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ABSTRACT

A new concept in solution chemistry, electronicity, has been derived
and developed. Electronicity describes quantitatively the ability of a
ligand to complex a metal ion which, in turn, allows the prediction of the
formation constants of metal ion complexes. The principle of electronicity
quantifies onto one scale the earlier concepts of hard and soft acids and

bases.
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Introduction

Interest in the formation (stability) constants of metal ion complexes,
though always sustained, has increased greatly in recent yéars, largely because
of the fundamental need of such data in any investigation of environmental
pollution. It has long been recognised, however, that the determination of
these thermodynamic guantities is difficult because great demands are made on
both experimental design and techniques, and methods of data analysis and
interpretation. In particular, the unavoidable need to determine the free
{unreacted) concentration of at least one component in the equilibrium system
has led to conagiderable problems in this field. There are numerous compila-
tiong of formation constants,1_5 both exhaustive and critical, but few

attempts have been made to unify these data on a common, theoretical basis.

Our recent work(s_'14 has involved the determination and prediction of
the formation constants of hydroxo-metal complexes, both mononuclear and poly-
nuclear. We now extend this work to provide a theoretical basis for the
prediction of metal ion complexes of any ligand, for mononuclear, polynuclear
and mixed-ligand complexes. It is hoped that this attempt at a completely
general and unified treatment will provide an inéight into the nature and
dynamics of the formation of metal ion complexes. The predictive powers of
such a treatment, if adequate, would prove to be of great value, especially
where the formation constants cannot be determined experimentally with any
degree of accuracy. We will now describe this treatment in three parts; first,
a statistical approach, second, an empirical approach, and lastly, a synthesis

and extension of these two approaches.



Regults and Discussion

Part One

The Statistical Approach: The Sylva-Davidson EBquation

Consider the reaction of a unidentate ligand, L, with a metal ion, M

(charges omitted throughout):

By the Law of Mass Action, the formation constant for this single step

reaction, the step-wise formation constant, K, (see symbol table in

1

Appendix), is given by equation (2):

17 Tulfn] 2

where the square brackets represent activity or concentration units. Reaction

(1) can, more generally, be regarded as one of a succession of step-wige

reactions, as in eguation (3),

o1 < (3)

a ~ Tm__ 2] o



The formation constant of MLq can also be considered in terms of the
overall reaction (5) for which the overall formation constant is given by

equation (6):

M + gqIL. —> ML (5)
~ a
[Mrg]
Boe = Torios - (6)
e [u][v]e
It follows from the above that K = B and that in general

1 1’

= K K. soon .
B1q 1K2 3 Kq—1Kq (7

The preceding discussion assumes the formation of mononuclear species
only. For polynuclear species, overall formation constants are usually

considered for reaction (8), namely eguation (9):

L = L 8

pM + g = Mp g (8)
B = _L_Eiﬂl_ . (9)
pg [Mlp[L]a

In general, any complex Mqu is referred to by its formula or as a (p,q)

species.

Formation constants depend only on the energy status (enthalpy and
entropy, or useful and non-useful work potential) of the initial and final
states of the reaction. Thus, the species (p.,q) can, for example, be

considered as being formed in the two steps (10) and (11):



Mo+ omL = ML (10)
—_—
+
MLm nMIL ~— Mqu (11)

from which follow equations (12) and (13) for the stoicheiometric coefficients:

m=gq+1-p , (12)

Equations (10) and (11), and hence {(12) and (13), are completely arbitrary and

chosen merely for convenience in the following discussion.

The step-wise nature of complex formation means that the ratios of the
consecutive formation constants can be statistically predicted, as pointed out
by Bjerrum,15 on the basis of the following simplifying assumptions:

(i) all possible coordination sites of the metal ion are (energetically)

equivalent;

{ii) the tendency of the complex MLq to dissociate a ligand entity is
proportional to the value of gq; and

(iii) the tendency of a complex MLq to gain an additional ligand mole-
cule is proportional to (N-q), where N is the maximum possible value

of q.

It follows that, for reaction (3), the step-wise formation constant can be

written as relationship (14):

(14)

q q
and hence
N-q
Kc:'|'_+1 ® qgt1 (15)

and the consecutive formation constants, K1,K2,...,Kq, will be successively

proportional to the terms in (16).



N, (N-1)/2, ... , (N-g+1)/q, (N=q)/(q+1), ... , (16)

2/{N-1), 1/N .

Thus, the ratio of any two consecutive constants is given by equation

(17):

Eg+1 i k(N-g}/(g+1) kq (N-q)
Ky  (N-g#1)/g (N-g+1){(g+1) 17

where k is a proportionality constant. Hypothetically, since the chemical
pathway is completely arbitrary, there need be no upper limit to the value of

N, so that summing N to infinity gives

(N-q) -
(N-g+1) 1. (18)
and
Retv _ g
kg Frrery) (19)
Thus, if egquation (7) is written as (20), then (21) follows:
Bm = Kme_TKm_z...K2K1 (20)

(21)

Substitution of eguation (21) into {(20) provides the following result:

k{m-1)
B1m - ( m m-1) Km—1Km-2"'K2K1
_ (k(m=1)y k(m=2) 2
- ( m )((m-1) m—zJ Kn-2 KK ' (22)

K K K

kim=1})y/k{im=2)y2rk{m=-3} 3
(tme )y (lme2)y 2 DRk,

m (m-1} {m=-2) m-



K1rr5{[1+2+3+...+(m-1)]

m!

Since K1=B11 and 1+2+3+...+{m=1) = m{m-1)/2, equation (22) can be

simplified to (23):

B11mkm(m-1)/2

P = m! ' : (23)

In the second step of the process, reaction (11}, where gpLﬁ is formed
from MLm and nML and n=(p-1), the application of the Law of Mass Action

gives

8 - [fb]_:g] {24)

and hence, from eguation (9),

Brl MLy J[Mr ]
pa  [m]p[L]a

BrBmlML]?

= nrm- (25)

[M]n[L]n
n
BnB‘ImBH '

It

In these reactions, where Mplé is considered to be produced by the
addition of ML to MLm entities, there need not be a limit to the number of
additions. Since such additions neither alter the number of sites available
for further addition nor the number of ML entities available for dissociation
{noting the simplifying assumptions of Bjerrum15), we can also assume that
the ratio of any adjacent pair of step-wise constants is equal, and equal to

unity, since the various steps will be all energetically similar. Thus, by

this approximation, it follows that



g = Ko . (26)

Thus, for example, in the formation of the (2,2) dimer from the (1,1) monomer,

it follows from a consideration of (7) that

K = e, (27)

The combination of equations (25), (26), and (27), and replacement of m and n
with (g+1-p) and (p-1), respectively, as in equations (12) and (13), leads to

the following result:

_ I
ﬁpq - 8nﬁmﬁn
- K1nﬁ11nkm(m-1)/2ﬁ11m/m! (28)
(p-1) {g-p)(gti-p)/2 (g+1-p)
_ (EEE_J p . (p-1) X g-p)(g+i-p 811 at1-p)
B 142 11 (q+1-p)!

Taking logarithms, and collecting and rearranging terms in (28), yields the

simpler expression

+2- + (p- -
log ﬁpq {g+2-2p)log 811 {p-1)log 322 log qu , (29)

where

log] (g+1-p)t] = 3 (gq-p)(g+1-p)log k . (30)

log U
g bgq

Equation (29} is interesting, since, with the exception of the log U

Pa

term, it corresponds to the simplified Sylva-Davidson egquation, which gives
6~8,14 . . . s s

good results for metal ion hydrolysis reactions. The significance of

the log qu term is discussed below.



As written, eguation (29) is inapplicable if a (2,2) dimer is not

, 13,14 , .
formed,8 a situation which is more common 3, than previously thought. It is

therefore necessary to make (29} more general, along the lines previocusly

13 . . : . :
used. Thus, for any species (r,s) the formation will be as in equation

(31):

= +2e - -
log Brs {s+2-2r)log 611 + (r-1)log B22 log UrS (31)

which, by rearrangement, gives equation (32):

log B, = [1o0g B, + log U_ - (s+2-2r)log B11]/(r-1). (32)

Substitution of equation {32) into (29), after rearrangement, gives egquation

{33):

: - {p=1)
+ = - +
log qu log qu gqlog B11 — [10g ﬁrs log Urs {33)

- slog 611] .

Further, consideration of the formation of another polymeric species,
(t,u), using the above results, yields equation (34}, which is the generalised

Sylva-Davidson equation {(ignoring the log U terms):

log B+ logU = [a(1log B, * log U_ ) + B(log B__ + log Urs)]/c , (34)
whare,
A = g(r=1) -~ s(p-1) (34.1)
B = u{(p-1) - gf{t-1) (34.2)
C = u(r-1) -~ s(t-1) . (34.3)

The form of (34) is different from that previously given,s'13 having

simpler expressions for the coefficients A, B, and C; the two forms can,



howaever, be readily shown to be identical by simplifying the former.

At this stage, it is worthwhile exploring some of the results obtained
from equation (34). Thus, consider the formation of a (1,2) species in
relation to the known values of 611 and any other polymeric species MrLS.

In this example, p=t=u=1, g=2, and r and s are of any value. Substitution of
these values into equation (34) yields the following: A=2(r-1), B=0, and
C=(r-1) and, log 512 + log U12 = 2(r=1)(log 311 + log U11)/(r—1) = 2(log B11

+ log U, ). As would be expected, data for a polymeric species (r,s) are

11
irrelevant when considering the f value of any monomer. The value of U11
is obtained from equation (3), namely: log U11 = log [(1+1-1)!] -
(1-1)(1+1-1)1log k = 0, as expected for the (1,1) species. Thus,
log 612 = 2 log B11 ~ log U12 . (35)

It follows from equation (35) that for any monomeric species, (1,q).

log ﬁ1q g log 311 - log U {36)

1q '
where

log U log (q!) - $q(g-1)log k . (37)

ig

Similarly, if the formation of (1,g} is considered in terms of the step-wise

constants, log Kq, and the first complexation step, log K1 {= log 611)

then, log B, = qlog B, - log U, , log B, . = (a-1) log B, - log U, .
=1 - = (q-q+ - - .
and log Kq og B1q log B1,q-1 {(g-g+1) log 511 {log U1q log U1’q_1)
Substituting for the log U terms gives equation (38):
log Kq = log K1 -~ log g + (g-1)log k¥ . (38)

The Sylva-Davidson approximation, as originally given,6 8 seﬁs
log 812 = 2 log 311. This was known to be only an approximation since

electrostatic arguments alonel3 indicate that log 512 < 2 log 311,



10
- The results obtained above, namely equation (35) or generally, equation (38),
gquantify the extent of this approximation in terms of the log U1q contri-

butions. We are here still circumscribed by the limitations of the statistical

(Bjerrum) approach, nevertheless, the result is significant.

The log U terms can be considered as a measure of the intrinsic tendency
of a metal ion (electron acceptor) to form a chemical (coordinate) bond with a
ligand (electron deonor) to produce a metal 'complex'. It is a preoperty common
to both the metal ion and the ligand and is manifested by the decreasing

tendency of ML to form ML_ relative to the tendency of M to react with L to

2

give ML. That log U = 0 follows automatically since we are dealing with

11
the formation of (1,1) from (1,0) and (0,1) species (free metal ion and free

ligand, respectively)}, that is, from reference states.

The significance of the log qu term in the formation of polynuclear
species is not as obvious but it accounts for the increasingly poorer estimates
7,8
provided by the earlier Sylva-Davidson equation '~ as the molecularity

increases.

In 1953 van Panthaleon wvan Eck,16 by utilising the Bjerrum approach,
proposed an empirical equation to describe formation constants, and arrived at
a result which is closely related to our present results; thus (using the
present nomenclature) he proposed the empirical relationship (39) (his eguation

(10)):

log ﬁ1q = qlog B” - Ag(g=-1) , (39)

where A is an empirical constant which he did not explore further. Using our
approach, an explicit expression for A can be obtained from equations (36),

(37), and (39), leading to equation (40} in which A is no longer merely an

empirical parameter:
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A o= [log (a1 /alq-1)] - +log k (10)

and which is now in terms only of the stoicheiometry of the monomeric species
MLq, and the proportionality constant, k, relating two consecutive formation
constants. It remains to examine more fully the nature and significance of

this latter parameter.

