
formation of the nitronium ion, NO; .

Gaseous HNO; has a planar structure (Fig. 2-6), although hindered rotation of
OH relative to NO, probably occurs.

Perchloric Acid

This is available in concentrations 70 to 72% by weight. The water azeotrope
with 72.5% of HCIO, boils at 203°C, and although some Cl, is produced, which
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Figure 2-6 The structure of the nitric acid molecule in
the vapor.

can be swept out by air, there is no hazard involved. The anhydrous acid is
best prepared by vacuum distillation of the concentrated acid in the presence
of the dehydrating agent Mg(ClO,),; it reacts explosively with organic material.
The pure acid, mp ~112°C, has been structurally characterized.* It is nearly
identical with the structure of ClO;F (Chapter 13) and has three C1—O bonds
1.42 A and one 1.61 A, the latter being involved in connecting HCIO, molecules
into chains via weak O--H bridges. It decomposes at —101.4°C to give
HC10,-0.25H,0 and Cl,O,. Numerous crystalline hydrates have been structurally
characterized as well as anhydrous perchlorates such as Cu(ClO,),.* The hot
concentrated acid oxidizes organic materials vigorously or even explosively; it
is a useful reagent for the destruction of organic matter, especially after pretreat-
ment with, or in the presence of, H;SO, or HNO;. The addition of concentrated
HCIO, to organic solvents such as ethanol should be avoided, even if the solutions
are chilled.

Perchlorate salts of organic or organometallic cations or complexes with organic
ligands must be handled with extreme caution; substitution of ClO; by CF:SO; or
other non-coordinating anions is always advisable.

Sulfuric Acid

This is prepared on an enormous scale by the lead chamber and contact processes.
In the former, SO, oxidation is catalyzed by oxides of nitrogen (by intermediate
formation of nitrosylsulfuric acid, HOSO,ONO); in the latter, heterogeneous cata-
lysts such as Pt are used for the oxidation. Pure H,SOj is a colorless liquid that is
obtained from the commercial 98% acid by addition first of SO; or oleum and
then titration with water until the correct specific conductance or melting point
is achieved.

The phase diagram of the H,;SO,~H,O system is complicated, and eutectic
hydrates such as H,SO,-H,O (mp 8.5°C) and H,SO,2H,O (mp —38°C) occur. In
pure crystalline H,SO, there are SO, tetrahedra with S—O distances 1.42, 1.43,
1.52, and 1.55 A, linked by strong H-bonds. There is also extensive H-bonding in
the concentrated acid. In the gas phase the structure is O,S(OH),, which is essentially
that in the liquid although the latter is extensively H-bonded.

Pure H,SO, shows extensive self-ionization resulting in high conductivity.

The equilibrium

2H,S0, H3S0,* + HSO4 Kijpoc = 1.7 x 10 mol? kg2

“SA. Simon and H. Borrman, Angew. Chem. Int. Ed. Engl. 1988, 27, 1339,
“F. Favier et al., J. Chem. Soc. Dalton Trans. 1994, 3119.
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is only one factor, since there are additional equilibria due to dehydration:

2H,S04 === H,;0" + HS,07 Kipc=3.5 x 10 mol? kg2
H;0 + H;804 === H,0* + HSO, Kypc=1mol kg
H,8,07 + HySO; === H,SO;" + HS;07" Kipc =7 x 102 mol? kg2

Estimates of the concentrations in 100% H,SO, of the other species present, namely,
H;O0*, HSOy7, H,SO;, HS;O7, and H,S,0; can be made; for example, at 25°C,
HSOj is 0.023 M.

Pure H,SO, and dilute oleums have been greatly studied as solvent systems,
but interpretation of the cryoscopic and other data is often complicated. Sulfuric
acid is not a very strong oxidizing agent, although the 98% acid has some oxidizing
ability when hot. The concentrated acid reacts with many organic materials, remov-
ing the elements of water and sometimes causing charring, for example, of carbohy-
drates. Many substances dissolve in the 100% acid, often undergoing protonation.
Alkali metal sulfates and water also act as bases. Organic compounds may also
undergo further dehydration reactions, for example:

SO,
CHsOH —22% _» C,H,OH," + HSO; —22%—» C,HsHSO, + H;0* + HSO;

Because of the strength of H,SO,, salts of other acids may undergo solvolysis,
for example:

NH4CIO4 + H,SO, === NH,*+ HSO; + HCIO,

There are also examples of acid behavior. Thus H;BO; reacts to give quite a
strong acid:

H3BO; + 6H,80, === B(HSO,); + 3H;0" + 3HSO,
B(HSO,); + HSO; === B(HSO,)s

The addition of SO; to H,SO, gives what is known as oleum or fuming sulfuric
acid (SO,),°H,0. The constitution of concentrated oleums is controversial, but with
equimolar ratios the major constituent is pyrosulfuric (disulfuric) acid (H,S,0;). At
higher concentrations of SO;, Raman spectra indicate the formation of H,S;0, and
H,S,0;,. Pyrosulfuric acid has higher acidity than H,SO, and ionizes thus:

2H;8,07 === H,S3010 + HaSO4 === H3S0,4* + HS30,5°

The acid protonates many materials; HCIO, behaves as a weak base, and CF;CO,H
is a nonelectrolyte in oleum.
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Fluorosulfuric Acid

Fluorosulfuric acid is made by the reaction:

SO, + HF = FSO;H

or by treating KHF, or CaF, with oleum at ~250°C. When freed from HF by
sweeping with an inert gas, it can be distilled in glass apparatus. Unlike CISO;H,
which is explosively hydrolyzed by water, FSO;H is relatively slowly hydrolyzed.
The acid is one of the strongest pure liquid acids and, as noted in Sect. 2-11, is
used in superacid systems. An advantage over other acids is its ease of removal by
distillation in vacuum. The extent of self-ionization

2FSO;H =—=FSO;H,* + FSOy"

is much lower than for H,SO, and consequently interpretation of cryoscopic and
conductometric measurements is fairly straightforward.

In addition to its solvent properties, FSO;H is a convenient laboratory fluorinat-
ing agent. It reacts readily with oxides and salts of oxo acids at room temperature.
For example, K,CrO, and KCIO, give CrO,F, and CIO;F, respectively.

Trifluoromethanesulfonic Acid¥

This very strong (—H, = 15.1), useful acid (CF;SO,H, bp 162°C) is often given the
trivial name ““triflic” acid and its salts called “triflates.” It is very hygroscopic and
forms the monohydrate CF;SO;H-H,0, mp 34°C. Its salts are similar to perchlorates
but non-explosive, and the CF,SO;5 ion is less likely than ClO; to be found disor-
dered in crystal structures. The ion is also a useful leaving group in many organic
and inorganic syntheses.

Related and useful protonating fluorocarbon acids are (CF;SO,),CH,,
(CF580,),CHPh, and (CF;SO,),NH that also give non-coordinating anions like
CF,S0O5 .48

Other Acids

Although “tetrafluoroboric” and “hexafluorophosphoric” acids do not exist as such,
but only in the form of oxonium salts, for example, H;O3BF;, in nonaqueous
solvents such as carboxylic anhydrides or ethers there can be strong acid behavior.
Tetrafluoroboric acid in diethyl ether is a useful strong acid, [Et,OH]*BF;.

Trifluoracetic acid,”® Kp = 0.66 mol L%, forms a variety of hydrates such as
[HsO,]*[H(O,CCF5),]"-6H,0. Another useful strong acid is the solid Nafion H*,®
where Nafion is a perfluorinated ion exchange polymer.

Before leaving the topic of acids, the use of very strong bases to remove H*
from very weak acids can be noted. These compounds are called proton sponges.

7p.J. Stang and M. R. White, Triflic Acid and its Derivatives, Aldrichchimica Acta 1983, 16, 15.
“®A. R. Siedle and J. C. Huffman, Inorg. Chem. 1990, 29, 3131.

“D. Mootz and M. Schilling, J. Am. Chem. Soc. 1992, 114, 7435.

%K. J. Cavell et al, J. Chem. Soc., Dalton Trans. 1992, 1381.

SIR. W. Alder, Chem. Rev. 1989, 89, 1215; B. Brzezinski et al., J. Mol. Struct. 1992, 274, 75.
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One example is 1,8-bis(dimethylamino)naphthalene, which forms N--H*-N H-
bonds that are symmetrical and nearly linear. Non-ionic cage compounds such as
MeN=P(MeNCH,CH,);N* are also very strong bases.

METAL HYDRIDES

Although virtually all the elements form hydrides, those of non-metallic elements
such as boron hydrides, NH;, PH;, etc., are discussed in the appropriate chapters.
Only metal hydrides are discussed in this section.

2-13 The Hydride lon; Saline Hydrides

The tendency of the hydrogen atom to form the negative ion is much lower than
for the more electronegative halogen elements. This may be seen by comparing
the energetics of the formation-reactions:

,Ha(g) — H(g) AH = 218 kJ mol"!
',Bry(g) — Br(p) AH =113 kI mol’!
H(g) +e — H(g) AH =-67kJ mol!

Br(g) +e — Br(g) AH =-345 kJ mol’!
Hyg) +e — H(g) AH =151 kI mol'!

'hBry(g) +e — Br(g) AH =-232kJ mol!

Thus, owing to the endothermic character of the H™ ion, only the most electro-
positive metals—the alkalis and the alkaline earths —form saline or saltlike hydrides,
such as NaH and CaH,. The ionic nature of the compounds is shown by their high
conductivities just below or at the melting point and by the fact that on electrolysis
of solutions in molten alkali halides hydrogen is liberated at the anode.

X-ray and neutron diffraction studies show that in these hydrides the H™ ion
has a crystallographic radius between those of F~ and CI". Thus the electrostatic
lattice energies of the hydride and the fluoride and chloride of a given metal will
be similar. These facts and a consideration of the Born-Haber cycles lead us to
conclude that only the most electropositive metals can form ionic hydrides, since
in these cases relatively little energy is required to form the metal ion.

The hydrides and some of their physical properties are given in Table 2-7. The
heats of formation compared with those of the alkali halides, which are about
420 kJ mol, reflect the inherently small stability of the hydride ion.

