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I. Introduction and Scope 

A number of reviews (39, 40, 41, 66) have been written on the stabil- 
ization of unusual oxidation states of transition metals, but, as time goes 
by, it becomes more and more apparent that, in this context, the word 
“unusual” is purely relative and sometimes meaningless. A transition 
metal atom, when examined in chemical combination, will be in an oxida- 
tion state that is stabilized by its chemical environment in the compound 
under examination. This stability may be either thermodynamic, i.e., 
due to an unfavorable free energy change associated with the most probable 
decompositions, or kinetic, i.e., due to an unfavorable fTee energy of activa- 
tion associated with the most probable decompositions, generally an elec- 
tron-transfer process between the metal and the ligand. The definition of a 
usual oxidation state refers to oxidation states that are stable in environ- 
ments made up of those chemical species that were common in classical 
inorganic compounds, e.g. , oxides, water and other simple oxygen donors, 
the halogens, excluding fluorine, and sulfur. Nowadays, however, such 
species constitute only a minority of the vast number of donor atoms and 
ligands that can be attached to metals, so that such a definition of nor- 
mality has historical, but not chemical , significance. On the occasions, in 
this art,icle, when it will be convenient, for the sake of brevity, to make use 
of the term “unusual oxidation state,” it will be with this definition in 
mind. 

1 



2 R. 8. NYHOLM AND M. L. TOBE 

This article will discuss the ways in which the chemical environment 
may stabilize a particular oxidation state and will attempt to rationalize 
the dependence of the oxidation state upon the various electronic promo- 
tion energies of the transition metal atom or ion and the pertinent proper- 
ties of the chemical environment. 

The concept of an oxidation state also requires some clarification. In 
ionic compounds, where there is little sharing of electrons between the metal 
and its environment, it is easy to give the term “oxidation state” a defini- 
tion that has chemical significance, but as Boon as the covalent contribu- 
tion towards the bonding becomes significant, the concept of oxidation 
states becomes less precise and the discussion of the oxidation st,ates of 
atoms in essentially covalent compounds has little physical reality. 

One of the basic empirical concepts that has been applied to coordina- 
tion compounds is the Principle of Electroneutrality as propounded by 
Pauling (68). It is pointed out that, on the formation of a compound, charge 
is transferred wherever possible, to maintain the electroneutrality of each 
atom. Variations of up to =k>i of an electronic charge (t), depending on 
the electronegativities of the atoms constituting the bond, are considered 
permissible, but any charge separation greatly in excess of this will lead to 
instability provided no other factors become important. Although difficul- 
ties arise in quantitatively defining an envelope for each atom within which 
the charge balance between the positive nucleus and the negative electrons 
can be assessed, it would appear that, if this electroneutrality principle is 
accepted, the physical reality of oxidation state vanishes unless one believes 
that in all complexes the metal atom strives to achieve a true oxidation 
state between -1 and +1 and that any deficiency or excess of electronic 
charge is spread as much as possible over the whole complex ion or molecule. 

Provided that it is realized that the concept of an oxidation state can 
often have little chemical reality when applied to an atom engaged in 
bonding, there is no doubt that, as a working hypothesis to discuss the 
stoichiometry of compounds and to systematize the teaching of descriptive 
inorganic chemistry, the concept is extremely useful. 

For the purposes of this article the term “oxidation state” will be 
defined formally in the usual way, e.g., as the charge left on the metal atom 
after all the attached ligands have been removed in their closed shell con- 
figurations, e.g., chlorine as C1-. 

The definition of oxidation state by an analytical procedure works well 
when one can decide unambiguously which electron configuration to 
confer on the ligand when it is withdrawn. The outstanding cases that 
present difficulty are hydrogen which can be withdrawn as H+ or H-, 
nitric oxide which can be withdrawn as NO-, NO+, or even NO (43), and 
the many important new complexes that contain metal-metal bonds. The 



T

former cases can often be resolved by applying chemical knowledge of the 
way in which the ligand is behaving in the compound in question, i.e., in 
HCo(CO)*, the ability to form the sodium salt of the anion Co(C0)r- 
suggests that the hydrogen is protonic in character. In  nitric oxide com- 
plexes the problem is more difficult to resolve unless one can determine the 
extent to which an odd electron is transferred to or from the nitric oxide 
molecule. The case of metal-metal bonding is of interest with respect to 
the parallel that it presents with the carbon-carbon bond in organic com- 
pounds. When the two atoms forming the bond have virtually identical 
electronegativities one must assume equal sharing of the bonding electrons 
with a result that the analytical definition of oxidation state splits bonds 
between like atoms homolytically, these bonds, therefore, being ignored 
in the computation of the oxidation state. This, unfortunately, gives rise 
to the paradox that in methane CI-I, the oxidation state of carbon is IV,  
whereas in ethane H3C-CH3 it is 111, and the oxidation state of the 
asterisked C atoms in the compounds 

H3C H HaC CHI 

\;/ \;/ 
HaC h' H,C 'h l 

and 

HaC CHa 

c,  \ *,/ 

/-\ 
HsC CHJ 

are 11, I, and 0, respectively. Chemically, all these carbon atoms resemble 
one another far more than do the carbon atoms in CHI and CC14 to which 
are both formally ascribed the oxidation state IV. Also, in the complexes 
Co2(CO)8 or Mn2(CO)lo, where there is a metal-metal bond, the metals 
are in zero oxidation state. The discovery of compounds containing hetero- 
nuclear metal-metal bonds present difficulties that are less easily resolved 
(1,  l S ,  18, S7, 64, 65). It is proposed that these bonds be treated com- 
putationally as if they were homonuclear, unless there is a clear chemi- 
cal reason for doing otherwise. It might be thought that the valency of the 
metal atom would be a more reliable concept to use than its oxidation 
state. The oxidation state of the atom is often, but by no means always, 
equal to the valency of the atom. The differences always arise in the cases 
that have just been discussed, i.e., t,hose compounds whose electronic inter- 
actions are not self-evident from their composition. In  order to assign a 
valency to an atom in a particular environment it is necessary to have 
some prior information about the mode of bonding. When applied to the 
case of carbon, the ambiguities that arise in the assignment of an oxidation 
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state in the above compounds do not appear in the assignment of a val- 
ency, which is always 4. 

It should be realized that, since the concept of an oxidation state is 
only an artificial aid to the systematization of inorganic chemistry, effort 
should not be wasted in attempting to reconcile those areas of chemistry 
where the concept breaks down with the main mass of inorganic chemistry 
where it holds and is usefully applicable. 

It has often been thought that magnetic and spectroscopic studies of 
transition metal complexes can give information about the oxidation state 
of the metal atom. These properties, however, arise mainly from the elec- 
trons not involved in chemical bonding and give little information about the 
electrons whose loss, or gain determines the oxidation state. An exception 
might be made of studies of characteristic infrared frequencies assigned to  
the metal-ligand bond or diagnostic bonds in the ligand itself which, in 
favorable circumstances, will provide information about the way in which 
the ambiguous ligands, e.g., H, NO, 0 2 ,  etc., are bound in the compound 
under examination. 

It is necessary, finally, to define what will be meant, in this article, by 
a stable oxidation state. Stability that arises from kinetic considerations 
can lead to compounds that possess a whole spectrum of lifetimes ranging 
from those that are capable of existing indefinitely under suitable condi- 
tions to those which have only a transient existence and can only be demon- 
strated by an interpretation of kinetic data in redox reactions. The modern 
view of chemistry does not insist that isolation is a prerequisite of identi- 
fication and, since modern techniques allow analysis and identification of 
transient molecules in a very short space of time, it is diifficult to know where 
to draw the line. Rather than be forced, for the sake of consistency, to 
ignore all compounds that are thermodynamically unstable but kinetically 
stable, i t  is proposed to consider only those compounds that exist long 
enough for them to be isolated and characterized. 

II. The Effect of the Environment upon the Stability of the Oxidation 

State of the Metal 

A. GENERAL 

The study of isolated atoms in high oxidation states simply requires 
the provision of sufficient energy to remove electrons from the atom and 
a means of observing the result before recombination can take place. The 
oxidation states produced will depend entirely on the ionization potentials 
of the atoms and the strength of the applied field. Such conditions obtain 
in high energy discharges, and arc and spark spectra show contributions 
from oxidation stJates far greater than those encountered in chemical com- 
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bination. Although the data obtained from these studies greatly assist 
our understanding of inorganic chemistry and will be drawn on extensively 
in the later part of this article. it is not necessary, in inorganic chemistry, 
to consider the chemical properties of isolated atoms or ions, in fact, an 
isolated atom does not have chemical properties (16). In  an element or 
compound the atom under examination is always surrounded by chemical 
environment of like or unlike atoms. The atom and the environment inter- 
act and the stability of the possible oxidation states will depend upon the 
nuclear charge and electronic configuration of the atom and the properties 
of the environment. 

The factors that determine the contribution of the metal to the stabiliza- 
tion of a particular oxidation state will be discussed in the next section and 
it is now necessary to examine the ways in which the environment interacts 
with the metal ion. 

In general, the main influence of the environment will come from the 
nearest neighbors. The interaction can vary from the essentially electro- 
static forces between ions to the complete electron exchange of the covalent 
bond. If the interaction is to remain essentially electrostatic it is necessary 
both for the anion to have minimum polarizability and for the cation to 
have minimum polarizing power. Polarization interaction will lead, either 
to significant covalent contributions to the bonding, which while not de- 
creasing the formal oxidation state of the cation, reduces the positive charge 
in its vicinity, or to complete transfer of an electron from the anion to the 
cation, leading to a redox reaction. If the latter change takes place, the 
metal must have been not only in an oxidation state that is unstable with 
respect to its environment but also able to react with it. Such a situation is 
of interest to this discussion only when we consider the effect of a substitu- 
tionally labile environment. While realizing that a description of the inter- 
action with the environment in terms of purely electrostatic or purely 
covalent bonds would be inadequate and probably misleading, it is con- 
venient to discuss the extreme cases and to interpolate to  achieve reality. 