Part Two

The Empirical Approach: The Brown-Sylva Electronicity Principle

Electronicity: A New Concept in Solution Chemistry

. , . . . . 1-
This task required an examination of the available experimental data
and the concomitant values of k in order to seek out a consistent and recurring
relationship for all metal ion-ligand systems. We have found such a relation-

ship which is described by equation (41) (for mononuclear complexes):

log k = =-e . (41)

In equation (41) we have introduced a new unifying concept, represented by

EM and SL, as a fundamental property of both metal ions and ligands. We

have chosen to refer to this concept as electronicity ('freeness' of the

valence electrons). This property describes quantitatively the ability of a
ligand to complex a metal ion. A description of electronicity in terms of more
fundamental parameters is being attempted. It will be seen that the use of
this concept will quantify a number of other concepts such as A~ and
B-character, 'hard' and 'soft' metal ions and ligands, and charge- and
frontier~-controlled reactions,17_20 in the context of complex formation.

It will also eliminate some results of these older concepts which lead to
apparent paradoxes20 and will unify both metal ions and ligands onto the

one scale of wvalues. The right-hand side of equation f41) will in what follows
be referred to as ¢ and relate the affinity of the two entities for each other;

the larger the wvalue of ¢ the greater is the bond strength between the ions.
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The term 'hard' is applied to both metal ions and ligands and indicates
low polarisability and hence high peolarising power of the valence or bonding

electrons. These 'hard' entities would be of low electronicity since the free

electron-like properties are diminished because of the dominance of the
positive nuclear charge {or, egquivalently, the poor screening of the inner
electrons). 'Soft' atoms or ions, on the other hand, can be readily polarised

a.al hence nave low polarising power and alsc high electronicity because the

vaience electrons are more electron-like, being less influenced by the positive

nuclear charge.
Using equation (41} in (38) leads to equation (42):

log Kq = log K1 - logg - (g=-1}¢ . (42)

The corresponding equation for the overall constant is given by equation (43):

log 61q = g log ﬁ11 - log (g!) - 3gql(g-1)¢ . {43)

For polynuclear complexes, consideration must be given to the multiplicity
of the bonds required to form the structure of the species, rather than to a
simple M-L entity. This is achieved by the introduction of the term (2—GM)
where GM is the number of metal ions bonded to each ligand.13 The use of
equations (29), {(30), and (41), then leads to a more fundamental variant of the

Sylva-Davidson equation, eguation (44):

log ﬁpq = (g+2-2p) leog B11 + {p-1)} log B22 - log [(q+1-p)!]

-3 (q-p)(q+1-p)(2—9M)¢- {44)

Finally by using equations (30}, (34), and (41), the most general form of the

Sylva=-Davidson equation (45) can be obtained:



13
log qu = ([alr=-1)-s(p-1)][10g B, * 1og ((ut1=t)1) +
%(u-t)(u+1—t)(2-9m)¢] +
[u(p=1)-q(t~-1) ][ 1og B, *+ log ((s+1-x)1) + (45)
%(s—r)(s+1-r)(2—9M)¢])/[u(r-1)—s(t-1)]

- [1og (ta+1-p) 1) + 3 (a=p)(at1-p)(2-6)¢] .

The significance of GM in the above equations requires more description.
In the mononuclear case, that is, in the formation of MLq (ox
M(L1)q_r(L2)r), it is irrelevant since only one metal ion needs to be
considered. In the polynuclear case, where gqu is formed, it becomes
operative since the influence of more than one metal ion needs to be considered
simultaneously. This can be further illustrated if complexes, both polynuclear
and containing different ligands, that is MP(L1)q_r(L2)r, are considered.
When applying the principle of electronicity, it is important to understand
that the process of complex formation must be independent of pathway, but it is
necessary to conceptualise a given pathway which will give a result the same as
that of any other pathway. These arguments for mixed-ligand, polynuclear
species lead to a slightly but significantly different expression for log k

which, of course, reduces to the simpler form in the appropriate circumstances

(noting that the total number of ligands is q-r+r=q):

q

—1/qZ(EM - aL)

log k = -(2-0 )e 1 . (46)

2

The Empirical Equation: The Hydroxide Case

The generalised Sylva-Davidson equation {equation (45)}, derived above,
allows the estimation of any constant, log qu, from the known values of
any other two constants (of the same metal ion), Brs and Btu' Therefore, when

estimating a formation constant of a particular system, some prior knowledge of
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the system is needed but, because of a lack of the appropriate data, this is
not always possible. To overcome this problem an equation is required which
estimates the formation constant of a system independently of other associated
formation constants; it would do this by relating properties of the reacting
ions or molecules to the formation constants.13 To accomplish this derivation,
the available literature ~ was examined to find if there were any relation-
ships between the formation constants of metal ion complexes and the properties
of the reacting ions {e.g. ionic charge and radius, electronic structure,

etc). We have used this empirical approach successfully previously13 and

many of the equations which follow in this work have been derived in the same

manner .

In the earlier work13 we showed that 611 values for hydroxo-metal

complexes can be well predicted in almost all instances by the linear equation

2
log 311 = Int1 + Slp1[g1(zM/rM + gz)] R (47)

where Int1 and Slp1, the intercept and slope values of the linear equation
are, respectively, ~14.52(0.10) and 0.139(0.007). The standard deviations
follow in parentheses - a convention which will be used throughout this paper.

9, and g, are given by equations (48) and (49):

Q
-
[

(1+28+4D) (2, +2) ; ' (48)

g(n)(z,~1) + 0.1d(n-3)2(1—S) . (49)

Q
N
|

In these expressions, zM is the formal cationic charge of the metal
ion, rM is the ionic radius {those of Shannon and Prewitt21 were almost
always satisfactory), S depends on the absence (S=0) or presence (8=1) of

s—electrons in the outermost shell of the ion (those ions exhibiting the inert

pair effect), D=1 if d-orbitals are available for bonding (otherwise D=0}, and
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, , 22 s
g(n) is a Slatexr function (g{n)=1 when n, the principal quantum number,
is greater than unity, otherwise g(n)=0). As written, equation (47) appears to
be a function of zM/rM2 but the presence of Zy in both 94 and 9, makes it an

2 2
implicit function of Zy /rM .

13
Using equations (47), (48) and (49), it was demonstrated that the
metal cations fall into four distinct groups, a % f[zmz/rmz], where a is a

proportionality constant, and a=1, 2 (two groups}), and 4, as follows:

(i} Metal ions for which D=0 and (hence) S=0, e.g. Groups 1A and 2A of
the Periodic Table and aluminium(IXII); here, a=1.

{ii) This group is the largest and comprises Group 3A, the lanthanides,
the first-row transition metal ions, zinc{II), gallium{III}, and
possibly the actinides (depending on the relative energies of the d4d-
and f—-electrons); here, a=2.

{iii) Here, 8=0, n>3 and D=1; this group includes the second- and third-row
transition metal ions and Groups 2B, 3B, 4B, and 5B in their group
valency states; a=2 also.

{iv) This group congists of those ions which exhibit the 'inert (valence)
pair' effect since S=1; examples are TL(I}, Sn(II), Pb{(II), and

Bi(III). Here, a=4.

In our earlier work13 we pointed out that the polynuclear hydroxo-
complexes of metal ions involve fewer stoicheiometries than might have previ-
ously been believed, ﬁhese being (2,1}, (2,2), (3,3), (3,4), (3,5}, (4.,4),
{(4,6), (4,7), (4,8}, (4,12}, (6,8), (6,12), and (6,15} (and possibly some
nonamers for bismuth(III)). It was suggested that for g/p>2, these stoicheio-
metries are only formalisms since some oxo-bridging would be expected. There
appears to be four classes of hydroxo-complexes as determined by their

'structure types':
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(i) Type I. The species (3,3), (3,4), (3,5), (4,4), (6,8), examples are
magnesium(II), nickel(II), lead{(II), aluminium{III}, beryllium(II),
and cadmium(II), with three hydroxo-bridges per metal cation (i.e.
9M=3).

(ii) Type II. The species (2,2}, (3,4) and (3,5) - both common to Types T
and II - and possibly (4,6} and (4,7), examples are dioxouranium{(VI),
scandium(IITI), copper(II), iron(III), and chromium{III), with two
hydroxo-bridges per metal cation.

(iii) Type III. The species (4,8), (4,12), and (6,15), examples are
zirconium{IV), thorium{IV), bismuth(III), and uranium(IV), with two
or more hydroxo-bridges per metal cation.

(iv) Type IV. The (2,1) species which in most cases is not reliably docu-

mented but is said to include beryllium{II), lead(II}, cadmium(II),

and zinc(II) with cne hydroxo-bridge per metal cation.

We can assume13 that the condensation process involved in the forma-
tion of each of the four types of polynuclear (hydroxo—) species is energeti-
cally different for each type, but approximately the same within each type,
irrespective of the stoicheicmetry of the species. We can then write a simpli-

fied form of the Sylwva-Davidson equation:

log B, = alog By + [(p-1)/(x-1)](1og B + log U (50)

- slog ﬁ11) ~ log qu ’

where p and g refer to the stoicheiometry of the unknown species, and r and s
represent the stoicheiometry of any other known polynuclear species. The
condengation step, given by log Bc' for the (r,s) species, can then be

expressed as

log ﬁc = [1/(x-1)](1log B, * logU_ -slog B,) - (51)
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By analogy with equation (47), equation (52) follows:

2
log B_ = [int,type(i)] + [slp,type(i)][g1(zM/rM + gz)] , (52)

where type (i) represents types 1 to IV as appropriate. Thus, a single value
of the slope and intercept can be determined for any metal ion undergoing
condengation processes of one or more of the four types, which allows the
calculation of log Bc for each metal ion of that type. Hence, the value of

log qu can be calculated from egquation (53):

lo = glo + (p=1)lo - log U . (53}
g qu qlog 511 p g Bc 9 Uy

Finally, equation {(54) follows from the expression for log B11 in equation

(47), and log ﬁc in egquations (51) and (52):

log qu - [q(Int1)+(p—1)(Int2)] + [q(Slp1)+(p-1)(Slpz)] (54)

2
[91(ZM/IM + 92)] ~ log qu .

Here, Int, and Slp1, and Int2 and Slp2 are, respectively, the least squares

1
slope and intercept values of linear equations for the 1,1 species and the

polymeric (p,q) species.

In practice, although the treatment is completely general, the argument
has been developed using the hydroxide ion. It should alsc be noted that, in
principle, the above applies equally to polyvoxometallate systems. However, in
this context, there is no longer a distinction between metal ion and ligand.
Furthermore, the concept applies equivalently to multidentate ligands; the

equation development for such ligands i1s outlined below.
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The Empirical Equation: The General Case

On extending equation (47) to involwve unidentate ligands generally, it was
found that the expressions for 9, and 9, given above for hydroxide (equations
(48) and (49)) are only one form of more general expressions, namely equations
(55) and (56), which are now written to include the electronicity of the

ligand:

2
(1+D+EL s)(zM+2) : (55)

[Te]
-
I

gin) (z,-1) = 0.05a[ (y=1) (g, *~3)=1][n-(3+27) |? (56)

[te}
o
Il

[1—sz](1-S) .

Of particular interest is the need for a new parameter, Y, in equation
(56). This we may term the ligand parameter, which hags a value of either zero
or unity depending on the nature of the ligand. If we consider the corre-
sponding acids of the ligands, it is noteworthy that these acids have been
assigned to one of two classes, an 'oxo-acid' (e.g. perchloric acid) or a
'binary acid' (e.g. hydrochloric acid).23'24 These classes are character-
ised, respectively, by the presence of X-0-H and X-H groups. The latter
classification does not correspond completely with the grouping of the ligands
defined here by the value of Y{ and it seems likely that the clagsification

23,24
given for the acids '

is not completely suitable.

The present work classifies ligands into the following groups:

(i) Class 1. These ligands have only one donor atom which can accommo-
date a proton. The acids can be either weak or strong and consist of
a diverse group of monoprotic acids such as hydrochloric and thio-
cyanic acids, and water and ammonia. Exceptions, are the derived

. 2- 2~ 3- , . . .

ligands O , S and N , which are polyprotic acids. Also included

here (see Class 2} are hydrogen'peroxide, hydrazine, hydroxylamine,
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hyponitrous and hypochlorous acids, and similar molecules. Here,

y=0.