For the relatively simple two-electron system in the H™ ion, it is possible to
calculate an effective radius for the free ion, 2.08 A. It is of interest to compare

2], G. Verkade et al., J. Am. Chem. Soc. 1993, 115, 5015.
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Table 2-7 The Salt-like Hydrides and Some of Their Properties

Heat of
Formation
—-AH{298 K) M—H Distance Apparent
Salt Structure (kJ mol ™) (A) Radius of H™ (A)
LiH NaCl type 91.0 2.04 1.36
NaH Na(l type 56.6 2.44 1.47
KH NaCl type 579 2.85 1.52
RbH NaCl type 47.4 3.02 1.54
CsH NaCl type 49.9 3.19 1.52
CaH,  Slightly distorted hcp 174.5 2.33 1.35
SrH, Slightly distorted hcp 1715 2.50 1.36
BaH, Slightly distorted hcp 171.5 2.67 1.34
MgH, Rutile type 74.5 1.30

“See text.
Although half the H" ions are surrounded by four Ca?* and half by three Ca?, the Ca—H distances
are the same.

this with some other values, specifically, 0.93 A for the He atom, ~0.5 A for the
H atom, 1.81 A for the crystaliographic radius of CI-, and 0.30 A for the covalent
radius of hydrogen, as well as with the values of the “apparent” crystallographic
radius of H™ given in Table 2-7.

The values in the table are obtained by subtracting the Goldschmidt radii of
the metal ions from the experimental M—H distances. The value 2.08 A for the
radius of free H™ is at first sight surprisingly large, being more than twice that for
He. This results because the H™ nuclear charge is only half that in He and the
electrons repel each other and screen each other (~30%) from the pull of the
nucleus. Table 2-7 indicates that the apparent radius of H™ in the alkali hydrides
never attains the value 2.08 A and also that it decreases markedly with decreasing
electropositive character of the metal. The generally small size is probably attribut-
able in part to the easy compressibility of the rather diffuse H™ ion and partly to
a certain degree of covalence in the bonds.

Preparation and Chemical Properties

The saline hydrides are prepared by direct interaction at 300 to 700°C. The rates
are in the order Li > Cs > K > Na, largely because of the activation energy term
in the Arrhenius equation. Extremely active hydrides of Li, Na, and K can be made
by interaction of hydrogen with BuLi + TMEDA in hexane (LiH) or of BuLi +
M(OBu') + TMEDA in hexane (NaH and KH).

The saline hydrides are crystalline solids, white when pure but usually gray
owing to traces of metal. They can be dissolved in molten alkali halides and on
electrolysis of such a solution, for example, CaH, in LiCl + KCl at 360°C, hydrogen
is released at the anode. They react instantly and completely with even the weakest
acids, such as water, according to the reaction

MH +H*=M*+H,
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The standard potential of the HyH™ couple has been estimated to be —2.25 'V,
making H™ one of the most powerful reducing agents known.

The hydrides of Rb, Cs, and Ba may ignite spontaneously in moist air. Thermal
decomposition at high temperatures gives the metal and hydrogen. Lithium hydride
alone can be melted (mp 688°C) and it is unaffected by oxygen below red heat or
by chlorine or dry HCI; it is seldom used except for the preparation of the more
useful complex hydride LiAlH, discussed in Chapter 6. Sodium hydride is available
as a dispersion in mineral oil; although the solid reacts violently with water, the
reaction of the dispersion is less violent. It is used extensively in organic synthesis
and for the preparation of NaBH,. Sodium hydride acts as a strong base for hydrogen
abstractions, but as a reducing agent it is slow and inefficient though improved by
addition of nickel acetate as catalyst or by sodium #-amyloxide. It is soluble in
aqueous hexamethylphosphoramide giving a blue solution (cf. Chap. 3). Calcium
hydride reacts smoothly with water and is a useful source of H, (1000 cm®/g) as
well as a convenient drying agent for gases and organic solvents. Finally, it may be
noted that the compound 1,8-naphthalenediylbis(dimethylborane) (2-VIII) reacts
with KH in THF to give a bridged monohydride. The compound also removes H~
from borohydride and other hydridic compounds and has been called a “hydride
sponge” by analogy with a “proton sponge” noted earlier, which is similar but with
NMe, instead of BMe, groups. It also gives a bridged anion with F~.

- -
H

N

Me,B BMe, Me,B BMe,

THF

(2-viIp

The metal hydrides of a more covalent nature such as those of Mg, Al, and
Ga are discussed under the chemistry of those elements.

Transition Metal Hydrides

There is a vast and rapidly increasing literature on transition metal hydrides, their
chemical reactions and their role in hydrogen transfers, as in catalytic reactions of
alkenes and other substrates. We can only outline the present knowledge which
includes also what are called “agostic H atoms” and new types of H-bonding as
well as compounds with M—H and M(H,) bonds.

2-14 Classical Hydrides with M—H Bonds*?
The first complexes to be made, by W. Hieber in the 1930s, were HCo(CO), and
H,Fe(CO),, but their structures and the nature of the M—H bond were not known

53J. A. Martinho Simdes and J. L. Beauchamp, Chem. Rev. 1990, 90, 629; P. Dedieu, ed.,
Transition Metal Hydrides, VCH, New York, 1992.
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until much later. The discovery of Cp,ReH by G. Wilkinson in 1955 initiated modern
studies as this molecule allowed the M—H stretching region in the ir spectrum to
be identified, at ~2000 cm™!, while the "H nmr spectrum showed a unique line on
the high field side of Me,Si. The molecule also demonstrated for the first time
that metal atoms in complexes could be protonated as the compound is as basic
as ammonia:

Cp;ReH + HY —/—=— szReH2+

There are now hundreds if not thousands of compounds of the d group elements,
lanthanides and actinides. All manner of ligands may be present such as CO, PR;,
7-CHs , arenes, CN-, halides, pyrazolylborates, and so on. Some compounds will
be noted under the chemistry of the particular element involved.

Metal-hydride compounds having also NO as ligand are fairly common,* an
example being Cp*W(NO)(CH,SiMe;)H which also illustrates the possibility of
MH(CR;) complexes. Rather uncommon are peroxo compounds like [OsH(7*-O,)L]-
BPh,, L = C(H;,PCH,CH,PC:H;, and alkoxo species® such as [W,(u-H)(OPr');},,
W.(H,)(OPr'),,, and Wy(u-H),H(-CPr')(-OPr’),(OPr’)s. Complexes with simple
amines can be stable, an early example being [RhH(NHS;)s]**; a similar aqua complex
[CrH(OH,)s]** has only a short lifetime. A few paramagnetic hydrides are known,
e.g., Ir(H,),(Cl),(PPr%), and Ta(H,),(Cl),(dmpe),.

Synthetic Methods

The synthesis of hydrido species can involve interactions with molecular hydrogen,
hydride sources such as NaBH, or LiAlH,, alcohols and other organic sources.
Some representative syntheses are as follows.

KOH-EtOH
trans-PtCl,(PEt,), ——* trans-PtCIH(PEt,), 3)
NaBH,
Fel(CO), ——p = FeHy(CO), “
Rh¥*(aq) + SO + NH,(aq) + Zn —= [RhH(NH,)]SO, (5)

Methods that include direct reaction with dihydrogen are illustrated by the fol-
lowing:

RuCl,(PPhy); + H, + Et;N — RuCI(H)(PPh,), + Et;NHCI ©6)
60°C/60 atm.

Cp,Z1tMe, + 2H, — Cp,Zr(H), + 2CH, @

WMe, + 3PMe,+ SH, — = WH,(PMe,), + 6CH, ®)

*P. Legzdins et al., Organometallics 1995, 14, 2543.

5A. Mezzatti et al,, J. Chem. Soc., Chem. Commun. 1994, 1597.

%M. H. Chisholm et al, Chem. Commun. 1996, 1331; J. Am. Chem. Soc. 1995, 117, 1974;
M. H. Chisholm, Chem. Soc. Rev. 1995, 24, 79.
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Figure 2-7 The structure of HMn(CO);.

1 .
(Ph,P), Rh[N(SiMe,),] + H, ———* RhH(PPh,), +(Me,Si),NH o)
PC;
Ru(COD)(COT) + H, —=— trans-Ru(H),(H,),(PCy,), + CsH,q (10)

Structures and Specira

Many structures having terminal and/or bridging H atoms have been determined
by X-ray diffraction. Although neutron diffraction is preferable, large, well formed
crystals are usually required and far fewer structures have been determined this
way. An early structure is shown in Fig. 2-7.

Spectroscopic data are useful. In the infrared MH stretches are in the region
2300-1600 cm™ with bends appearing from 900-600 cm™. Assignments can be
confirmed by deuterium substitution. Nuclear magnetic resonance data can be
obtained in a variety of solvents including strong acids like H,SO,. The lines are
usually up-field from SiMe, from —1 to —35 ppm although in some cases lines have
been seen at —60 ppm and also, much less commonly, down-field as far as 22.87
ppm in Cp*TaCl,(CH,CMe;)H.V So far there appears to be little correlation between
spectroscopic data and M—H bond lengths; the shifts doubtless depend on the
nature of the whole molecule.

The nmr measurement of dipolar relaxation (7}) can give data that can be
correlated with M —H bond distances, however, and has been useful in distinguishing
between MH and M(H,) species as discussed later. Enhancement of nmr signals
by parahydrogen induced polarization can allow detection of isomers in low concen-
trations.*®

In phosphorus ligand complexes coupling of 'H and *P often gives useful
structural information but in 5 and 7 or higher coordinate species nonrigidity is
commonly observed, for example, in Cr(H),[P(OMe);]s.

SR. R. Schrock et al., J. Am. Chem. Soc. 1995, 117, 6609.
%S. B. Duckett et al., Chem. Commun. 1996, 383.
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Chemically, M—H bonds can be detected by the reaction with CCl, that gives
CHCJ; and M—CIL. The hydride ligand has both a very high trans influence (shown
by long M—L distances in trans H—M—L compounds) and also a strong trans
effect, which means that ligands in the trans positions to H commonly undergo
facile substitution. The factors that affect the protonic or hydridic behavior of
compounds with M—H bonds are generally similar to those determining this behav-
ior in non-transition metal compounds as exemplified by BH;, CH,, NH;, OH,,
and FH. The most important factors in complexes are the strength of the M—H
bond and the nature of the ligands. For a reaction

L,MH === LM +H*

the key is the stability of the conjugate base, that is, the electronic structure of the
anion. Strong 7 bonding of the ligand L will stabilize ML, by delocalization of
negative charge and this is why the most acidic hydrides are those with CO or PF;
as ligands. Substitution of CO by a poorer 7 acid can dramatically reduce the pK,
as the following examples in H,O show:

HCo(CO)4 Strong acid HV(CO)s Strong acid
HCo(CO);(PPhs)  pK,=7.0 HV(CO)s(PPh;)  pKA=6.8

There are, of course, hydrides that are essentially neutral, e.g., HRuCl(CO),(PPh;),,
while the basic hydrides either have lone pairs, as in Cp,ReH mentioned earlier,
or are electron rich as in d® and 4" complexes, such as those of Ru®, Rh!, or
Pt that can undergo not only protonations but oxidative-additions of a variety
of molecules.