B. TEE ELECTROVALENT COMPOUND 

The first limiting type of compound to be discussed is that in which 
positively and negatively charged components of finite size are held 
together by a combination of electrostatic and repulsive forces in a crys- 
talline lattice. The stability of a particular oxidation state of a cation in 
such a solid can be assessed by calculating the free energy of formation 
(AG!o,,) of the compound from its elements in their standard states. If 
(AG!orm) is large and negative then the product will be very stable. This 
consideration, however, does not take into account the possibility of dis- 
proportionation into compounds other than the elements and this will be 
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discussed separately. Whereas it is not always easy to measure or calculate 
free energy charges, sufficient data are available to calculate the enthalpy of 
formation (AHrorm). The two quantities are related by the expression 

AG = AH - TAS 

and provided that TAS is small compared to AH it can be ignored. It should 
be noted that at  298°K TAS~,,, of sodium chloride is -6.45 kcal/mole, 
(7% of AHtorm) and is mainly due to the entropy loss of the gaseous chlorine 
(TAS = 7.94 for >@l, a t  298°K) (36). If the heat of formation of a salt 
is large, >50 kcal/mole, then this compound will be thermodynamically 
stable. When the heat of formation is small (either positive or negative), 
the stability may very well be controlled by the entropy of formation. Large 
positive enthalpies of formation indicate that the compound has little 
chance of existence. 

It is possible to calculate a value for the heat of formation of an electro- 
valent compound by means of the well known Born-Haber cycle as follows: 

a[M] + b [ X ]  - uM + bX 

state 

+b[AHatIx 

+a[Ib]Bl I -b[Ea]X gas 

Standard Standard +a[AHSt]lrr gas 
state 

- AHrorm 
-uy.xs U M b +  + bXa- 

t gas gas 

1 
Ma% 

crystalline 

The processes involved in this cycle are, (1) the conversion of the elements 
in their standard states to gaseous atoms and the provision of the appro- 
priate heats of atomization [AH,,], (2) the conversion of the atoms to ions, 
processes involving the appropriate ionization potential of the metal [I& 
and electron affinity of the nonmetallic element [Ea]x, and, (3) the combina- 
tion of these ions to form the crystalline solid which is accompanied by the 
release of the lattice energy U .  Thus, if the heats of these individual reac- 
tions can be calculated independently, an approximate value can be ob- 
tained for the enthalpy of formation of the compound. The agreement be- 
tween this value and the experimentally determined heat of formation 
will depend, not only upon the accuracy of the data used in the calculation, 
but also upon the validity of the simple electrostatic picture. The quanti- 
ties are related by the simple expression: 

-[AH]M.x~ = -a[AHcttI~ - b[AHat]x - a[Ib]M + ~[EOIX + UM~XS 

The heats of atomization are often known accurately, the ionization poten- 
tials of the metals are known from spectroscopic measurements and the 
electron affinities of the nonmetallic elements can sometimes be measured 
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and often estimated. The lattice energy cannot be measured directly by 
an independent method but can be calculated in favorable circumstances. 
As it depends upon ionic charges and lattice geometry it can be evaluated 
approximately by comparison with other isomorphous compounds or by 
the various computational approximations that are available. Of all the 
thermal quantities used in the Born-Haber cycle, that most amenable to 
experimental measurement when the compound in question is known is 
the heat of formation. Thus one usually finds that electron affinities and 
lattice energies are often calculated using the Born-Haber cycle. Using the 
concept of the electrostatic bond and the Born-Haber cycle it is proposed 
now to see how the various properties of the environment affect the stabil- 
ity of a particular oxidation state when the bonding is essentially ionic. 
It will be convenient to limit this discussion to the monatomic ions of group 
V, VI, and VII and the B subgroups which are isoelectronic with the inert 
gases. 

1. Heats of Atomization 

The heats of atomization of many elements are known with reasonable 
accuracy. For elements that are gaseous and diatomic in their standard 
state, the heat of atomization is equal to one half of the bond dissociation 
energy. The heats of vaporization of liquid elements and the heats of melt- 
ing or sublimation of solid elements must also he taken into account. Diffi- 
culties may sometimes arise when the electronic configuration of the ele- 
ment in its ground state requires ~ o m e  change during the process of atomiza- 
tion, e.g., the triplet-singlet transition of oxygen. Selected values of heats 
of atomization are given in Table I. 

TABLE I 
HEATS OF ATOMIZATION OF SOME ELEMENTS FROM THEIR 

STANDARD STATICS AT 298" (kcallmole) (10) 

F 

18.5 

~ 

c1 Br I 

28.9 26.7 25 .4  
- - - 

S 0 

59 57 

- - 

N P - As - 
113 75 60 

C Si 

171 < 105 
- - 
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An important point is that the heats of atomization of anions will make 
only a small contribution to the stabilizing effects of the environments pro- 
duced by these elements.* Apart from carbon, and to a lesser extent nitro- 
gen, which require more than the average amount of energy, each need 
between 20-30 kcal/gm ion when compared on equal terms, i.e., one oxygen 
atom is equivalent to two fluorine atoms, etc. 

2. Electron Aginities 

In  recent years many independently evaluated electron affinities have 
been published and discussed in review articles. Although it is possible to 
evaluate single electron affinities for reactions of the type X + e- - X-, 
it is still not possible experimentally to determine values for the addition 
of more than one electron. In general, the values quoted for reactions of 
the type 

X + n c  ---f Xn- where n > 1, 

are obtained from the Born-Haber cycle assuming wholly ionic bonding. 
It is, therefore, not strictly correct to feed these data back into any other 
Born-Haber cycle. However, comparable values can be found for the electron 
affinity of oxygen 0 + 2e- -+ 02-, from many oxides of the types M20 
and MO (47) and so i t  is not unreasonable to believe that the value is 
reasonably correct and that the original assumption that the bonding is 
essentially ionic does not depart significantly from the truth. Calculations 
based on extrapolation techniques also yield values similar to those found 
from heats of formation (49, but it should always be remembered that a 

TABLE I1 
ELECTRON AFFINITIES, I.E., EXOTHERMICITY OF THE REACTION 

x + 6- --f xn- I N  KCAL/MOLE (60) 

0 N - - - - - - I Br c1 F 

- 16 (i) X + O- -+ x- 83 88 82 75 54 
~ ~ ~ ~~ 

Se - - - 0 S 

(ii) X + 20- --t Xa- -156 - 80 - 97 

N 

- 547 
- 

(iii) X + 3~ --t Xa- 

C 

-708 
- 

(iv) X + 4e -+ X4- 

* For metals in the early transition series, the heat of atomization is so large (e.g., 
W, 200 kcal/mole) that compounds are formed in lower oxidation states which involve 
metal-metal binding as well as covalent metal-halogen and ionic bonds. (See MoC12, 
p. 32.) 
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“theoretical” calculation can always approach the “right answer” provided 
that this is known beforehand. 

Some accepted values are given in Table 11. It is immediately apparent 
from Table I1 that the halogens possess an overwhelming advantage over 
all the other elements in the energetics of ionization. The addition of extra 
elect,rons to a negatively charged ion is energetically unfavorable in spite 
of the approach to a closed shell configuration because of the repulsion 
between the negative charges on the ion and on the electron. Thus, oxygen 
and nitrogen require a considerable amount of energy to form the 02- and 
N3- ions and were it not for the other compensating factor which will be 
discussed below, ionic oxides and nitrides would not be thermodynamically 
stable. 

3. Lattice Energies 

Continuing the purely electrostatic description of ionic compounds, it is 
necessary to consider the energy that is released when the ions are assembled 
in the crystalline lattice. This lattice energy makes a major contribution 
to the heat of formation of the compound. The calculation of lattice energies 
has been the subject of many reviews (21, 64) and it is not necessary to 
discuss the topic in great detail in this article. The “experimental” lattice 
energy is a quantity that can be calculated by means of the Born-Haber 
cycle provided the other data are known or can be estimated satisfactorily. 
In principle, it is possible to calculate the lattice energy in terms of a sum- 
mation of the individual electrostatic interactions between lattice points, 
but it is necessary to know the charges, the lattice geometry and inter- 
nuclear distances for the compound in question. A comparison of the 
“experimental” and calculated lattice energy will give some indication of 
the extent to which the electrostatic model is correct and significant differ- 
ences in the values obtained may indicate the extent to which covalent 
bonding is present. 

I t  is possible to express the lattice energy in terms of the formula, 

where e, Z1, and Z z  are the electronic arid the ionic charges, N is Avogadro’s 
number, r is a characteristic interionic distance, n the electron shell repul- 
sion coefficient, and A is the Madelung constant (a structural coefficient 
that depends, amongst other things, upon the characteristic interionic 
distance, r used, and the relative number of anions to cations). The expres- 
sion is not exact and more elaborate expressions have been derived to 
account for some of the other factors, e.g., Van der Waals’s forces and zero 
point energy, that are involved but discussion of these refinements is not 
pertinent to the subject of this article. For other than simple structures 
all these expressions are not easy to apply and when it is necessary to pre- 
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dict the lattice energy without knowing the structure of the crystal they 
are useless. 

Kapustinskii (%a) has developed an expression, 

ZnZlZ2 { 0.345 } U = 287.2- - - 
r e  + Ta T o  + 7, 

where 2, is the number of ions per “molecule” of the compound and 
rC and ra are the Goldschmidt radii, referred to a coordination number 
of six. 

While realizing the very approximate character of this treatment, it is 
possible to use it, in a crude quantitative fashion, to show how the various 
properties of the anion affect the lattice energy. It is clear, by inspection, 
that the smaller the radius of the anion, the greater will be the lattice 
energy. The charge of the anion makes a major contribution to the lattice 
energy. 

Comparing M+X- with M2+Y2- and M3+Z3-, if X, Y, and Z had iden- 
tical radii the lattice energies for equivalent amounts of M would be in 
the ratio, 2:6/2:12/3, i.e., 2:3:4.  In a similar way for a bivalent metal, 
M2+Xz-, M2+Y2-, and MZ2+Z23- the ratios are 6:8:30/3 or 6:8:10 for a 
tervalent metal, Ma+Xs, M29+YS2-, and Ms+Z3- the ratios are 12 :30/2 : 18, 
i.e., 12:15:18. Taking ionic radii into account it would appear that, from 
their charge alone, oxides benefit by about 150 kcal/equivalent of metal, 
and nitrides by 300 kcal/equivalent for univalent metals; 300 and 600 
kcal/equivalent for bivalent metals; and 450 and 900 kcal/equivalent for 
tervalent metals with respect to  fluorine. Thus, in spite of the extremely 
unfavorable energetics involved in the formation of anions that are iso- 
electronic with the inert gases, oxygen and nitrogen are able to compete 
adequately with fluorine in the formation of ionic compounds as a result 
of the increased lattice energy due to the increased anionic charge. That 
this compensation is inadequate can be seen by comparing the heats of 
formation of some ionic fluorides and oxides (kcal/mole). 