(ii) Class 2. This class consists of oxo-acids which, again, may be weak
or strong; examples of these acids are perchloric, sulphuric, acetic,
and carbonic acids, and the hydrogen carbonate and hydrogen phosphate
ions (that is, charge is not relevant to the classification}. Here,
=1.

Multidentate ligands must be classified according to the nature of the donor

atoms present and thus can be either c¢lass 1, class 2, or both simultaneously

{see below).

The most significant difference between the two classes is that in the
class 2 ligands there is an ambiguity of the protonation site which is absent
in the class 1 ligands. Therein lies the discrepancy between our classifica-
tion of the corresponding acids of the ligands and that of acids previously

3,24

2
referred to since, for example, whereas hypochlorous acid has been

clagsified as an oxo—-acid, it falls into our c¢lass 1 of ligands.

The status.of the fluoride ion is anomalous since a fluoro-metal ion
complex may be produced from either the monomeric F~ ion or from some polymeric
form; this ligand can thus be considered as belonging to both classes. As is

discussed later, the fluoride ion is anomalous in a variety of ways.

Electronicity and Previous Concepts

z+

Metal ions occur in aqueous solution as hydrated iomns, [M(Hzo)n] , and
the value of n is referred to as the hydration number. This is, however, an
. , 13,25 ,
idealised concept since there are primary, secondary, and further
increasingly weaker interactions reaching into the bulk solvent whose proper-
ties are accordingly altered. All of these are constantly changing owing to
the very rapid exchange reactions which occur between water molecules of

slightly differing energy status. Nevertheless, the concept serves a useful
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purpose, and a primary hydration sphere can be considered as consisting of the
maximum number of water molecules equidistant (or nearly so) from the metal
ion, averaged over time. This number is conveniently thought of as the
coordination number of the metal ion (under the given conditicns, since it may

change if the conditions change).

Metal ions in solution are not interactively independent of the solvent,
nor of the accbmpanying anion or added ligands (molecules or anions). There
are competitive reéctions between the water molecules of the primary'or other
spheres and the accompanying anion or ligand. We will define a 'metal ion
complex' as that entity produced when one or more primary sphere water mole-
cules.is'displaced by a different entity. On the other hand, if a seccondary or
other outer sphere water molecule is displaced, the species produced may be
regarded as an 'ion pair' and will not be of interest here except that,
although distinctly different, in practice, the distinction between the two

concepts is blurred.

The ‘'hardness' and 'softness' of metal ions and ligands have been quanti-
fied by Klopman18 in terms of an 'intrinsic quantity' or 'softness’', Ei. More
recently, Parr and Pearson20 discussed similar concepts in terms of the
*absolute hardness' of metal ions and ligands, na and nb, regpectively.
However, the use of two different scales by both approaches, one for each of
metal ions and ligands, has lead to confusion and even apparently paradoxical
results20 and there is a real difficulty in properly explaining, even
qualitatively, the nature of, and differences between, hard-hard, soft—éoft,
and hard-soft interactions, in terms of covalent or ionic bonding. Thus,
according to the principle of hard and soft acid and bases (HSAB), soft-soft
interactions aré 'strong', being covalent in nature. There is said to be a
paradox, however, for hardfhafd interaétions, since, according to HSAE, these
ought also to be strong but ionic; thus, taking the two extremes (ionic and

covalent bonding), the bonding does not vary between these two extremes. Parr
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and Pearson20 are unconvincing in their explanation, in terms of either
ionic or covalent bonding, of the paradox of hard-hard interactions. They also
propose that hard-soft interactions are 'generally weak' but neither suggest

20
noxr imply ionic or covalent bonding.

There is, thus, some confusion regarding the nature and strength of ionic
as opposed to covalent bonding in solution. The Brown-Sylva electronicity

principle (BSEP), however, is clear in this context: hard-hard and soft-soft

interactions lead to strong complex formation and hence covalent bonding in

solution, whereas hard-soft interactions lead to ionic bonding and hence weak

or negligible complex formation in solution.

The Determination of Electronicity Values

The most direct access to the values of the electronicity of ligands is
through the values of log 611 of complexes of metal ions possessing the
inert pair effect. Eguations (47), (55), and (56) apply and, noting that

D=8=g{(n)=1, lead to eguation (57):

' 2 3
EL = [[(log 611—Int1)/Slp1(zM+2)(zM/rM + ZM - 1)] - 2] . (57)

Thus, for a lead(II) complex which, in practice, is the most useful since more

(-]
data are available, zM=2 and rM=0.99 A (0.099 nm), it follows that

3
& = [[(10g B,, - Int,)/12.0681p, ] - 2]° . (58)

Further access to the electronicity values can be obtained for ligands
with y=0 (hydroxide, chloride, thioccyanate etc.) by considering the log 311
values of complexes of metal ions from the second and third long periods, where
D=1 and 8=0 (i.e. indium(III), silver(I), cadmium(II}, rhodium(III) etc.), and

equations (47), (55), and (56). Such considerations produce equation (59)
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e, = [2¢[((log By, - Int )/81p)) - (2(z,+2) (59)

2 241/4
(2, /1, + 2 - 1))J/0.1d(zM+2)(n—3) 174 .

An equation similar to (59) can also be developed for the fluoride ion by
taking into account the complexes of metal ions of the first and second long
periods with D=1 and S=0. In many cases it was not possible to compare ade-
quately the electronicity of the ligand obtained from more than one metal ion
because of the paucity of data, but when this was possible, satisfactory agree-

ment could be obtained.

The fundamental difference between the present appreoach and those of

Klopman,18 and Parr and Pe.arson,20 is our use of a gingle scale for the measure
of the appropriate parameter (electronicity, softness (Ei),18 absolute hardness
(n)zo). Thus, our apprcach resolves the dichotomy and the attendant incon-
sistency between metal ions and ligands that is present in the earlier work.
However, if metal ions and ligands are treated geparately, we are still able to
relate our concept of eleétronicity with the earlier work, as in equations

(60}, (61), and (62), even though this earlier work lacks rigour in its

interpretation:

e, = 7.0 - Ny (Parr and Pearson)20 7 (60)
#
e, = 11.0 + 0.9E (Klopman)18 ; (61)
¥# 18
€y = 1.8 - 0.38 (Xlopman) . {62)

It should be noted that the treatment of metal ions by Parr and Pearson,z0
cannot be rationalised in this way, hence the absence of a fourth equation;

their results for these ions would appear to be questionable.
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Whereas the electronicity value of a ligand can be calculated directly
from the first formation constant of a metal ion complex of that ligand, as
shown by equations {57) and (59), the values for metal ions require values of
ligand electronicities; thus, manipulation and rearrangement of equation (42)
leads to the explicit expression (63);

1

e = e t [-In [log K, - log K - log @ /tq-1]]" . (63)

M L 1
Note that equation (63) is written in terms of step-wise formation constants

and that the difference, log K, - log Kﬁ' incorporates the proportionality

1

constant relating consecutive formation constants.

Table 1 provides the values of electronicity of metal ions and ligands in
ascending order calculated by the methods outlined in the present work together
with comparative values obtained from the work of Klopman,18 and Parr and
Pearson,20 using equations (60), (61}, and (62). It can be seen that the
agreement 1s excellent and, therefore, this unified approach satisfactorily

encompasses all the earlier work.

The Correlation Between Stability and Dissociation Constants

For any given ligand, the intercept (Int1) and slope (Slp1) values of the
linear equation (47) can be determined by plotting the experimental log 611
values1-5 of metal ion complexes of the ligand against the function
g1(zM/rM2 + 92) (where 9 and 95 for each complex, are calculated using
equations (55) and (56)}). TFigure 1 illustrates the plots for the sulphate,

ammine, and chloride ions, and Table 2 lists the wvalues of Int, and Slp1,

1

calculated from gsimilar plots, for a number of ligands. The experimental

data ~ used for this purpose necessarily refers to thermodynamic

13 . L
constants {(that is, at zero ionic strength) so, where necesgsary, they

. 27
have been converted either by the method of Baes and Mesmer26 or Phillips.

although not always entirely satisfactory, doubtless because of their widely
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TABLE 1

ELECTRONICITY VALUES OF METAL IONS AND LIGANDS

Electronicity Electronicity

Ton Present From From Ton Present From From
work Klopman Parr and work Klopman Parr and
Pearson Pearson
(a) Ligands
F- ~0.064  0.038  -0.010 OH" 1.401 1.595  1.415
HPOL>~  0.184 NH3 1.569
HyPOy~  0.282 NO3~ 1.639
804 2= 0.699 SCN™ 1.674
HCO3 ™ 1,027 S,03°"  1.865
N0~ 1.098 2.545 103 1.927
CH3CO0™  1.123 BrO3~ 2.184
co3?- 1.260 cL- 2.344  2.054  2.305
C10, " 1.319 Br- 2.942  2.702  2.760
clo3- 1.353 I- 3,361  3.521  3.305
Electronicity Electronicity Electronicity
Ton Present From Ton Pregsent From fon Present From
work Klopman work Klopman work Klopman
{b) Metal Xons
a1®t  0.015  0.000 Npot 0.795 Gad* 1.156  1.368
zrtt  0.021 BuS*t  0.803 er¥ 10181 1.302
sc’+ 0.085 0.081 ac3* o0.845 0.816 sn*t  1.387 1.149
et 0.130 ce3* 0.855  0.702 13+ 1.472 1.680
't 0.187 ¥+ o.856 Bid* 1.539  1.852
i+ 0.321 0.381 pr3*  0.918 0.933 Fe’*  1.547 1.677
1a’*  0.488  0.579 1ot 1.042 co?t  1.583 1.788
a’t  0.687 Mg+  1.049  1.260 Mn2*t 1.692  1.656
BeZt  0.726  0.675 Cm3t  1.099 b2+ 1.831 1.806
w3t 0.733 1.278 medt 1112 1.212 wi?t 2.069  1.902
it 0.782 pa?t  1.146  1.266 znZ* 2,095  2.097
p1t 2.191  2.412  Hg>* 2.319  2.217 T1°*  2.459  2.520
Ag* 2,239 2.229 cu®t  2.332  2.136 cd®*t  2.731  2.412
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Figure 1 Experimental log 511 values plotted against the function

g1(zM/rM2 + g2) for the sulphate, ammine, and chloride ions

different origins, these values are nevertheless sufficiently consistent for
definite relationships to be established. However, the process of data
selection emphasised the need for a vast amount of experimental work to be done

in this area, and for greater care and rigour to be used in carrying it out.

18
The 'hardness/softness’ concepts of Klopman and Parr and Pearson20 envel-
ope and partially quantify, at least in terms of metal ion-ligand complexation,
. . . 28,29 . .
the earlier acid-base concept of Lewis. We might expect that there is
a qualitative correlation between the tendency for an anion (the base) to react
with a hydrogen ion and for the same anion to react with a metal ion (the

acid). Indeed, many correlations have been made between the proton dissoci-

ation constants of a series of related ligands and the stability constants of
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TABLE 2

LEAST SQUARES INTERCEPT AND SLOPE VALUES FOR
SOME UNIDENTATE LIGANDS

Ligand Intercept(Intq)2 Slope(Slpq)& 222§§12§igz zg$§i2xzz
oH~ ~0.52(0.10)P 0.139(0.007) 0.9971 53
Fo ~0.40(0.10) 0.098(0.002) 0.9936 44
c1- 0.03(0.06) 0.0141(0.0005) 0.9726 49
Br~ 0.07(0.10) 0.0082(0.0003) 0.9801 22
1" 0.29(0.12) 0.0047(0.0002) 0.9890 16
coz?- 2.13(0.17) 0.104(0.003) 0.9850 32
soy 2~ 1.10(0.13) 0.050(0.003) 0.9399 42
NOy~ -0.21(0.23) 0.065(0.011) 0.9163 9
NO3~ -0.01(0.10) 0.017(0.002) 0.8155 39
C10,~ 0.29(0.27) 0.015(0.008) 0.6482 7
cloz™ 0.06(0.15) 0.010(0.004) 0.6778 12
BrO3™~ -0.37(0.16) 0.025(0.003) 0.9259 12
$,032%- 1.25(0.15) 0.040(0.005) 0.9072 14
Ho POy~ 0.17(0.23) 0.049(0.006) 0.9413 12
HPOY 2~ 0.80(0.29) 0.106(0.010) 0.9635 1
HCO3™ ~0.01(0.25) 0.073(0.011) 0.9354 8
103~ 0.03(0.19) 0.042(0.005) 0.9387 15
CH3C00™ ~0.13¢0.08) 0.066(0.002) 0.9897 21
NH3 =1.72(0.22) 0.101(0.005) 0.9906 11
SCN~ ~0.25(0.24) 0.026(0.004) 0.8339 25

a Estimated

b The value of Int4 given in the text (-14.52) is equal to

standard deviations given in parentheses.