It may also be noted that in all discussions of acidity, it must always be remem-
bered that the acidity depends on the solvent and the extent, consequently, of
dissociation. The hydrides of early transition metals tend to be hydridic; 2nd and
3rd row d metal compounds are usually less acidic than their 1st row analogues.

Hydrogen Bridges

Early evidence for bridging H atoms came from nmr spectra of the cation
[Cp(CO);W],H*, which showed satellites due to the coupling of H with both tungsten
atoms symmetrically ("W, spin %). Many bridged species, both homo- and hetero-
metallic, have been confirmed by spectroscopic and diffraction methods. The main
types are given in the following:

>y ML H\M M/H\M M‘H’M
R \V/
-~ . X M

H H H
M/ \M M/ \M M<
H

More complicated bridge systems have been found in yttrium and lanthanide com-
pounds, for example, (2-IX) and (2-X).
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n ’
b} PRI
H ~ | ~ H *szy\ P YCp,*
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H H,
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p,Lu uCp, b T
™~ H - *Cp,
(2-IX) (2-X)

The bridges (u-H), and (u-H) occur in (Cp*Ru),(u-H), and [Mo,(u-H)(OCH,-
Bu);,]",” respectively, and (us-H) is known in [Cos(us-H)(CO);5]”. Many other
alkoxide hydrides are known.®

All single bridges are bent with angles ranging from ca. 78° to 124° the
M—H—M asymmetric stretches are around 1700 cm™.

A representative complex, studied by neutron diffraction, is (7-Cp*Co),-
(u-H); which has a short Co—Co bond (2.253 A).# A few cases of bridges
unsupported by M—M bonds are known, e.g., [(u-H)YW,(CO),]~ and
[(1-H),W5(CO),.NOJ~#

Some reactions of M—H bonds are shown in Fig. 2-8. Most involve some type
of cleavage to give H', H*, or H™. The energies for homolytic and heterolytic
cleavages® have been determined by a variety of methods and much data is
available.*

Hydrogen transfers can be induced thermally or photochemically and the kinet-
ics of transfers from compounds such as HMn(CO)s and Cp*Mo(CO);H have
been determined.®

Polyhydrides®

These are metal compounds that have 3 to 9 hydrogen atoms which may be neutral,
cationic, or anionic. They usually have tertiary phosphines or 7*-CsH; as ligands
but some homoleptic species are known. Some examples are given in Table 2-8.

Whether or not a given compound has only M—H bonds or whether some of
the hydrogen atoms are present as M(H,) groups has caused much study and
reformulation in a number of cases; an example is a “tetrahydride” shown to be
Ir(H,)(7-H,)CI(PPr?).

Polyhydrides can be obtained in different oxidation states up to the highest for
a given element; many, according to 'H nmr spectra, are non-rigid. Reductive
elimination of H, can give lower oxidation state compounds of greater reactivity
due to coordinative unsaturation.

M. H. Chisholm et al, J. Am. Chem. Soc. 1994, 116, 389.

“M. H. Chisholm, Chem. Soc. Rev. 1995, 24, 79.

OT. F. Koetzle et al, Inorg. Chem. 1996, 35, 2698 (lists data for other M(u-H):M species).
@], T. Lin et al., Inorg. Chem. 1994, 33, 1948.

®R. M. Bullock, Comments Inorg. Chem. 1991, 12, 10.

#“D. Wang and R. J. Angelici, J. Am. Chem. Soc. 1996, 118, 935.

ST-Y. Cheng and R. M. Bullock, Organometallics 1995, 14, 4032.

%Z. Lin and M. B. Hall, Coord. Chem. Rev. 1994, 135/136, 845 (classical and non-classical
polyhydrides, 60 refs).
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Figure 2-8 Some intramolecular hydrogen transfer or insertion reactions.

Polyhydrido Anions

There is now an extensive array of solids of the general composition A,MH,, where
A is an alkali cation usually Li* or Na*. The first well characterized anion ReH3~
is shown in Fig. 2-9.

The solid compounds are commonly made by high temperature interaction of
the metal powders with saltlike hydrides or with Mg or alkali metals under high
pressures of H, (or D,).¥ Typical of the ions so produced are the planar [PtH,]*~
and [RhH,]*", linear [PtH,]*", the octahedral [RuH,]*~ and [RhH]*". The electronic
structures and bonding in compounds such as Mg,RuH, have been considered in

Table 2-8 Examples of Polyhydrides Having M—H Bonds

Compound Geometry
WH;(PR;); Tricapped trigonal prism
ReH,(PPh),* Monocapped square antiprism
ReHy(PMe,Ph), Dodecahedral
OsH(PMe,Ph); ® "

OSHG(PRg)z "

“J. L. Spencer et al., Organometallics 1995, 14, 568; R. H. Crabtree et al., Inorg. Chem. 1996, 35, 695.
*K. G. Caulton et al.,, Inorg. Chem. 1994, 33, 4996.

SW. Bronger et al., Z. anorg. allg. Chem. 1996, 622, 462; Angew. Chem. Int. Ed. Engl. 1994,
33, 1112; J. Alloys Compd. 1995, 229, 1 (Review on synthesis and structure); K. Yvon et al.,
J. Alloys Compd. 1995, 204, L5; R. O. Moyer, Ir. et al., J. Solid State Chem. 1996, 121, 56.
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Figure 2-9 The structure of the ReH3™ ion. The hydrogen atoms
define a trigonal prism centered on all rectangular faces.

detail.® K;MnH;% contains both H™ ions and tetrahedral MnH3~ ions. Finally, it is
well known that palladium in particular and some other metals can absorb consider-
able quantities of hydrogen.”

Carbonyl Hydrides and Hydrido Anions

As noted earlier HCo(CO), and H,Fe(CO), were the first known hydrides. Carbonyl
hydrides and carbonylate anions have been intensively studied in part because they
are intermediates in many metal catalyzed reactions involving CO and H,. The
structure of HMn(CO);s is shown in Fig. 2-7.

Some compounds and their properties are shown in Table 2-9. The iron and
cobalt carbonyl hydrides form pale yellow solids or liquids at low temperatures and
in the liquid phase begin to decompose above ~—10 and —20°C, respectively; they
are relatively more stable in the gas phase, however, particularly when diluted with
carbon monoxide. They have revolting odors and are readily oxidized by air. The
carbonyl hydride, HMn(CO)s, is appreciably more stable.

The carbonyl hydrides are often acidic, but pK, values are solvent dependent.
For example, while for HCo(COQ), in H,O the pK, is < 2,in MeCN it is 8, comparable
to that of HCl in MeCN.

The hydrides are usually obtained by acidification of carbonylate or substituted
carbonylate anions. In the case of highly reduced anions like Na;Ta(CO)s, interac-
tion with BH; in EtOH-THF may be adequate to give [HM(CO)s]*".

Polynuclear cluster hydrides can be made similarly, but special methods may
be used, for example,

Fe(CO)s + Et;N  —22:89°C o [Et,NH|[HFe3(CO);1]

[HFe3(CO)1,] + Fe(CO)s —— =  [HFe4(CO)y3] + 3CO
[HRu(CO), —S2HO _  [HRuy(CO),,T
[HFe(CO)4]" + (THF)Mo(CO)s — . [HFeMo(CO)e]"

®G. J. Miller et al., Inorg. Chem. 1994, 33, 1330.

®W. Bronger et al., Z. anorg. allg. Chem. 1996, 22, 1145.

T. B. Flanagan and Y. Sakamoto, Platinum Metals Rev. 1993, 37, 26. Y. Fukai, The Metal-
Hydrogen System, Springer Series in Materials Science, 21, Springer, New York, 1993.
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The anionic hydrido carbonyls have been much studied because of their interme-
diacy in catalytic processes like the water gas shift reaction, reduction of organic
substances, and other reactions. Thus chromium group hydrides [HM(CO),PR;]~
are highly efficient H-transfer agents and for reactions with alkyl halides a reactivity
order was established: cis-[HW(CO),PR;]~ > cis-[HCr(CO),PR;]™ > [HW(CO)s]~
> [CpV(CO);H]" > [HCr(CO)s]- > [HRu(CO),]~ > trans-HFe(CO);PR; >>
[HFe(CO),]". Cluster anions, most of which are carbonyl or substituted carbonyl
compounds, may have both terminal and bridging groups and in some cases, such
as the ion [HCo4(CO);s]- made by protonation of [Cos(CO)ys]*~, a neutron diffrac-
tion study indicates that the H atom is in the center of a Cos unit. Infrared and
inelastic neutron scattering spectra suggest that the us-H coordination is highly
sensitive to the surroundings such as the nature of the cations and that some of
the H atoms may be u,-H or u;-H inside or outside the Co cluster.”

In rhodium clusters, e.g., [Rh;3(CO);Hs,]* (n = 2 and 3), only one of the H
atoms is encapsulated and 'H nmr spectra show that this atom interacts with all 13
Rh atoms (*®Rh, spin %) and is thus migrating within the cluster. Proton transfer
reactions of interstitial hydrides have been studied” and more complex hetero-
nuclear species™ can be made by reactions such as

. -H,
[1r(H),(Me,CO),(PPhy),]SbF + Re(H),(PPh,), ———s= [(PPhy),(H);Re(u-H);Ir(H)(PPh,),ISHF,
: (€4}

2-15 =*-Dihydrogen Complexes’*75

The possibility of the bonding of the hydrogen molecule to transition metals was
considered many years ago by E. Singleton in connection with the nature of
“RuH,(PPh;),,” which readily lost H, in solution. The compound “FeH,(PR;),”
acted similarly and showed an unusual ir band at ca. 2400 cm™. In addition the
oxidative-addition reactions of many d® complexes, reactions such as

Ir'CI(CO)(PPhy), + H,

r(H),C1(CO)(PPh;),

implied the close approach or actual bonding of H, before H—H cleavage could
occur, as in the general case

LM +H, L, M(H,)

L,M(H),

In 1984, G. J. Kubas isolated the tungsten(0) complex W(=?-H,)(CO),(PPr%),
by reduction of a higher oxidation state halide under hydrogen. The core structure
of the compound is shown in Fig. 2-10.

J. Eckert et al, Inorg. Chem. 1989, 28, 4055.

7R. J. Weberg and J. R. Norton, J. Am. Chem. Soc. 1990, 112, 1105.

BX-L. Luo et al, Inorg. Chem. 1993, 32, 2118 and references therein.

MR. H. Crabtree, Angew. Chem. Int. Ed. Engl. 1993, 32, 789.

