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GLOSSARY

(i) Ligand, ion and solvent abbreviations

aqg - water

A2S - anthraquinone-2-sulphonate

bipy - 2,2'-bipyridyl

bsb - bidentate Schiff base

ButOH - t-butyl alcohol

cit - citrate

EG - ethylene glycol (ethane-1,2-diol)
en - ethylenediamine (ethane-1,2-diamine)
EtOH - ethanol

Fic - iron(IIT)dicyclopentadienyl

Foc - iron(II)dicyclopentadienyl (ferrocene)
G - glycerol (propane-1,2,3-triol)

hsb - hexadentate Schiff base

i - ion

L - ligand

MeOH - methanol
N2S - naphthalene-B-sulphonate
Qac - - acetate

ox - oxalate
phen - 1,10-phenanthroline
Pic - picrate

PricH - isopropanol

S - solvent

sb™ - Schiff base

TA - tetraphenylarsonium

TAB - triiscamyl-n-butylammonium (tris[3-methylbutyl]butylammonium)

tart - tartrate

TB - tetraphenylboronate
terpy - 2,2';6',2"-terpyridyl
TP - tetraphenylphosphonium
tsb - terdentate Schiff base
W - water

* Abbreviations used to denote specific Schiff base ligands are given
in Section 1.3.4.

(v)



(ii) Principal symbols

[A] - concentration of A
[A], concentration of A at t=o0
[A], concentration of A at time t
c - concentration (scale)
Cr - reference molarity
eq - equilibrium
E° - standard electrode potential
°  standard electrode potential on concentration scale
E, standard electrode potential on molal scale
Ey standard electrode potential on mole fraction scale
fx - activity coefficient on mole fraction scale
F - Faraday's constant
G - Gibbs free energy
AGtO standard Gibbs free energy of transfer
H - enthalpy
HE  excess enthalpy of mixing
- ionic strength
- intensity of light
Io intensity of incident light
I+ intensity of transmitted light

J - coupling constant (rmr)
k - rate constant
ks rate constant for faster reacting isamer

Xn n*B-order rate constant
kopbs Observed rate constant
ks rate constant for slower reacting isamer

ki first-order rate constant
Ksp - solubility product
1 - pathlength
in - logarithm to base e
log - logarithm to base 10
m - molal (scale)
M - molarity
mat - metal ion of charge n+

Mx - relative molar mass of x

(vi)



Continued ....

soly -

vol $ -
wt % -

nuclear magnetic resonance

number of moles of x

pressure

parts per million (rmr)

absorbance

Pj; 1initial absorbance

Po absorbance at t=o0

Py absorbance at time t

Pt,’ absorbance after one half-life

P, absorbance at t=«

P' absorbance x 10°

molar gas constant

solubility

entropy

SE  excess entropy of mixing

time

half-life

absolute temperature

triiscamyl-n-butylammonium tetraphenylboronate (assumption)
tetraphenylarsonium tetraphenylboronate (assumption)
tetramethylsilane

tetraphenylphosphonium tetraphenylboronate (assumption)
volumne percentage (co-solvent)

weight percentage (co-solvent)

mole fraction (scale)

- activity coefficient on concentration scale
- medium effect of electrolyte
- extinction coefficient

€) extinction coefficient at wavelength A
- wavelength

Amax wavelength of maximum absorbance
- chemical potential

Ux Cchemical potential of x

ue standard chemical potential
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c‘Smue standard transfer chemical potential
Uy (£) chemical potential of pure liquid x

v - stoichiamnetric factor (mmber of moles of ions formed fram
1 mole of electrolyte)
o - density
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CHAPTER 1

Introduction



1.1 GENERAL

This thesis is concerned with aspects of the structure, the solvation
and the reactivity of ions. Obviously, these phenamena are intimately
related. The characteristics of solvation of an ion are largely
attributable to its structure. In turn, the nature and extent of these
ion-solvent interactions have a profound effect on the rates of reactions
in which the ion may then take a part. Ion solvation can be studied
experhnéntally fram several aspects, by certain thermodynamic, kinetic,
spectroscopic and structural methods. These techniques yield information
needed to characterise ion solvation such as solvation numbers, the sizes
of solvated ions, the distances between ions and adjacent solvent mole-
cules and thermodynamic and other measures of ion-solvent interactions.
Qualitative indications as to the nature of ion-solvent interactions
ard the effect of the ions on solvent-solvent interactions may be
obtained fram such data. Some of these techniques can be used to obtain
single-ion parameters directly. These include rmr spectroscopy in slow
solvent exchange situations, ultraviolet/visible spectra and X-ray
diffraction. In the case of thermodynamic studies, however, measure-
ments are made for whole salts so that thermodynamic data cannot be
obtained d:i_rec-tly for individual ions. The splitting of such measured
values for whole salts into ionic camponents requires the introduction
of at least one assumption. Once a satisfactory method for effecting
this split has been established, then thermodynamic measurement of ion-
solvent interactions can be obtained using such quantities as Gibbs
free energies, enthalpies, entropies, volumes and heat capacities
involved in solvation processes. In terms of camparing ion-solvent
interactions for a given ion in different solvents, the change in these

thermodynamic parameters when the solvent is varied is of particular



interest. Transfer parameters of these thermodynamic functions provide
a measure of such changes. One such quantity is the transfer chemical

potential of an ion.

1.2 TRANSFER CHEMICAL POTENTIALS

The standard transfer chemical potential of an ion, 6mu9, is defined
as the difference in the standard chemical potentials of the ion in a

solvent W, ug, and in a solvent S, ug, as shown in eguation 1.1 where 6p

o & _ &
SpHy s = Hg — Uy eee. [1.1]

is a solvent operator symbolizing the transference process involved.
Transfer chemical potentials for salts can be obtained directly fram
solubility and electrochemical measurements. By splitting transfer
chemical potentials of salts into their ionic camponents, lists of single-
ion transfer chemical potentials fram a reference solvent into other
solvents can be used to obtain information concerning the nature of
solute-solvent and solvent-solvent interactions in the systems. The
effects on these interactions of ionic size, ionic charge and, for camplex
ions, the nature of ligands may be explored. In terms of the solvents,
factors such as basicity, H-bonding ability and structure can be examined.
The calculation of single-ion transfer parémeters requires no small
degree of care as the procedure is beset with difficulties. Descriptions
of systems involved and definitions of standard states of camponents
therein must be thermodynamically valid and adhered to throughout the
procedure. This problematic area was discussed in detail by Blandamer
et i.l The method of splitting transfer chemical potentials for salts
into their ionic camponents also raises problems. Such splitting can be
achieved only by the introduction of an extrathermodynamic assumption.
A number of extrathermodynamic assumptions have been used,z_6 the choice



of which affects the outcame of the analysis. As a result, the relative
merits of the different assumptions have been discussed at length in the
literature.7"9 Thus, different authors favouring different assumptions
have produced sets of single-ion values the use of which, in terms of
comparing sets of values, is limited. Much more useful and informative
would be lists of single-ion transfer parameters derived using the same
extrathermodynamic assumption. The choice of solute camposition scale
(molar, molal or mole fraction) also affects the results, the conversion
of single-ion values given on one scale to another scale being tedious
rather than difficult. If the solvent S is a binary mixture, the
possible use of different solvent camposition scales (volume percentages,
weight percentages or mole fractions of one of the solvents) also
camplicates any attempted camparisons of quoted values.

Thus, it can be seen that in order to make full use of relevant data
available in the literature, derivation of single-ion transfer parameters
using a single extrathermodynamic assumption and given on the same
solute and solvent camposition scale is required. This is attempted in
Chapters 3 and 4 in which transfer chemical potentials for single ions
in three binary aqueous solvent mixtures, water + ethanol mixtures,
water + ethylene glycol (ethane-1,2-diol) mixtures and water + glycerol
(propane-1,2,3-triol) mixtures are calculated. Single-ion transfer
parameters fram water into these binary aqueous solvent mixtures are
calculated fram solubility and electrochemical data for salts. The
extrathermodynamic assumption used is the tetraphenylarsonium tetra-
phenylboronate (TATB) assumptj.on10 ard values are all given on the same
solute camposition scale (molar) and the same solvent camposition scale
(weight percentage co-solvent in the solvent mixture). In addition to

discussion of the results in terms of ion solvation (in these ard other



binary aqueous mixtures), camparisons between values derived using
different extrathermodynamic assumptions (but given on the same solute

and solvent camposition scale) are made.

1.3 LOW-SPIN IRON(II) DI-IMINE COMPLEXES

1.3.1 General

Ion solvation is one of several aspects fram which a series of low-
spin iron(II) camplexes, termed iron(II) di-imine camplexes, have been
studied.l 11713

Crystal field theory states that in an octahedral ligand field the
degeneracy of the d orbitals containing the valence shell electrons of
a transition metal ion is removed. The five d orbitals are split into
a group of three orbitals, t,g, and a group of two orbitals, ez. The
energy of the eg set (i.e. the d,, and the dx:-y2 orbitals) is higher
than that of the t,g set (i.e. the dxy, dxz and dyz orbitals). The
degree of splitting between the two sets, A, is dependent on the field

strength of the ligand [see Fig. 1.1]. For a metal ion such as re?"

eg (dzzr de-yZ)

p——
Jid I\
ld
Id
—_—
eg, tag =_ A
~N
N
\\
= tgg (dxyr 8xz, dyz)
d orbitals in d orbitals in
ENERGY spherically octahedral
symmetrical field field

FIGURE 1.1
Crystal field splitting diagram for an octahedral camplex.

possessing a d° configuration there are two ways in which the non-bonding
electrons can be distributed amongst the eg and t2g levels [see Fig. 1.2].

If the pairing energy for the electrons, P, is larger than A, the electrons



will be distributed as in Fig. 1l.2(a) with the maximum number of
unpaired spins. If A>P, the electrons pair in the t,, orbitals as far
as possible as shown in Fig. 1.2(b). Thus, strong field ligands (high
A) will result in camplexes having the low-spin arrangement while weak
field ligands (low A) will result in camplexes having the high-spin
arrangement. The majority of iron(II) camplexes are high-spin (t,g* eg®)
but complexes containing ligands which have a large crystal field effect
are low-spin (t,g°) and are kinetically inert. Such low-spin camplexes
of iron(II) include [Fe(CN)¢]"~ and a large class of pseudo-octahedral

canpounds known as low-spin iron(II) di-imine camplexes.

4=

g A eg
4 h
4 Y
tag . A tag
b e
(a) high-spin (b) low=-spin
arrangement arrangement
FIGURE 1.2

Ligand field diagrams showing the ground state electron
occupancy for octahedral canplexes of transition metal
ions possessing a d® configuration.