-0.52-pK,, and derives from the differing conventions
used for hydrolysis as compared to other complexation reactions.

the corresponding metal ion complexes-ao-
treatment, based on simple correlations has not been derived as quite clearly
additional factors other thaﬁ the pKa of the ligand, are involwved.
ligands with similar proton dissociation constants but differing charges react

with the same metal ion,

However, a more generalised

If two

it can be shown that the ligand with the larger

negative charge will form a cémplex of greater stability; for example, the

complexes of the H

2704

-_ion (PKa=2'16)' with Mg2+ and Am

3

* have log 611 values

of 1.17 and 2.51, respectively, whereas the log B11 values of the complexes
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2_.
of the same metal ions with the 804 ion (pKa=1.99) are 2.23 and 3.6. Another
example of the complexity is revealed by the stability reversals in groups of
ligands such as the halides; most metal ions follow the stability sequence,

- - - . . 3+
F >Cl >Br >I when reacting with the halide ions, but metal ions such as Tl ,

2+ 2+ . . ~em” = 17
Hg , and Pb follow the opposite sequence, i.e. I >Br >Cl >F .

The BSEP allows an indirect correlation to be made between the proton
dissociation constants of all ligands and the stability of their c¢orresponding
metal ion complexes simply because all of the above factors are considered.
Indeed, linear relationships can be obtained by plotting first, the slope value
(Slp1) of each ligand given in Table 2 against the correpsonding PKa
value and second, the intercept value in the same table against the function

Slp1[1+(3-zL)(zL+1)], where z_ is the charge of the ligand; these plots are

L

given in Figqures 2 and 3. The line of best fit obtained in each figure (solid

line) can be expressed by equations (64) and (65):

Slp1 0.03%1 {0.002) + 0.0078 (0.0004) pKa ; (64)

Int, 0.11 (0.06) - 4.10 (0.34) [1+(3-ZL)(ZL+1)]Slp1 . (65)

The correlation coefficients are, respectively, 0.9840 and 0.9436.

The form of equations (64) and (65) is quite interesting as the PKa
values, which are solely ligand dependent, are related to other parameters
which are also ligand dependent (Slp1 and Int1). Previous treatments,30-35
however, have attempted to correlate the pKa values with a parameter that is
both metal ion and ligand dependent - the formation constant of the metal ion-
ligand complex. Consequently, these treatments cannot quantify the coordinat-
ing affinities of a metal ion and ligand; e.g. the Sc3+ ion has a greater
affinity for the F ion than it has for the I ion (compare the electronicity
values given for these ions in Table 1). It is not surprising, therefore,

30- _
that these treatments> 03 have had limited success only with related
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ligands where the pKa and electronicity values of the ligands are similar.
Implicit in the present treatment, however, is the guantification of the
affinity of a metal ion for a ligand through the functions 9, and 9, and,
convergely, the gquantification of the affinity of a ligand for a metal ion
through equations (64) and (65)}. When used together, the ability to predict

the stability of any metal ion complex is possible.

The determination of the pKa for such ligands as chloride, bromide and
iodide is experimentally wvery difficult because of their inaccessible values.
However, these values can be predicted from their respective slope values given
in Table 2 and equation (&4}. The values calculated are, respectively, =-2.19,
-2.96, and -3.42. The first two values are in the ranges previously calculated
by Hogfeldt,36 namely =1.05 to -2.60 and -2.15 to -4.65, using the Hammett

acidity function; a value for HI was not given.

To make chemical sense the linear equation (64) must always have a posi-
tive slope; thus, as g1(zM/rM2 + g2) increases, so must log 811. The minimum
conceivable value of Slp1 is thus zero and, as such, equation (64) suggests
that no acid can have a pKa vélue less than approximately =4.0 which
suggests the existence of an 'absolute' pKa scale, differing from the

conventional scale by four units.

As already stated, polynucleation is conceptually general but, very few
ligands actually form polynuclear species in solution. Indeed, the hydroxide
ion is the only ligand for which these species have been substantially verified
and, as such, we are able tc divide the polymer formation of this ion into four
distinct types13 {see above) as determined by their structural form.

- Furthermore, we havé shown13 that the formation constants of these poly-
nuclear species can be determined by using equation (54). 1In the equation,
Int2 and Slp2 are the linear least squares slope and intercept vdluesrfor each

cf the structure types. By analogy with eguations (64) and (65), we would

expect these parameters to be dependent upon a property of the ligand; to
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define this dependence we propose the empirical equations (66) and {67}):

Slp, 0.1879L2 - 0.8148_ + 0.78 (66)

Int2

[

where GL is the number of ligand molecules bonded to each metal ion. Two
interesting points arise from these equations: first, the prediction of a
formation constant of a polynuclear species requires a value of GM {from
equétion (44)) and GL, since these-values mirror the effect of the multi-
plicity of the metal ion-ligand bonding on the eiectronicities of the separate
entities; second, there is a similarity between equations (65) for Int, and

1

equation (67) for Int, (both involve the corresponding Slp value).

2
An additional feature that requires comment is the behaviour of the
fluoride ion since, of all the unidentate-ligands considered, it alone does not
comply. The anomalous behaviour is emphasised by the fact that the ion does
not belong to one class of ligand unequivocally (y=0 or 1) but to both simul-
taneously. Thus, in the expression for Iy ¢ equation (56), y=0 for the
first and thifd appearance of the parameter and y=1 for the second. Also, the
accepted pKa value for hydrofluoric acid does not predict the expected

value of Slp1, nor that of Int,, as determined by least sgquares analysis for

1

the (1,1) fluoro-complexes. Indeed, the acid dissociation constant of the acid
is about six orders of magnitude larger than would be expected from the present

approach. There is some ambiguity in the protium/fluoride speciation scheme

because of the formation of polynuclear species such as (2,3) and (3,4)37"38

a property absent from other protium/ligand systems. The protium/ligand
systems. The pKa of the fluoride ion, as determined from the Slp1 in
Table 2; is B8.59; speciation calculations show that the most probable stoichei-

ometry of this species is H Furthermore, this latter species and its

F_.
2°2
formatibon constant are not inconsistent with the self-ionisation equilibria

found in liquid HF.23
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Oxometal Ions

The treatment of oxometal ions such as dioxcuranium{VI), dioxouranium{V),
oxovanadium{IV) must be different from that of the simple MZ+ type metal ions.
It has been shown39 that, in the solid state, the ionic radius of these ions
depends upon both the nature and number of ligands bonded to the central metal
ion. The observation of a similar effect occurring in aqueous sclution would
not be unexpected. For example, if equation (47) is used to determine the
value of the function g1(zM/rM2 + g2), and hence, indirectly, the wvalue of the

ionic radius, (by substituting the relevant values of log 611, Int and Slp1

17
into equation (47) and solving for the value of the function) a different value
of this function is obtained which depends on the nature of the ligand of the
complex used in the calculation. It is therefore necessary to find a relation-
ship to describe the varying nature of the ionic radius of the oxometal ions.
We have found a linear expression for the relationship between the pKa of a
ligand and the value of g1(zM/rM2 + g2) as determined from the first formation
constant of that ligand with the oxometal ion. This linear relationship is

illustrated in Figure 4 for the dioxocuranium(VI) ion and similar relationships

have been found for all other oxometal ions.

Information can be gained from the slope and intercept values determined
From plots gimilar to those illusgtrated in Figure 4. We have found that the
slope determined for all bivalent metal ions is ca. 2.25, and for all mono-
valent ions it is approximately half of this value. Thus, we are able to
express the slope as a function of the ionic charge of the oxometal ion. The
intercept can be used to deterwmine, indirectly, the maximum distance the ligand
can be separated from the oxometal ion to still -be considered bound in the
primary hydration sphere. (This value is defined as the maximum ionic radius.)
Therefore, by expanding equation (47) we are able to describe the behaviour of

the complexation of oxometal ions, using equation (68):

log 311 = Int, + Slp1[g1(zM/rM2 + gz) + 1-125zM(pKa+4)] ' _ (68)
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Figure 4 The value of the function g1(zM/rM + gz) plotted against the

pKa of a ligand for dioxouraniuam(VI)

where rM is the maximum allowable iconic radius determined from the type of
plots shown in Figure 4. Also, the ‘'absolute' rather than the conventional
pka of the ligand is used. Since the intercept value calculated from these
plots reflecté the smallest possible wvalue of g1(zM/rM2 + gz), and hence the
largest value of the ionic radius, the use of the 'absolute' pKa of a ligand
is essential. The value of the function g1(zM/rM2 + gz) can only be greater
than the value of the intercept and this can only be achieved by using the
'absolute'-pKa of the ligand. Table 3 gives a comparison of experimental
and predicted formation constants for selected complexes of hoth oxometal and

simple metal ions.
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Multidentate Ligands

To extend the treatment developed so far for unidentate ligands only, to

multidentate ligands, it is necessary to clarify the natufe of the 'chelate
1

effect! which is said to occur when a multidentate ligand coordinates to a
metal ion. The importance of this phenomenon has been the subject of much
controversy in recent years, - however, there appears to be no substantial
difference between the two schools of thought except that one of them focuses
on the entropy change whereas the other considers only the net effect on the
free energy change and hence the change in the formation constant for given
reactions. Irrespective of the net effect on the free energy change of a

reaction, we regard the chelate effect as being the inevitably fawvourable

entropy change which accompanies such reactions.

The maximum chelate effect is realised when there is no substantial
adverse enthalpy effect. This adverse effect can be caused, for example, by
changes brought about in the metal ion-donor atom bond energies due to steric
effects.- When chelate ring sizes are compared in terms of the chelate effect
{entropy change minus the sum of adverse enthalpy effects) it is generally
found that 4-R < 5-R > 6=R > 7=-R (n-R is an n-membered cﬁelate ring) since

{i) 4-membered rings ugually cause undue steric effects on the ligand in

conforming to the steric requirements of the metal ion;

{(ii) 7-membered rings and greater involve a progressively decreasing
favourable entropy effect because the second or subsequent donor atom
becomes further removed from the wetal ion and ultimately tends
towards unidentate character; and

(iii) 5- and 6-membered rings are favoured (least adverse enthalpy effect)
and, generally, 5-membered rings appear to conform completely to the
steric and bonding requirements of the metal ion and steric strain on
the ligand - indeed, in this case, the coordination of subsequent
donor atomg can often be considered to occur simultaneously.

The physical explanation of the favourable entropy change is not difficult to

visualise qualitatively-23 When ligand molecules enter the coordination
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sphere of a metal ion, the water molecules of hydration are displaced and the
entropy of the system will increase if the number of free molecules increases.
Thus, in a unidentate ligand system, there is no increase in the number of
molecules since each ligand displaces one water molecule. In a multidentate
ligand system, each ligand displaces more than one water molecule, producing an

increase in the number of free molecules.

A gquantitative explanation, however, is not straightforward. - To explain
the net effect on the free energy change of a reaction, and hence the formation
constant of a metal-chelate complex, it is probably prudent to examine,
initially, the most simple case; that is, to compare uncharged unidentate
ligands with analogous bidentate ligands. Although similar concepts would
apply to charged ligands, these ligands have the added complication of electro-
static interactions.41 In this context, therefore, it is common to
consider the complex formation of the ligands, methylamine and ethylenediamine,
where the latter may be regarded as two methylamine molecules joined together
by the elimination of two hydrogen atoms.41 Complexation reactions involv-—
ing ethylenediamine can be thought of as the simultanecus reaction of two
methylamine molecules with a metal ion, and each metal ion-donor atom bonding

' 2
strength will be determined in accordance with the value of g1(zM/rM + g.}.