136 286.9 

)NazO BaO 
49.7 133.4 
- - 

4. Stabilization of High Oxidation Slates in Electrovalent Compounds 

The simple Born-Habey cycle can be used to show why compounds such 
as NaNe or NeCl or even NaF2 are too unstable to exist.* These calculations 

* See note added in proof on page 39. 



STABILIZATION OF OXIDATION STATES 11 

have often appeared in textbooks and review articles and need not be 
repeated here (26,6'2). In  general, they show that the lattice energy of the 
product is insufficient to compensate for the adverse ionization potentials 
or electron affinities. When such a treatment is applied to the problem of 
which environment is most suitable for the stabilization of the high oxida- 
tion states of the transition metals, the simplicity is lost. It is of interest to 
see why this should be so. 

At first sight, it might appear that the halogens, since they are the only 
elements that take electrons exothermically to form anions with an inert 
gas configuration, should be mogt effective in stabilizing a high oxidation 
state in an ionic environment. In particular fluorine, because of the small 
size of its anion and its low heat of atomization, should be the most effective 
halogen. Since, however, the halide ions can only possess unit charge, the 
relative number of anions to cations will be large for a high oxidation state. 
Thus, for every Mn+ cation that is present, n halide ions are required to 
maintain electrical neutrality, whereas the same function can be performed 
by n / 2  divalent or n/3 trivalent anions. It is not unreasonable to expect 
that, since electrostatic forces are isotropic, they will function most effec- 
tively when the charge distribution around a particular ion is spherically 
symmetrical. This is possible only with 8:8, 6:6, 4:4, and 8:4 coordina- 
tion and with any other arrangement the asymmetry of the electrostatic 
environment must lead to some directional polarization which may be 
sufficient, in certain cases, to lead to a significant departure from purely 
electrostatic bonding. The use of polyvalent anions brings its own drawback 
since the polarizability of the anion increases markedly with the charge, 
and unless prevented by the geometry of its environment and the orbitals 
available on the metal, the multiply charged anion will assume some co- 
valent character in its bond with a cation possessing a high polarizing 
power. I t  would appear, therefore, that the highest oxidation state that can 
be stabilized in an essentially electrovalent compound is rarely greater than 
two, an observation that is in accordance with the Electroneutrality 
Principle. 

6. Stabilization o j  Intermediate Oxidation States in Electrovalent Compounds 

Up to this point the discussion has hinged on whether the compound 
of the metal in a particular oxidation state is thermodynamically stable 
with respect to its elements but such a consideration is inadequate because 
it is necessary, in addition, for the compound to be stable towards other 
modes of decomposition, e.g., difiproportionation. Calculation shows that 
the heats of formation of all the fluorides of the first row transition elements 
in oxidation state I are negative and that these are therefore stable with 



12 R. S. NYHOLM AND M. L. TOBE 

respect to  their elements. However, it is also possible to show that the heat 
of disproportionation into the metal and a higher fluoride is also negative. 

e.g., 2CrF + CrF2 + Cr, AH = -110 kcal/mole 

A similar situation obtains for TiFz which disproportionates as  follows : 
3TiF2 --+ 2TiF8 + Ti, AH = -40 kcal/mole 

These considerations, while showing why it is not possible to produce pure 
crystalline specimens of univalent transition metal fluorides by direct 
reaction of the elements, also indicate how it might be possible to isolate the 
metal in oxidation state (I) in an ionic environment. In  order for dispro- 
portionation to  succeed it is necessary for the electrons to be transferred 
from one metal ion to another and this can be avoided if the ions are 
prevented from approaching one another too closely. If, therefore, the ions 
can be held in dilute solid solution they should be kinetically stable and 
observable. The production of detectable quantities of Fe' in an ionic 
environment can be achieved by irradiating a solid solution of FeF2 in 
NaF (29). The Fe+ ion produced by electron capture is partly stabilized 
by interaction with the solvent environment since FeF might be expected 
to  be isomorphous with NaF. There is no reason why, in favorable circum- 
stances, the disproportionation should not be reversed as a result of iso- 
morphic replacement in the solid solution. If the free energy of dispropor- 
tionation is small, i t  is possible that it may be compensated by the free 
energy of solution of the lower oxidation state compound in the isomorphic 
solvent. This could be achieved by taking equivalent amounts of a suitable 
metal difluoride and the free metal and fluxing them with a large excess of 
sodium fluoride. If the above conditions are satisfied it is possible that a 
solid solution of the monofluoride in NaF may separate out as a stable 
phase on cooling. 

6. Complex Ions with Essentially Ionic Binding 

In  previous sections the discussion has been concerned mainly with 
ionic lattice compounds in which it is not possible to pick out discrete 
chemical units other than the individual ions. However, one of the founda- 
tions of transition metal chemistry is the concept that the metal ion is 
surrounded by a fixed number of ligands. Since this coordination number 
is often not equal to the charge on the free ion and since it can be satisfied 
equally well by neutral molecules and charged ions, the resultant complex 
can be positively or negatively charged or even be uncharged. It remains 
however a chemical entity which is identifiable in the crystal and may, 
in favorable circumstances, retain its identity on going into solution. The 
lattice energy will still make a significant contribution towards the heat 
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of formation but much of the energy release will be due to the formation 
of the complex. The packing of complex ions in the lattice will be controlled 
almost entirely by the minimizat,ion of their mutual repulsion since the 
much smaller noncomplex anion, or cation will fit in suitable “holes” in 
the lattice. The coordination number of the metal will not be controlled 
by the desire to minimize the potential energy of the lattice and two other 
factors become of major importance. The first is the electronic configuration 
of the metal and the interactionrj between the ligands and the nonbonding 
electrons. The second is the extent to which the ligands displace charge 
towards or away from the metal. 

The interaction between the ligands and the nonbonding electrons is 
only significant when these electrons are in a partly filled shell, especially 
a d-shell. The d-orbitals of a free transition metal ion are energetically 
degenerate, but on coordination the ligands approach sufficiently close to 
the ion for this degeneracy to be removed and solely by electrostatic inter- 
action those orbitals which “point towards” the ligands are destabilized 
with respect to those which do not. The energy separation will depend upon 
the symmetry of the field and the effective field strength of the ligands 
and may be sufficient to change the spin multiplicity of the ion. This purely 
electrostatic picture is embodied in Crystal-Field theory and explains many 
of the properties of the complex that arise from these nonbonding electrons, 
i.e., visible absorption spectra and magnetism. This orientation of the 
ligands around the metal, apart from providing an optimum coordination 
number and geometry, places the ligands in a position where there is the 
possibility of overlap between filled orbitals on the donor atom and suit- 
able empty orbitals on the metal. This produces a covalent contribution 
towards the bonding and the covalent-electrostatic picture is embodied in 
Ligand Field Theory but for essentially ionic complexes this latter refine- 
ment is unnecessary. 

C. COVALENT BINDING IN COORDINATION COMPOUNDS 
When we come to consider this other extreme picture of the metal-ligand 

bond, we find that it is no longer easy to separate the role of the metal from 
the role of the environment. The reciprocative character of covalent bind- 
ing requires that the atoms attached to the metal will alter its bonding 
properties and will be altered themselves in return. Thus, when considering 
the factors which control the stability of a particular oxidation state of the 
metal, it is necessary to know something of the nature of the attached 
groups. 

The ionization potential of the metal and electron affinity of the donor 
atom play only a minor role. It is still desirable to consider the promotion 
energies of electrons in both atoms forming the bond because it is often 
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necessary for electrons in the ground state of the atom to be promoted to 
higher levels in order to make way for covalent bonding. One well known 
case is that of carbon which has a ground state configuration ls22s22p2 
that must be changed, by promoting an electron to ls22s2p3 in order to 
make four orbitals available for bonding. A knowledge of the appropriate 
promotion energies for both the metal and the donor atom enables us to 
understand some of the factors controlling the stability of the system. This 
aspect is considered in more detail later on in this article (64). If this picture 
is taken as the start of our concept of covalent coordination the next process 
is to bring up to the free metal atom in its correct electron configuration, 
the appropriate number of ligands, each, one electron short of the closed 
shell configuration. The delocalization of the bonding electrons in the 
appropriate molecular orbitals provides the bonding energy and the 
strength and polarity of the resultant bond will depend upon the extent 
to which the bonding electrons experience the positive charge of the nuclei 
through the other shielding electrons. However close this representation 
may be to reality and however useful it may be in its application, it cannot 
be used in any discussion concerning the stabilization of oxidation states 
because at  no stage is the metal ion oxidized. The concept of oxidation states 
as applied to covalent compounds was dealt with in the introduction to 
this article and the discussion need not be repeated here. If we wish to 
retain the concept of oxidation state as a useful method of correlating facts 
then it is necessary to picture the covalent bond as forming in a different 
way. We must take the free metal ion in the appropriate oxidation state 
and bring up to it the required number of ligands, each in their closed shell 
configuration, the bonds being formed by pairs of electrons originally 
located on the donor atoms. Not only is this the classical representation of 
the coordinate bond, but it is also the reverse of the process whereby the 
oxidation state of the metal is defined. The formation of the bond in this 
way leads to a transfer of charge from the ligand to the metal of up to one 
electron per ligand, if the electron pairs are equally shared, and therefore 
reduces its positive charge. The stabilization behavior can be understood 
relatively well if we apply the electroneutrality principle and expect to 
find instability when the charge on any one atom greatly exceeds * M e .  
The principle is less applicable to the electrovalent compounds that we have 
already discussed, since there, a greater charge separation is acceptable if 
the resultant increase in lattice energy provides adequate compensation, 
The transfer of charge towards the metal explains how coordination can 
stabilize a metal whose formal oxidation state is high. Often, the coordina- 
tion number of the metal is greater than, or equal to, its formal oxidation 
state so that there is always an availability of electronic charge. However, 
with a metal ion in a high oxidation state it is also important that the donor 
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atom should have a strong enough hold on the shared electrons, i.e., a high 
electronegativity, in order to prevent the process being too efficient and 
leading to  oxidation of the ligand. Only a few ligands are suitable for the 
stabilization of the very highest oxidation states. Neutral molecules in 
general are unsuitable because too much positive charge is transferred to 
them. A ligand such as water might be suitable but the transfer of positive 
charge to the hydrogen atom makes it too acidic to remain attached. Of the 
uninegative anions, the halides are the most important,, but in most cases 
fluorine is the only one possessing sufficient electronegativity to prevent 
oxidation-reduction. The doubly charged anions can provide even more 
negative charge and the complex anion formed with a high coordination 
number would have a very high negative charge even when the metal is 
in its highest oxidation state. Of the monatomic divalent anions, oxygen 
is by far the best in stabilizing high oxidation states, partly because of the 
high electronegativity of oxygen. In general, four 02- ligands are used, 
leading to a tetrahedral arrangement. In  addition to the transfer of charge 
by the u type coordinate bond, the oxygen has the capacity to donate 
more charge to the metal by way of a r-donor' bond involving another pair 
of electrons. The stabilization of the highest oxidation states of transition 
metals as their complex oxyanion is well known, e.g., TiOa2-, vo43-, Cr042-, 
Mn04-, Fe04*-, as well as the neutral Hu04 and oso4. The ability of oxygen 
to form double bonds is paralleled by the other first row elements, carbon 
and nitrogen, and is ascribed in part to the size of the second quantum shell 
which is only separated from the nucleus by a 2-electron shell. The second 
row elements have an %electron penultimate shell and are unable to form 
double bonds as efficiently. Thus, sulfur is not as effective as oxygen in 
stabilizing high oxidation states so that although thiovanadates and thio- 
molybdates exist, any attempt to replace the oxygen in the chromate or 
permanganate ion results in oxidation of the sulfide to sulfur. 