Low-spin iron(II) di-imine camplexes all contain the di-imine moiety

(I). The existence of low-spin campounds such as [Fe(phen)3]2* and

/C— C\ - /C::\C\\

N N N N
(1)
[Fe (bipy) ; 1%t where phen is 1,10-phenanthroline (II) ard bipy is
2,2'-bipyridyl (III) has been known for almost a century.l‘l’15 Since

that time the preparation of many low-spin iron(II) camplexes of ligands



<;Q> =0

(IIT)

16-19 Such

containing the di-imine chelating unit have been reported.
ligands are by no means all bidentate as are phen and bipy. Ligards
such as 2,2'; 6',2"-terpyridyl (Iv)?° and 2,4,6-tris(2-pyridyl)-1,3,5-
triazine (V) ,21 form low-spin bis-(terdentate) iron(II) camplexes. 1,8-

“ 3

. N
7

2T o0

bis-[phenyl (2-pyridyl)methyleneamino] -3, 6-diazaoctane (VI)22 is one of

several hexadentate ligands (ligands containing six donor atams) which

form low-spin iron(II) camplexes. Quadridentate and quinquedentate

08 Qo

NCH2CH2NHCH, CH,NHCH ,CH,N
(VI)
di-imine ligands, with four and five donor atams respectively, forming
low-spin iron(II) camplexes have also been reported.lg’z3
Low-spin iron(II) di-imine camplexes have intense colours. This is
believed to be a result of electron transfer fram the filled t,g orbitals
on the metal ion to the lowest lying vacant m* orbitals on the ligards.

These transitions occur in the visible region and lead to stabilization

of the camplexes.



The kinetics of a number of reactions of low-spin iron(II) di-imine
canplexes have been studied over the years. For reactions involving
either the appearance or the disappearance of complexes of this type,
changes in the absorption in the visible region for the reaction
mixtures are dramatic. As, in the majority of reactions, the absorbances
due to species other than the di-imine camplexes in the reaction mixtures
at Apax Of the camplexes in this region are negligible, then rates of
reactions can be corveniently measured spectrophotametrically. In such
a way, the kinetics of reactions of low-spin iron(II) di-imine camplexes

22,24 25,26 Lo 27
cyanide,” peroxo-

such as their reactions with acid, alkali,
disulphate28 and hydrogen peroxide29 have been studied. The effects of
solvents,30 substituents31 and added salts32 on rates of reactions have

also been probed.

1.3.2 Schiff base ligands

An extensive series of multidentate ligands containing the di-imine
moiety, termed Schiff base ligands, which form low-spin camplexes with

19,26,29 These ligands are synthesised by cambination

iron(II) exists.
of an appropriate carbonyl campound and a primary amine. Strictly, the
term 'Schiff base' refers to the imino product (a species containing a
carbon-nitrogen double bond) of the reaction of an aldehyde or ketone

with a primary amine. Such a reaction involves initial addition of the

reactants followed by dehydration [equation 1.2]. The same fundamental

NHR"

RR'C=0 + R"NH; — RR'C”T  —— RR'C=NR" en. [1.2)
Nog TH20

reaction is involved also in the formation of a Schiff base ligand. 1In
this case, however, the nature of the carbonyl campound is such that

the reaction leads to the formation of a di-imine moiety (or sametimes



more than one) in the product. Examples of same such Schiff base
ligands, and the reactants involved in their formation, are shown in

equations 1.3, 1.4, 1.5 and 1.6. All the resulting ligands contain the

Me Me
Me\ /Me N\
Sc—Cc 4 RWaMe — 2 Pl
© 0 Me-N N-Me
.. [1.3]
@
2o - G
... [1.4]

C c
] I I T
0 0 H-N N-H
.. [1.5]
EN\/L _Me (Q QC/MG
N=—
Y/ veen [1.6]

di-imine moiety. Those in equations 1.3 and 1.4 are bidentaté ligands
each containing one di-imine group (N=C-C=N). The ligands shown in
equations 1.5 and 1.6 are examples of terdentate ligands, each formally
containing one di-imine group but having in addition a second chelate

ring fused on the di-imine group.

1.3.3 Stereoisamers

It can be seen that the Schiff base di-imine ligands shown in

equations 1.3 ard 1.5 are symmetrical whereas those shown in equations



1.4 and 1.6 are unsymmetrical. The nature of such unsymmetrical
ligands means that iron(II) camplexes containing these ligands may
theoretically exist in more than one stereoisameric form.

For tris-(bidentate) iron(II) camplexes containing unsymmetrical
ligands there are four possible stereoisamers. The configurations of

these isameric forms are shown in Fig. 1.3.

£ g

_

(a)

o5

FIGURE 1.3

Possible sterecisameric forms of a camplex of the type
[Fe(LL')3) %" where LL' is an unsymmetrical bidentate
ligand. -

In forms (a) and (b), the identical ends of the three ligands lie in

a single face of the octahedron. This configuration is termed the
'fac' isomeric form. In forms (c) and (d), two of the three identical
erds of the ligands bear a meridional relationship to each other. This
configuration is termed the 'mer' iscmeric form. It can be seen that

the 'fac' isamers each possess a three-fold rotation axis of symmetry

which is absent fram the 'mer' isameric forms. Forms (a) and (b) are

non-superimposable mirror images and are therefore enantiamers.



Enanticmers have identical physical properties except for the direction
of rotation of the plane of polarized light. They also have identical
chemical properties except towards optically active reagents. Forms (c)
and (d) also constitute a pair of enantiamers. The stereoisameric
relationship between the pair of ‘mer' isamers and the pair of 'fac'
isamers is that of diastereoisamers. Diastereoisamers have similar,
though not identical, chemical properties and have different physical
properties. In principle then, at least, diastereoisamers can be
separated fram each other by fractional distillation, fractional
crystallization or chramatography.

For bis-(terdentate)iron(II) camplexes containing unsymmetrical
ligands, the existence of diastereoisameric forms of a camplex will be
deperdent of whether the terdentate ligands are necessarily planar.

If the ligands are planar then the only possible stereoisameric forms
that can exist are a pair of enantiamers depicted in Fig. 1.4(a) and
(b). If, however, the ligand may be either 'bent' or co-planar then
six stereoisomeric forms may exist, the three pairs of enantiamers
depicted in (a) and (b) and in (c) and (d) and in (e) and (f). The
former two pairs of enantiamers each possess a two-fold rotation axis
of symmetry which is lacking in the latter pair. It is generally
believed that for camplexes of this type the constituent ligands are
indeed planar.33

For the mono- (hexadentate)iron (II) camplexes of this type there are
several ways in which the ligand may be wrapped arourd the central iron
atan. Consider the case where the two halves of the hexadentate ligand
are identical, i.e. the ligand is of the type NRNR'NR"R"NR'NRN. For an
iron(II) camplex containing this ligand, eight stereoisameric forms are

possible, i.e. four pairs of enantiamers. These are shown in Fig. 1.5.

-10-



(c) {d)

K b

(f)

FIGURE 1.4
Possible stereoisameric forms of a camplex of the

type [FelL;]?* where L is an unsymmetrical terdentate

ligand.
In this figure, (a) and (b) are enanticmers, as are (c) and (d), as are
(e) and (f) and as are (g) and (h). With the exception of (g) and (h)
all the stereoisameric forms possess a two-fold rotation axis of
symmetry.

The possible existence of stereoisameric forms of iron(II) camplexes
containing unsymmetrical, multidentate Schiff base di-imine ligards
forms the basis of Chapters 5 and 6. Attempted detection of isameric
forms of the camplexes concerns the existence of diastereoisamers only.

The presence of enantiameric forms of the camplexes cannot be detected

-11-



{c)

{e) (f)
\P
{g) {h)

FIGURE 1.5
Possible stereoisameric forms of a camplex of the type

[FeL] 2* where L is a hexadentate ligand NRNR'NR"R”NR’'NRN.
by the techniques employed under the observed conditions. In Chapter
5, the likelihood of previously obtained inconsistent results of kinetic
studies involving camplexes of this type34 being the result of the
presence of isamers of the camplexes is explored. The kinetics of

alkali (hydroxide) fission of a series of iron(II) Schiff base di-imine

-12-



camplexes containing unsymmetrical ligands are studied. Possible
isameric detection rests on the supposition that the analogous rate
constants for the reactions of diastereocisameric formms of a camplex
will be sufficiently different to allow detection. In Chapter 6, the
presence of isameric forms in samples of low-spin iron(II) Schiff base
camplexes containing unsymmetrical ligands is investigated using the

'H mr technique. In this case the possibility of detection of isamers
stems fram the differing symmetries of diastereocisameric forms. Results
of further studies (kinetic, spectroscopic and X-ray crystallographic)
probing the reactivity, structure and solvation of same iron(II) Schiff

base di-imine camplexes are discussed in Chapter 7.

1.3.4 Ligand notation of iron(II) Schiff base camplexes

Throughout Chapters 3, 4, 5, 6 and 7 the following system for
abbreviating the names of Schiff base ligands is used. The ligards
were all made by cambination of one of three carbonyl campourds,
pyridine-2-carboxaldehyde (VII), 2-acetyl pyridine (VIII) or 2-benzoyl

pyridine (IX) and a primary amine. The abbreviated names of these

[ B B
H Me Ph
~ p/
N> 7 N e’ N e’
L] ] ]
0 0 0
(VII) (VIII) (IX)

ligands contain three parts, %, y and z given in the fom (x, y, 2).
The first part, x, denotes the denticity of the ligand. Thus, for
bidentate, terdentate and hexadentate ligands, x is bsb, tsb and hsb
respectively. The second part of the abbreviated ligand name, y,
irdicates the carbonyl campound used in the synthesis of the liganrd.

Thus, for ligands made using pyridine-2-carboxaldehyde, 2-acetyl pyridine
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or 2-benzoyl pyridine, y is H, Me or Ph respectively. The third part
of the ligand notation, z, relates to the primary amine used in the
preparation of the ligand. The amines used in the preparations of

the canplexes and the abbreviation for each amine are shown in Table
1.1. Thus, for example, (bsb,H,Me) is the bidentate Schiff base
di-imine ligand derived using pyridine-2-carboxaldehyde and methylamine;
(hsb,Ph,trien) is the hexadentate Schiff base ligand derived using 2-
benzoyl pyridine and triethylenetetramine. The low-spin iron(II) tris-
(bidentate) camplex [Fe(gmi)s;]?* referred to in Chapter 4 contains the

bidentate ligarnd derived fram glyoxal and methylamine.
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TABLE 1.1

Primary amines used in the preparation of iron(II)
Schiff base camplexes and their abbreviations, z.