2

. . . 2
The net effect on the ligand is to double the wvalue of the g1(zM/rM + g2)
function, so in the more general case, we may extend equation (47) to equation

(69):
log B = Int, + Slp [g (z_/r 2 + g )]c (69)
1 1 191" M 2%

where Cn is the complexation number {the number of available protonation

sites) of the ligqnd (e.qg. cn=2 for ethylenediamine}, and Int1, Slp1, 9, and 95
are calculated in the same manner as before. It should be noted that for
unidentate ligands, Cn.is unity, so for these ligands, equation {69)

simplifies to equation (47), as is required. This relationship will be valid
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when the donor atoms are identical and, in the case of charged ligands,

electrostatic complications have been considered.

The step-wise formation constants, Kq, for these multidentate ligands
can be determined from equation (70):

log K = log K, - (14¥)log[ ((q-1)c_+1) ((g-1)e +2) (70)

1

---((q-1)cn+cn)] - (@1 (2-8)¢ .

This equation is similar to equation (42) for unidentate ligands, but now
includes the expanded term {the second term of the equality), and is analogous
to the log g term originally contained in the expression. In equation (42),
the log g term is, in part, a measure of the intrinsic tendency of a metal ion
to form a chemical bond with a subsequent ligand. For unidentate ligands, it
represents the decrease in the ¢g-th step-wise formation constant (relative to
the value of K1) arising when the g-th ligand fills the g-th coordination

site of the metal ion, based on purely structural considerations. However,
when a multidentate ligand coordinates a metal ion, the addition of the g-th
ligand does not fill the g-th coordination site of the metal ion and, further-
more, more than one coordination site will be filied gsimultaneously. This

behaviour is described within the expanded logarithmic term in equation (70).

A feature of equation (70) is the expression (1+y) before the expanded
logarithmic term. This expression is necessary to be able to predict the
step~wise formation constants of the class 2 ligands. Because equation (70)
must reduce to the appropriate equation for unidentate ligands, equation (42)
becomes

log Kq = log K, - {1+Y)log q - (q-1)(2-9M)¢ . (71)

1
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The physical reasons for the need to use this expression are, at this stage,

not apparent.

It is more than often the case that the donor atoms of a multidentate
ligand are not identical and, furthermore, have different affinities for the

metal ions they complex. The relative affinity of a donor atom for a metal ion

is dependent upon the electronicities of all the entities involved in the
complexation reaction and this affinity, (¢r)i, of the i~th donor atom can be

calculated using eguation (72):

C

n
(4 ), = ¢i/i§1 by (72)

where ¢i is the actual affinity of the i-th donor atom (when considered
independently of the other doncr atoms) for the metal ion. It should be noted
that the sum of the relative affinities of the S, donor atoms is equal to

unity. Thus, the stability of these complexes can be calculated from

c C C
n n

n
log B,, = 21 (b)), (Int ), + ] (¢r)i(Slp1)i(i;1(¢r)i (73)

1=

2
[91 (zy/ry + gZ)Ji)Cn

When all the function groups are identical, equation (73} reduces to equation

(69)., Similarly, equation (70) is expanded to

o]
n
log X = log K - i£1 (¢,); (1+y,)1og [(1+cn(q-1))
(2+cn(q-1))...(cn+cn(q-1))] - (q-T)(Z—GM) (74)
c
In
1;1 (¢r)i¢i .
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Thus, for the reaction of a bidentate ligand such as glycine (ECOO = 0.74 and

ENH = 1.41) with cadmium{II} for example, the relative affinities of the
metal ion, from equation (72), are 0.103 for the carboxylate group and 0.897
for the amine group. The values of the formation constants can then be deter-
mined from eguations (73) and (74). Alsc listed in Table 3 is a comparison of
predicted and experimental formation constants for some multidentate ligands.

The agreement obtained for all of the complexes listed in the table is most

satisfactory.

An interesting result arising from the use of equation (74) to predict the
stability of metal icn-amino acid complexes is an apparent increasing discrep-
ancy between the predicted and experimental values of log K.q (g>1) as q
increases. The experimental constants are increasingly more stable than is
predicted by the equation. However, it is probable that the enhanced stability
is due to hydrogen bonding between subsequent amino acid molecules and, there-

fore, we may account for this enhanced stability by adding to equation (74)

~(Ecgo ~ ENH)2
the gquantity, {(g-1)e ; i.e. the affinity of the carboxylate group

of one amino acid molecule for the amino group of another.

Part Three

Syntheses and Extensions of the Two Approaches

We now combine the two approaches given above and, assuming that they are
valid, attempt to demonstrate that this synthesis leads to a completely unified
'description of metal ion complex formation constants wherein all significant
variables are taken intc consideration. The discussion is restricted to
unidentate ligands {for both mononuclear or polynuclear species} but the same
principles apply to both multidentate and mixed-ligand complexes. This
requires the extension of equation (54) to incorporate precipation reactions
(that is, a phase change), gaseous reactions (largely of theoretical interest
only since there is little or no available data), ionic strength/ionic medium

effects (which can be quite different since mixed-ligand complexes are involved

in the latter), the influence of changes in the dielectric constant {and hence



38

TABLE 3

EXPERIMENTAL AND PREDICTED VALUES OF THE
FORMATION CONSTANTS OF SELECTED METAL ION
- LIGAND COMPLEXES AT 25°C AND ZERO IONIC STRENGTH

log B1q log ﬁ1q
Complex Complex

Pred. Exp.1"5 Pred. Exp.1'5
[Li(om) ] ~13.70  -13.64 [AL(F) ]~ 17.98 18.47
[va(s0y) ]~ 1.01 0.09 [al(F)5]%- 19.62 20.73
[agtom) | -11.81  -12.00 [a1(F)g)%- 20.19  20.46
[ag(on)s |- -24.42  -24.45 [Mn(NH3) |2+ 1.69 0.90
{r1(n3)] 0.26 0.39 [Mn(NH3) o ]%* 2.10 1.57
[T1(103) ] 0.24 0.40 [Mn(nHg) 5 ]2+ 1.35 1.17
[Be(r) ]* 6.11 5.92 [zr(c1) 3+ 1.50 1.57
[Ba(cos3) | 2.87 2,78 [zr(c1), )% 2.70 2.63
[Mn (om) |+ ~10.01 -9.97 [zr(c1y5]* 3.71 3.75
[Mn (oH) 5 | -21.23  =22.20 [Uo5 (s04) | 2.65 2.76
[Mn(OH) 3 |~ -33.55  -34.80 [vo, (504 )52~ 4.05 4.0
[Mn (0H), |2~ ~46.92  -48.30 [vo,(s0y) 3] 4.46 4.70
[co(s203) ] 1.99 2.05 [ Npo, (HPOY) |= 3.08 3.3
[co(sy05]%" 2.46 2. 40 [co(om) J* -1.67 -1.0
[cacn) ]t 2.37 2.28 [rco(om) 4] -4.08 -3.2
[ca(Tyy] 3.77 3.92 [co(ca0y) | 4.51 4.7
[Pb(uPOy) ] 3.69 4.07 [co(ca0y) ]2 6.62 6.86
[ Pb (HPOY ) 5 |2~ 6.72 6.44 [cd(en) ] 5.46 5.47
[am(s0y) * 3.20 3.6 [caten),]?* = 9.80 9.85
[Aam(soy)2 ]~ 4.80 5.0 [ca(en)]?+ 13.72 12.29
[am(s04)3]%- 5.04 5.29 [Fe(g1y) |* 4.41 4.31
[Bi(No3) ]2+ 2.38 2.32 [Fe(gly)s] 7.49 8.07
[Bi(No3)p]t 3.16 2.99 [Pu(nTA) ] 12.98 13.13
[a1(F)]%+ 6.34 6.68 [wi(Ipa) ] 8.52 9.24
[ar(r), |t 11.38 12.02 [wic1pa),)?- 14.20 15.71
[aL(F);] 15.24 15.72 [ In(EDTA) |~ 28.61 28.18

alterations in the solvent), the temperature dependence of formation constants
(and thus, consideration of the free energy of reactions) and lastly, a

description of redox reactions.
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Precipitation Reactions

The availability of data for this type of reaction is unavoidably inade-
quate largely because of the paucity of chemical information. Thus, whereas
both solution equilibrium and solubility product data are readily available for
hydroxo-metal ion complexes, the equivalent data are not available for the
sulphur analogues; data available from other insoluble salts (for example,
chloride, sulphate, acetate, bicarbonate, nitrate) is virtually non-existent;
and, other salts (for example, carbonate and phosphate) usually precipitate as
mixed hydroxo-metal ion complexes of variable composition. The general theory,
though able to make some predictions, cannot be validated because of these data
limitations. The following discussion is therefore restricted to hydroxo-metal
ion complexes. Even in this instance there are problems (in addition to the
ubigquitous experimental deficiencies) associated with variable composition

(degrees of dehydration) and anion retention.

Whereas solution equilibria very often preserve the coordination number of
the metal ion, the formation of a solid phase commonly causes the coordination
number to change; when this occurs it will invariably be a reduction. This is
often due to the formation of mixed oxo-hydroxides or oxides rather than simple
hydroxides, although the formation of the latter may still cause a reduction in
coordination number. It should also be remembered that in the solid state, as
opposed to the agueous state, the complex is present in 'infinite concentra-
tion'. Each of these features must be accommodated.

26,45
/45 <tudied the solution equilibria and the formation

Baes and Mesmer
of solid phases in metal ion-hydroxide systems. They demonstrated that for the
+
'stable' hydroxide, oxo-hydroxide, or oxide of a metal ion, MZ , there is

an approximate correlation between the first hydrolysis constant, K11, and the

golubility product, K

<10 (using the nomenclature of Baes and Mesmer), thus
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M(OH)Z {solid) + (2-1)Mz+ ~ ZM(OH)(Z-”+ r (75)
and
(z=1)+2
[M(omH) ° z .
K T (Ry) Kgqp t76)

corresponding expressions apply for the oxo-hydroxo- or oxo-complexes. From

equations (75) and {76}, equation (77) was found to be approximately followed:

(K11) Ks?O = 10 {77)

The value of the index in equation (77), namely -5.6, approximates the logar-

-1)+
tz=1) when these two species are

+
ithm of the concentrations of M° and M(OH)
. oy . . 26 ;
present in equal amounts at equilibrium with the solid phase: however, inade-
quacies in the treatment mean that this purely empirical value is very limited

Yox is

in its predictive ability. Indeed, we believe that the product (K1 <10

1
not a constant, but is dependent upon (a) the electronic properties of the
2
precipitating metal ion, therefore, a dependency on g1(zM/rM + gz) will be
found, and (b) the number of water molecules lost in the precipitation reaction
(that is in the formation of oxo-hydroxides and oxides; e.g.
—_—
+ .
Fe(OH)3 — FeOOH Hzo)

Using our nomenclature, equation (76) can be rewritten as

p = (B,,) B ’ (78}

where Bs is the solubility product and Bp is the precipitation constant of the
metal ion-hydroxide precipitate. Rearranging this equation and taking its

logarithm, lead to equation (79):

log ﬁs = log BP - leog B11 . {79}
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we have found that log BP in this equation can be determined from eguation

(80):
_ 2
log BP = (-5.30-3.6N) + 0.018 (4N~1)[g1(zM/rM + gz)] , (80)

where ¥ is the number of water molecules lost in the formation of the solid
product. Thus, using the expressions for log B11 and log BP equation (79)

becomes

log B, = (14.46z,-3.6N-5.5) - [0.14zM+o.018(1—4N)] (81)

2
[g1(ZM/rM +92)] d

and allows the prediction of the solubility products of hydroxo-metal ion
species in a similar fashion to all other formation constants. Figure 5 illu-
strates the excellent agreement obtained between the predicted and literature
values of 28 metal ions by plotting the solubility preoduct,

log BS, against the right-hand side of equation (81). The slope of this

plot is unity and the intercept -5.5 (noting the form of equation (81))}; the

correlation coefficient is 0.9952.

It is to be expected that the solubility products of other complexes can
be determined using an egquation similar to equation (81) but, unfortunately,
not enocugh data is available for these complexes to reach any definite conclu-
sions. It is clear that more work is reguired in order to be able to predict

these constants with any degree of certainty.