The ability of oxygen to form a donor ?r bond decreases to  some extent 
down any group of the periodic table, and whereas the lighter members form 
oxyanion complexes the heavier members form hydroxyanions in the same 
oxidation state. Many examples are known in the p block elements e.g., 
HC10, and HJOs, ( C1030H, 10(OH)6} ; &So4 and Te(0H)e. With transi- 
tion metals in their highest oxidation states, the effect is shown in the 
increased tendency towards the formation of polyanions (cf., chromates 
and molybdates) where the polymerization is the result of oxygen acting 
as a bridging group. 

As the bonding assumes a more covalent character, so the coordination 
of the metal tends to  be controlled by the inert gas or nine orbital rule. 
Stability can be achieved by giving the metal the same electronic configura- 
tion in its complex as that of the next inert gas atom, i.e., ndYn + l)s2- 
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(n + l)pe, and these electrons can be derived from nonbonding lone pairs 
on the metal or bonding pairs shared with the ligands. The rule can be 
extended to paramagnetic complexes if occupancy of an orbital by one 
electron is accepted as sufficient under the circumstances. 

Intermediate oxidation states require less transfer of charge to and from 
the metal so that the bonding can be more electrovalent in character. 
Such complexes are amenable to ligand field treatments that require no 
great departure from the simple electrostatic picture. 

The provision of an environment that will stabilize low oxidation states 
presents a new problem. As has already been shown, the ionic compounds 
of transition metals in their lowest positive oxidation state (+I), will 
usually disproportionate to gain stability. Covalent binding between the 
metal, in a low oxidation state, and the ligand will lead to excess negative 
charge being on the metal, a situation that would make the resulting com- 
plex unstable unless there were means whereby this excess charge could be 
returned to the ligands, usually by way of orbitals different from those 
used for the u bonding. Therefore donor atoms which possess empty orbitals 
of suitable size and symmetry, e.g., the empty d orbitals of P, As, S, Se, 
or which are attached to a system that is able to conjugate with the metal, 
e4T, 

.P r* .P f l  

M-CrN, M-CEO 

etc., should form stable complexes with the transition metals in their 
lowest oxidation states, provided they can form a sufficiently covalent u 
bond. 

D. THE STABILIZATION OF OXIDATION STATES IN SOLUTION 

Consideration of the stabilization of a particular oxidation state in solu- 
tion will introduce factors which have not, as yet, been discussed, and all 
of which derive from competition between the ligands and the solvent 
molecules for a place within the most important part of the environment 
of the metal, namely the first coordination sphere. The important contribu- 
tion made by lattice energy in the solid compounds is now replaced by the 
equally important contribution made by the free energy of solvation. It 
should be noted that, because the entropy change now makes a very sig- 
nificant contribution to the free energy of the process, it can no longer be 
ignored as it was in the case of the solid compound and so we have to change 
from considering an enthalpy (lattice energy) to a free energy. Interaction 
between the metal and the solvent will produce new possibilities of destabil- 
ization and redox reactions between the metal and the solvent will have 
to be avoided. It is reasonable to believe that the high oxidation states are 
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stabilized in solvents that are not readily oxidized, e.g., water, liquid HF, 
and that low oxidation states are best stabilized in solvents not readily 
reduced, e.g., liquid ammonia. However, even when the complex is ther- 
modynamically unstable with respect to its solvent environment, there 
may not be a suitable path for the electron transfer to take place and so 
kinetic metastability is achieved. This can arise, in inert complexes, be- 
cause the solvent cannot readily displace a ligand and become directly 
bound to the metal. If, however, the complex is labile, there will be a rapid 
equilibration between the ligands and the solvent molecules for a place in 
the coordination sphere and, if the equilibrium products are unstable, 
redox processes will rapidly follow. For instance, iridium(V1) is stabilized 
as the volatile IrF6, (as also is PtV1), but with excess water, hydrolysis is 
instantaneous and the hydrolyzed species give oxygen, ozone, and Ir(OH)*. 
However, as we have already seen, oxygen can stabilize high oxidation 
states very well, and the normal behavior of a high oxidation state fluoride 
in water is to hydrolyze to give the oxide or oxyanion of the metal in the 
same oxidation state. When one considers the cases in which a particular 
oxidation state is stabilized thermodynamically by its immediate environ- 
ment (i.e., coordination) the cobalt(I1)-cobalt(II1) system presents a classi- 
cal example. The reduction potential for [ C O ~ ~ ~ ( H ~ O ) ~ ] ~ +  is greater than the 
oxidation potential of water and so the simple hydrated ColIr ion is unstable 
with respect to its aqueous environment and is reduced, albeit slowly in 
the absence of catalysts, to Co". However, on coordination with other 
ligands, e.g., ammonia, amines, cyanide etc., the situation is reversed and 
the higher oxidation state is stabilized with respect to the lower, since the 
reduction potential is less than that required for the oxidation of water. 
Looking at this from the point of view of the Co" species, we find that, 
although the oxidation potential of CO(NH&~+ is more positive than the 
reduction potential of water to give hydrogen, it is less positive than the 
reduction potential of oxygen in water to give hydroxide. Therefore an 
aqueous cobalt(I1) ammine solution is stable in the absence of oxygen, but 
in its presence will be oxidized to cobalt(I1I). The problem can be restated 
in terms of the oxidation-reduction potential of the solvated metal ion and 
the relative magnitude of the stability constants of the complexes of the 
metal in its various oxidation states with the ligand under examination. 

are the over-all stability constants for the complex of 
the metal in oxidation states n and (n + 1) then the change in oxidation 
potential of the metal caused by the addition of sufficient of the ligand is 
given by 

If I<, and 
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Thus the argument now turns on what factors determine the relative 
stability constants of the same ligand with the various oxidation states of 
the metal. 

As a generalization one can say that if the ligand uses only u bonding 
then, if it is more polarizable than the solvent, it will favor the higher 
oxidation states. If the ligand requires r bonding in addition, e.g., CO, 
then i t  will favor a low oxidation state, because here the effective nuclear 
charge of the metal will be lower and so draw on the d ,  electrons less and 
leave them free to engage in r bonding. 

The electron configuration of the metal ion is also of supreme impor- 
tance. The stability of the da spin-paired configuration will destabilize 
adjacent oxidation states making oxidation, or reduction easy in the pres- 
ence of a ligand whose field is sufficient to cause spin pairing. This is seen 
in the stabilization of Ni'V by arsine chelates. These factors can be demon- 
strated in the case of iron. The oxidation potential of the Few2+ + Fe,3+ + e 

couple is -0.74 volts, inadequate to cause an oxidation of ferrous to ferric 
by the reduction of water but sufficient for the couple to reduce oxygen in 
the presence of water. One of the factors involved in this couple is the high 
acidity (pK - 2) of the hydrated ferric species and its subsequent stabiliza- 
tion contribution to  the higher oxidation state. The oxidation potential 
for Fe(CN)a4- + Fe(CN)aS- + e- is -0.36 volts, i.e., more in favor of the 
ferric complex, since the cyanide is acting essentially as a strong u bonder. 
However, with ligands that derive much of their stability from ?r bonding 
the situation is reversed. Dipyridyl and phenanthroline stabilize the Ferl 
state in aqueous solution even in the presence of oxygen, the oxidation 
potential being now in the order of - 1.1 volts. Thus the larger number of 
d ,  electrons in the lower oxidation state and the smaller effective nuclear 
charge they experience increases the stability of the lower oxidation state 
complex. It is of interest to note that the stabilization of the ferrous phenan- 
throline complex with respect to the ferric complex is greatly decreased by 
increasing the acidity of the solution. With sulfuric acid the equilibrium 
constant for the reaction 

Fez+ + Fe(phen)a*+ & Fe*+ + Fe(phen)12+ 

changes from 1.6 X 10' in 0.05 M HzS04 to 15 in 8 M sulfuric acid (42).  
This change is said to  be due to the increase in the stability of the ferric 
complex in high acid solution although no independent assessment of the 
behavior of the ferrous complex appears to  have been made in this acid 
range. 