PRIMARY AMINE Z
methylamine Me
aniline Ph
m-toluidine Ph: m-Me

(3-methylaniline)
p-toluidine Ph: p-Me
~ (4-methylaniline) -
3,4-dimethylaniline Ph: 3,4-Me,
m-anisidine Ph: m-OMe
(m-methoxyaniline)
p-anisidine Ph: p-QMe
(p-methoxyaniline) -
benzylamine CH2Ph
(phenylmethylamine)
a-phenylethylamine MeCHPh
(o-methylbenzylamine)
hydroxylamine hydrochloride CH
taurine CH2CH,S03~
(2-aminoethanesulphonic acid)
triethylenetetramine trien
(1,4,7,10-tetraaza-n-decane)
tris(2-aminoethyl) amine t2a
8-aminoquinoline 8amg
2-picolylamine 2pa
(2- [aminamethyl]pyridine)
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CHAPTER 2

Experimental



2.1 INTRODUCTION

Details of experimental procedures are presented in this chapter
Methods by which salts of iron(II) Schiff base camplexes were prepared
are described as are the experimental techniques by which these
camplexes were studied. For kinetic determinations the camputer-driven
analysis of the collected data for first-order rate constants is
described. Measurement of the solubilities of potassium iodate in
water + ethanol mixtures by titrimetric analysis, used in Chapter 3,

is also described.

2.2 PREPARATION OF IRON(II) SCHIFF BASE COMPLEXES

2.2.1 General

All the preparations of the iron(II) Schiff base complexes used in
this study involved the generation of a Schiff base ligand, be it
bidentate, terdentate or hexadentate, by the reaction of a carbonyl
canpound with a primary amine. The carbonyl campound used in the
syntheses was one of three, pyridine-2-carboxaldehyde, 2-acetyl pyridine
or 2-benzoyl pyridine. By reference to the primary amine, preparation
of the iron(II) camplexes can be split into two categories. Firstly,
are the camplexes in which the primary amine used in the syntheses was
hydroxylamine hydrochloride. In these cases the Schiff base ligand was
prepared in solution, isolated in its solid form and re-crystallized
before its reaction with Fe?' to form the canplex. Secondly, are the
iron(II) Schiff base camplexes whose preparation involved all the other
primary amines. In these cases, solutions of the three reactants, Fe?* ,
the carbonyl campound and the amine, were mixed together to generate the
camplex species without previous isolation and purification of the Schiff

base ligand in its solid form. This latter method of preparation, being
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the most frequently used synthetic procedure, is termed the 'general
method of preparation' and is outlined below in Section 2.2.2.

In all prepérations, stoichiometric amounts of reactants were used.
Thus, for the bidentate and terdentate Schiff base ligands, the
appropriate amines and carbonyl campounds were cambined in the ratio
of 1:1 in each case. For the hexadentate Schiff base ligands (hsb,R,trien),
shown in (I), and (hsb,R,t2a), shown in (II), where R=H, Me or Ph, the
appropriate amines and carbonyl campourds were cambined in the ratios of
1:2 and 1:3 respectively. In the preparations of tris-(bidentate)iron(II)
canplexes, bis-(terdentate) iron(II) camplexes and mono- (hexadentate)

iron(IT) camplexes, metal to ligand ratios of 1:3, 1:2 ard 1:1 respectively

were used.
[ a
R R
N>’ Ny
I I
NCH,CH,NHCH,CH,N
R=H, Me or Ph
(I)
/ i\
CHz \ CHZ
\ /Gh /
N N
Coy )
N N N
N N is _ /R where R=H, Me or Ph
N C
I
N
(I1)
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When solutions of salts of the camplexes in binary aqueous solvent
mixtures were prepared, the solvent mixtures were made up by combination
of known volumes of water and the co-solvent. Solvent camposition is
described in tems of the volume percentage of the co-solvent in the
solvent mixture, x vol % co-solvent, i.e. if y was the volume of co-
solvent and z the volume of water before mixing, then x = [y/(y+2)] %
100 vol % co-solvent. For example, a 40 vol % MeOH solvent mixture was
prepared by the cambination of 40 an® of methanol and 60 an® of water.

Solutions of camplexes to be used in kinetic studies were made up so
that the initial absorbances of the reaction mixtures were approximately
1 (thus, the initial concentrations of the camplexes in the reaction

mixtures were in the region of 107*M).

2.2.2 General method of preparation

Salts of iron(II) Schiff base di-imine camplexes, whose preparations
involved a primary amine other than hydroxylamine hydrochloride, were
first prepared by the same general method using stoichiametric amounts
of iron(II) chloride tetrahydrate, amine and carbonyl campourd.

Methanolic solutions of the appropriate amine and carbonyl campound
were mixed together and allowed to stand for at least 10 minutes in order
to generate the 'in situ' Schiff base ligand. This solution was then
added to a solution of iron(II) chloride tetrahydrate which contained a
couple of drops of glacial acetic acid. A microspatula of sodium
dithionite was added and the intensely coloured solution was allowed to
stand for about 1 hour at roam temperature. After filtering through
'celite filter-aid' most of the solvent was evaporated off and the

residue was taken up in water. The solution was filtered through 'celite
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filter-aid' again. The perchlorate, hexafluorophosphate, thiocyanate
or iodide salts of the iron(II) camplex species were precipitated by
the addition of saturated aqueous solutions of sodium perchlorate,
potassium hexafluorophosphate, ammonium thiocyanate or potassium iodide
respectively. The chloride salt was obtained by evaporation of the
solution until precipitation occurred. The filtered solid was washed
thoroughly with water, ethanol and ether and dried in vacuo at roam
temperature over phosphorus pentoxide. In cases where the quantity

or quality of the product was low, the procedure was repeated under an
inert atmosphere of nitrégen.

Modifications to this general method of preparation are detailed in
the chapters where they are used. Modified methods of preparation were
used either in an attempt to produce samples of camplexes containing
differing proportions of isamers or to obtain the most satisfactory 'H
mmr spectra. Such modifications include a change in the order of mixing
of the reactants and changes in the time scale of the preparation of the
salts. The order of mixing of reactants has been found, in scame cases,
to be important. For example, in the preparation of [Fe(gmi)s] 2%, where
gni is the bidentate Schiff base ligand derived fram glyoxal and methyl-
anine, the camplex is generated in solution only if the solutions of Fe?*
ard methylamine are cambined first, with subsequent addition of the
solution of glyoxal. Samples of the camplex cannot be obtained when the
'in situ' Schiff base ligand is generated in solution first, the ligand

being formed only in very low yield in this case.

2.2.3 Preparative method involving the use of hydroxylamine hydrochloride

When the primary amine used in the synthesis of a camplex was hydroxyl-
amine hydrochloride, the Schiff base ligand was prepared, isolated and

purified befare being cambined with Fe?* to form the camplex in solution.

-21-



Methyl-2-pyridyl ketaxime (IIT) and phenyl-2-pyridyl ketoxime (IV) were
prepared by the reaction of hydroxylamine hydrochloride with 2-acetyl

pyridine or 2-benzoyl pyridine respectively. 0.5g of hydroxylamine

CH;
e

N-OH N-OH
(III) (IV)

hydrochloride was dissolved in 3 an® of water to which solution was added
6 an® of 10% Na,CO;.10 H,0 solution. 0.2g of the carbonyl campound was
added with just sufficient methanol to produce a clear solution. The
mixture was heated on a water bath for 10 minutes and then cooled in

ice. Precipitation of the white crystalline product was induced by
scratching the side of the vessel with a glass rod. The filtered product
was re-crystallized fram hot ethanol.

In the preparations of the iron(II) camplexes using the ketoxime
Schiff base ligands and iron(II)chloride tetrahydrate, stoichicametric
amounts of the two reactants were used. The iron(II) salt was dissolved
in water and a microspatula of sodium dithionite was added. The solution
was made acidic by the addition of drops of dilute sulphuric acid (until
the pH of the solution, as measured using universal indicator paper, was
approximately 3). A stoichiametric amount of the ketoxime ligand was
added. In the case of methyl-2-pyridyl ketoxime the solid was added,
when phenyl-2-pyridyl ketoxime was used a solution of the ketoxime in
ethanol was added. In the former case, the reaction mixture was stirred
until the solid had dissolved, in the latter case, the solution was stirred
for 10 minutes. The reaction mixture was then filtered using 'celite
filter-aid' and the perchlorate salt of the camplex was precipitated by
the addition of a saturated aqueous solution of sodium perchlorate. The

precipitate was washed with water, ethanol and ether and dried in vacuo
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over phosphorus pentoxide.

2.3 COLLECTION AND ANALYSIS OF KINETIC DATA

2.3.1 First-order rate constants

The rate of a reaction may be defined in terms of the rate of
disappearance of a reactant (equation 2.1). For a first-order process

rate = -d[reactant] cees [2.1]
dt

in which a species A reacts to form a product P the rate law takes the
form shown in equation 2.2 where k; is the first-order rate constant
for the reaction. Integration of equation 2.2 yields equation 2.3

-d[a] = k, [A] ceen [2.2]
at

which can be rewritten as shown in equation 2.4. [A]o and [A]¢ are the

concentrations of species A at time t=0 and at time t respectively.

Inf[alo) = ks t cee. [2.3]
(Alt

[Aly = [Alo exp (ki1 t) ... [2.4]
The latter equation shows that the concentration of A falls exponentially
with time with a rate determined by k;.

The half-life of a chemical reaction, ti, is ‘defined as the time taken
for the concentration of a reactant to fall to half its initial value.
For the case in question the half-life is the time taken for the concen-
tration of A to fall fram [Al, to %[Alo. Thus, from equation 2.3 the
half-life and rate constant for a first-order reaction are related as
shown in equation 2.5. It can be seen that for such a reaction the half-

t;§=ln2 ee.. [2.5]
ki

life is independent of concentration.
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For second-order reactions following the type of rate law shown in
equation 2.6 the rate law can be simplified using the 'isolation
method'. In equation 2.6 species A and B react together to form a

-d[a] = k; [A][B] ceen [2.6)
at

product P. k2 is the second-order rate constant for the reaction. If
species B is present in such great excess that its concentration does
not change significantly during the course of the reaction, then [B] may
be absorbed into the rate constant to give a new rate constant keops which
is first-order (equation 2.7). Thus the rate law simplifies to that

Kobs = k2 [B] ceee [2.7]
shown in equation 2.8. This is a pseudo-first-order rate law. Thus,
when [B]> [A] the second-order reaction obeys a first-order rate law and

-d[A] = kobs [A] vee. [2.8)
at

as such can be treated in the manner shown earlier.