5D. M. Heinekey and W. Oldham Jr., Chem. Rev. 1993, 93, 913 (153 references); P. G.
Jessop and E. Morris, Coord. Chem. Rev. 1992, 121, 155; R. H. Crabtree, Acc. Chem. Res.
1990, 23, 95; K. W. Zilm and J. M. Millar, Adv. Magn. Opt. Reson. 1990, 15, 163; G. J. Kubas,
Acc. Chem. Res. 1988, 21, 120.
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Figure 2-10 The core structure of W(n>-H,)(CO)s(PPr3),.

The subsequent discovery of more 7*-H, compounds has led to reexamination
of many compounds previously described as polyhydrido species, and some have
been reformulated as containing at least some of the hydrogen as n*-H,. Methods
of distinguishing between M(77-H,) and M(H), are the following:

1. X-ray crystallography, but this is often unreliable because of the very large
uncertainties in locating hydrogen atoms.

2. Neutron diffraction, which is limited by the usual requirement that rather
large single crystals be grown.

3. The measurement of longitudinal relaxation times (77) in the 'H nmr spec-
tra.” The basic idea is that the closer two protons are together the shorter
T,. However, T, depends on magnetic field strength and on temperature as
well, so that it is important to make comparisons at a specified magnetic
field strength and to determine the minimum value of 7} as a function of
temperature. It has been proposed that the M(»?-H,) description is appro-
priate when 73(min) is <40 ms and the M(H), description when 7;(min) is
>100 ms, both at 250 MHz. Between these values there is presumably an
intermediate degree of dissociation of the H, molecule.

4. The strength of H to D coupling can give very useful information on the H
to D distance.”

5. The rotation of H, about the M---H, axis occurs as for C;H, in M(u-C,H,)
complexes, and these barriers can be measured by inelastic neutron scatter-
ing™ or by nmr at low temperatures. The barriers are typically in the range
of 2-15 kJ mol™! although slightly lower as well as higher ones (e.g., 46 kJ
mol™ in [Cp,NbPR;(*-H,)]*) are also found.

6. Infrared spectra for hydrido complexes usually show M—H stretches in the
1600-2000 cm™! range, whereas in some 7*-H, complexes H—H stretching
vibrations may be seen in the range 2500-3100 cm™ (cf. 4000 cm™ for
H2 itself).

The bonding in an M(7?-H,) unit is believed to have a strong formal resemblence
to the u-bonding of metal olefin complexes.” In general, there is a combination of
donation from the ¢ bonding orbital of H, and back-donation from a suitable metal

H. Berke et al,, Inorg. Chem. 1993, 32, 3270, 3628.

N. S. Hush et al, J. Am. Chem. Soc. 1996, 118, 3753.

BF. A. Jalon et al, J. Am. Chem. Soc. 1995, 117, 10123; J. Eckert et al., Inorg. Chem. 1996,
35, 1292.

H. F. Schaefer 111 et al., J. Am. Chem. Soc. 1996, 118, 870; T. Ziegler et al., J. Am. Chem.
Soc. 1995, 117, 11482.
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Figure 2-11 The two components in the bonding of an M(+7-H,) unit.

d orbital to the o antibonding orbital of H,. This picture is shown in Fig. 2-11.
Some direct evidence for the back-bonding is provided by Mossbauer spectra for
compounds of iron.® The greater the contribution of either component (or of both)
the more the H—H distance should increase relative to that in H, itself (0.75 A).
Beyond a certain point the system will be better described in terms of the other
limit, M(H),.

Table 2-10 lists some M(n-H,) complexes in which the H—H distances remain
rather short. There are also “stretched” species, with considerably longer distances,
but still correctly considered to be M(n-H,) complexes. Consider, for example, the
comparison between ReHj~ and ReH,;[P(p-C;HMe);],. In the latter there is one
H to H distance of 1.36 A and thus these two hydrogen atoms are best regarded
as a 17 ligand, giving the Re atom a coordination number of 8. In the ReH3" ion,
however, all H to H distances are >2 A and this is a 9-coordinate nonahydride.

There is a series of osmium complexes in which there is a wide range of Jup
values,® indicative of considerable variation in the H—H distance. In general the
shorter H—H distances seem to be found in complexes with more strongly m-acidic
ligands. A very short distance is found in Cr(CO);(PPr}),(H,), which loses H, very
readily. Another example is the original Kubas complex (Fig. 2-10); in which,
again there is a very short H—H distance. This compound effervesces on contact
with water®:

W(n2-H,)(CO),(PPr4), +T};F W(OH,)(CO),(PPri,), + H, (12)

In general the tendency to loss of H; is correlated with the shortness of the H—H
distance and this in turn depends on the other ligands present.* Cationic species
seem to be more resistant to loss of H, than neutral ones. For example [CpRu
(dmpe)(?*-H,)]* loses H, only slowly on refluxing in MeCN.

Protonation of M—H by acids® often leads to the prompt evolution of H,, but,

%R. H. Morris and M. Schlaf, Inorg. Chem. 1994, 33, 1725; T. F. Koetzle et al., J. Am. Chem.
Soc. 1994, 116, 7677.

8H. Taube et al., J. Am. Chem. Soc. 1994, 116, 9506, 4352, 2874; 1993, 115, 2545.

8G. J. Kubas et al., Inorg. Chem. 1994, 33, 2954.

8G. J. Kubas et al., Organometallics 1992, 11, 3390.

¥T. Le-Husebo and C. M. Jensen, Inorg. Chem. 1993, 32, 3797.

®R. A. Henderson and K. E. Oglieve, J. Chem. Soc., Dalton Trans. 1993, 3431; K. G. Caulton
et al, Inorg. Chem. 1995, 34, 2894, 1788; J. Am. Chem. Soc. 1995, 117, 9473; R. M. Bullock
et al., Organometallics 1996, 15, 2504.



88  chapter 2/ HYDROGEN

Table 2-10 Representative H—H Distances (A) Using Different Methods®

H—H Distance

X-ray Neutron
Complex Diffraction Diffraction NMR
Cr(H,)(CO)s(PR,), 0.67¢ 0.85¢
Mo(H,)(CO)(dppe), 0.74 0.88
W(H,)(CO)(PPri), 0.75 0.82 0.89
[FeH(H,)(dppe).]* 0.87 0.82 0.90
[Cp(H,)Ru(dppe)]* 1.02

“Adapted from data kindly provided by Dr. G. J. Kubas, Los Alamos and from G. J. Kubas ez al,, Inorg.
Chem. 1994, 33, 2954, where an additional table gives IR frequencies (»-g range 2690-3080 cm™),
rotational barriers (kJ mol™, e.g., Mo(H;)(CO),(PCy,), 5.52; Mo(H,)(CO)(dppe),, 2.92), enthalpy of
H—H bonding [AH, kJ mol™, e.g., Mo(H,)(CO)s(PCy,), —27.2; W(H,)(CO);(PCy;), —39.3] and values
for Jip (Hz range 21-35).

'R = Pr.

‘R = Cy.

in principle, intermediates should be considered:

M-H —= M — = M* + H,

(2-X1)
In general, protonation of M—H is a way to synthesize M(H,) compounds. In the
case of Cp*Os(CO),H, protonation was actually shown to give an equilibrium

mixture of the Os(H); and Os(H,)* species. Protonation can even occur with an
acid as weak as methanol ®

Ru(H),(dmpe), —e trans-[RuH(n2-H,)(dmpe),]* + MeO- (13
2 2 2 2 )

Of course, direct introduction of H, into a suitable receptor is a way, though
not a general one, to prepare n'-H, compounds. The following reaction® is a case

in point:
ph2 th
\O/ j [ \
th

L. D. Field et al., Inorg. Chem. 1994, 33, 2009.
¥G. J. Kubas et al., J. Am. Chem. Soc. 1993, 115, 569.

th

th
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It is a striking indication of the sensitivity of the mode of binding of hydrogen to
metal atoms that if reactions similar to the above are attempted with ligands having
Et or Bu’ groups instead of Ph on the phosphorus atoms (meaning that the diphos-
phine ligands are more basic) the products are 7-coordinate molecules with two
hydrido ligands, e.g., Mo(depe)(CO)(H),.

More commonly, the H, receptor has to be generated in situ by reduction as
in the following examples:

TcCl, (PPh,),~—22282 o TcCl(dppe), TeCl(n*H,)(dppe), (4
THF
ReCl; + 4Na + 2dppe ——> ReCln2-H,)(dppe), (15)

H,

Finally, it may be noted that 17-H, complexes can display acidity.®* While the
pK of H, itself is estimated to be ca. 35 in THF, coordination can drastically lower
this. For example, trans-[Os(H,)(dppe),(MeCN)](BF,), is markedly acidic (pK, =
~2), dissociating to give H* and [OsH(dppe),(MeCN)}*.*

2-16 Agostic C—H--M Interactions and Others

It was first shown in the early 1970s that whenever metal atoms having fewer than
the number (usually 18) of valence shell electrons normally required could do so,
they would interact with a nearby C—H bond to obtain a share in the C—H bonding
pair.*® Schematically, this is shown in 2-XII. Later workers, in the 1980s, discovered
additional examples and proposed the term agostic (from Greek, drawing towards)
to describe such bonding.” It is now widely recognized to be important,” and two
classic examples are shown in Fig. 2-12.

H
."' N C
M
N

(2-X10)

N\

It is to be emphasized that the nature of an agostic C—H--M interaction is
different from that of a hydrogen bond. In the agostic case the C—H bond supplies
electrons to the metal atom, whereas in a hydrogen bond, X—H-Y, the X—H
partner seeks electrons on the responding atom Y. Put differently, agostic interac-
tions are 3c-2e bonds, whereas hydrogen bonds are 3c¢-4e bonds.

The energies of agostic interactions vary, and many are weak and dynamic,
i.e., they dissociate and reform rapidly at room temperature, although some are

®R. H. Morris et al., J. Am. Chem. Soc. 1994, 116, 3375; Organometallics 1993, 12, 3808.
®R. H. Morris et al., Organometallics 1996, 15, 2270.

*F. A. Cotton and R. L. Luck, Inorg. Chem. 1989, 28, 3210.

'M. Brookhart et al., Prog. Inorg. Chem. 1988, 36, 1.