An interesting sidelight to the stabilization of oxidation states in solu- 
tion is the effect of ionic strength. K21rIVBre is stable in aqueous solution 
with respect to KaIrIrrBrs but if sufficient potassium nitrate added the IrIV 
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is completely reduced to  with the liberation of bromine (22). This 
effect is caused by the different effects of ionic strength upon the two redox 
couples involved. 

For the IrBra3-/IrBre2- couple E" = -0.99 volts at zero ionic strength 
whereas for the Br/>5Brz0 couple Eo = -1.08 volts. Because of the 
greater ionic charge of the lower oxidation state complex the oxidation- 
reduction potential of the Irlll-IrlV system will increase with increasing 
ionic strength. This will not be matched by the bromine-bromide couple 
which in fact is affected in the opposite direetaion and a stage is reached 
where the redox potentials cross and IrBre2- is able to oxidize bromide to 
bromine. 

Ill. Survey of Oxidation States of Various Electron Configurations 

A. GENERAL 

We shall discuss the various nonboiiding configurations starting with 
the (n - l)dL0ns2 arrangement working back to the (n - l ) d o  in turn. 
When comparing the properties of chemical compounds in which the 
binding is essentially electrostatic it is most convenient to think in terms of 
isovalent sequences, e.g., the similarity of the bivalent transition series 
(excepting Cr" and Cu"). On the other hand when comparing compounds 
in which the binding is essentially covalent, and most of the compounds 
which we consider fall into this category, one finds much closer similarity if 
one thinks in terms of isoelectronic sequences. As an example, the da  
arrangement is specially favorable for the formation of spin paired d,B 
complexes. Thus we find, in the first transition series, oxidation states 
extending all the way from -I, in the [v(cO),]- ion, to +IV, in the 
[NiFeI2- ion. 

In  the discussion of each configuration no attempt will be made to list 
a large number of examples of the oxidation states but suitable examples 
are given in each case and special attention is directed towards oxidation 
states which have been established recently. 

B. DISCUSSION OF NONBONDINQ CONFIGURATIONS 

1. Oxidation States with a (n - 1)dL0ns2 Conjiguration 

This survey starts most conveniently with a discussion of an elect,ron 
configuration which is trivial so far as transition elements are concerned, 
but it provides a necessary background to the detailed examination of the 
transition metals. In the following table are shown the oxidation states of 
the transition metals, and of some nearby elements for comparison, which 
possess the dL0s2 configuration and which, at least formally, could arise. 
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Those shown in heavy type [i.e., Zn"] have been observed experimentally 
while those in light type are, as yet, unknown. It should be emphasized, 
however, that some of the "unknown" oxidation states to which we shall 
refer are unknown probably because of the lack of purposeful attempts to 
obtain them. 

The (n - l)d10ns2 Configuration 

cu-1 ZnQ ad Gel1 ~ 1 1 1  

Ag-I CdO In1 Sn" Sb"1 

Au-l Hgo T1r PbII Bill1 

(Metal) (Ga+(GaCL)-) GeCla (AsC1d 

(Metal) (In+(AlCl$) (SnClz) (SbClo) 

(Metal) (TlCl) (PbSOd (Sic&) 

The oxidation states I11 for the elements As, Sb, and Bi and I1 for Ge, 
Sn, and Pb are well known; the I state occurs for each of the elements 
Ga (24), In  (16) and T1 but is much more stable for T1 than for the two 
lighter elements of the triad. The relative ease with which the d10s2 goes 
to the dl0 configuration for these three series of elements is illustrated 
by the following table which shows the ionization potentials for the process 
(n - l)d1°ns2 + (n - l)dxo (of relevance in ionic compounds) and also 
the energy required to effect the promotion ns2 3 ns'np', a measure of the 
separation between the ns and np levels; this gives an idea of the ease of 
forming covalent compounds which use all the electrons in the outermost 
valency shell. 

Sum of 1st and 2nd ionization potentials 27.35 25.90 29.19 
(volts) 

ns2 + nslnpl Promotion energy (volts) 4.01 3.74 4.67 

Of particular relevance for us are the data for the triads ZnO, CdO, HgO 
and Cu-I, Ag-I, Au-I. For the first of these triads the ns2 configuration 
for the ground state of the atom represents a quasi-inert gas (cf. He); 
hence these elements show a definite tendency to pass to the monatomic 
state. This is, of course, correlated with their relatively low boiling points, 
with a minimum at mercury for which the energy required to reach the 
valence state (6s16p1) is a maximum. No compounds of zerovalent Zn, Cd, 
and Hg have been reported; it seems unlikely that the use of ligands 
requiring d,-p, or d,-d, bonds will effect this stabilization because, in this 
case, the donation of d electron pairs by the metal for the necessary A bond 
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formation with the ligand is difficult owing to the high ionization potential 
of an electron from the d10 shell (54). If such complexes are isolated, how- 
ever, it is likely that ligands having highly polarizable electron pairs will 
be required, e.g., a complex of the type K4[HgL4]. The relatively high 
(estimated) electron affinities of Cu(l.4 ev), Ag(1.2 ev) and Au(2.4 ev) 
suggest that, in some ways, these could behave like halogen atoms and 
become negatively charged, forming Cu-I, Ag-I, and Au-I ions, respec- 
tively. Given the right cation A+ with an appropriate lattice energy for the 
resulting salt, there seems no reason why compounds of the type [A+][Au-] 
might not be prepared; thus the salt-like properties of Cs+Au- support 
this (67). 

2. Oxidation States with a n  (n - 1)dl0ns1 Conjiguration 

This configuration, involving an unpaired s electron is commonly 
unstable, having the properties of a free radical. However, the existence of 
apparent s1 compounds is common, stability being achieved, either by dis- 
proportionation to produce two different ions with so and s2 configurations, 
e.g., as in Ga1[Ga111C14], or by metal-metal bond formation (e.g., as in 
GazSz (27), Hg2Cl2 or in Auz in the gas phase). There do not appear to be 
any known examples of paramagnetic s1 compounds in the lst,  2nd, and 
3rd long periods. 

The formal dl0s1 configuration is expected to  arise in the cases shown in 
the table below: 

The dlOsl Configuration 

In the As, Sb, and Bi triad so-called quadrivalent compounds, e.g., SbC1, 
(%), are known but these are now considered to involve a mixture of 
Sb"' and SbV. In the Gel Sn, and Pb  triad examples of both mixed (+I1 
and +IV) oxidation states (e.g., in plumbous plumbate Pb301) and metal- 
metal bonding (e.g., in Ph3Pb-PbPh3) are known. As pointed out above, 
for Ga, In, and T1, mixed (+I and +III) (see Fig. 1) oxidation states 
arise (e.g., in Gal[GalWIJ) and also metal-metal bonding (e.g., Ga2S2). 
Coming to  the Zn, Cd, and Hg triad, metal-metal bonding is well known 
in the mercurous halides but no similar derivatives of zinc or cadmium 
have been described. Also, no complex compounds of any of these elements 
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in the oxidation state +I have been reported. Recently, several complexes 
have been prepared in which gold has an oxidation state of zero, the gold 
atom being attached to a different metal atom in the same oxidation state. 
The combination of Auo with metals having dB and d7 configurations, for 
example, has been effected (18). Thus, the following reaction involving a 

8.0 

7.0 

6.0 

5.0 
In 
c - 
0 
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4.0 

31) 

2.0 

1.0 

0 I I 

Ga In TI 

FIQ. 1. 0-0 Promotion energy 71.82 -+ nsnp of M+ ion; 0- - - - -0 IPz + IPa: 
male to be multiplied by 10 (second and third ionization potentials). (From Nyholm 
Proc. Chena. SOC. pp. 286, 287, 288, 1961). 

d8 atom, Ph3P-+Au-C1 + N~+[CO(CO)~]-+ PhaP+Au-Co(C0)4 takes place 
readily in alcohol solution, the yellow gold cobalt complex being precipi- 
tated. Similarly the reaction PhsP--lAuC1 + Na+[Mn(C0)3]-+ PhaP+Au- 
Mn(C0)6 + NaCl gives rise to a complex involving a d7,  Mno atom. Iron 
gives rise to a similar derivative having the formula (Ph3P+Au)zFe(CO)(. 

Finally, the only example of the oxidation state -I for the triad Ni, 
Pd, and Pt seems to be the carbonyl hydride Hz[Niz(CO)a], (32) it being 
assumed that the hydrogen atom in this compound is essentially cationic. 

3. Oxidation States with the d10 Conjiguration 

This is one of the commonest arrangements and gives rise to stable oxi- 
dation states from +VII of the halogens to -11 for iron as in NazFe(CO)4. 
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The d'o Configuration 

Perhaps the only problem calling for comment is the relative rarity of com- 
pounds of Pd and Pt of oxidation state zero. Thus it has been shown recently 
(14) that certain triphenylphosphine complexes in whichrthe Pt atom 
appeared to have an oxidation state of zero are in fact dihydrides of Pt". 
Nevertheless Chatt and co-workers ( I l a )  have prepared Pd" and Pt" 
derivatives of the diphosphine 

of the type [Pt(~helate)~]". Where strong double bonding appears to be an 
essential feature necessary for the attachment of the ligand (e.g., with CO), 
the isolation of complexes of Pd" and Pto seems to be much more difficult. 
Thus, all attempts to  prepare the carbonyls Pd(C0)4 and Pt(C0)4 have 
so far proven unsuccessful. It is suggested that if &r bonding from the metal 
to the ligand is important for the stability of metal carbonyls, then the 
instability of Pd(C0)4 and Pt(CO), might be explained by the reluctance 
of thc d10 Pd" and Pt" atoms to donate electrons to the ligand for d7r bond 
formation; the ionization potentials of the spin paired free atom configura- 
tions Cro(d,G), (as in Cr(CO)6); Feo(ds), (as in Fe(CO)s); Nio(dl"), (as in 
Ni(CO)4) are respectively 4.1, 3.9, and 5.7 volts (3) .  However, in marked 
contrast, the ionization potentials for the d10 atoms PdO and Pt" are respec- 
tively 8.1 and 8.3 volts. It is suggested that, as with Cu", Ago, and Au", the 
stabilization of Ni, Pd, and Pt in the oxidation state 0 is most likely to 
be effected by using a negatively charged ligand; thus, Nast (49) has suc- 
ceeded in preparing acetylides of the type K,M(C=C-Ph), (M=Ni, Pd). 
These are similar to the corresponding cyano complexes K4Ni(CN) and 
K4Pd (CN) 4. 