The kinetics of reactions of many low-spin iron(II) di-imine camplexes
having reaction orders greater than one have been imnvestigated using the
isolation method. For example, hydroxide attack at low spin tris-(biden-
tate) iron(II) camplexes has, in general, been shown to follow the rate
law given in equation 2.9. k;, k2, ks and k4 are first-, second-,

-d[camplex] = (k) +k2[OH™] +ks3[0H™]? +k.[OH]?) x [complex]
dt eeee [2.9]

third- and fourth-order rate constants respectively. The k; and ki terms
are generally only significant for certain camplexes at high concentra- |
tions of nuclecphile. k. may be simply a reflection of specific ion
effects. Irrespective of the relative significance of such terms, under
conditions where [OH7]> [camplex] then an overall first-order rate

constant for the reaction, Keps, Can be measured (equation 2.8). Thus
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if, for a given camplex, the kinetics of alkali fission follow a rate
law in which the k3 and k, terms are negligible, then under the conditions
[OH™]>» [camplex], kqopg =K1 +k2[OH™]. If only the ky, term is insignific-
ant then kgpe =ki +kz[OHT) +k3[OHT)?, etc.

Observation of the rate of decrease in the concentration of a reactant
can be accamplished spectrophotamnetrically by measuring the change in
absorbance of the reactant with time. The absorbance, P, of a single

species A in dilute solution in monochramatic light of wavelength A is

related to the concentration of A by the Beer-Lambert Law (equation
2.10). Io and It are thé intensities of the incident and transmitted

P= log10<53>= €y [A]L cee. [2.10]
It

light respectively at wavelength A, €; is the molar extinction coeffic-
ient of A at wavelength A, [A] is the concentration of species A and £
is the pathlength. The total absorbance of a solution at wavelength )
is equal to the sum of the absorbances at that wavelength of all the
camponents of the solution (equation 2.11). €, and €g are the molar
P=¢cp[a]L +eg[BlL + .... eee. [2.11]
extinction coefficiem;.s of species A ard B in the solution at wavelength
X 4
For a first-order reaction monitored by observing the change in
absorption of a species A at the wavelength of its absorption maximm,
Amax, Ccambination of equations 2.3 and 2.10 yields equation 2.12. Pg
is the initial absorbance of A, i.e. at t =0, Pt is the absorbance of A
at time t and P, is the absorbance of A when the reaction is camplete,

i.e. at t=«, This equation provides a means of calculating first-order

Inf[Alo\ = In|(Po -Ps)| = k1 t eese [2.12]
[A]t (Pt ‘Poo)
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rate constants fram sets of experimentally observed absorbance/time
data.

For low-spin iron(II) di-imine camplexes the dramatic changes in P
at their absorption maxima in the ultraviolet/visible region as the
canplexes undergo reactions makes spectrophotametric monitoring of the
reactions of these camplexes a particularly useful way of studying

their reaction kinetics.

2.3.2 Analysis of absorbance/time data

Experimentally observed absorbance/time data were analysed by the
minicomputer (see Section 2.3.3) for first-order rate constants using
the non-linear least squares procedure described by Moore.l Rearrarnge-
ment of equation 2.12 yields an expression for the absorbance at time
t, Pt (equation 2.13). Thus Pt is defined by three independent

Pt = (Po - Px) exp (ki t) + Poo eeo. [2.13]
variables, Py, P, and k; (equation 2.14). The general differential
Py = Pt [Po, Pes kil cee. [2.14)

of equation 2.14 is given by equation 2.15.

¢ = (3y) o + (3r) @B, + (3P¢)
oPo ) 9k,
oo, K1 o, k1 Po, P [2.15]

Fram equation 2.13, the partial differentials in equation 2.15 are

given in equations 2.16, 2.17 ard 2.18.

9&=exp(—k1t) = Q) ee.. [2.16]
oPo

Pty = 1 -exp (ki1 t) = 0> e [2.17]
ap,, '

EP_t = -t (Po- Poo) exp (‘k1 t) = QO3 asee [2.18]
ok

Equation 2.15 can be written to give equation 2.19.
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dPy = a; dPgy + 0y dPy + 03 dk; eess [2.19]

The analysis is initiated using estimates of Py, P, and k; entered
into the minicamputer at the beginning of the run. Fram these
estimates, absorbances Pt(calc) at each time t are calculated and the
differences between observed and calculated Pt at each data point are
obtained, i.e. dPt =Pt(obs) - Pt(calc). In order to improve the fit,
a,, 02 and a; are calculated fram equations 2.16, 2.17 and 2.18 at each

time step t and the quantity Q defined in equation 2.20 is minimized.

Q = L(dP¢ - 0,dPg - 0,dP, - a3dk;)? ee.. [2.20]

When Q is at a minimum then dQ/dX = 0.

dQ/dPy = La12dPg + La102dP,, + Za103dk; - Za1dPy = 0 .... [2.21]
dQ/dP,, = La,0,dPg + Lo dPy + Lopasdk) - Zo2dPt = 0 .... [2.22]
do/dk, = Io30,dPo + Za30,dPy + Zas?dk; - ZasdPy = 0 .... [2.23]

This information can be arranged in matrix form:

201.12 ZOL;_OL] ZOL30L1 dPo ZOL1dPt
Zuzal ZOtzz Za2a3 cho ZazdPt
ZC{.3C11 Zaz(xs Z(l32 dk1 Za3dPt
X B Y
Thus, ¥ = BX ce.. [2.24]

Calculated parameters a:, 0, and o3 are placed in array X and
equation 2.24 and solved for B (i.e. for dPo, dP, and dk,) using a
linear least squares method.2 The camputed correctors improved estimates
of Po, P and k;, i.e. Po(improved) =P (previous) +dP,. Improved
Pt(calc) at time t is obtained fram equation 2.13 and campared to the
observed absorbance Pt (obs). If the agreement between Pt(calc) and
Pt (obs) is poor, the cycle is repeated until either I[Pt (obs)- Pt (calc)]?
is at a minimum or is camparable to the magnitude of the estimated

experimental precision. The analysis is camplete and estimates of Pg,
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P, ard k; together with their standard errors are obtained.

2.3.3 Spectrophotametric apparatus

The Pye Unicam SP 800 spectrophotameter monitored the absorbances
of solutions in the ultraviolet/visible region (200-750 rm). The
spectrophotameter was capable of measuring the change in absorbance
with time over a pre-set range of up to 400 rm. Such repeat wavelength
scans provided information concerning Apmax useful in subsequent kinetic
analysis using the SP 1800 spectrophotameter. They also provided a
useful check that the reactions went to campletion and allowed detection
of the existence of isosbestic points. The cell campartments were
thermostatted by circulating water at constant temperature. This was
achieved by means of a water bath with a contact thermameter and relay-
controlled heater.

The Pye Unicam SP 1800 ultraviolet/visible spectrophotameter measured
the change in absorbance with time of solutions at a single wavelength
in the region 190-820 rm. It was capable of handling up to three sample
cells and three reference cells. The sample cells were housed in an
insulated copper cell block cooled by circulating water and thermostatted
by means of a heater coil and platinum resistance thermameter connected
to a Wheatstone bridge. The electronically controlled thermostat unit
was linked to a digital thermameter which gave readings fram the
temperature probe in the cell carriage to an accuracy of *0.005K. The
spectrophotameter was connected to a Microprocessor Instrumentation of
Kinetic Experiments interface which was in turn connected to a Hewlett-
Packard 9825A (24K) minicamputer via a digital voltmeter. The mini-
canputer was also connected to a Hewlett-Packard 7245A plotter. The
Hewlett-Packard BASIC program written by Dr. M. J. Blandamer controlling

the camplete system required certain information before initiation of a
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kinetic run. | This information included estimated values of the initial
and final absorbance readings and rate constant, the number of readings
before calculation of a rate constant and the nmumber of readings
between consecutive calculations. During a kinetic run, absorbance
and time data for each cell were stored in the camputer's memory and
printed out by a thermal printer. After monitoring each cell for at
least 2.5 half lives the minicamputer calculated the final values of
the first-order rate constant, initial and final absorbance readings
using a non-linear least squares procedure. First-order plots were
obtained at the end of each analysis fram the plotter connected to the

minicomputer.

2.4 'H NUCLEAR MAGNETIC RESONANCE SPECTRA

The iron(II) Schiff base camplexes prepared especially for use in
the 'H mr study were obtained as the hexafluorcphosphate salts of the
camplexes. These salts were obtained using a modified version of the
general method of preparation, modified method (V), which is described
in Chapter 6 (Section 6.2). This choice of anion reflected the
increased solubilities of the PF¢ salts of the camplexes in ds-
acetonitrile. The samples of the camplexes in djz-acetonitrile were
made as concentrated as possible. 'H rmr spectra were first obtained
using a Varian EM 390 (90 MHz) spectrameter with tetramethylsilane (TMS)
as the internal reference. Where appropriate, 'H mmr spectra of the
samples were then obtained using a Bruker AM 300 (300 MHz) spectrameter.

All spectra, unless otherwise stated, were measured at roam temperature.

2.5 SOLUBILITIES OF SALTS OF IRON(II) COMPLEXES

Measurements of solubilities were made using the Pye Unicam SP8 100
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spectrophotaneter.
Solubilities of salts were measured by the preparation of saturated

solutions of the salts in solvents of given camposition (for binary
aqueous solvent mixtures, solvent campositions were described in terms
of x vol % co-solvent, see Section 2.2.1) and subsequent spectrophoto-
metric estimation of the absorbances of the solutions at values of Apax
in the visible region. Saturated solutions were prepared by agitation
of an excess of solid with the solvent in a thermostatted vessel for
several hours. An aliquot of the saturated solution was removed,
diluted when necessary to give an absorbance reading of approximately
1, and its absorbance atr Amax Measured. In cases where all the excess
solid in the vessel containing the saturated solution was not settled
on the bottam of the vessel, the solution was centrifuged. Solubility
measurements were made at 298.2 K.

The absorbance of a single substance A in dilute solution at wave-

length A is related to the concentration of A, [A] given in mol dm~3,
by the Beer-Lambert Law, see equation 2.25, where €; is the extinction

P=c¢, £ [A) ve.. [2.25)
coefficient of A at wavelength A, given in mol™! dm® an™!, and £ is the

pathlength in am.