“M. Etienne et al., J. Chem. Soc., Chem. Commun. 1994, 1661; Organometallics 1994, 13,
410; M. L. H. Green et al., J. Chem. Soc., Dalton Trans. 1992, 3077; H. E. Selman and T .S.
Merola, J. Am. Chem. Soc. 1991, 113, 4008; J. B. Sheridan et al., J. Chem. Soc., Dalton Trans.
1995, 931; X-L. Luo et al, Inorg. Chem. 1995, 34, 6538.
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Figure 2-12 Two examples of agostic interactions.

strong enough to be slow on the nmr time scale.” Nuclear magnetic resonance
evidence for agostic interactions is sometimes provided by a low value for the Yy
coupling constant. While most examples of agostic interactions involve d-block
metal atoms, the lanthanide elements can also show M---H—C* and M--H—Si*
agostic bonding. Extensive studies have been made on many other X—H—M
interactions, where X can be Si, Sn, B,” P, S, and there are also C—H—M,
M—H—M, and M—H—M'’ interactions.

Si—H bonds represent a particularly interesting case because the interaction
can be strong enough for the existence of 7>-SiH, complexes,” as in 2-XIII.

e,

RzP...I\'do---C?I
C

RP7 |~

PR, SiH,

(2-X1Im)

2-17 H- -HBonds

Recently it has been proposed that non-covalent bonds can be formed between
X—H groups with partially positive hydrogen atoms and the hydrogen atoms of
some M—H moieties, in particular, for the O—H--H—M and N—H--H—M pairs.
Specific examples® are provided by 2-X1V, 2-XV, and 2-XVI. These are all intramo-

5@G. S. Girolami et al., Organometallics 1994, 16, 1646,

%D. L. Clark et al, J. Am. Chem. Soc. 1993, 115, 8461.

*“W. S. Rees et al, Angew. Chem. Int. Ed. Engl. 1996, 35, 419.

%U. Schubert, Adv. Organomet. Chem. 1999, 30, 151; U. Rosenthal et al., J. Am. Chem. Soc.
1995, 117, 10399.

TF. Teixidor et al., Organometallics 1995, 14, 3952.

%X.-L. Luo et al., J. Am. Chem. Soc. 1995, 17, 1159.

®W. Yao and R. H. Crabtree, Inorg. Chem. 1996, 35, 3008; for intermolecular NH--H—M
bonding see A. L. Rheingold et al., Chem. Commun. 1996, 991.
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lecular cases, but intermolecular interactions of the same types have been proposed,
e.g., phenol with WH(CO),(NO)PMe;, on the basis of infrared spectra and other
indirect evidence.”® A more complex interaction, 2-XVII, has also been reported.'

Ph P\l SN
PN ,' L™ | C—R
H | "H H /
H “H—O
(2-X1V) 2-XV)
+
| “Y ]
N
Ph,P.. / NH,CH,CH,0H Ph,P... | //C-—H | SN
" ———— . N —_—
*H- 'Ir H,0 H—IrTN~ o
\ ~ H, Ir |
N\ eeh, PPhJ\CI_Ll Ayew
, .
(2-XVI) (2-XVID

Additional References

D. Braga, etal, J. Am. Chem. Soc.1995, 117, 5156 (C—H--OCM H-bonding in first row metal
carbonyls); Organometallics 1996, 15, 2692 (M—HO H-bonding in organometallic
complexes and clusters; Data from Cambridge Crystallographic Data Centre).

J. P. Collman, et al., Angew. Chem. Int. Ed. Engl. 1994, 33, 1537 (Reduction of protons and
oxidation by hydrogen, electrochemically by porphyrins; reduction of N, and catalysis).

R. H. Crabtree, Chem. Rev. 1995, 95, 987 (Aspects of methane chemistry includes hydrates,
H atom abstraction, etc.).

M. Y. Darensbourg, Adv. Organomet. Chem. 1987, 27, 1 (anionic MH species, 129 refs.).

R. A. Henderson, Angew. Chem. Int. Ed. Engl. 1996, 35, 946 (Protonation mechanisms for
organometallics, unsaturated C ligands and bioinorganics).

F. Hensel and P. P. Edwards, Science (Washington, DC) 1996, 271, 1692 (Hydrogen: the first
metallic element).

G. van Koten, et al, Chem. Commun. 1996, 1309; Inorg. Chem. 1996, 35, 526, 534
(C=CH-CIPt; NH--S and OH--O H-bonds in Pd" complexes).

D. Philip and J. F. Stoddard, Angew. Chem. Int. Ed. Engl. 1996, 35, 1154 (Classical H-bonds
in self assembly E---X, E = F, Cl, O, §, N, m-systems, X = F, Cl, O, S, N, C).

J. J. Schneider, Angew. Chem. Int. Ed. Engl. 1996, 35, 1069 (Si—H and C—H activation by
transition metal complexes: a step towards isolable alkane complexes?).

R, H. Crabtree et al., J. Chem. Soc., Chem. Commun. 1995, 2175; H. Berke et al., J. Am.
Chem. Soc. 1996, 118, 1105.
MR, H. Morris et al., Inorg. Chem. 1996, 35, 3001.



Chapter 3

THE GROUP 1 ELEMENTS:
Li, Na, K, Rb, Cs, Fr

GENERAL REMARKS
3-1 Introduction

The closely related elements lithium, sodium, potassium, rubidium, and cesium,
often termed the alkali metals, have a single s electron outside a noble gas core.
Some relevant data are listed in Table 3-1.

As a result of the low ionization enthalpies for the outer electrons and the
sphericity and low polarizability of the resulting M* ions, the chemistry of these
elements is principally that of their +1 ions. No other cations are known or, in
view of the values of the second ionization enthalpies, expected.* The ions M~
where the s shell is filled, are discussed in Section 3-4.

The chemistry of the elements is mainly that of ionic salts in the solid state
and solvated cations. Although some lithium and even sodium compounds are
soluble in organic solvents, such compounds as (LiCH;), have essentially ionic Li*;
for sodium and potassium compounds, close ion pairing can occur, as discussed in
later sections.

The gaseous diatomic molecules (M,) are covalently bonded.

The element francium is formed in the natural radioactive decay series and in
nuclear reactions. All its isotopes are radioactive with short half-lives. The ion
behaves as would be expected from its position in the group.

Of all the groups in the Periodic Table, the Group 1 metals show most clearly
and with least complication the effect of increasing size and mass on chemical and
physical properties. Thus all of the following decrease through the series: (a) melting
points and heats of sublimation of the metals; (b) lattice energies of all salts except
those with the very smallest anions (because of irregular radius ratio effects); (¢)
effective hydrated radii and the hydration energies (see Table 3-2); (d) ease of
thermal decomposition of nitrates and carbonates; (e) strength of the covalent bonds
in the M, molecules; (f) heats of formation of fluorides, hydrides, oxides, and
carbides (because of higher lattice energies with the smaller cations). Other trends
also can readily be found.

*Electrochemical oxidation of Cs* at —35°C in acetonitrile has been claimed (K. Moock and K. Seppelt,
Angew. Chem. Int. Ed. Engl. 1989, 28, 1676).

92
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Table 3-1 Some Properties of Group 1 Metals

Ionization
Enthalpies
. Metal (kJ mol )
Electronic ~ Radius ——— 0~ —AHb
Flement Configuration  (A) st 2nd X 107 mp (°C) bp (°C) E™ (V) (kI mol™)
Li [He]2s 1.52 520.1 7.296 180.5 1326 —-3.02 108.0
Na [Ne]3s 1.86 495.7 4.563 97.8 883 —-2.71 73.3
K [Ar]4s 227 418.7 3.069 63.7 756 -2.92 499
Rb [Kr]5s 2.48 402.9 2.640 38.98 688 —2.99 473
Cs [Xelos 2.65 375.6 2.26 28.59 690 -3.02 43.6
Fr [Rn]7s

“For M*(aq) + e = M(s).
*Energy of dissociation of the diatomic molecule M,.

The Li* ion is exceptionally small and hence has an exceptionally high charge-
radius ratio, comparable to that of Mg?*. The properties of a number of lithium
compounds are therefore anomalous (in relation to the other Group 1 elements)
but resemble those of magnesium compounds. Many of the anomalous properties
arise because the salts of Li* with small anions are exceptionally stable owing to
their very high lattice energies, whereas salts with large anions are relatively unstable
owing to poor packing of very large with very small ions. Lithium hydride is stable
to approximately 900°C, but NaH decomposes at 350°C. Lithium nitride is stable,
whereas Na;N does not exist at 25°C. Lithium hydroxide decomposes at red heat
to Li,O, whereas the other hydroxides MOH sublime unchanged; LiOH is also
considerably less soluble than the other hydroxides. The carbonate (Li,CO;) is
thermally much less stable relative to Li,O and CO, than are other alkali metal
carbonates (M,CO;). The solubilities of Li* salts resemble those of Mg?*. Thus
LiF is sparingly soluble (0.27 g/100 g H,O at 18°C) and can be precipitated from
ammoniacal NH,F solutions; LiCl, LiBr, Lil, and especially LiClO, are soluble in
solvents such as ethanol, acetone, and ethyl acetate, and LiCl is soluble in pyridine.
Sodium perchlorate (NaClO,) is less soluble than LiClO, in various solvents by
factors of 3 to 12, whereas KCIO,, RbClO,, and CsCIO, have solubilities only 1073
of that of LiClO,. Since the spherical ClO; ion is virtually non-polarizable and the
alkali metal perchlorates form ionic crystals, the high solubility of LiClO, is mainly
attributable to strong solvation of the Li* ion. Lithium bromide in hot concentrated
solution has the unusual property of dissolving cellulose. Lithium sulfate does not
form alums and is not isomorphous with the other sulfates.

Other ions that have chemical behavior closely resembling that of the Group
1 ions are:

1. Ammonium ions, NH}, RNHj,. . . , R)N*. Salts of NHJ generally resemble
those of K* quite closely in their solubilities and crystal structures.

2. The thallium(I) ion T1* behaves in certain respects as an alkali metal
ion (although in others more like Ag®). Its ionic radius (1.54 A) is com-
parable to that of Rb*, although it is more polarizable. Thus TIOH is a
water-soluble, strong base, which absorbs CO, from the air to form the
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carbonate. The sulfate and some other salts are isomorphous with the alkali
metal salts.

3. Other unipositive, essentially spherical cations often behave like alkali ions
of comparable size. For example, the very stable di(n-cyclopentadienyl)co-
balt(III) ion and its analogues with similar “sandwich” structures have pre-
cipitation reactions similar to those of Cs*, and [(#-CsH;).CoJOH is a strong
base that absorbs CO, from the air and forms insoluble salts with large anions.

3-2 The Elements

Sodium and K have high abundances (2.6 and 2.4%) in the lithosphere and occur
in large deposits of rock salt, NaCl, and carnallite, KCI-MgCl,-6H,O. Lithium, Rb,
and Cs have much lower abundances and occur mainly in a few silicate minerals.