Gaseous Reactions

The extensive interactive preference of particular metal ions in aqueous

solution for one ligand rather than another, as quantified by the electronic-

ities of the two ions, is a property restricted to polar solvents. Indeed, in
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log B
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- - . - 2
(1#L6ﬁﬂ 3.6N) IOJAZM 0.018(1 ANH@#ZM/$1 +g2”

Figure 5 Comparison of literature and predicted solubility products

values for hydroxo-metal ion complexes

less polar solyents, all ions tend toward zero electronicity (that is, they are
less polarisable) and, furthermore, in the gas phase all ions exhibit zero
electronicity (little or no polarisability). 1In the gas phase, therefore; all
reactions are ionic in nature because all of the ions have high polarising

. powers and are similar to those reactions, in solution, involving two ions of
low electronicity. The explanation for this behavicur stems from the fact that
reactions between ions of-high electronicity are enthalpy dominated whereas

those between ions of low electronicity are entropy dominated.

Ionic Strength/Ionic Medium Effects
The activity of an ion depends significantly on the concentrations and

nature of all other species in solution. Therefore, the experimental measure-

ment of formation constants at zero ionic strength (thermodynamic formation
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constants) is not possible owing to unaveidable changes in the ionic strength,
and hence in the activities of the ions in solution, throughout the course of
an expe;iment. The vast majority of formation constants, therefore, have been
measured > in the presence of a supporting electrolyte (stoicheiometric
formation éonstants) of sufficient concentration, relative to that of the
complexing ions, to ensure that the activities of the ions in solution remain
constant. However, the use of a different background electrolyte, whether
differing in ionic strength or medium, will lead to a different stoicheiometric
formation constant for the same species, thus making the comparison of such
constants tenuous and, the estimation of the thermodynamic formation constant

difficult.

. s 46
Extensions and variations of the approach developed by Debye and Huckel
5,26,27,47
have been used,”’ 6:27, with some success, to overcome these difficulties.

Indeed, the relationship between thermodynamic and stoicheiometric formation

constants has often been expresgsed by an egquation of the form
log B log B o + ahz21i/(141%) + bI (82)
(6] = (o] anz
g Pq g Pq

where ﬁpq is the stoicheiometric formation constant, qu° is the thermodynamic
formation constant, I is the ionic strength, a is the Débye-Huckel constant,
Azz'is the square of the charge of each species summed over the formation
reaction of the complex, and b is a constant dependent on the nature and
concentration of the background electrolyte. The value of this eguation is
that it provides reasonably correct estimations of the activity coefficients of
the ions in solution.26'48 The interactive strength between ioné of

opposite charge is estimated within the b parameter, thus applying the means to

quantify the existing four-way competition of the metal ion and ligand of the

complex with those of the metal ion and ligand of the supporting electrolyte.
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As was described earlier, the ability of an ion to complex is measured by
the electronicity value of the ion. Thus, it is appropriate to express the
interaction between ions, estimated within the b parameter, in terms of the

© s ; 26
electronicity values of the ions. Also, the wor< of Baes and Mesmer shows
that there is a1 apparent dependence of the valu. of b, at least for hydrolysis

species, on the ionic strength.

Considering this dependence, we propose the following expression for the

estimation of the parameter:

~[ (Cemm=ten) )2 + ((emdo-(en)m) 2]
0.4 e
b = > 5 ‘ (83)
1 ~Ltem e ep) ) 2 + ((E) o= (E3,) o) 2]
e

which upon rearrangement and the collecion of like terms, becomes

4 2[ ewm-tem) ol epd o (EL)m]
« 28

b = 13 . (84)

In equation (84), (SM)m and (EL)m are the electronicity values of the ions

of the medium, and (EM)c and (EL)c are the electronicity values of the complex.

The equation again emphasises the importance of the concept of electronic-
ity, and also provides a further means (although complicated) by which the
values may be estimated. . A comparison of predicted and experimental values of
the formation, constants of some qomplexes measured in the presence of a sup-
porting electrolyte is given in Table 4. The agreement obtained is excellent
but, as might be expected, the difference between the experimental and predic-
ted formation constants is larger for polyvnuclear complexes where the inherent

errors of such calculations are magnified.
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TABLE 4

COMPARISON OF PREDICTED AND EXPERIMENTAL VALUES OF THE FORMATION
CONSTANTS OF SOME COMPLEXES MEASURED IN THE PRESENCE OF A
SUPPORTING ELECTROLYTE AND AT 25°C

Complex ;Zgigm (sigzggzh) b o 9 sz Ref.
mo red. xp -

al(on) 2+ -- 0 -- -4.98 -4.97 26
NaCl0j 0.01 5. 40 ~5.11 -5.15 26
NaClOy 0.02 3.82 -5.16 -5.19 26
NaClOy 0.03 3.12 ~5.19 -5.21 26
NaCl0y 0.045 2.54 -5.22 -5.24 26
NaCl0y 0.06 2.20 -5.25 -5.26 26
NaClOy 0.1 1.71 ~5.30 -5.30 26
NaNO3 0.1 0.53 -5.42 -5.33 14
NaCloy 1.0 0.54 -5.46 -5.48 26

Inr2+ - 0 - 5,17 4.66 2
NaClOy 0.5 0.57 4.18 3.75 2
NaClOy 1.0 0.40 4.04 3.69 2
NaCl0y 2.0 0.28 3.94 3,74 2

Fe(SOy) ™ - 0 - 6.91
NaClOy 1.0 0.16 2.98 3.18 1
NaCloy 3.0 0.09 2.00 2.11 2

Scs (OH) 5+ - 0 - -15.82  -16.34 26
Nacloy 0.01 5.30 =16.05. =16.02 26
NaC10y 0.1 1.67  =-16.39  -17.02 26
KNO3 0.1 0.55  =16.50  —17.567 11
NaClOy 1.0 0.53  -16.82  -17.33 26

Temperature Dependence

The formation constants of all complexes have a significant dependence on
the temperature of reaction. Temperature has a pronounced effect on the mobil-
ity of ions, the ability of a ligand to dissociate from its concomitant proton

and, hence, the stability of a complex. The ability to predict the formation

constants of complexes thus requires an understanding of the temperature depen-
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dence of dissociation constants because of the presence of the pKa of a

ligand in equation (64).

Ackermann49 studied the temperature dependence of the dissociation
constant of the water molecule from 0 to 130°C and found that the data could be

fitted by equation (85):

pKa = -948.876 + 24-746.26T-1 + 405.8639 log T - 0.48796T (85)

+ 0.0002317T2 ’

where T is the temperature in Kelvin. For the present purposes, however, we
have chosen to use a simpler form of such eguations, wherein only those terms
in T and T“1 are considered, as is shown in expressions (86) and (87), for

the temperature dependence of the dissociation constant of the hydrogen sul-

. 1
phate and dihydrogen phosphate ion, respectively:

~6.94721 + 775.3835T | + 0.0212472T ; (86)

pK

-3.9762 + 1'775.812T—1 + 0.0175089T . (87)

pK

.. 49
Similarly, we have found that the data of Ackermann can be expressed by

the much simpler equation (88), namely

pKa = =6.732577 + 4574.544T“1 + 0.01806279T . {88)

We have surveyed the literature in an attempt to express the temperature
dependence of the disscciation constants of other ligands in a similar fashion,

that is, we have sought equations of the form
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-1
pK_ = A+ BT + cr o, (89)

where A, B, and C are constants for each ligand. The values determined for

these constants are summarised in Table 5 for a number of ligands.

A rise in temperature will cause a significant decrease in the dielectric
constant of any solution. The variation with temperature {(over the range
0-100°C}) of the dielectric constant of water, for example, can be describéd by

50
equation (20):

6 = 78.54[1-4.579x10 > (£-25)+1.19x10 > (£-25) > (20)

- 2.8 x 10 %e-25] ,

where ¢ is the dielectric constant and t is the temperature in centigrade.

Over the given temperature range, equation (920) can be equivalently expressed

in the form
logd = o + af , {21)

where ¢ and @ are constants; for water 0=2.486(0.001) and
==0.0019281(0.000003). The correlation coefficient is 0.9994. Substitution of

equation (21) into eqguation (89} leads to equation (92).
-1
pk_ = [a + 8T '] + (¢/a)[o - log ¢] (92)

This dual relationship i1s not surprising since the temperature dependence of
the proton dissociation constant of a ligand originates from two distinct
51-53

sources. The first, an energy dependence, arises from short-range

quantum mechanical exchange forces that are not broken by thermal agitation
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and, the second, an electronic dependence, from electrostatic interactions that
vary in essentially the same way as the macroscopic (bulk) dielectric constant

of the medium.

A close examination of the values of A, B, and C given for the ligands in
Table 5 reveals some interesting correlations. Indeed, there is a linear
correlation between the pKa of a ligand at 25°C and the value of B for
that ligand, as is illustrated in Figure 6. Thus, B can be expressed by

equation (923):

TABLE 5

THE TEMPERATURE DEPENDENCE OF THE
DISSOCIATION CONSTANT OF SOME LIGANDS

Ligand A B C

soy2- -6.94721 775.3835 0.0212472
HPOY 2~ -3.9762 1775.812 0.0175089
OH™ ~6.73258 4574.544 0.0180628
r- ~1.8341 396.0088 0.0123944
coz - -5.43127 2744.705 0.0219929
HCO3 ™ ~18.98354 4020.251 0.0397288
NH3 ~0.79347 2860.013 0.0014914
NO3~ 14.12283 -2673.96 ~0.0219024
HyPOy™ -3.68204 668.3749 0.0120424
clo,™ 4.80857 -1153.945 ~0.0083434
103" .~ 29.87028 -4526.184 ~0.0465848
CH3 000~ ~2.56064 1079.596 0.0123983
NOo~ -9.0864 2100.508 0.0174461
89032~ -4.91635 287.742 0.0190414
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o1pg, 2

107

ONOy”
0 2 4 6 8 10 7] 1%
pK,®
Figure 6 The value of B in equation (93) rlotted against the pKa
of a ligand at 25eC
B = 371-3(48-7)pK&° - 575.7(313.7) ; (93)

where pKa° is the PKa of the ligand at 25°C and zero ionic strength. The
correlation coefficient is 0.9238. Furthermore, a linear correlation between
the pKa of a ligand (at 25°C) and a function dependent on the ligands ionic
charge and type, as is shown in Figure 7. We can therefore express C by

equation (94);:

¢ = 0.0187y + 0.03682L + 0.01704ZL2 - (24)

2
. + 0. o .
{0 00477zL 0 00204zL IpK ;
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L

1710:004772 « 0002046z, 2 |

[C- 001874 - 003687, -oowoazL?

Figure 7 A linear correlation involving the C parameter (equation (294))

the correlation coefficient for the equation is 0.9821. The value of A can be
determined by substituting equations (93) and (94) into equation (92}, and
solving the equation with the pKa value of the left-hand side equal to

pKa°. This solution produces

A = 1.9309 - 0.2453pK ° - [(0.0187y+0.0368zL+0.01704zL2 - (95)

(0.00477z_ + 0.00204ZL2)pKa°)/a][0 - log ¢°] ,

where $¢ is the dielectric constant of the scolvant at 25°C. Thus, it is
possible to determine the pKa of a ligand at any temperature if the pKa of the
ligand at 25°C, the dielectric constant of the solvent at that temperature, and

the value of ¢ and @ in the appropriate temperature range are known. A compar-
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ison of predicted and literature values for the pKa of water and acetic

acid as a function of temperature is given in Table 6.

TABLE &

THE TEMPERATURE DEPENDENCE OF THE pK, OF WATER
AND ACETIC ACID AT ZERO IONIC STRENGTH: A COMPARISON
OF PREDICTED AND LITERATURE VALUES

Temperature PKa PKa
(°C) Pred. Exp.?2 Pred. BExp.2
Water Acetic Acid

0 14.952 14.955 4.8201 4,7807

10 14.541 14.534 4.7872 4.7622

20 14.172 14,161 4.7647 4.7562

25 13.999 13.999 4.7560 4.7560

30 13.837 13.833 4.7506 4.7570

40 13.534 13.533 4.7438 4.7688

50 13.261. 13.263 4.7448 4.7870

60 13.014 13.015 4.7452 4.8119
70 12.792 12.800
80 12.593 12.598
a0 12.416 12.422
100 12.260 12,259

a Data from Ref. 1.