2.6 SOLUBILITY OF KIOj3; IN WATER + ETHANOL MIXTURES

The solubility of potassium iodate in water + ethanol mixtures was
determined by volumetric analysis. Free iodine liberated by the
reaction of potassium iodate with an excess of potassiurq icdide in
acidified solution (equation 2.26) was titrated with standard sodium
thiosulphate solutions (equation 2.27). The indicator used in the

103~ +5I° +6H' — 3H,0 +3I, eee. [2.26]

I, +2S,03%7 — 5,062 + 21" vee. [2.27)
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titrations was starch solution. With free iodine, starch solution
produces a deep blue colouration, the blue colour disappearing as soon
as sufficient sodium thiosulphate has been added to react with all the
iodine.

Saturated solutions of potassium iodate in water + ethanol mixtures
were prepared by agitating excess of the solid with the appropriate
solvent mixture in a darkened, thermostatted vessel. The solvent
camposition scale used was volume percentage of ethanol in the solvent
mixture, x vol % EtOH. The definition of x vol 2 EtOH was given in
Section 2.2.1. Starch indicator was prepared by mixing lg of starch
with water to form a thin paste. The paste was poured into about 250
an® of boiling water, boiled for 2 or 3 minutes and then cooled for use.
Each titrimetric run was carried out as follows. Ensuring that the
undissolved solid was settled on the bottam of the vessel, 2 an® of the
saturated KIO; solution was removed by pipette and diluted to 25 cm3.
Excess potassium iodide was added and the solution was acidified with
dilute sulphuric acid (see equation 2.26). The sodium thiosulphate
solution was run into the potassium iodate solution fram a burette until
the colour of the latter changed to pale yellow. Then a few drops of
starch solution were added producing a blue colouration. Further drop-
by-drop addition of the thiosulphate solution was continued until the
blue colouration disappeared.

Before the solubility of potassium iodate in water + ethanol mixtures
was determined by titration, a preliminary titrimetric investigation was
undertaken. A reported value of the solubility of KIO; in water was
used to estimate the required molarity of a sodium thiosulphate solution
that would result in the use of 25 am® of the solution when it was

titrated with 2 an’® of the saturated aqueous KIO; solution. Preliminary
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titrations were carried out using a sodium thiosulphate solution of
this molarity (0.1934 M) to ascertain the approximate volumes of the
solution used in titrations with 2 am® of saturated solutions of
potassium iodate in the water + ethanol mixtures. Fram these measure-
ments the molarities of sodium thiosulphate solutions needed to result
in the use of 25 am® titres of the solutions when they were titrated
against 2 an® of the saturated solutions of KIO; in water + ethanol
mixtures were estimated.

Values for the solubility of potassium iodate in water + ethanol
mixtures obtained were the average of least four titrimetric runs.
The accuracy of the analysis procedure had been checked by titration
of solutions of known concentration of KIO; in varying water + ethanol
mixtures against standardized sodium thiosulphate solutions. Sodium
thiosulphate solutions had been standardized by titration with potassium

permanganate. The error involved was less than 1%.
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e
GHAPTER 3

Solvation of lons in Water
+ Ethanol Mixtures



3.1 INTRODUCTION
3.1.1 Background

There is much work in the literature concerned with the investigation
of the solvation characteristics of inorganic ions in binary agueous
mixtures by means of studying the transfer chemical potentials of ions
in these systems. In these cases the transfer chemical potential of an
ion, 6mue, is the change in its chemical potential upon transference
fram water to a water + co-solvent mixture. Therefore it would not
seem to be, at first sight, a difficult task to bring together the
available data for any one binary solvent system in order to produce
a camprehensive study camparing the solvation characteristics of ions
in that system. This, however, is not the case. A closer inspection
reveals a diversity in the methods of measurement and subsequent
calculation of the transfer parameters for single ions such that casual
camparison of the reported values could be at best misleading and at
worst meaningless.

The majority of the relevant work in the literature is based on
solubility and electrochemical data for salts fram which the transfer
parameters of the salts can be calculated. The derivation of single-
ion transfer parameters fram thcsse calculated for salts can be achieved
only by the introduction of an extrathermodynamic assumption. [This is
in contrast to certain other techniques such as rmr spectroscopy which,
under certain conditions, yield single-ion transfer properties.] There
are over 20 such extrathermodynamic assumptions quoted in the literature
and agreement between estimates for a given ion derived using different
extrathermodynamic assumptions ranges fram good to poor. That the
single-ion values obtained depend on the assumption used has meant that

the comparative worths of the different assumptions have been a hotly
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disputed subject of discussion. The failure, as yet, to prove
unequlvocally the superiority of one or more of the methods over the
rest means that the camparison of single-ion values derived using
different extrathermodynamic assumptions is undesirable and, indeed,
uninformative at anvthing other than a very superficial level. [It
should be remembered that the differences between Gmuﬁ (ion) values for
ions of identical charge are independent of single-ion assumptions.]

Even in cases where authors have incorporated the same extrathermo-
dynamic assumption into their analysis the problem is not entirely
eliminated. Reported transfer parameters may be on the molal, molar
or mole fraction scale depending on the camposition scale used when the
concentration of the salt was measured. These solute camposition
scales are used variously by different authors depending on the use to
which the data are to be put. For thermodynamic treatments the molal
rather than the molar scale is preferable to avoid concentration being
a function of T and p. For treatments linking thermodynamic and kinetic
data the molar scale is favoured. In the present case, standard transfer
parameters on the molar scale are most apt as they provide a direct
measure of the interaction of the solute with the solvent. This is
because they are devoid of any contribution fram the ;:.ranslationa.l
degree of freedam of the solute.1 Conversion between these scales is
fairly straightforward but tedious. This also applies to the binary
aqueous solvent camposition scale which can be measured in terms of
weight percentage, volume percentage or mole fraction of co-solvent.
Methods used by different authors to describe a given solution also
differ.

It would seem, therefore, that the sourdest way of producing a useful

study of the solvation of ions in a given binary solvent system using
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the data available in the literature would be to calculate single-ion
transfer parameters fram the basic solubility and electrochemical
measurements for saits given therein using the same solute camposition
scale, solvent camposition scale and extrathermodynamic assumption
throughout.

This is what has been attempted here for a range of simple and cam-
plex ions in water + ethanol mixtures. Transfer chemical potentials
were calculated on the molar composition scale for solutes and the
weight percentage ethanol camposition scale for the mixed solvents.
The extrathermodynamic assumption used in the analysis was the tetra-

phenylarsonium tetraphenylboronate (TATB) assumption.

3.1.2 Extrathermodynamic assumptions

The many methods which have been proposed for splitting transfer
parameters for salts into their ionic contributions all require the use
of extrathermodynamic assumptions. These methods and the assumptions

2,3,4,5 Same of the

they involve have been reviewed by several authors.
earlier methods are now generally discredited whilst assessment of the
relative values of others awaits further testing.

Many of the-proposed methods involve the develomment or modification
of earlier suggestions so it is possible to group the methods into a
number of basic categories. This was done recently by Marcus® who out-
lined the following categories:

( i) the determination of 'real' potentials;

( ii) the assumption of a negligible liquid junction potential;
(1ii) electrostatic models;

( iv) extrapolation methods;

( v) the assumption of a constant Gibbs free energy of solvation of

a reference ion;
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( vi) the assumption that a reference ion and its uncharged analogue
have the same difference in Gibbs free energies of transfer in

a given solvent system;

(vii) the assumption that a reference cation and a reference anion
have the same Gibbs free energy of transfer in a given solvent

system.

The TATB assumption belongs to the last category in this list. 1In
this assumption tetraphenylarsonium tetraphenylboronate is the reference
electrolyte and the transfer chemical potential of the cation, Ph,As”,
is equated to that of the anion, BPh, . Such pairs of reference ions
need to be large, symmetrical ions of similar size and structure. The
central atan and the charge thereon are buried under large organic
residues in order to minimise specific interactions with the solvent
ard the surface charge density. This method was first proposed by
Grurwald et 2.7 using tetraphenylphosphonium tetraphenylboronate
(Ph,PBPh,) as the reference electrolyte. Alternative electrolytes were
later suggested, i.e. Phn.AsBPhu8 and TABBPhn.9 (where TAB® is the tri-
isocamyl-n-butylammonium cation). This approach to the estimation of
single-ion transfer parameters has been used and discussed by a number
of authors® % and the use of TATB as the reference electrolyte has been

the subject of several critical studies.ls'17 In discussing the

relative merits of proposed extrathermodynamic assumptions, Marcus6
reached the conclusion that the reference electrolyte method has the
strongest conceptual basis and that the TATB assumption is the most

favourable method available for deriving single-ion transfer parameters.

3.1.3 Methods used by other authors

In addition to the single-ion transfer parameters presented here

derived using the TATB assumption, correspording values for ions

calculated by authors using different data or a different extrathermo-

~-37-



dynamic assumption are included, where available, for camparison.
These are most camonly taken from the works of Popovych and D:'Lll,18
C. F. wells™® and Bax, de Ligny and Riemijnse.20

Popovych and Dill18 employed the TABTB assumption in the same manner
as the TATB assumption used here. Their choice of reference electrolyte
was based on the equality of the Stokes radii of its ions in water and
in ethanol.