Lithium and Na are obtained by electrolysis of fused salts or of low melting
eutectics such as CaCl, + NaCl. Potassium, Rb, and Cs are made by treating molten
MCI with Na vapor in a countercurrent fractionating tower; the metals are best
purified by distillation. At the boiling point, the vapors have ca. 1% of M,.

Lithium, Na, K, and Rb are silvery, but Cs has a golden-yellow appearance. In
air, Li, Na, and K rapidly tarnish; Rb and Cs must be handled in argon.

Because there is only one valence electron per metal atom, the binding energies
in the close-packed lattices are relatively weak and the metals are soft with low
melting points. Liquid sodium has been much studied in view of its use as a coolant
in nuclear reactors and many reactions occur in the melt.! The most important
alloys are the liquid Na/K ones where the eutectic with 72.2% K has mp —12.3°C.
The liquid metals, due to their low melting points, are effective solvents for other
metals. Thus barium dissolves in liquid Li and Na. These solutions absorb N, to
give Li;N or LiBaN, depending on the conditions. For Na, compounds such as
NaBaN, NaBa;N and NasBa;N, can be obtained.?

The metals, usually Na or K, dissolve in mercury with considerable,vigor.
Sodium amalgam (Na/Hg) is liquid when sodium-poor (=7%), but solid when
rich; the most sodium-rich crystalline solid is Na;Hg.? Sodium amalgams are useful
reducing agents in non-protic solvents such as ethers or aromatics. Potassium graph-
ite, KC;, made by heating the components at 150-200°C for about 30 min under
an inert atmosphere, is a useful reducing agent in tetrahydrofuran or THF-pyridine.*
The interaction of Na vapor with anhydrous sodalite, Nag[SisAlsO], leads to color
changes from white to blue, purple, and finally to “black sodalite.”” Solid state nmr
studies indicate cages containing Na}* and paramagnetic Na3* clusters. These materi-
als are of interest because of their optical, electronic, and magnetic properties.’

Lithium is relatively light (density 0.53 g/cm®) and has the highest melting and
boiling points and also the longest liquid range of all the alkali metals; it has also
an extraordinarily high specific heat. These properties should make it an excellent

IC. C. Addison, The Chemistry of Liquid Alkali Metals, Wiley, New York, 1984.

G. J. Snyder and A. Simon, J. Am. Chem. Soc. 1995, 117, 1996; J. Chem. Soc., Dalton Trans.
1994, 1159; P. Hubberstay and P. G. Roberts, J. Chemn. Soc., Dalton Trans. 1994, 667.
SH-J. Dieseroth and M. Rochnia, Angew. Chem. Int. Ed. Engl. 1993, 32, 1494.

“F. A. Cotton et al., Inorg. Chem. 1995, 34, 5424.

5G. Engelhart et al.,, Chem. Commun. 1996, 729.
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coolant in heat exchangers, but it is also very corrosive—more so than other liquid
metals—which is a great practical disadvantage; it is used to deoxidize, desulfurize,
and generally degas copper and copper alloys.

Sodium metal may be dispersed by melting on various supporting solids (sodium
carbonate, kieselguhr, etc.) or by high-speed stirring of a suspension of the metal
in various hydrocarbon solvents held just above the melting point of the metal.
Dispersions of the latter type may be poured in air, and they react with water only
with effervescence. They are often used synthetically where sodium shot or lumps
would react too slowly. Sodium and potassium, when dispersed on supports such
as carbon, alumina, or silica are often more reactive than the metals.

The high electrode potentials of the metals suggest potential use in batteries
and indeed several are known, for example, one with a Li anode, a polyvinylpyridine-
I, cathode, and Lil as solid electrolyte; another with a liquid Na anode separated
from a sulfur cathode by a 8-Al,O; solid electrolyte operates at 300°C.

The chemical reactivity of the metals toward all chemical reactants, except N,,
increases from Li to Cs. Usually the least reactive, lithium is only rather slowly
attacked by water at 25°C, whereas sodium reacts vigorously, potassium inflames,
and rubidium and cesium react explosively. With liquid Br,, Li and Na barely react,
whereas the others do so violently. Lithium does not replace the weakly acidic
hydrogen in C¢gH;C=CH, whereas the other alkali metals do so, yielding hydrogen
gas. With N,, however, Li gives a ruby-red crystalline nitride Li;N (Mg also reacts
to give Mg;N,); at 25°C this reaction is slow, but it is quite rapid at 400°C. Both Li
and Mg can be used to remove nitrogen from other gases. When heated with carbon,
both Li and Na react to form the acetylides Li,C, and Na,C,. The heavier alkali
metals also react with carbon, but give nonstoichiometric interstitial compounds
where the metal atoms enter between the planes of carbon atoms in the lamellar
graphite structure. This difference may be attributed to size requirements for the
metal, both in the ionic acetylides (M7 C}") and in the penetration of the graphite.

A particularly fundamental chemical difference between lithium and its conge-
ners, attributable to cation size, is the reaction with oxygen. When the metals are
burnt in air or oxygen at 1 atm, lithium forms the oxide Li,O, with only a trace of
Li,O,, whereas the other alkali oxides (M,O) react further, giving as principal
products the peroxides M,0, and (for K, Rb, and Cs) the superoxides MO,.

3-3 Alkali Metals in Liquid Ammonia and Other Solvents

The metals, and to a lesser extent Ca, Sr, Ba, Eu, and Yb, are soluble in liquid
ammonia and certain other solvents, giving solutions that are blue when dilute.
These solutions conduct electricity electrolytically and measurements of transport
numbers suggest that the main current carrier, which has an extraordinarily high
mobility, is the solvated electron. Solvated electrons are also formed in aqueous
or other polar media by photolysis, radiolysis with ionizing radiations such as
X rays, electrolysis, and probably some chemical reactions. The high reactivity of
the electron and its short lifetime (in 0.75 M HCIO,, 6 X 107" s; in neutral water,
tn ca. 107* s) make detection of such low concentrations difficult. Electrons can
also be trapped in ionic lattices or in frozen water or alcohol when irradiated and
again blue colors are observed. In very pure liquid ammonia, the lifetime of the
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solvated electron may be quite long (1% decomposition per day), but under ordinary
conditions initial rapid decomposition occurs with water present.

In dilute ammonia solutions, the metal is dissociated into solvated metal ions
(M*) and electrons.

M(s)(dispersed)=== M(in solution) === M* + ¢

2e —=

€2

The broad absorption around 15,000 A accounts for the common blue color; since
the metal ions are colorless, this absorption must be associated with the solvated
electrons. Magnetic and esr studies show the presence of “free” electrons, but
the decrease in paramagnetism with increasing concentration suggests that the
ammoniated electrons can associate to form diamagnetic species containing electron
pairs. The electron is considered to be ‘“‘smeared out” over a large volume so
that the surrounding solvent molecules experience electronic and orientational
polarization. The electron is trapped in the resultant polarization field, and repulsion
between the electron and the electrons of the solvent molecules leads to the forma-
tion of a cavity within which the electron has the highest probability of being found.
In ammonia this is estimated to be approximately 3 to 3.4 A in diameter. This
cavity concept is based on the fact that solutions are of much lower density than
the pure solvent; that is, they occupy far greater volume than that expected from
the sum of the volumes of metal and solvent. In methylamine, however, nmr studies
suggest that most of the electron density is located on the N atoms of the solvent
cavity. With increasing metal concentration, the solutions become copper colored,
have a metallic luster and high conductivity, and contain M~ ions as discussed below.

Comparative ab initio MO studies of Na(NH;), and their ions and those of
Na(H,0), species® have been reported.

In the Li/NH; system a golden yellow solid, Li(NH;),, is formed. X-ray and
neutron diffraction studies of the deuterated compound,” Li(NDs), (mp 89 K),
show that one Li—N distance is much longer than the other three, suggesting the
formulation Li(NDs);-ND;. The methylamine compound, Li(MeNH,), (mp 155 K),
is also known,® and methylamine can assist in stabilizing Li and Na in amines or
ethers in which they normally are not soluble. In the liquid state Li(MeNH,), has
electrical and magnetic properties resembling those of a metal but it is a semiconduc-
tor in the solid state.

The metals are also soluble in a variety of other solvents such as OP(NMe,);,
amines, and ethers, to a greater or lesser extent depending on the dielectric constant
and complexing ability of the solvent. The solubility in Me,O or THF can be
substantially increased by addition of cryptands, or crown ethers, and neat liquid
crown ethers, for example, 12-C-4 (mp 16°C) can be used.

The ammonia and amine solutions of alkali metals are useful for preparing both
organic and inorganic compounds. Thus Li in methylamine shows great selectivity in
its reducing properties, but both this reagent and Li in ethylenediamine are quite

°K. Hashimoto and K. Morokuma, J. Am. Chem. Soc. 1995, 117, 4151,
"W. S. Glaunsinger et al,, J. Am. Chem. Soc. 1989, 111, 9260.
!J. L. Dye et al., J. Am. Chem. Soc. 1989, 111, 5957.
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powerful and can reduce aromatic rings to cyclic monoolefins. Sodium in liquid
ammonia is probably the most widely used system for preparative purposes; the
solution is moderately stable, but the decomposition reaction

Na + NH3(1) = NaNH; + 2H,

can occur photochemically and is catalyzed by transition metal salts. Sodium amide
can be conveniently prepared by treatment of Na with liquid ammonia in the
presence of a trace of FeCl;. Amines react similarly.

3-4 Alkalides and Elecirides®

Solutions of the metals (except Li) in ethers may contain not only My, and ez,
but also the anion formed in a disproportionation reaction, which is driven by the
solvation energy of the cation:

IM(s) ==M*+M"

When cryptands or crown ethers are added to stabilize the cations, crystalline solids
may be isolated, some containing the M~ anions, alkalides, and others containing
trapped electrons, electrides.

The alkalides are the more kinetically and thermally stable. The crystalline
solids are yellow-bronze in color and can be studied by nmr (*Na and **Cs) in both
the solid state and solution since they are diamagnetic. Examples are
[Na(C222)]*Na~ and [Rb(15-C-5),]*Na". In the latter the cation is sandwiched
between two crown ethers and it has been shown that the presence of two different
crown ethers is favorable,! as in [K(18-C-6)(12-C-4)]*Na".

The isolation of crystalline electrides is much more difficult and they are favored
by the formation of the ML} cations. Examples are black, paramagnetic [Cs(18-C-
6),]"e™ and [Cs(15-C-5),]*e™, which becomes antiferromagnetic below 4.6 K.!

Alkalides or electrides in Me,O or thf can be used to reduce salts of metals
such as Au, Pt, or Cu to give very finely divided metals.’? Solutions of mixed alkali
metals in amines can also be made and have been much studied.”® The compounds
Li(MeNH,),Na~ and LiNa(EtNH,), have Li* and Na~ in both solid and liquid
phases, and have a bronze color.