4. Oxidation States with the dg Conjigztration 

This is the first case where an unpaired d electron is involved and hence 
paramagnetism is to be expected. As we shall emphasize, however, this dg 
configuration shows a marked tendency to reach the dl" configuration, espe- 
cially in covalent compounds. In passing, it is of interest to ask why atoms 
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containing unpaired d electrons are fairly common but those with unpaired 
s and p electrons are relatively rare. A pointer to the reason for this is 
obtained by noting that the do configuration becomes progressively less 
stable as the binding becomes more covalent, e.g., in the hypothetical ion 
[CU(CN)~]~-, or as the negative charge on the atom increases. Conversely, 
paramagnetism is most pronounced in essentially ionic d9 compounds, e.g., 
salts like cupric fluoride. It is suggested that the unpaired d electron be- 
comes progressively less stable as its energy approaches that of the bonding 
orbitals. The higher the positive charge on the cupric atom the more the 
d orbitals is "drawn in" away from the sphere of the bonding electrons. 

Paramagnetism favored 

Positive charge on cupric atom increasing - 
The do configuration can reach the stable diamagnetic dl0 arrangement in 
several ways: (1) by metal-metal bonding as in Co~(C0)s; (2) by oxidation 
of the ligand as when the cupric ion and the cyanide ion come into contact 
in aqueous media; (3) by disproportionation, e.g., 3Au2++2Au3+ + AuO. 
There are several factors which decide which of these wilI occur; of special 
importance are the relative values of the lattice energy of the salts produced 
as compared with the promotion energy required to reach the tervalent 
state. 

The following data are of interest in order to understand the relative 
stabilities of the oxidation states of Cu, Ag, and Au. 

IONIZATION POTENTIALS IN VOLTS 

1st I. P. (Ionization potential) 7.72 7.57 9.22 
2nd I. P. 20.29 21.48 20.45 
Sum of 1st and 2nd I. P. 28.01 29.05 29.67 
3rd 1. P. 37.08 34.82 30.5 
Sum of 2nd and 3rd I. P. 57.37 56.30 50.95 
Promotion energy for d10 + d9sl 

('S-+'D) J = 3 2.72 4.85 1.86 
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These data show that to reach the tervalent state gold requires less 
energy than do copper or silver. Also, the energy required to form an M+3 
ion starting from the M+ ion is considerably less for gold than it is for the 
other two elements. However, more energy is required to reach the Au2+ 
ion starting from the uncharged atom than for either copper or silver; 
hence it is not difficult to understand why the oxidation state +I1 in gold 
so readily passes to a mixture of +I11 and +I. 

The dg Configuration 

Only in the cases of Cu" and Ag" and in the compound K3Nir(CN)4 
has paramagnetism been observed. In all other cases diamagnetism is the 
rule, with metal-metal bonding. The way in which this arises in the 
[Fe2-'(CO)8I2- ion, CO~"(CO)~,  the [Ni2r(CN)6]4- ion and in cupric acetate 
is shown in Fig. 2. 

I t  is of interest to note that, whereas metal-metal bond formation in 
Co2(CO)8 was once generally believed to be a consequence of the proximity 
of the two Co atoms which were bound by bridging CO groups, it is now 
considered likely that it is the met,al-metal bond formation which causes the 
CO bridging. Dahl (20a) has shown recently that the structure of rhodium 
carbonyl involves a metal-metal bond without any bridging CO groups. 
He suggests that when the radius on the metal atom becomes small enough 
this enables the CO groups to (lome close enough together to act as a bond 
between the metal atoms in addition to the metal-metal bond. Obviously, 
in cobalt carbonyl there is then some rearrangement of the stereochemistry 
since the metal-metal bond is a bent one. 

5. Oxidation States with the ds Configuration 

The d8 configuration gives rise to a wide range of oxidation states vary- 
ing from Cr-" to CuIII. Paramagnetism, with two unpaired electrons, is 
very uncommon, having been observed only in the cases of CuI" (K3CuFa), 
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in the well known octahedral (e.g., [Ni(NH3)$+) and tetrahedral (e.g., 
[NiCI4l2- nickel(I1) compounds and in palladium difluoride (6). 

The diamagnetic spin paired configuration gives rise to square four- 
coordinate or tetragonal six-coordinate, arrangements. More recently, it 
has been recognized that five-coordination is also very common for the 
d8 spin paired configuration. As discussed elsewhere (5) ,  five-coordination 
arises most readily when the (n - 1)d -+ np separation is a minimum. This 
state of affairs is favored if (1) the formal charge (oxidation state) of the 
metal attom is a minimum and (2) the effective nuclear charge is as small 
as possible. The first of these clearly increases as we pass along the sequence. 
[Cr-" (CO)6]2-, [Mn-1(CO)6]-, Feo(CO)6, [Co1(PhNC)6]+, [Ni11C12-2Et3P] 
leading to the frequent occurrence of square-four coordination with Nil1. 
With regard to the second item, we find that shielding decreases as we go 
down the periodic table in any vertical triad e.g., Co' -+ Rh' -+ IrT. As 
an illustration of this it is found that Co' forms a penta-isocyanide cobalt 
complex whereas the Rh' and Irr complexes are four-coordinate. Little work 
has been done on Ru(C0)6 and OS(CO)~ and it is of interest to note that in 
the light of the above, Oso is quite likely to give rise to square four coordi- 
nate complexes. 

Perhaps the most interesting new oxidation states which have been 
stabilized recently are those in which the metal atom is in the -I or -11 
state. The -I state for Mn and Re are known in the ions [Mn(CO)6]- and 
[Re(CO) 5].22 Recently, Kaesz (33) has isolated certain carbonyls and car- 
bony1 halides of technetium, namely Tcz(CO) Tc(CO)~I and [Tc(C0)412]2. 
There is little doubt that the corresponding [Tc(CO)6]- ion will be obtained 
in due course. The -11 oxidation state occurs in ions of the type [M(CO)#- 
where 34 = Cr, Mo, and W. They are formed from the hexacarbonyls 
by reduction with sodium in liquid NH3 (8, 9). 

6. Oxidation States with a d7 Configuration 

We have here an odd number of electrons, and when it is borne in mind 
that this configuration is one electron short of the stable d8 arrangement, it 
is not surprising that oxidation states with a d7 configuration are not wide- 
spread, particularly in spin-paired complexes. Spin-free complexes with 3 
unpaired electrons are formed by Co" (e.g., octahedral [CO(H~O)~]~+  and 
tetrahedral [CoCl4I2-) and Nil" (e.g., octahedral KBNiFB). No spin-free 
Fe' compounds are known but possibly this spin-free oxidation state may 
be stabilized by inclusion in a suitable host lattice which favors a tetra- 
hedral arrangement. e.g., in a lattice of the type K3MIC14. 

The known oxidation states having spin-paired d7 configurations are 
given in the following table : 
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The d? Spin-Paired Configuration 

Cr-1 Mno Fe' Co"5 NilI1 
[C~Z(CO)IO]~- Mna(CO)lo [Fe Diars.(CO)z]I]o [Co Diars.#+ EZaNiFe 

Mo-1 Too Rul RhT1 PdrlI 
[Moa ( CO)~O]~- TCZ (C0)io PdFI 

W-1 Re0 0s' IrI1 Pt"' 
[Wz(C0)~olz- Rez(CO)lo 

(1 Compounds with three unpaired electrons, e.g., CoS0~.7€~1zO are, of course very 
common. 

This configuration, if paramagnetic, is expected to favor square planar 
four-coordination or tetragonal six-coordination, The latter occurs in com- 
pounds of the type [Ni11'(Diarsine)2C12]C1 (53) and the former in certain 
Co" complexes of which the simplest example is CoI' protoporphyrin. It 
should also be emphasized that five-coordination is by no means uncom- 
mon, the arrangement being presumably square pyramidal. Examples 
include NiBr3.2Et3P (34) and CoIyTriarsine (4) ,  where Triarsine has the 
formula 

CHJ 
I 

(CHa)zAs (CH1)OAs(CHz)aAs(CHI)z 

In the case of Fe', a d7 spin-paired paramagnetic complex [FeI(Diarsine)- 
(C0)21]" has been prepared (51). However, as with the ds configuration, 
the tendency towards metal-metal bonding increases as the oxidation state 
decreases and thus the carbonyl of MnO is dimeric as in Mn2(CO)lo; replace- 
ment of one CO group by Ph3P leads to rupture of the metal-metal bond, the 
monomeric paramagnetic [Mn(CO) 4Ph3P]0 being formed (31). If, however, 
one uses (Ph0)SP the metal-metal bond is retained. It is not easy to decide 
just what is the major influence in effecting rupture of the Mn-Mn bond. 
A study (18) of the compounds produced using a variety of donors suggests 
that stability of the Mn-Mn bond is enhanced by using ligands which do 
not leave too high a positive charge on the metal atom, i.e., have polariz- 
able donor u pairs of electrons but which have little capacity for 'lr bond 
formation. Both of these factors tend to minimize contraction of the d 
orbital containing the unpaired electron and hence favor overlap. The 
carbonyl compounds of Reo and Tco (33) are now known and have properties 
similar to those of Mn2(CO)lo. Lastly, we come to the -I oxidation state, 
which occurs in the dimeric complex ion [Cr,(CO) Similar derivatives 
of Mo and W are known (8, 9). 

Before leaving the d7 configuration it is important to note that caut,ion 
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is required when assigning oxidation stat,es if metal-hydride formation is 
possible. Thus, certain diamagnetic rhodium compounds originally believed 
to have the formula [Rh(hal)2.3PhsAsMe]2 with a metal-metal bond, have 
since been shown to owe their diamagnetism to the fact that the Rh atom 
is tervalent, the formula being actually HRh(hal)2.3PhzAsMe (44). 

7. Oxidation States with the de Cor~jigz~ration 

This is a very common arrangement for spin-paired complexes, but the 
only spin-free ds oxidation states are those of Co"I in octahedral KaCoFa, 
of Fe'I in octahedral [Fe(NHs)e]Cls and of FelI in tetrahedral complexes, 
e.g., [Ph3MeAs]2FeCL (25).  No spin-free Mn' complexes are known but as 
with Fe' it is possible that this oxidation state can be stabilized in a suitable 
host lattice. 