The set of single-ion parameters presented by Wells19 was derived
fram experimentally determined values for AG»Ce (H'). This free energy
of transfer of the proton was considered to be the sum of two contribu-
tions. Firstly, the free energy of transfer of the aqua-proton fram
H,0 into the solvent mixture, which was calculated by means of the
Born equation. Secondly, the free energy due to rearrangement of the
solvent molecules after transference, which was derived using spectro-
scopic measurements on p-nitroaniline in Hy0 + ethanol. Wells has used
this approach in studying ionic solvation in several binary aqueous

21-25 14 appears, however,

solvent mixtures other than water + ethanol.
that this series is marred by certain ambiguities and inconsistencies.
These problems, including uncertainty as to the exact nature of the
entity being transferred, the non-rigorous approach to the defiﬁition
of activity coefficients and the lack of precise indication as to extra-
thermodynamic assumptions used, have been explored by Blandamer et a_l.26
The approach is also restricted by its applicability being limited to

6,21,22 ells used the 4GS (H') values to

water-rich solvent mixtures.
obtain single-ion values for anions, X , using electrochemical data for
HX, i.e. AGte (x7) = AGte’ (HX) - AGte (H'). From these, values for cations,
M" and M2t , were derived fram solubility and electrochemical data for

MX and MX, salts and so on.
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The method used by Bax et i.zo to estimate single-ion transfer
parameters fram water into water + ethanol mixtures was first proposed
by Alfenaar and de Ligny.27 This model was based on the supposition
that the transfer chemical potential of a dissolved ion, Au®, can be
split into 2 contributions Auﬁeutral and Augl . The formmer accounts for
Van der Waals interactions of the ion with the solvent and for a very
large ion is taken to be equal to the chemical potential of an
uncharged particle of the same physical properties. Augl accounts for
the interactions of the charge of the ion with the two solvents involved
and is predicted by the Born equation. Modifications to this method

28-31 ¢4 account more precisely for specific

were later introduced
interactions such as ion-sclvent quadrupole and solvent dipole-solvent
quadrupole interactions. The model finally proposed concluded that for
hypothetical M* and A” ions of equal radius the following equation
holds for the transfer fram one solvent to another:

m® E) - 5 + 50 @) = a®Eh - oo 3.1
where C is a collection of terms describing electrostatic interactions
in terms of the dipole and quadrupole moments of the two solvents, the
distance between the jion and solvent molecules in the primary solvation
layer and the number of coordinated solvent molecules around the M and
A” ions. Evaluations of the l.h.s. of equation [3.1] ard of C for
varying radii of camponent ions, r, were plotted against l/r. Matching
of the two curves and extrapolation to a cammon intercept yielded a
value for Aue(H+) . M¥(A") values were calculated fram those of
M EY)+ A% @) and AT (MY) values fram au® (') - a®rh).

Where values reported by these and other authors are included they

have all been converted to the same solute camposition scale (molar) and

the same solvent camposition scale (weight percentage ethanol).
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3.1.4 Ton solvation in binary agqueous mixtures

Investigation of the solvation of ions in binary aquecus mixtures
by means of thermmodynamic transfer parameters be they free energies,
entropies or enthalpies of transfer has been widely practised for many
years. Positive values of free energies of transfer indicate that the
solute exists in a higher energy state in the solvent mixture than in
water. That is to say that the ion is more favourably solvated in
water than in the solvent mixture.

Qualitative interpretation of these parameters requires consideration
of the solvation pattern of the ions in the solvent mixtures and in the
pure solvents. The interactions between the ion and each solvent must
be considered as must any modifications to inter- and intra-solvent
interactions caused by the presence of the ion.

There are mumerous types of solute-solvent and solvent-solvent
interactions, the relative importance of which may vary greatly for
different ions in different solvent systems depending on the properties
of both the solute and the solvent. In the case of the solute, i.e.
the ions, important considerations include size, electrical properties
(charge, dipole mament, polarizability), H-bonding ability and the size
a-nd relative positions of polar and apolar residues. For solvents it
is important to consider the degree of association within the solvents
and the nature of this association, the relative acidities of the
solvents, local charge distributions and dielectric constants amongst
other properties.

With the existence of so many possible contributory factors, single-
ion transfer parameters can be interpreted in several different ways by
emphasising different aspects of solvation. Thus, for example, results

have been discussed in the literature in termms of Born-charging,
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specific solute-solvent interactions, solvation zones and solvent
structure. Authors have often described the behaviocur of one set of
ions in terms of certain solute and/or solvent criteria and then
described that of another set of ions by totally different criteria.
However, detailed analysis of the solvation of ions in terms of the
balance achieved between possible contributory factors must realistic-
ally await the proposition of sets of single-ion transfer parameters
that are more or less universally accepted.

In discussing specific ion-solvent interactions it is perhaps best
to introduce the concept that the solvation energy of an ion is made
up of an electrostatic contribution and a neutral c:ontribution.32 Many
authors have used this proposition to calculate the solvation energies

7,33-35 The electrostatic camponent consists of contributions

of ions.
due to Born-charging and to short-range specific solute-solvent inter-
actions. These short-range terms include ion-dipole, ion-quadrupole
and ion-induced dipole interactions. The neutral component consists
of energy contributions that would be present even if the solute mole-
cule was uncharged. This consists of the free energy required to create
a cavity of suitable size to accammodate the solute molecule ard a
contribution due to other specific solute-solvent interactions including
dipole-dipole, dipole-quadrupole and dispersion interactions.

The general picture describing the enviromment of an ion in aqueous
solution can be depicted as shown in (I).1036:37

(3) is the primary solvation shell arourd the ion (®). The water
molecules in this solvation zone interact or bond direcﬁly with the ion.
In this region dielectric saturation occurs. Contributions to the

solvation energy in this zone are a function of the coulambic interaction

between the ion and the charge on the oxygen atam of the water molecule
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in the case of a cation, or between the ion and the charge on the
hydroxyl hydrogen for an anion. 38

Zone (B) is the region of secondary solvation in vhich field-induced
molecular orientation may be strongly assisted by H-bonded correlation
with water molecules in the primary solvation shell. Dielectric
saturation may occur in this region. The ion and solvent molecules
are far enough apart for the contribution to the solvation energy to
be considered as that given for the interaction between a point charge
and a structureless dipole.

Zone (C) is a disordered region or 'fault zone' separating the
ordered (@A) and ([B) regions from the differently ordered region () .
The volumes of regions ([B) and (C) depend on the nature of the ion
involved.

Zone (D) is the bulk solvent and in this region the distance from the
centre of the ionic charge is great enough and the ionic field is weak
enough for any contribution to the solvation energy to be ccnputed by
Born-charging. 38

Ions that are 'structure-breakers ' will have a relatively small

structure-making region, i.e. small (&) and (B) zones whereas 'structure-
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making' ions will have relatively small (C) zones.

This general picture also holds for the solvation of ions by ethanol.
For water + ethanol mixtures the ratio of solvent molecules of each
type in regions (A) to (D) must be considered as must the effect on
the solvation energy of the ion by replacing water molecules with
ethanol molecules in the different zones. For example, for smaller
ions in particular there will be a steric effect which will favour the
occupation of the primary zone by water molecules rather than bulkier
alcohol molecules. This will be more pronounced the larger the alkyl
group in the alcohol.

Interpretation of single-ion transfer parameters involving references
to solvent structure requires same consideration of the structure of
liquid water, ethanol and water + ethanol mixtures.

Water is a highly associated liquid due to its H-bonding ability.

A water molecule is able to form four approximately tetrahedrally

36 The axygen atam can act

disposed H-bonds arourd the axygen atom.
twice as donor (H-bording fram its two hydrogen atams) and twice as
acceptor (H-bonding to its two lone pairs). The co-operative nature

of this bonding, i.e. that the mutual polarization of the participating
molecul-es is of a kind to strongly facilitate further bonding, results
in the formation of short-lived but tetrahedrally structured H-bonded
clusters.

Lunry et ?&39 proposed that water consists of a randam network of
H-borded molecules, termed the long bord form, in which are embedded
the structured H-bonded units, termed the short bond form. The minimum
cluster is the pentamer or tetramic fragment which allows simultaneous

bond contraction with increased bond lengths to the central water mole-

cule. These water molecules are linked by short, stiff, linear H-bonds
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and this rigid geametry increases the free volume much of which is
available to solutes. In the long bond form, molecules are held
together by simple H-bonds having the strength associated with water
dimers. The increase in bending, librational and rotational freedam
means that the free volume decreases and becames less available to
solutes. The fluctuation between the short bord and long bond forms is
termed 'geametric relaxation'. Lumry et a_l.39 estimated that at 295 K
only about 10% of the water molecules are in the short bond form, the
rest being part of the long H-bonded network.

Alcohols, like water, are also associated in the liquid state
although not to the same extent. Although theoretically each alcohol
molecule is capable of forming three H-bonds (twice acting as donor,
once as acceptor) it appears to form no more than two (acting once as
donor, once as acceptor). Thus the formation of three-dimensional
clusters like in water is not possible in alcohols. Instead there is
a rapid equilibrium between very short-lived polymeric chains of
assorted but finite length having a degree of rigidity due to appreciable
hindrance of internal rotation.

The excess Gibbs free energy of mixing for water + ethanol mixtures
is positive and nearly symmetrical about Xgioy = 0.5 being a function of
the negative and unsymmetrical excess enthalpy and excess entropy of
mixing. It is generally accepted that addition of small quantities of
ethanol to water leads to structure enhancement in the mixture relative
to that in water. The alcohol molecules are believed to occupy the
cavities in the water clusters and to stabilize the structure. This
stabilization increases until a point is reached when no more ethanol
molecules can be accamodated in the cavities and after this a progress-

ive decrease in structure in the mixture ensues with the continued
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addition of alcohol.

3.2 METHOD

3.2.1 Description of the system and definitions of standard states

Consider a system containing three camponents, 1, 2 ad 3, at
equilibrium at temperature T and ambient pressure p (zpe) . The total
Gibbs function, G, of the system is given by equation 3.2, where ny and
ux are the number of moles of x and the chemical potential of x respec-
tively.

GEUT) = 0y ®H(T) + nzua *H(T) + naus % (D) e [3.2]

The system consists of a solvent, a mixture of camponents 1 arnd 2,
having constant camposition indeperndent of n; ard a solute, component
3. The chemical potential of j, where j =1 or 2, is given by equation
3.3, where Limit (xj~+1.0), the activity coefficient, £;=1.0 at all T
and p. U j*(f.) , the reference state for the solvent camponent, is the

pj = ui* (@) +RD 1n (x5 £;) ee.. [3.3]
chemical potential of the pure liquid j at the same T and p .

The chemical potential of the solute, u;, is related to the concen-
tration, c3, by equation 3.4, where Limit (c; +0), the activity
coefficient on the concentration scale, y; =1.0 at all T and P. The
definition of y; requires that the properties of camponent 3 approach
ideal as the system becames infinitely dilute in camponent 3. ps° is

U3 =u39+RI‘ln CaYs eee. [3.4)
Cr

the standard chemical potential of 3 in a solvent "1 +2" where c; =1 and

Yc=1 at the same T and p. cy is a reference molarity ('1 mol dm™?3).
Consider the transfer of solute 3 fram water (x; =0) into a solvent

of mole fraction x,. In such a case the transfer chemical potential of

the solute, dmuae, is defined as the difference between the standard
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chemical potentials of solute 3 in the solvent mixture of canposition
X; ard in water, i.e. x; =0 (see equation 3.5). The reference state,
Smits” ([x2 =0) »Xz) =us° (x2) - us® (x2 = 0) eee. [3.5]

i.e. solvent, x2 =0 is taken as camprising solute 3 in solvent 1 and
changes in standard chemical potentials of 3 arise as substance 2 is
added (i.e. x2>0).