COMPOUNDS OF THE GROUP 1 ELEMENTS
3-5 Binary Compounds

The metals react directly with most nonmetals to give one or more binary com-
pounds; they also form alloys and compounds with other metals such as Pb and Sn.

°J. L. Dye, Chem. Tracts. Inorg. Chem. 1993, 5, 243 (119 refs); J. L. Dye and R. H. Huang,
Chem. Brit. 1990, 239.

107, L. Dye et al, J. Am. Chem. Soc. 1993, 115, 9542.

1J. L. Dye et al., J. Am. Chem. Soc. 1991, 113, 1605.

2K.L. Tsai and J. L. Dye, J. Am. Chem. Soc. 1991, 113, 1650.

3M. G. DeBacker et al., J. Am. Chem. Soc. 1996, 118, 1997.



98  chaprer 3/THE GROUP 1 ELEMENTS: Li, Na, K, Rb, Cs, Fr

Oxides are obtained by combustion of the metals. Although Na normally gives
Na,0,, it will take up further oxygen at elevated pressures and temperatures to
form NaQ,. The per- and superoxides of the heavier alkalis can also be prepared
by passing stoichiometric amounts of oxygen into their solutions in liquid ammonia;
ozonides (MQ;) are also known. The structures of the ions O%~, O;, and O; and
of their alkali salts are discussed in Sections 11-5 and 11-6. The increasing stability
of the per- and superoxides as the size of the alkali ions increases is noteworthy
and is a typical example of the stabilization of larger anions by larger cations
through lattice energy effects.

Owing to the highly electropositive character of the metals, the various oxides
(and also sulfides and similar compounds) are readily hydrolyzed by water according
to the following equations:

M,0 + H,0 = 2M* + 20H-
M,0;, + 2H,0 = 2M* + 20H" + H,0,
2MO, + 2H,0 = 0, + 2M* + 20H" + H,0,

The oxide Cs,O has the an#i-CdCl, structure and is the only known oxide with
this type of lattice. An abnormally long Cs—Cs distance and a short Cs—O distance
imply considerable polarization of the Cs* ion. Rubidium and Cs form suboxides
such as RbyO,, Rby;,O,, and Cs;,O; that are highly colored and often metallic in
appearance. Their structures have metal clusters with M—M bonds; for example,
in RbyO, there is a confacial bioctahedron of Rb atoms with an O atom in the
center of each.

The hydroxides, MOH, are white crystalline solids soluble in water and alcohols.
They sublime unchanged at 350-400°C and the vapors contain mainly dimers. There
is great diversity in the structures of the solid hydroxides depending on the metal
radii and orientation of the OH groups leading to H-bonds of different strengths.
Depending upon the temperature of crystallization, for example, NaOH can have
three different forms."

Measurements of the proton affinities of MOH in the gas phase show that the
base strength increases from lithium to cesium, but this order need not be observed
in aqueous or alcoholic solutions where the base strength of the hydroxide is reduced
by solvent effects and hydrogen bonding. In suspension in nonhydroxylic solvents
such as 1,2-dimethoxyethane, the hydroxides are exceedingly strong bases and
can conveniently be used to deprotonate a wide variety of weak acids such as PH,
(pK ~ 27) or CsHg (pK ~ 16). The driving force for the reaction is provided by
the formation of the stable hydrate:

2KOH(s) + HA = K*A™ + KOH-H,O(s)
The alkali metals form a multitude of compounds with the elements of Groups
13-16, only a few of which can be thought of in simple ionic terms (i.e., in terms

of M* ions and anions with complete octets). The vast majority are far richer in

H, P. Beck and G. Lederer, Angew. Chem. Int. Ed. Engl. 1993, 32, 271.
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the metalloidal element (e.g., NaP;, SrSi,, and LiGe) and are Zintl compounds
containing complex polynuclear anionic structures. These materials are structurally
and electronically transitional between ionic compounds and alloys. Most of them
can be made either by direct reaction of the elements or by reaction of a liquid
ammonia solution of the alkali metals with compounds of the metalloidal compo-
nents. Examples of ionic sulfides” are Na,S, Na$S,, K;Ss, and Cs,S¢, while a more
complicated sulfide is Li,S¢(tmen),, which has a p-77-S~ unit as in (3-I).

N.,l .,S wN
( (LI\SZLI\ )
N N
3-D

Zintl compounds to be mentioned in other chapters are compounds or phases
that have anions such as Snj~, Sn,Bi}~ or Pb? . The alkali metal salts can often be
isolated crystalline by complexation of the cation with crown ethers or cryptands.
Recent examples are Na,Sn'¢ and Li,Ba,Sis, the latter having a Si}’" ring.”

Saline hydrides were discussed in Chapter 2.

3-6 Other Compounds

Alkoxides. The metals dissolve readily in alcohols with evolution of hydrogen to
give this important class of compounds. The solutions of Na or X in C,;H;OH or
Bu'OH are commonly used in organic chemistry as a source of nucleophilic OR~
ions or as reducing agents. Lithium alkoxides have been particularly well studied
structurally. Most are of the type [LiOR], where n can be 2-6.1® The Li atoms are
commonly bridged by alkoxide oxygen atoms (3-1I).

(THF),

Li
Me,C0Z_ OCMe,

Li

(THF),
@3-

The only alkali metal organo peroxide that has been structurally characterized,
[Lin?-O,Bu']y,, has a complex aggregate with Li* bridges between the O—O bonds.?
Amido Complexes. The compounds of the general type MNHR and MNR;,
especially those of Li, are important reagents in both organic and organometallic
chemistry as well as starting materials for the synthesis of other metallic amido and

], Cusick and 1. Dance, Polyhedron 1991, 10, 2629 (sulfides and selenides); K. Tatsumi et
al., Inorg. Chem. 1993, 32, 4317.

8F, Guerin and D. Richeson et al, J. Chem. Soc., Chem. Commun. 1993, 2213.

H. G. von Schnering et al, Angew. Chem. Int. Ed. Engl. 1996, 35, 984.

8See e.g., L. M. Jackman et al., J. Am. Chem. Soc. 1993, 115, 6267; L. Brandsma et al,,
Organometallics 1991, 10, 1623.

YG. Boche et al, Chem. Eur. J. 1996, 2, 604.



100  chaprer 3/THE GROUP 1 ELEMENTS: Li, Na, K, Rb, Cs, Fr

imido compounds. The compounds are obtained by reaction of amines with LiBu®,
NaH or the metals K, Rb, Cs.

Although many structures have been determined by X-ray study (vide infra),
the nature of the species in solution is not well known. The degree of aggregation
may be similar to that in the solid but in many cases is solvent dependent: species
may be mono- or dimeric or equilibrium mixtures thereof. However, spectroscopic
methods for the determination of aggregation constants in dilute solutions have
been developed.” The data should lead to a better understanding of reactivities
and mechanisms.

The structures of crystalline materials can be relatively simple, such as that of
[CeFsN(H)Li(thf),],, which has a Li,N, ring with planar N*, or more complicated,
such as that of Li;(RNCH,CH,);N, Li;(Me;SiNCH,CH,);N(thf),,? or the tetrameric
[CsNH(SiMe;)],, which has a Cs, tetrahedron capped on each face by u;-amido
groups.?

Many of the compounds are solvates with Et,O, dioxane and other donors.*
A simple example is that in (3-I1I).

(OEtZ) n
. ~ Ll\ .
(Me,;Si),N__ L ~N(S8iMe,),
1

(OEty),
(31

Perhaps the most complex structure is that of an amide {(c-CsHy)NH};,OLiy,
that is a cage molecule with a salt-like distorted face-centered cube of lithium
cations, with a central us-O atom that arises from water.”

Phosphido compounds can be made similarly by reactions such as

BuLi + HP — LiP + BuH
OMe /2 OMe /o

and corresponding AsR;, SbR; compounds have also been made as well as SR~
derivatives. Examples are [LiP(SiMe;),]s and [LiSC¢H;-2,6mes;],(Et,0),. The struc-
tural types include monomers, dimers, ladders, and other polymers.®

Dilithium derivatives of primary amines (also phosphines and arsines) are also
known, usually as amorphous solids, but [(RNLi,),,(Et,O)e]-Et,0, R = a-naphthyl
and a RPLi, species have been structurally characterized since being soluble in
organic solvents they can be crystallized.”’

WA, Streitweiser et al.,, J. Am. Chem. Soc. 1993, 115, 8024; B. L. Lucht and D. B. Collum, J.
Am. Chem. Soc. 1994, 116, 6009.

4D, Stalke et al, Chem. Commun. 1996, 1639.

2J. G. Verkade et al,, Inorg. Chem. 1995, 34, 2179.

2T. P. Hanusa et al., J. Am. Chem. Soc. 1992, 114, 6590.

YFor detailed studies, theory, and references see papers by D. B. Collum et al, e.g., B. L.
Lucht and D. B. Collum, J. Am. Chem. Soc. 1996, 118, 2217; 1995, 117, 9863.

®R. E. Mulvey et al., Chem. Commun. 1996, 1065.

%See H. C. Aspinall and M. R. Tillotson, Inorg. Chem. 1996, 35, 5; C. L. Raston et al, J.
Chem. Soc., Chem. Commun. 1995, 47, M. Driess et al., Angew. Chem. Int. Ed. Engl. 1995,
34, 316; J. J. Ellison and P. P. Power, Inorg. Chem. 1994, 33, 4231.

YFor references see M. Driess et al., Angew. Chem. Int. Ed. Engl. 1996, 35, 986.
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3-7 lonic Salts and M+ lons in Solution

Salts of the bases MOH are crystalline, ionic solids, colorless except where the
anion is colored. For the alkali metal ions the energies required to excite electrons
to the lowest available empty orbitals could be supplied only by quanta far out in
the vacuum ultraviolet (the transition 5p® — 5p%s in Cs* occurs at ~1000 A).
However, colored crystals of compounds such as NaCl are sometimes encountered.
Color arises from the presence in the lattice of holes and free electrons, called color
centers, and such chromophoric disturbances can be produced by irradiation of the
crystals with X rays and nuclear radiation. The color results from transitions of the
electrons between energy levels in the holes in which they are trapped. These
electrons behave in principle similarly to those in solvent cages in the liquid ammonia
solutions, but the energy levels are differently spaced and consequently the colors
are different and variable. Small excesses of metal atoms produce similar effects,
since these atoms form M* ions and electrons that occupy holes where anions would
be in a perfect crystal.