We are now able to use equations (92)-{95} in describing the temperature

dependence of the Int

1 and Slp1 functions which will, in turn, allow the

estimation of formation constants at any temperature. In this regard, the

temperature dependence of the Int, and Slp1 functions can be expressed by

1

equations (96) and (97), respectively,
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Int

] 0.01632T - 4.7558 - 4.1[1+(3—zL)(zL+1)]31p1 , (96)

slp, 0.031 + 0.0078pK_ , (97)

where the pKa is determined using equations (92}-(95). The formation

constant of a complex at a given temperature can be calculated using equations
(47), (96), and {(97). The predicted values of the formation constants of some
complexes at various temperatures {and at zero ionic strength) are compared

with the literature values in Table 7.

" TABLE 7

COMPARISON OF PREDICTED AND LITERATURE!=S VALUES OF THE
FORMATION CONSTANTS OF SOME COMPLEXES AT VARIOUS
TEMPERATURES AND ZERO TONIC STRENGTH

Complen  TempSEaturS Al
Predicted Experimental
FeOHF 100 -7.00 -6.86
cdnHz 2t 40 2.81 2.63
MgSOy 150 ' 4.34 3.9
CaC03 60 3.81 3.5
KNO3 40 0.30 -0.5
coscn*t 45 1.26 1.66
CaHyPoyt 40 0.74 0.6
Feou+ 150 1.03 -0.12
ZnS0y 100 3.05 3.2
Fecl2+ 100 3.18 2.94
EusOy+ 65.1 3.65 4.22
ZnCH3c00% 35 1.42 1.46
Biprs* 55 3.37 3.28
cuc1t - 150 ‘ 3.27 2.57
MnCo0y 45 4.44 4.06
AgIOy 50 0.87 .96
ThE + 5 8.01 8.46
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It should be noted that in equations (96) and (927), Slp1 is independ-
ent, and Int1 dependent, on the reaction temperature but, such a result is
not surprising. The definition of the 'absolute' pKa scale developed
earlier necessarily requires an independence of all variables; any variation
resulting from guch parameters is considered in the determination of the
pKa value and, once determined, falls on the linear scale. Thus, two
ligands may both have the same value of Slp1 and pKa but be measured
under vastly different experimental conditions. Contrary to the parameter
independence of the value of Slp1, it is necessary for the value of
Int1 to be dependent upon all variables. The value of Int1 is the
smallest possible value, under the designated experimental conditions, of a
metal ion complex with a particular ligand; it may be considered as the forma-
tion constant of the theoretical complex of the ligand with a metal ion of
infinite size.13 This value, like the value of any other formation
constant, must be dependent on such variables as temperature, pressure, and

solvent.

Pressure Dependence

An increase in temperature causes a decrease in the dielectric constant of
water (or any other solvent) since the increased thermal motion of the mole-
cules destroys some of the 'structure' of the bulk solvent. In a similar way,
the application of increased pressure (at constant temperature) causes an
increase in the dielectric constant because the structure is enhanced. If it
is assumed, as a first approximation (as is done with temperature above}, that
this change 1s dominant, then pKa values and formation constants will also
vary with pressure largely as a result of this change, though, as might be

expected, this effect will be considerably smaller than the temperature effect.

Owen et al., using resonant frequency techniques,54 determined simul-

taneously the temperature and pressure dependence of the dielectric constant of

water. They demonstrated that
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2
—1061n b(t,p) = -1061n ¢(0,0) + 2a1p + 2a2pt + 2a3pt (98)

2 ' 2 2,2 2
+ + + + +
2a4p 2a5p t 2a6p t 2a7t 2a8t .

where (standard deviations were not given) a1=—22.5713, a2=-0.032066,

6

3=-0.00028568, a,=0.0011832, a =2-7895x10~5, a6=—0.1476x10- ' a7=2300.64,

4 5
a8=-0.13476, In $(0,0)=4.47615, t is in degrees centigrade, and
p=(P{bars)-1}, the measurements being carried out in the ranges 0-70°C and

1-1000 bars (105-108 Pa.).

At constant temperature, therefore, eguation (98) reduces to

2
In (or log) $¢ = A + Bp + Cp ‘ {99}
but, again, we have chosen to use the simpler form, namely equation (91):
log$ = o0+ aP , (100)

where ¢ and @ are constants (differing from those determined earlier) and P is
the pressure. The dielectric constant may therefore be expressed as a function

of both temperature and pressure by a combination of equations (91) and (100):

log ¢ = a1+a2T+a3P+a4P'I' . (101}

where a s azj a3, and a4 are constants which depend on the nature of the

solvent. For water, a_ =2.4867, a.=-0.00198704, a

- -6 -
1 2 3-6.406x10 , and a4—4.104

-8
x10 °; in the ranges 1-2000 bar (0.1-200 MPa) and 0-100°C; the difference

between the calculated values from equation (101) and those from egquation (98)

is ca. 0.5% or less.
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The value of the PKa of the ligand can then be determined from an

egquation of the form

pK_ = [a+ 877" + [C/(a2 + a4P)][log b -a, - a3P] . (102)

In this equation, the values of A, B, and C are pressure dependent because of
the dependency of pKa° on pressure. Furthermore, the formation constant of

a complex can be determined from equations (47) and {(97), and an equation
similgr to (96) but with an added term which is pressure dependent. Unfortun-

ately, the lack of data limits us from a more definitive description.

The Effect of Solvent

The formation constant of a metal ion complex in solution is dependent not
only on the competition of the metal ion and ligand of the complex, with the
metal ion and ligand of the background electrolyte, but alse on the competition
of all the ions present in soluﬁion for each other with the solvent. The
nature of the solvent may have a marked influence on the value of the formation
constant of a metal ion complex; for example, differences are observed55
between aprotic and protic solvents when the ions of the complex have high

hydration energies and thus are strongly solvated.

The concepts discussed in the previous two secticns may alsc be used to
describe the effect of the solvent on farmation constants. BEquation (102) can
be used to determine the pKa of a ligand in a particular solvent, however,
the values of A, B, and C now will not only be pressure dependent but also
dependent upon the nature of the solvent. For example, the predicted value of

the pKa of the hydrogen sulphate icn at 100°C in D.O (pKa°=2.34,

2

log ¢°=1.8935, ¢=2.485, and 0=0.001984) is 3.38, which compares favourably with
2

the literature value of 3.28. Furthermore, the formation constants of a

complex in a particular solvent can be determined by using equation (47} and

{97}, again with an equation similar to equation (96) but with an added term
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which is dependent upon the nature of the solvent. 1In D20 at 100°C, for
example, the formation constant of ZnSO4 is predicted to be 3.48; this

seems a reascnable value when compared with the literature value2 of 3.2

for ZnSO4 in HZO at 100°C; the pKa of deuterium oxide is larger than that of

hydrogen oxide.

We have used D2O for comparative purposes here because of its similar-

ity to HZO' Comparisons with other solvents are, again, circumvented owing

to a paucity of available data on formation constants, pKa valueg, dielec-

tric constants and especially, the lack of a means to determine the electronic-
ity wvalue of an ion in a particular solvent. At this point, it is only poss-
ible to make generalisations until such data become available. The need for

these data is essential for a better understanding of the mechanics of complex

formation.

Thermodynamic Aspects

We wish to discuss briefly the Gibbs free energy (AG), the enthalpy (AH),
and entropy (AS) of reactions in terms of temperature and, for the sake of
gimplification, at constant pressure and in agqueous (H20} solution. The
appropriate relationships derived earlier mav be incorporated into the funda-

mental thermodynamic equation (103)
-2.303RTlog K = AG = AH - TAS , (103)

and the values of the thermodynamic parameters determined. In the equation R

is the universal gas constant.

The stability constant of any reaction (whether it be proton dissociation
or complex formation) can be described by an equation of the form of equation
{89), taking into account the temperature dependence of the constant. This

dependence leads to distinct maxima {or minima) when the constant is plotted

against 1/7, as is illustrated in Figure 8, and is caused by the dual depend-
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ence described earlier. Burgess et al. observed that the dual dependence led
to three conditions:

(a) When the quantum mechanical forces are very much greater than the
electrostatic forces, the minimum in the formation constant will lie
well below ambient temperature, thus the reaction will be endo-
thermic.

{b) When the quantum mechanical forces are of the same magnitude as the
electrostatic forces, the minimum in the stability constant will be
in the vicinity of ambient temperature, and the reaction will be
zerothermic.

{c) When the guantum mechanical forces are much less than the electro-
static forces, the miﬁimum in the formation constant will be well

above ambient temperature, and the reaction will be exothermic.
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This observation although being most helpful in understanding heats of
reactions, gives no information on the entropy of the reaction, and hence no
information about the strength of the reaction. A better understanding can be
acquired of the latter entities by considering the electronicities of the two
ions of the formed complex, and the type of complex formed, as is shown in
Table 8. This table, however, is also a major simplification of the real-life
situation, as it lists only the canonical extremes. In reality, the four cases
listed in the table, as well as every conceivable case in between, is real-
ised. Despite these limitations the table is a useful guide to the types of

reaction and the thermodynamics governing them.

TABLE 8

A SUMMARY OF REACTION TYPES AND THEIR RELEVANT

THERMODYNAMIC PARAMETERS

. H
Reaction LyP2 o0t onicit ies® K lag ¥ AG AH and TAS et of
(and example) reaction
Hard-hard EH = CL =0 Large Large Large L small Exothermic,
2 2 Zerothermic,
(ANFTT) (&) =10 Positive Positive Negstive 115 large positive Endothermie
Soft-soft EM = EL =3 Large Large Large &+ large negative
P Exothermic
{Hgl*) (4e)” =10 Positive Positive Negative 145 small
Hard-soft E:M = €L =3 Very small Small Small &4 end TAS Exothermic,
2 2 Positive to Negative to Endothermic,
(ScBr™) (A2)" =9 Positive Large Large Zerathermic
Negative Pogitive
Intermediate- EM = EL =2 Large Large Large Mt lerge negative
Intermesiate 2
{In{OH}"*} e} =0 Positive Positive Negative TAS large positive L xothernmic
2 z
s (A} = (g - &}
Be N

Before considering the thermodynamic parameters relevant to complex for-
mation, we will discuss those relating to the dissociation constants of ligands

because of their simpler and inherently important (within complex formation)
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behaviour. Thus, combination and rearrangement of equations {90) and (103}

leads to

As AH
R = - = p— + +
log X, 2.303R  2.303RT [aen/eecz] (104)

This equation, upon differentiation with respect to 1/T, gives equation (105).

S8{log Ka) -AH 2
5(1/7)  _ 2.303r ~ BT (105)
thus
AH = 2.303R(B - CT2) . (106)

From this equation and equation (104), the value of AS can be determined by

substitution, and is expressed in equation (107):

AS = -2.303R(A + 2CT) . (107)

The thermal capacity at constant pressure can be determined from equation

{108):

= -4.606RCT ; (108)

The predicted values of log Ka' AH, AS, and ACp of the dissociation of water
are compared with literature valuess6 at zero icnic strength, in the
temperature range 0-100°C, in Table 9. The agreement obtained is quite remark-
able, except for the wvalues of Acp, which no doubt is the result of the use

of the truncated equation for the pKa of a ligand in this work.

Petermination of the thermodynamic parameters for complex formation

constants requires the use of eguations (36), (47), (8%2), (96), and (97). The

combination of these equations gives rise to equation (110) which expresses
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TABLE 9

THERMODYNAMIC PARAMETERS OF THE DISSOCIATION
OF WATER AT 0-100°C AND IN ZERO IONIC STRENGTHZ

log K, A" As Acy,

Temp. KJ mol~' J mo1~t deg"l

Pred. Exp.55 Pred. Exp.55 Pred. Exp.55 Pred. Exp.55

0 ~14.952 =14.941 62.13 62.57 -58.87 -56.99 -193.1 -316.7
25 -13.999 -13.993 57.09 55.81 -76.54 ~80.67 =-210.7 -231.4
50 -13.261 -13.272 51.60 50.67 -94.21 -97.28 -228.4 -185.8

75 -12.694 =-12.709 45.67 46.29 ~111.88 =-110.33 -246.1 -169.0

100 -12.260 =-12,264 39.29 42.03 -129.55 =-122.17 -263.8 =174.5

7]
k=]
It

~6.7788 cC 0.01769

i

8.314 J mol"1 cleg"l

o3}
Il

4622.13 R

log B1q {at zero ionic strength) as a function of temperature:

log By, = alo.016321 - 4.7558 - 4.1[14(3-2 ) (z +1)]
[0.031+0.oo78(A+BT"1+CT)][g1(zM/rM2 + gz)]] (109)
- log U1q .