Extending the description of the system, let substance 3 be a salt
such that, camplete dissociation of one mole of the salt yields vy moles
of cations, M®, and vy moles of anions, X®~ (equation 3.6).

+ - -
My Xop —= vy MY+ vy X° oo [3.6]

The transfer chemical potential of the salt, Spu 3&, is related to
the transfer parameters of the constituent ions, <3me and Gmu?, by

eguation 3.7.

Smhs. = Vy Sple + vg Spus el [3.7]

3.2.2 Calculation of transfer chemical potentials for salts

The data used in this study had been presented in the literature in
various forms - solubilities, solubility products, medium effects, free
energies of transfer, transfer chemical potentials, etc. Each set of
data selected fram the literature was systematically processed, where
necessary, to yield transfer chemical potentials, Gmue, for salts in
kJ mol™! on the molar camposition scale for the solute and the weight
percentage ethanol camposition scale for the solvent. Where both
solubilities and solubility products were available for a given salt,

the transfer parameters were calculated using the more rigorous

solubility products. Transfer chemical potentials were calculated fram
solubilities (soly) using eguation 3.8, fram solubility products (K sp)

using equation 3.9 and fram medium effects (logy y+?) for 1:1 electro-
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lytes using equation 3.10.

émp” (salt) = -v RT 1n [soly(mjxture)] eee. [3.8]
soly (water)
Smu° (salt) = -RT 1n [Kg(mixture)il eee. [3.9]
K sp(water)
Smu® (salt) = 2.303 RT (logp v42) .e.. [3.10]

In equation 3.8, v is the stoichiametry of the salt, i.e. 2 for a 1:1
salt, 3 for a 1:2 salt, etc., and (mixture) refers to the binary solvent.

To produce transfer parameters on the molar scale, only solubilities
given in moles per litre of solution could be used in eguation 3.8.
For solubilities quoted in grams per gram of solvent or grams per gram
of solution, the conversion to solubility in moles per litre of solution
was straightforward and accurate if the density of the saturated
solution was available. When these densities were not available there
were two alternative assumptions that could be made in calculating the
solubility in terms of moles per litre of solution and subsequent
transfer chemical potentials:
( i) density of solution = density of solvent
(ii) total volume of solution = volume of solvent + volume of solid.

Wherever possible assumption (ii) was used. Obviously, using this
assumption, the more soluble the salt the less accurate the resulting
transfer parameters were likely to be. In these cases, as with all the |
solubility data, the calculation of transfer chemical potentials was
limited to the solvent camposition range in which the camposition of the
solid phase remained the same as that in water.

For salts whose transfer parameters had been presented in the
literature on the molal scale, (Smue(m) , or mole fraction scale, 6mue(x) ,

the conversion to the molar scale, Gmue(c) , was effected using equations

-47-



3.11 and 3.12 respectively.

Smp® (€) = Smu®(m) - v RT In | Pmixture) oo, [3.11]
p (water)
6mi®(c) = 6mu (%) -V RT 1n|/100-w; + w2\ M; Plmixture)
M M, p(water)
100

.. [3.12]

.

In equations 3.11 and 3.12, p(mixture) and p(water) are the densities
of the solvent mixture and water respectively. In equation 3.12, M; is
the molar mass of water, M, that of ethanol and w; is the weight percent-
age of ethanol in the solvent mixture.

Throughout the study the densities of the ethanol + water mixtures
used were those measured by Bruun et a_]..40 ard the densities of solids
were taken fram the 'Chemical Rubber Handbook'.*!

Unless otherwise stated all the data were derived fram measurements

made at 298.2 K.

3.2.3 Application of the TATB assumption

Having calculated sets of transfer chemical potentials for salts all
on the molar scale and all on the same solvent camposition scale, the
TATB assumption was introduced. As this yielded single-ion values for
Ph,As*, BPh,”, K* and Pic™, (Pic~ =picrate ion), fram which all other
single-ion values were directly or indirectly calculated, the need for
accurate transfer chemical potentials of the parent electrolytes
Ph,AsPic, KBPh, and KPic was imperative. These transfer parameters
were derived fram solubility products that had been calculated for
Ph,AsPic by Berne and Popovych®? and for KBPh, and KPic by Dill and
Popcvych.43

The transfer chemical potentials were calculated for these electro-

lytes fram both solubilities and solubility products using equations
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3.8 and 3.9 respectively. Values of (Smue fram 10 to 100 wt 2 ethanol
at exactly 10 wt % ethanol intervals were interpolated fram large scale
plots of Smu® vs. wt % ethanol for the 3 electrolytes. The Gmue values
were read fram the curve derived fram solubility products, the curve
derived fram the less accurate solubilities being included solely as an
aid to drawing the best curve.

Single-ion values for PhuAs* and Ph,B~ were then calculated using
equation 3.13.

Smb® (Phyas*) = 6mu®(BPh, )

= Smp" (PhyASPic) + mu® (KBPh,) - 6mu® (KPic)
2 eee. [3.13]

Fram these values and using equations 3.14 and 3.15, dmue(Pic’) and
5mue'(K+) were calculated.
mi® (Pic”) = 6pu® (PhyAsPic) - 6pu® (Phuas™) cee. [3.14)

spu® (®*) =80 (KBPhy) - 61 (BPh,™) .e.. [3.15]

3.2.4 Derivation of single-ion transfer parameters

Using the single-ion values derived in equations 3.13, 3.14 and 3.15
and Gmu& values calculated for salts containing BPh, , Pic™ or K ions,
transfer chemical potentials of the counter ions, Y, were calculated
using equations 3.16 or 3.17. -

Smn” (¥7) =6 (X¥) - 8pu® (x*) vee. [3.16)

8un® (¥*) = 6mu% (¥2) - 6m®(27) cee. [3.17)
where X" =K', then Y~ =C17, Br™, 1”7, ClO,~, NOs~, ON~, I03~, Cl0s~,
OAc™ (acetate), H tart™ (hydrogen tartrate), Sbtart™ (antimonyl tartrate),
N2S~ (naphthalene-B-sulphonate), SO42”, [PtCle]?”, [SiFel?”, cit®”
(citrate), [Co(NO2)e]?”

where 2~ =Pic”, then Y' =Na*, ph,p*, TaB*, Ba?*

where 2z~ =BPhs~, then Y* =TaB*, Hg?*.
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References indicating the source of the data for the appropriate salts
are given in Section 3.3.2 where the behaviour of each ion is discussed
individually.

In cases where the transfer values for the salt had been measured at
anything other than 10 wt % ethanol intervals, large scale plots of Smu™
vs. wt % ethanol for K+, Pic’ and BPh, were used to interpolate the

transfer chemical potentials at the required ethanol content.

Those counter ions whose transfer parameters could be calculated in
one step fram those of K", Pic™ or BPh,” and the salt were termed 'one-
step' derivatives.

Fram these, values for another set of ions termed 'two-step' deriva-
tives were calculated. These were derived fram transfer parameters of
salts in which the counter ion was a 'one-step' derivative. Thus two
calculations were reguired in all to obtain these single-ion values
using those of the salt, the one-step derivative and of K, Pic” or
BPh, . Such 'two-step' derivations yielded values for H+, Li+, Na+,

+
, Ca?*, Ba?**, pb?*, zn?t,

Rb*, cs*, Me,N", n-Pr,N*, n-Bu,N", Ag*, Tl
QAc™, trans-[Co(en),Cl,]", [Fe(phen);]?*, [Fe(bipy):]?*, [Co(NH;)sCl1]2*,
cis-[Co(NH3)Br(en);]12* and [Fe(bsb,Ph,Ph:m-OMe)s]2* where (bsb,Ph,Ph:m-OMe)
is the bidentate Schiff base made fram é-benzoyl pyridine and m-methoxy-
aniline.

'3-Step' derivations gave values for A2S™ (anthraquinone-2-sulphonate),
ox?” (oxalate), S;03%7, S,0¢?” and [ReCle]? .

Again, the references for the sources of data for the appropriate
salts are given in Section 3.3.2.

In same cases more than one route could be used to obtain single-ion

transfer parameters for the same ion which could then be campared.
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| 3.2.5 Accuracy of results

There are two main sources of error in the transfer chemical poten-
tials derived as outlined earlier. The first concerns the accuracy of
the data used, the second results fram the introduction of various
assumptions in calculating the transfer parameters fram these data.

Transfer chemical potentials are a measure of solute-solvent inter-
actions. As such, solute-solute interactions should ideally make no
contribution to these parameters. With increased solubility of electro-
lytes it becames necessary to take into account such ion-ion interactions
in order to maintain this criterion. This means that the accuracy of
solubility or electrochemical data depernds not only on the experimental
procedures but also on the inclusion of such parameters as activity
coefficients, ion-pair association constants, etc. The use of data
which contain no correction for ion-ion interactions amounts to adoption
of the assumption that for a given salt the ratio of the mean ionic
activity coefficients in the mixed solvent and in water is unity. This
is acceptable for sparingly soluble salts whose solubility decreases with
increasing ethanol content of the binary aqueocus mixture. In these
cases the reduction in validity of the appraximation as the dielectric
constant _of the solvent mixture decreases is accampanied by the campen-
satory trend of reduced solubility of the electrolyte. For salts whose
solubility increases with increasing co-solvent content of the mixture
the approximation is still judged to be tenable in water-rich nu'.xtu.res,z6
at least for moderately soluble salts.

Accuracy in calculating the transfer chemical potentiails on the molar
scale fram data given in the literature is dependent on the solute
camposition scale of the data. This accuracy varies with the solubility

of the electrolyte. For example, calculations of transfer chemical
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potentials (molar scale) fram basic data (molar scale) is accurate and

straightforward. Calculation of transfer parameters (molar scale) fram

solubility data (molal scale) is accurate if the densities of the
saturated solutions are known. For solutions for which no densities are
available, the accuracy of conversion to the molar scale is dependent
on the solubility of the salt. Calculation of transfer parameters

(molar scale) fram those on the molal scale is accurate only for

sparingly soluble salts.

The wide range of sources used in this study in calculating transfer
chemical potentials meant that all these altermative routes were used.
Sane insight into and assessment of these routes and the assumptions
they involve is attempted in the following discussion.

For solubility data given in g/100g soln. it is possible, if the
densities of the solution are known, to calculate transfer chemical
potentials (molar scale) in several different ways. These values can
then be campared to give an indication of the accuracy of the routes
used:

( 1) Transfer parameters (molar scale) can be calculated using
equation 3.8 using solubilities in m/£ calculated using the
densities of sélutions. This involves no assumption and thus
the values obtained in this way are precise.