The structures and stabilities of the ionic salts are determined in part by the
lattice energies and by radius ratio effects. Thus the Li* ion is usually tetrahedrally
surrounded by water molecules or negative ions, although Li(H,O)¢ has also been
found. On the other hand, the large Cs* ion can accommodate eight near-neighbor
Cl™ ions, and its structure is different from that of NaCl, where the smaller cation
Na* can accommodate only six near-neighbors. The Na* ion appears to be 6-
coordinate in some nonaqueous solvents.

The salts generally have high melting points, electrical conductivity in melts,
and ready solubility in water. They are seldom hydrated when the anions are small,
as in the halides, because the hydration energies of the ions are insufficient to
compensate for the energy required to expand the lattice. Owing to its small size,
the Li* ion has a large hydration energy, and it is often hydrated in its solid salts
when the same salts of other alkalis are unhydrated (namely, LiClO,-3H,0). For
strong acids, the lithium salt is usually the most soluble in water of the alkali metal
salts, whereas for weak acids the lithium salts are usually less soluble than those of
the other alkalis.

The large size of the Cs* and Rb* ions frequently allows them to form ionic salts
with rather unstable anions, such as various polyhalide anions and the superoxides
already mentioned.

Since few salts are sparingly soluble in water, there are few precipitation reac-
tions of the aqueous ions. Generally the larger the M* ion, the more numerous are
its insoluble salts. Thus sodium has very few; the mixed Na—Zn and Na—Mg
uranyl acetates [e.g., NaZn(UO,);(CH,CO,),-6H,0], may be precipitated almost
quantitatively under carefully controlled conditions from dilute acetic acid solutions.
The perchlorates and hexachloroplatinates of K, Rb, and Cs are rather insoluble
in water and virtually insoluble in 90% ethanol. These heavier ions may also be
precipitated by the ion [Co(NO,)s]>~ and various other large anions. Sodium tetra-
phenylborate NaB(C¢Hs),, which is moderately soluble in water, precipitates the
tetraphenylborates of K, Rb, and Cs from neutral or faintly acid aqueous solutions.

Lithium halides when solvated show remarkable structural diversity.” A simple
one is [LiBr-Et,0],, which has a cubic Li,Br, core with OEt, bound to the Li atoms,
whereas [(LiCl),-3.5tmeda], crystallizes as a bicyclic system of fused 6- and 4-

BP. von R. Schleyer et al., Inorg. Chem. 1995, 34, 6553 and references therein.
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Table 3-2 Data on Hydration of Aqueous Group 1 Ions

Li* Na* K* Rb* Cs*
Crystal radii* (A) 0.86 1.12 1.44 1.58 1.84
Approximate hydrated radii (A) 3.40 2.76 2.32 2.28 2.28
Approximate hydration numbers® 25.3 16.6 10.5 9.9
Hydration energies (kJ mol™) 519 406 322 293 264
Tonic mobilities (at o dil., 18°C) 335 435 64.6 67.5 68

“Ladd radii.
*From transference data.

membered rings. Bromine and CsF combine slowly to produce CsF-Br; and
2CsF-Br,, in which layers of vertical Br, molecules lie between sheets (or double
sheets) of CsF. The Br—Br distance is 2.313 A compared to 2.280 A in gaseous
Br,. There appears to be a small degree of charge transfer from the Br, sheets to
the CsF sheets.” Square planar alkali compounds such as lithium porphyrins and
related compounds® are also known.

The M* lons in Aqueous Solution

The primary hydration shell for Li* in aqueous solution is tetrahedral® Only
tetrahydrated salts are formed except when there is also hydration of the anions.
X-ray scattering studies show that the primary hydration number of K* is 4, and
since Na* forms the stable Na(NH,); ion in liquid ammonia, it too presumably has
a first coordination sphere of four water molecules. There is no direct evidence
regarding Rb* or Cs®, but a higher number, probably 6, seems likely.

In all cases electrostatic forces operate beyond the first shell, and additional
water molecules are bound in layers of decreasing firmness. The larger the cation
itself, the less it binds outer layers. Thus although the crystallographic radii increase
down the group, the hydrated radii decrease (Table 3-2). The hydration number of
Li* is very large and Li* salt solutions generally deviate markedly from ideal solution
behavior, showing abnormal colligative properties such as very low vapor pressures
and freezing points. Also, hydration energies of the gaseous ions decrease. The
decrease in size of the hydrated ions is manifested in various ways. The mobility
of the ions in electrolytic conduction increases, and so generally does the strength
of binding to ion-exchange resins.

The equilibria

A'(aq) + [B'R"Xs) = B*(aq) + [A'R" I(s)

where R represents the resin and A* and B* the cations, have been measured and
the order of preference is usually Li* < Na* < K* < Rb* < Cs*, although irregular
behavior does occur in some cases. The usual order may be explained if we assume
that the binding force is essentially electrostatic and that under ordinary conditions
the ions within the water-logged resin are hydrated approximately as they are
outside it. Then the ion with the smallest hydrated radius (which is the one with

¥K. Seppelt et al., Chem. Eur. J. 1996, 2, 1303.
M. Albrecht and S. Kotula, Angew. Chem. Int. Ed. Engl. 1996, 35, 1291.
SIR. G. Keil et al, Inorg. Chem. 1989, 28, 2764.
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the largest ““naked” radius) will be able to approach most closely to the negative
site of attachment and will hence be held most strongly according to Coulomb’s
law. The efficiency of separating alkali metal ions on cation exchangers can be
increased significantly by adding chelating agents like EDTA to the eluting solution.
These agents bind more strongly to the ions that are less strongly held to the resin,
thus enhancing the separation factors.

3-8 Alkali Metal Complexes3?

The M ions are only very weakly complexed by simple anions, for example, F~ in
1 M fluoride solution, where the order falls Li — Cs. Although lithium is an
exception, as discussed later, chelation is usually essential to complex formation.
Complexes are formed with B-diketones, nitrophenols, and, of course, cryptates
and macrocyclic polyethers. Some complexes, such as those with hexafluoroacetyl-
acetone, are sublimable at 200°C, though the metal—ligand bonds are doubtless
quite polar. The anhydrous B-diketonates are usually insoluble in organic solvents,
indicating an ionic nature, but in the presence of additional coordinating ligands,
including water, they may become soluble even in hydrocarbons; for example,
sodium benzoylacetonate dihydrate is soluble in toluene and tetramethyleth-
ylenediaminelithium hexafluoroacetylacetonate in benzene.

This behavior has allowed the development of solvent-extraction procedures
for alkali metal ions. Thus not only can the trioctylphosphine oxide adduct in
Li[PhC(O)CHC(O)Ph][OP(octyl);], be extracted from aqueous solutions into p-
xylene, but this process can also be used to separate lithium from other alkali metal
ions. Even Cs* can be extracted from aqueous solutions by 1,1,1-trifluoro-3-(2’
thenoyl) acetone (TTA) in MeNO,—hydrocarbons, and all of the M* ions can be
extracted into chloroform by crown ethers, in a manner that depends upon the
associated anions.®

Lithium forms a very wide range of complexes* with amines, ethers, carboxyl-
ates, alkoxides, dialkylamides, and many other ligands whose structures are usually
quite different from those of the other M* ions. Some of these are shown schemati-
cally in 3-IV. However, we may note that in many of these compounds lithium can
have coordination numbers 3-7. Some ionophores with high preference for Li* are
crown ethers with long aliphatic chains and other macrocycles with functional groups
may have utility for therapy in brain disorders for which Li* salts are used.

XL X
7~
XTTHQ Li—X—Li—x  Li X X—L_ L
x0T T T
Lli“'x\| X—Li—X—1Li X\ /Ll Li—X X
X—Li Li—X Li

(3-IV)

%2For references and examples see H. Bock et al., Angew. Chem. Int. Ed. Engl. 1994, 33, 875;
D. N. Reinhoudt et al., J. Am. Chem. Soc. 1994, 116, 123; S. F. Lincoln et al., Inorg. Chem.
1993, 32, 2195.

3R. A. Bartsch et al,, J. Am. Chem. Soc. 1993, 115, 3370.

%P. von R. Schleyer et al, Adv. Inorg. Chem. 1991, 37, 47; R. E. Mulvey, Chem. Soc. Rev.
1991, 20, 167; H. Olsher et al, Chem. Rev. 1991, 91, 137; N. S. Poonia and A. V. Bajaj,
Coord. Chem. Rev. 1988, 87, 55; P. G. Willard et al., Angew. Chem. Int. Ed. Engl. 1996,
35, 1322,
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Simple examples are Li(16-C-4)NCS, which is tetragonal pyramidal, while
Lil-en; has Li* in a distorted octahedron of N atoms. Chloride complex ions such
as (3-V) have been characterized; LiBF,[JOP(NMe,),] is soluble in benzene and has
strong Li—F interactions and LiNO;(diacetamide) is 5-coordinate with 7-NO;.

— 2+
B Li(OEty);
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(EtZO)zLi<CI>Li(OEt2)2

L Li(OEty), _
3-V)

The effectiveness of THF and dimethylethers of ethylene- and diethyleneglycols
as media for reactions involving sodium metal may be due in part to slight solubility
of Na, but the driving force is undoubtedly the complexation of Na* by the chelate
ethers. The most important ethers are the crowns and cryptates (O, N) which bind
M strongly and often with high selectivity. The affinity of such a ligand for an ion
is strongly dependent on how well the ion fits into the cavity that the ligand can
provide for it. At the same time, the strength of complexation and to some extent
the selectivity also depend on the solvent. Illustrations of selectivity, provided by
cryptate-221 and -222, are shown in Fig. 3-1.

For cryptate-222, for example, K* fits the cavity very well, but Li* and Na* are
too small to make good contacts with the oxygen atoms and Rb* and Cs* are too
large to enter without appreciable steric strain. An example of an alkali cation
(Rb*) occupying the cavity in cryptate-222, and coordinated by the six oxygen and
two nitrogen atoms, is presented in Fig. 3-2.

An 18-C-6 crown ether with a side chain terminating in an NH, group is selective
for Na*/K* in the transport of ions across a liquid membrane, thus mimicking
natural ion-selective transport agents such as monemsin. Many of the natural agents
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Figure 3-1 Stability constants for cryptate-221 and -222 versus alkali ion in MeOH/H,0
(95:5).




3-8 Alkali Metal Complexes 105

Figure 3-2 The structure of the cation in the salt [RbC;sHN,O¢]SCN-H,O.

are small polypeptides of which valinomycin (3-VI) is another. The structures of
two such complexes are shown in Fig. 3-3.
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Figure 3-3 Structures of the K* salts of (a) [p-hydroxyisovaleric acid-N-methyl-L-valine],
or enniatin B and (b) nonactin.