Differentiation of this equation with respect to 1/T gives rise to the follow-

. ing expression for AH:

2

AH = 2.303Rg[0.016327° - 0.0078(B—CT2)[Q1(ZM/rM2 +9.) (110)

2

-4.1(1+(3—zL)(zL+1))]] ,

and differentiating this eguation with respect to T ig AC :
p



61

2
Acp = 2.303Rq[0.03264T + 0.0156CT[g1(ZM/rM +9,) - (111)

4.1(1+(3—zL)(zL+1))J]

Substitution of equations (110} and (111) into eguation (103), with rearrange-

ment, leads to the following expression for AS:

As = 2.303r[gf 0.03264T - 4.7558 + [0.031 + 0.0078(a+2CT)]
[g.(z. /.2 + gy = 4.1014(3~z_)(z.+1)) | ] (112)
1120 "M 2 L’ 'L
- log U1q] .

For the hydroxide ion, the adopted convention is to express the hydrolysis

reactions as follows:

zyt . (zy-q)+ +
M qHZO — M(OH)q + gH . {113)

and, as a result, the expressions for the thermodynamic parameters differ from

those given in equations (111)-(114}, namely:

2. 0.0078(B-CT2). (114)

AH = 2.303Rg[B - CT® + 0.01632T
[g.(z./r. % + g.) - 4.1(14(3-2 )z +1n]] s
1" "M ™M P2 L 7L !
As = 2.303R[q[0.03264T - A ~ 2cT - 4.7558 + [0.031 +
2
0.0078(A+2CT)[g1(zM/rM tg,) = 41014z ) (115)

(zL+1))]] - log U1q] ;

AC_ = 2.303Rg[0.03264T - 2CT + 0.0156CT (116)

: 2
[g1(zM/rM +g,) - 4.1(1+zL)(zL+1))]] .
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The predicted values of the thermodynamic parameters of metal ion complexes are
compared with literature values in Table 10 for a number of complexes. The
agreement within the table, although not exceptional is in reasonable agreement

with the literature values.

TABLE 10

THERMODYNAMIC PARAMETERS OF SOME METAL ION
COMPLEXES AT 25°C AND ZERO TONIC STRENGTH

log B19 AH AS

Complex kJ mol"1 J mol'l deg"l

Pred. Exp. Pred. Exp. Pred. Exp.
FeoH* -1.71 -2.17 46.17 43.51 122.19 104.60
Hgclt 6.91 7.43 ~37.82 -20.08 5.42 71.12
MnSOy 1.98 2.26 35.34 14.10 156.45 94.56
AgIOj3 0.45 0.63 28.31 21.51 103.62 84.94
pbCclt 1.32 1.58 16.09 18.33 79.26 92.05
ZnS0y 1.86 2.36 34.85 17.11 152.52 102.51
CaHPOy 2.58 2.55 27.64 13.79 142.15 96.23
CaHp PO, * 0.49 0.60 28.01 14.23 103.32 66.94
scsoyt 4.28 4,04 44.65 26.40 231.82 165.69
cacit 1.97 1.97 9.83 3.35 70.69 48.96
FeBr2+ 0.80 0.60 17.39 25.52 73.61 100.52
AloH*+ -4.98  -4.97 56.55 49.79 94.43 71.84
ZnS$903 1.78 2.29 35.23 12.97 152,27 87.86
cart 2.37 2.28 -30.13 ~9.62 ~55.65 12.55
coont -9,25 ~9.65 70.12 61.09 58.14 20.08

Redox Equilibria
The extension of the Brown-Sylva Electronicity Principle to redox

(oxidation-reduction) reactions is straightforward since the tendency for such

reactions to occur is governed by same principles outlined above. In practice,
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however, the paucity of appropriate data limits the extent of the foundation

required to accomplish this.

In these reactions electrons are transferred between two forms of an
element (e.g. the Cld; and Cl” ions of chlorine)}. For example, the simple

redox reaction involving the two ions of one metal can be written

zyt - (zm-n)+
M + ne = M ' (117)

where n is the number of electrons transferred.

It is guite often the case that more than one valency state of a particu-
lar metal can occur in solution simultaneously whereas some cannot occur in
solution at all. The U3+ ion, for example, is oxidised to U4+ in aquecus solu-
tion, liberating hydrogen. Thus, the elemental speciation must be determined
before any geochemical médelling or experimental design can be performed. The
speciation is, in the main, dependent upon the standard electrode potential,
E°®, of the reaction; this value no doubt depends on oxidant and reductant
properties. It woula not be surprising, therefore, to expect that there is a
correlation between the standard electrode potential and the electronicities of

the initial and final states of the element.

If we consider, in the first instance, only thosge reactionsg, represented
by equation (117), with a transfer of only one electron (n=1), we find that the
standard electrode potential, E®, can be estimated by egquation (118}, as illu-

strated in Figure 9:

2
e = i + -
E .1ntercept slope (SOX ERED) {118)

In the equation, SOX and ERED are the electronicities of the oxidant and.
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Figure 9 Dependence of the standard electrode potential (E®) on the
function, (80X - ERED)
reductant, respectively, and the intercept=2169.9(90.3) and the slope=
=7150.4(701.3); the correlation coefficient is 0.9813. Similar calculations
for reactions involving two and three-—electron transfers yield values of

intercept=1245.6(196.1) and slope=-1349.2(129.5) (correlation coefficient

=0.9909), and intercept=836.6(214.4) and slope=-424.0(75.6} (correlation

coefficient=0.9412), respectively.

However, not all redox reactions can be represented by equation (117); for

example, in acid solution, the reactions are expressed by equation (119}:

zyt + - ~ (zy+2x-2y-n)+
MOx + 2(x~-y)JH + ne ~— MOy + (x-y)HZO . {119)
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It is possible, nonetheless, to express the standard electrode potentials of
these reactions by egquation (118). Thus, for those reactions involving a two-
electron transfer, intercept=1414.3(11.0) and slope=-21202.7(325.7) five-
electron transfer, intercept=1606.4(55.1) and slope=-433.7(94.3) {(correlation
coefficient=0.9771); and for six-electron transfer reactions, intercept

=1636.2(29.6) and slope=-261.1(73.7) {(correlation coefficient=0.9621).

From these relaticnships it is possible to determine the value of the
electronicity of either the oxidant or the reductant if the electronicity of
the other is known. This may be achieved by using equation (120):

H

Ee = intercept)

& - ¢ * ( slope

{(120)

electronicities calculated using this equation are listed in Table 11. Thus,
we may use the standard electrode potential to determine the wvalue of the
electronicities of ions which cannot be determined from their formation

constants because of the unavailability of these latter entities.

Reactions in basic solutions have not been considered here simply because
most electronicity values can be determined from the equations used above. It

is probable that similar relationships would be applicable in these instances.

Conclusion

7,58

. . 5
Simple electrostatic arguments used for the estimation of

formation constants are totally inadequate and it is not apparent what form, if

any, of the f(z,r) parameter should be used.24’26’57'58

This matter was
discussed and resolved by Brown, Sylva, and Ellis13 who demonstrated a

method of predicting the formation constants of hydrolysis products of metal
ions, both mononuclear and polynuclear. The method shows that the correct form

2 . \ . \ .
of £(z,r) is =z /r , although this is not immediately apparent. This extension

revealed the existence of a hitherto unknown fundamental property of metal ions
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ELECTRONICITY VALUES CALCULATED FROM STANDARD ELECTRODE POTENTIALS

Entity £ Entity £ Entity €

Metals Metals Metals
Ag 2.677 Ni 3.115 Hg 2.860
Cu 2.961 Pb 2.839 Sn 2.399
Cs 2.696 v 2.648 Sr 2.963
K 2.692 Zn 3.315 Ti 2.644
Li 2.567 Ba 2.899 Ac 3.692
Na 2.662 Ce 3.590 Pr 3.707
Rb 2.695 Ga 2.971 Eu 3.569
T1 2.783 La 3.238 Gd 3.732
Ca 2.857 Nd 3.381 Am 3.416
In 3.261 Np 3.336 Tm 3.685
Be 2.204 sc 2,708 Yb 3.439
Mg 2.687 3.350 Lu 3.742
cd 3.836 3.071 Pu 3.382
Co 2.646 Al 2.443 Rh 1.857
cr 2.953 Th 4.025 Pd 2.490
Fe 2.654 HE 3.814
Mn 24990 Zr 3.568

Metal ions Metal ions Metal ions
ce'tt 0.536 gn't+ 0.486 putt 0.372
Fu’t 1.406 12+ 1.184 NpHt 0.263
In2+ 2.082 12+ 1.863 Hgo 2+ 2.420
Int 2.629 o2+ 1.421
Oxometal ions Oxometal ions Oxometal iéns

voy* 0.575 Puoyt 0.626 MnOy,~ 2.208

U0y %+ 0.034 Pu0y 2t 0.372 Mnoy >~ 2.682

Npo t 0.525 vo2+ 0.387

Npog 2+ 0.114 vo,t 0.639

and ligands, namely electronicity, which enables the prediction of the

formation constants of metal ion complexes under any experimental conditions,

and unifies all aspects of solution chemistry.
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The fundamental equation, equation {(41), defines electronicity in terms of
differences in the values of the step-wise formation constants and was arrived
at by a search for a common factor concealed in the values of these constants.
The exploitation of the fundamental nature of the electronicity of metal ions
and ligands requires the invocation of a remarkably small number of parameters
{all of which are constrained in the treatment - that is, they are not deter-

mined by empirical means) considering the universal nature of its application.
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APPENDIX

GLOSSARY OF SYMBOLS

M metal ion D presence/absence of d-orbitals
in outermost shell of ion
L ligand 9
] g(n} Slater function
p number of metal ion atoms in
complex (sometimes repre- d number of d-electrons in
sented by r and t) outermost shell of ion
o number of ligand molecules n principle quantum number
in complex {sometimes
represented by s and u) Bc condensation constant
K step~-wise formation constant
B e e e e Y ligand type
B overall formation constant # 18
Pg E "softness' (Klopman )
U structural term
Pg Ta tabsolute hardness’
20
€ electronicity of metal ion : (Parxr and Pearson<®)
SL electronicity of ligand Ka acid dissociation constant
k proportionality constant ¢i affinity of i-th donor atom
(Em )2 of multidentate ligand for
¢ -e ML the metal ion
eM number of metal ions (tbr)i relative affinity of the
bonded to each ligand i-th donor atom
9L number of ligand molecules Ks10 solubility product (Baes and
bonded to each metal ion Mesmer26/43)
Zy ionic charge of metal ion BS solubility product
z. ionic charge of ligand Bp precipitation constant
rM ionic radius of metal icn N nunrber of water molecules
logt in forming hydroxo-metal
Int1 intercept and slope ion precipitate

Slp1 values of linear equations
for (1,1) species B e thermodynamic {(overall)

P4 formation constant
Int2 intercept and slope
, : . a Debye-Huckel constant
Slp2 values of linear equations
for species 2

(p.q) sp Az the square of the charge of

g defined in equations each SPGCleS su@med over the
1 ‘ formation reaction of the

g2 (55) and (56) complex
8 presence/absence of ' I ionic strength

s-electrons in outermost
shell of ion



(Em)nm
(E1,)m

{(em) e
(EL)C

PKa°

¢o

AG

AH
AS

Ac

Eﬂ

€ox
E€RED

€9

defined by equation (84)

electronicities of ions
of the medium (m)

electronicities of ions
of the complex (c)

temperature in Kelvin
dielectric constant
temperature in centrigrade

constants for dielectric
constant

defined by eguation (95)
defined by equation (93)
defined by equation (924}

pK; at 25°C and zero
ionic strength

dielectric constant at
25eC

pressure in bars

Gibbs free energy of
reaction

enthalpy of reaction
entropy of reaction
thermal capacity of
reaction at constant

pressure

gas constant (8.314 J
mol~1 deg‘1)

standard electrode
potential

electronicity of
oxidant and reductant
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