The known oxidation states having a spin-paired d6 configuration are 
very extensive, the de6 arrangement being specially favorable for a regular 
octahedral arrangement. 

The de Spin-Paired Configuration 

V-1 CrO MnI FeII CO"' N i I V  
[v(Co)& Cr (C0)e MII (CO)d [Fe (CN)eI4- [Co (NH&I3+ [NiFelZ- 

Nb-1 Moo ToK RuII m111 PdIV 
[Nb(CO)s]- Mo(C0)o Tc(C0)sI [Ru(CN)~]'- [RhCle13- [PdCleI2- 

Ta-I WO Re' 0s" IrIII Pt'V 
[Ta(CO)e]- W(CO)S Re(C0)J  [0s(CN)6I4- [ I r c l ~ ] ~ -  [Ptclela- 

The octahedral spin paired complexes of Ni IV, PdIV and PtIV; of CoIII, 
RhIII, and I F 1 ;  and of Fe", RuII, and 0s" are well known but one point 
of interest calls for comment. The IV  state for Ni is now well known but no 
facile generalization can be made as to relative stabilities of NilV and PdIV 
unless the ligand used be specified. Thus using C1-, [Pt>Cls]'- is much more 
stable than the readily reduced [PdCl#- and the [NiCleI2- ion is unknown. 
However, for ions of the type [M1V(Diarsine)zC1z]2+ the stability appears to 
be PtIV >> NiIV > PdIV (28). Presumably the relative order of the promo- 
tion energies involved changes with the residual charge on the metal atom. 

The oxidation state -I appears to occur in the [V(Dipyridyl)3]- ion 
but the location of the electrons is uncertain (SO). 

8. Oxidation States with the d6 ConJiguration 

The spin-free arrangement, even though it involves a half-filled d-shell 
is limited in it,s occurrence to I?e1II and Mn". The spin-paired d6 arrange- 
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ment is expected to be associated with an octahedral stereochemistry ; 
indeed, stable d E 6  octahedral complexes are known for oxidation states 
from +IV (in K21rTVF6) to 0 (in V(C0)J and perhaps -I (in the 
[Ti(Di~yridyl)~]- ion). 

The d6 Spin-Paired Configuration 

Oxidation states which have been stabilized recently include Re" and 
Tc" as Diarsine complexes of the type [M1l(Diarsine)~Clz]o (M), Crl as 
[Cr1(Dipyridyl),C104 and Vo as the carbonyl V(CO)6 (10, 61). Earlier 
doubts as to whether this carbonyl is dimeric and diamagnetic or monomeric 
and paramagnetic have been resolved in favor of the latter. Thus V(CO)6 
is the only known carbonyl which does not obey the "nearest inert gas" 
rule. The absence of d6 compounds of the remaining elements to the bottom 
left hand corner of this table probably reflects more the lack of purposeful 
work on this subject than inherent difficulties in their stabilization. 

9. Oxidation States with the d4  Configuration 
The d4  configuration is of special interest in many ways because it is 

known to give rise to 0,2,  or 4 unpaired electrons and to coordination num- 
bers of 4, 6 ,  and 7. Regarding the spin-free complexes of atoms with 4 un- 
paired electrons, we find that this highly paramagnetic state arises with 
CrI1 and Mn"I only. From simple crystal field theory one expects a square 
planar arrangement for Sour-coordinate spin-free d4 complexes and a tetrag- 
onal arrangement if the coordination number is six. This is certainly true 
for [CrCI4l2- and CrClz-2Py. The spin-free oxidation states of +I(V1) and 
+IV(FeIV) have not been reported. The failure to prepare K2FeIVF6 is 
curious for although one has to break the d6 shell of Fe"' to  achieve this, 
the relative ease with which FeIV can be stabilized with diarsine and FeV1 
with oxygen suggests that this is not the main problem to be overcome. 

The oxidation states in which the d4 configuration has two unpaired 
electrons are shown in the Table below. In an octahedron this indicates a 
de4 arrangement and is observed for a wide range of oxidation states. 
The sole example of the +VI state (of Pt) is PtFa ('7) and similarly only 
one example of +V, KIrF6 is known. The +IV state is represented by 
Fe, Ru, and 0 s  with compounds of the type [M1V(Diarsine)&12][C104]2 
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The ds4 Configuration 

Crr' MnI[1 FelV COV NiV1 
Cr(CN)64- [ M ~ ( C N ) G ] ~ -  [Fe Diars .~Cl~]~+ 

M011 Torr1 RulV RhV PdVI 

W" Rer11 O f P  IrV P t V '  
[W D i a r s . ~ I ~ l ~  [Re Diars.zCl~l+ 10s  Di:~rs.2C'l~]~+ K[IrF,,] PtF8 

[MIv = Fe (55) or 0 s  (56)] or K2hv11vCle ( M I v  = l i u  or 0s). As with the 
Ni, Pd, and Pt triad, we find that whereas the C1- ion will stabilize the 
two heavier elements, diarsine is needed to stabilize FeIV. Once again, as 
with PdIV, WP find that the complex ion [R~~~(Diars i i ie )2Cl~]~+ is much 
less stable than the corresponding complex FeIV ion. (It is of interest to 
note that the Co, Rh, and Ir sequence might be expected to show similar 
behavior. In  fact IrIV is quite stable in the compound KzIrCla whereas, 
although RhIV can be prepared as C~21 ih '~Cl~  the compound loses chlorine 
rapidly if moist. It is more eflectively stabilized by including it in a host 
lattice such as [NH4]2PtCls. ESrperience with the Fe, Ru, and 0s  and Ni, 
Pd, Pt triads suggests that the [C~~~(Diarsine)zCl#+ should perhaps be 
less difficult to prepare than [Elh1V(Diarsine)zC12]2+. 

Coming to the oxidation state +III, the complex cyanide I<3Mn(CN)6 
has been known for many years but RelIr and TcI" in octahedral complexes 
have been obtained only recently (23). In  both cases, the complex formed 
was of the type [M111(Diarsine)&12]+C1-. The +I1 state can be stabilized 
in the case of Cr" as the complex cyanide and recently a series of dt4 
octahedral complexes of Mo" of the type [Mo" (Diarsine)2ClzIo (46) have 
been prepared. The assigned octahedral structure is supported by the fact 
that the compounds are isomorphous with the corresponding Tc" and ReII 
complexes. The spin-paired dt4 oxidation state +I for vanadium has not 
yet been reported. 

Finally, we come to the diamagnetic d4 complexes. These are of three 
kinds (a) those in which the metal atom is (presumably) four-coordinate; 
(b) those in which it is definitely seven-coordinate and (c) those in which 
metal-metal bonding must be invoked. The best examples of the first of 
these types are the ReIII halide derivatives, e.g., RezCls and the [ReC14]- 
ion. Recent investigations (2)  have indicated that IlezCla is dimeric in a 
variety of solvents and this supports-but does not confirm-the generally 
accepted halogen bridged tetrahedral structure like anhydrous ferric 

Footnote added in proof: It has now becn shown by Cotton and also by Ferguson 
et al. (personal communications) that the [ReClJ ion is in fact trimcric in the solid 
state. The [Re&lI2]3- unit involves ri central group of three Re atoms in a triangle. 

[Mo Diars .~L]~ [Tc Diars.Kl2]+ [l<uc16]2- 
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chloride. Similarly, it has been shown that the [ReC14]- is apparently 
monomeric in solution. The hypothesis that the Re111 is tetrahedral with a 
dY4 configuration would, as pointed out by Orgel, explain the diamagnetism. 
However, all attempts to establish this tetrahedral arrangement have so 
far proven unsuccessful.* One expects that Mo'I and W" might give rise to 
similar dY4 complexes, e.g., K2M01'C14 but so far all attempts to isolate 
these have proven fruitless. Similarly, o~'~c14 shows no evidence of the 
properties expected if it were in fact tetrahedral and monomeric. 

The seven-coordinate diamagnetic complexes are derived from certain 
carbonyl compounds wherein the governing rule appears to be the desire 
on the part of the metal to reach the nearest inert gas configuration. Since 
there are four nonbonding electrons occupying two d orbitals only, there are 
clearly seven orbitals available for bond formation. Such compounds are 
formed by Mo'I and WII, e.g., by the reaction (62). Moo Diarsine(C0)4 + 
I2 4 Mo" (Diarsine)(CO)d2 + CO. Finally, we have compounds in which 
metal-metal bonding is invoked. The best examples of this are the deriva- 
tives of the bivalent molybdenum halides. In general these can be looked 
upon as derived from a basic cation of the formula [ M O & ~ ~ ] ~ + .  The structure 

= MO 

0 = c1 

Fro. 3. Structure of [Mo&&14+. 

of this is shown in Fig. 3. The eight C1 atoms occupy the corners of a cube 
and the six molybdenum atoms are in the middle of the six faces. Six  groups 
now have to be attached, one to each Mo atom normal to the faces of the 
cube. In the compound [M0sCls]~+[C1-]4.2H20 there are clearly four chlorine 
ions and two water molecules. However, unless one invokes some kind of 
pairing of d electrons between molybdenum atoms, such a complex is 
expected to be paramagnetic. The symmetry of the d ,  orbitals permit such 
pairing of electrons and if one regards each Mo as having in effect a valency 
of six one can understand the magnetic properties and the absence of color 
in these derivatives (69, 6'3). 

10. Oxidation States with a d8 Configuration 

Two possibilities arise in this instance, those compounds which contain 
three and those which contain only one unpaired electron. We discuss these 

* B e  note added in proof on page 40. 
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in turn. The spin-free d3 configuration is specially favorable for octahedral 
coordination and the extent to  which this d,3 configuration is able to give 
rise to a wide range of oxidation states is shown in the following table: 

The d3 (Spin-Free) Configuration 

Perhaps the most interesting are the compounds of MoIII, W I I I ,  TcIV, 
Re", Osv, and Irv*, since three unpaired electrons is the greatest number 
observed in any compounds in the second two transition series. Again, not 
much is known of the oxidation state +I1 arising with d3 complexes of 
V I I ,  Nb", and Ta". 

The spin-paired 11.1 complexes contain only one unpaired electron and 
if we assume that spin pairing occurs because the third orbital is used for 
bond formation, seven-coordination results. This occum in the complex 
cyanide of MoIII, K4Mo(CN)7.2Hz0, and in rertain W"' complexes such 
as [W1rrDiarsine(CO)3Brz]Br (67). Similar paramagnetic seven-coordinate 
derivatives are expected with TcIV and ReIV and with Nb" and TaT1 but 
no examples have yet been reported. 

11. Oxidation States with a d2 Conjiguration 

We consider first the spin-free compounds, containing two unpaired 
electrons. These are expected to arise for the oxidation states shown in the 
table. The spin free d2 configuration is of special interest in connection with 

The d2 (Spin-Free) Configiiration 

Ti" V I I I  CrLV Mnv FeVI 

Zr" Nb"' M oIV T C V  RuV1 
K~RuOI 

Hfl' Tam WlV Rev OSV' 

OBF6 

K2CrF6 KaMnO, K2Fe04 NnzTiCla [V (1120)613+ 

the formation of tetrahedral complexes since the dT2 configuration gives a 
half filled d, shell. It is no arcident, therefore, that in the first transition 
series the oxidation states from +I1 to +VI are all associated with tetra- 
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hedral complexes-although an octahedral arrangement is also possible 
(e.g., with V'II). The isolation of NazTiW14 (46) is a good example of the 
way in which an oxidation state may be stereochemically stabilized. The 
stability of the compound K2Fe04 is presumably related to this also, 
K2Fe04 being isomorphous with KzS04. 

The d2 Spin-Paired Configuration 

Ti1 1 V"' CrIV MnV PeV' 

Zr" Nb"' Mo'V TcV Ruvl 

Iff" TaIII W'V Rev OSV' 

[ MO (CN)#- [Tc Diars. ,Cl4]+ 

[W(CN)$ [Re Diars~Cl4]+ 

The second possibility is, of course, diamagnetism, and this is expected 
to be associated with eight coordination. Running along the two heavier 
transition series, examples of this include: for the oxidation state +IV, 
K.iMo(CN)s and K4W(CN)s; for the oxidation state +V, the complex 
cyanides KsTc(CN)s and K3Re(CN)8 (19) and the diarsine complexes of 
the type [MV(Diarsine)zC14]C104, where MV = TcV and ReV (23).  Surpris- 
ingly, corresponding RuV1, Osvl compounds have not yet been prepared and 
the +I11 state for Nb and Ta appears to  have been little investigated. 

1.2. Oxidation States with a d' Configuration 

and, as may be seen, it is of common occurrence. 
These are expected to arise for the elements shown in the following table 

The d1 Configuration 

A survey reveals that this configuration is associated with a wide range 
of coordination numbers extending from four to eight. In complexes where 
the binding is essentially covalent as in metal carbonyls, we expect a 
coordination number of eight. This observed in the case of complexes of 
ReV1, e.g., the [ReV1(CN)8I2- ion, and the recently reported [ T C ~ ~ ( C N ) ~ ] ~ -  
ion. Similarly MoV and Wv give rise to octacyanides of the type 
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[MoV(CN)#-. These latter have a structure based on a dodecahedra1 ar- 
rangement which can be visualized as arising from two interlacing tetra- 
hedra, one of which has been slightly flattened while the other is slightly 
elongated (cf. Fig. 4). Quadrivalent vanadium also gives rise to a structure 
of this type; vanadium tetrachloride and diarsine react to form the com- 
pound VCI4.2 Diarsine (17) which is isomorphous with the corresponding 
titanium complex. The structure of this is shown in Fig. 4. No similar diar- 
sine derivatives of niobium or tantalum have yet been prepared; in view of 
the greater ease with which eight coordination arises in the second two tran- 
sition series one might expect eight coordinate derivatives of NbIV and Ta'" 
to arise also. The unusual eight-coordination for quadrivalent vanadium is 

I I I 

-- 
/Hi  

Q 

Fro. 4. Structure of [MoV(CN)slS-. 

noteworthy. Presumably, the bonds are sufficiently ionic to ensure that 
bond pair-bond pair repulsions are relatively small. Six coordination is 
very common and is exemplified by the [Ti(HzO)$+ ion and by compounds 
such as IteF8. Four coordinate complexes of the type [M04]2- are well 
known for MnVr and recently the corresponding Rev1 and TcVI derivatives 
have been isolated (38). The single d, electron has practically no effect upon 
the regular tetrahedral stereochemistry, BaMnV104 being isomorphous with 
BaS04. The oxidation state V for chromium also arises in a presumably 
tetrahedral complex ion of the type [CrV04]3- described first by Klemm 
(41) and co-workers and recently investigated in more detail by Bailey and 
Symons (3). 

The quadrivalent state occurs in VC14 which is again regular tetrahedral. 
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No [Ti111C14]- complexes have yet been reported but the ease with which 
the corresponding [VCl,]- complexes can be prepared by employing a suit- 
able solvent suggests that these should be capable of being prepared. 
No stable complexes of tervalent zirconium or hafnium have been reported 
but the tervalent halides are well known (60). They display only very weak 
paramagnetism and this appears to  indicate strong antiferromagnetic 
interaction in the crystal. 

13, Oxidation States with the do Conjiguration 

Oxidation states embodying this configuration extend all the way from 
the univalent K, Rb, and Cs triad to  the heptavalent elements of Mn, Tc, 
and Re. The first break occurs a t  iron, no FeVrI1 compounds being known. 
RuVrIr and 0sv1*' are known as their tetroxides but the previously reported 
octafluoride of osmium has recently been shown to be in fact the hexa- 
fluoride. It is of interest to note that if the nine-orbital rule were obeyed, 
complexes having a coordination number 9 are possible. The only possible 
example of this is the strontium nonahydrate ion of unknown structure. 
Gillespie, (26a) however, has suggested that a 3:3:3 structure is the most 
likeiy configuration for this ion. Eight-coordination occurs in the bis- 
diarsine complexes of quadrivalent titanium, zirconium, and hafnium, the 
structure being shown in Fig. 4. 

Oxidation States with a do Configuration 

IV. Summary 

In  this article we have endeavored to show that the "formal" oxidation 
state adopted by transition metal in a compound depends, not only upon 
the nature of the metal and its electronic configuration, but also upon its 
environment. The fundamental controlling factor appears to  be the 
stability of an electrically neutral situation around the metal and indeed 
around every atom in the system, and, although it is not possible to  convert 
this principle of electroneutrality to  a quantitative basis, it remains, never- 
theless, a good working hypothesis with which to assess the stability of a 
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particular compound. The major departure from this principle occurs in 
the ionic lattice compounds where the loss of stability due to the departure 
from electroneutrality is more than compensated by the gain in lattice 
energy. In these compounds the major factors influencing the stability of 
an oxidation state are the relevant ionization potentials of the metal and 
the lattice energy of the product and, to a lesser extent, the appropriate 
electron affinities of the nonmet,allic component. In  general, provided a 
closed electron shell on the metal is not broken into, the increase in the 
lattice energy due to the greater cationic charge will compensate for the 
increased ionization potential. The limits of stability are reached, not as 
a result of the energetics of the ionic system, but as a result of the increased 
polarizing power of the metal ion in the higher oxidation states, especially 
the relatively small transition metal ions. Thus no anios is sufficiently 
unpolarizable to resist covalent bond formation in the higher “formal” 
oxidation state compounds and the factors involving the stability of the 
covalent compounds become of major importance. 

Further considerations arise when we consider the transition metals 
where the number and arrangement of the nonbonding d electrons have a 
considerable effect upon the stability of the compound. It was pointed out 
in the preceding section that certain electronic configurations were less 
stable than others. The stability of a more than half filled d shell is far 
greater when there is an even number of d electrons than when this is odd, 
compare ds, ds, and dl0 with d7 and d9, whereas no similar sharp distinction 
exists in a shell which is half filled or less. This is attributed to the steadily 
increasing effective nuclear charge as the d shell nears completion, which 
causes the bonding to  become more covalent in character, and, in doing so, 
draws the bonding electrons in towards the nonbonding shell. As a result 
it is easier for the unpaired electron on one atom to interact with one on 
another atom and either be shared or transferred. 

Certain electron configurations favor stabilization of a regular tetra- 
hedral or octahedral environment, e.g., 

Regular tetrahedron do, d2, d4(sp), d6(sv ) ,  ~ ‘ ( S F ) ,  d’O 
Regular octahedron do, d3, d 6 ( S F ) ,  d6(sp),  d8, dl0 

(SF = spin free, SP = spin paired) 

and, no doubt, the provision of a suitable forced geometry by the environ- 
ment might stabilize an otherwise unusual oxidation state, e.g., Fe’ in a 
tetrahedral environment. 

Finally, it should be stressed that the absence of an example of a metal 
in a particular oxidation state need not reflect the inherent instability of 
that particular oxidation state but possibly the lack of purposeful research. 
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It is to be hoped that this article will make easier the task of those whose 
purposeful research will find examples of hitherto uncharacterized oxidation 
states of the transition metals. 
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NOTES ADDED IN PROOF 

p .  10. Note 1. 

Following observations of the high electron affinity of PtFe ( > l 6 l  
kcal/mole) [Bartlett, N., and Lohmann, D. H., J. Chem. SOC. p. 5253 
(1962)], the stabilization of Xe(1) in the compound, Xe+[PtFa]-, was pre- 
dicted and achieved [Bartlett, N., Proc. Chem. SOC. p. 218 (1962)l. This 
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breaking of the “prejudice barrier” has lead very rapidly to the isolation 
and characterization of XeF2, XeF4, XeFa, and [XeO$-, and the great 
interest that has been aroused in this field will lead, in a short time, to an 
extensive chemistry of the once “inert” gases. 

p .  32. Note 2. 

It has now been shown [Robinson, W. T., Fergusson, J. E., and Penfold, 
B. R., Proc. Chem. SOC. p. 116 (1963)l that the complex ion in CsReC14 is 
the trimeric [Re3ClI2l3- with each Re atom essentially seven-coordinate. 