( ii) The molarity of the solutions can be calculated without the use
of the relevant densities of solutions but by introducing the
assumption that the volume of the solution is the sum of the
volumes of the constituent solvent and solute. The transfer
chemical potentials are then calculated using egquation 3.8.

(iii) The solubility of the salt given in g/100g soln. can be converted

accurately to give the molality of the solution. Calculation of
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transfer chemical potentials using equation 3.8 then yields
values on the molal scale. Conversion of these parameters to
the molar scale is effected using equation 3.11.
The assumptions involved in method (ii) and equation 3.11 are approxi-
mations that will be less accurate the more soluble the electrolyte.
Using the solubility data given for potassium hydrogen tartrate (the
saturated aqueous solution of which is given as 0.03 M, reference given
in Section 3.3.2) the percentage errors between the transfer chemical
potentials derived using methods (i) and (ii) across the solvent
canposition range are less than #0.5%. Those between values calculated

by routes (i) and (iii) are even smaller (less than 10.2%).
Fram the solubility data for potassium antimonyl tartrate given as

containing the monameric anion (0.27 M saturated aqueous solution,
reference given in Section 3.3.2) the percentage error in values
calculated by method (i) and (ii) and methods (i) and (iii) is no more
than #2%.

With increasing solubility of the electrolyte not only do the per-
centage errors in values calculated by different methods increase but it
becames apparent that this increase is greater for method (iii) than
méthod (ii) . Solubility data for potassium nitrate and lead acetate
yield percentage errors of no more than #2% and +5% respectively in
camparing values obtained by routes (i) and (ii). In contrast, compari-
son of values derived by routes (i) and (iii) gives percentage errors
rising to over #10% in water-rich solvent mixtures. Thus whenever the
use of both methods (ii) or (iii) was possible the former was used.

It becames clear that with so many different sources of data measured
by many different methods each requiring different conversions to produce

transfer chemical potentials (molar scale) quantitative assessment of the
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accuracy of the results would be difficult. The weight attached to each
set of results must necessarily be partly intuitive. In view of this
same of the solubilities of salts in water used in this study are given
in Table 3.1. Figures in parentheses indicate the temperature at which
the measurements were made if other than 298.2 K. The references for
these salts are given in Section 3.3.2.

It should be remembered that any inaccuracies in single-ion transfer
parameters will be perpetuated when using these values with those for a
salt to derive values for the counter ion. The magnification of
inaccuracies in deriving single-ion transfer parameters for ions of
charge greater than one can be examined by camparing the single-ion

values with those derived by a different route for the same ion.

3.3 RESULTS AND DISCUSSION

3.3.1 Introduction

For reasons of clarity the presentation and discussion of the results
of this study are given in three parts.

In the first part, Section 3.3.2, the route by which each set of
transfer chemical potentials was derived is outlined. For each ion these
values are campared with those derived by other authors where available.
Unless otherwise stated, measurements for salts had been made at 298.2 X
and values had been given on the molar scale.

In cases where alternative routes of derivation were possible for the
same ion, one set of transfer chemical potentials for each ion is
adopted on the basis of the discussion in Section 3.2.5 (to be discussed
in terms of the general solvation pattern of ions in aqueous ethanol in
the following section). These 'final' values are tabulated in Appendix

A. A number of figures in this section, Section 3.3.2, campare values
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TABLE 3.1

Indication of the solubilities in water (298.2 K) of same
electrolytes used in this study

Salts for which the molarity of saturated
adqueous solution <1

Ph,AsPic Ca(A2S)2 CaSOy

KPic RbC10, Ba (Pic),

KBPhy CsC10y PbSO,

KH tart Me,NC10, PCl,

BaS;0; (288 K) n-Pr,NC10, KoPtCle (287 K)

Ph,PPic n-Bu,NC10, Cs2ReClsg

TABBPh, AgQOAc [Co(en),Cl,]C10,

TABPic AgBrO; [Fe(phen) 3] (C104)2

KN2S AgCl [Fe(bipy)s] (C104) 2

Ca ox (293 K) T1IO3 [Fe (bsb,Ph,Ph:m-OMe) ] (C104) 2
Salts for which the molarity Salts for which the molarity

of saturated aqueous of saturated aqueocus

solution is 0.1 -1

solution >1

KSb tart KNO3
KClOu Pb (OAC) 2
KIO3 RCN
KC10; (303K) K3 cit
K,S04 ROAcC
BaS,0¢ (303 K) NaQAc
NaPic LiCl
Ba(Cl0,), (293K) Li,S0, (303K)
[Co(NHg)Br(en)Z]Brz Li3 cit
K3 [Co(NO2)e] (287K) AgNO;
zZn (OAc) 2

[Co(NH3)sC1]IC1,

given by different sets of authors for a particular ion. In these

figures the works of several sets of authors are repeatedly referred to.
For ease of reference the symbol used to denote values due to a partic-

ular set of authors is retained throughout these figures, i.e. this work
(@) ; Wells'® (o); Popovych and Dil11'® (0); Bax, de Ligny and RemijnseZ°
‘(A); Dill, Itzkowitz and P0p<:1vych44 (v); Bose, Das, Das and Kundu*® (©).
;The figures referred to in this section (Figs. 3.1 -3.20) are presented

‘together at the end of the section.

|
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In the second part, Section 3.3.3, the transfer chemical potentials
calculated in this work using the TATB assumption are collated. The
general solvation pattern in these mixtures is discussed in terms of a
variety of factors. The figures referred to in this section (Figs.
3.21 -3.26) are presented together at the end of the section. In these
figures, plots of values for ions that are deemed to be of relatively
high uncertainty due to any of the considerations outlined in Section
3.2.5 are indicated by narrower lines.

In the final part, Section 3.3.4, transfer chemical potentials of
ions derived using the TATB assumption in aqueous alcohol and agueous
acetone mixtures are campared. The figures referred to in this section

(Figs. 3.27 and 3.28) are presented together at the end of the section.

3.3.2 Transfer chemical potentials for ions in aqueous ethanol mixtures

The TATB ions

Transfer chemical potentials for the TATB ions, BPh,”, Ph,As®, k'
ard Pic”™, derived fram the solubility data of Dill and Popovych43 and
Berne and Popc:vych‘]‘:Z directly by application of the TATB assumption are
shown in Figs. 3.1, 3.2, 3.3 and 3.4 respectively. The corresponding
values for these ions calculated by other authors using different data
or different extrathermodynamic assumptions (outlined earlier) are also
shown.

Four sets of values for Gmue(BPhL.’) are presented in Fig. 3.1. All
indicate that addition of the alcohol has a stabilizing effect on the
ion. The closest agreement as to the extent of this stabilization from
0 to 60 wt & EtOH is between the values calculated by Bax et ;a_L_L__.zO and
those calculated in this work using the TATB assumption. The degree of
stabilization estimated by wells'® in this range is samewhat smaller,

while the values given by Popovych et i.ls occupy an intermediate
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position between the two. All the authors had made use of Dill and
Popovych's solubility data for KBPh, 43 in their analyses to calculate
transfer parameters for BPhi .

Estimations due to both Wells!® and this work agree that the Ph,As*
ion is substantially stabilized when ethanol is added to agueous
solutions of these ions. Fig. 3.2 shows that the initial degree of
this stabilization is, however, more marked in the predictions of
Wells19 than in those of this work. In both cases the same solubility
data for PhyAsPic had been used. *2

That there is a continuous decrease in the transfer chemical
potentials of the BPh,  and Ph.As® ions as shown in Figs. 3.1 and 3.2
indicates that the neutral camponent of the solvation energy outweighs
the electrostatic camponent for these ions in which the charge is
shielded by large organic ligands. The hydrophobic nature of these
ligands and their bulk lead to a preference for solvation by ethanol
and thus greater stabilization in mixtures of increasing ethanol
content. The curvature across the camposition range also indicates
strong preferential solvation by ethanol.

Of the four ions for which transfer parameters were derived directly
by means of the TA-TB in this work, K' provides the most interesting
camparison with values derived by other authors. Fig. 3.3 shows five
sets of estimations for the transfer chemical potentials of K' in water
+ ethanol mixtures. All, except Wells,19 predict that the K' ion is
destabilized by the addition of ethanol over the entire ranges studied.
This continuous increase in solvation energy with increasing ethanol
content and therefore decreasing dielectric constant is as predicted

qualitively by the Born equation. Wells,19 however, predicts stabiliza-
tion fram 0 to 50 wt % EtOH and then destabilization at higher ethanol
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contents. The values given by Popovych et al.'® and by Dill et al.*?
are in very close agreement up to 50 wt % EtOH and indicate that the
addition of ethanol has almost no effect on the chemical potential of
K* up to this point. In this lower ethanol content range the values
derived in this work correspond most closely to those of Bax et g]_._.zo
in predicting a larger destabilization effect than Popovych et _iai.ls or

4 Above 50 wt % EtOH, however, Popovych et %18 identify

Dill et al.*
a much more marked increase in the destabilization of the ion than Dill
et £.44 In this range the values predicted by Popovych et %18
increase to almost coincide with those of this work and those of Bax

et al.?% Bax et al.? had used mH'- N°K' values calculated fram data
in the literature with their estimates of AL°H' to derive transfer para-
meters for the potassium ion. Wells19 had also used these Auel-f— AueK"
values that had been calculated by Bax et al.?® but with his own
experimentally determined values of AGe (H'). He had derived additional
values for K' fram emf data for KCl. Dill et a_l.44 had used a model
developed by Stokes for the free energy of hydration of ions with a
noble gas structure to calculate the electrostatic free energy of K"
ions in water and water + ethanol mixtures. Fram these values they had
calculated the medium effects. They had amitted the 'neutral' part of
the solvation energy thereby adopting the 'zero-energy assumption'. The
values of Popovych et Q_.ls had been obtained directly fram the applica-
tion of the TABTB assumption to their solubility data for KBPh, ,43
kpic?® and TABPic*? [cf. in this work, the direct derivation of émi® (K*)
by the application of the TATB assumption to the solubility data??:43
for KBPh,, KPic and PhuAsPic].

For the picrate ion, Fig. 3.4, Wells'® identifies an initial

destabilization on introduction of ethanol into the system compared with
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a slight stabilization predicted by this work for this ion. The values
given by Popovych et al.'® at low wt % EtOH lie approximately midway
between the two. Above 50 wt ¢ EtOH there is general agreement that the
ion is stabilized. All three sets of authors had used the same
solubility data for rpic?? in calculating values of 6mu® (Pic™) but had
effected its split into single-ion contributions by different means.
This, then, is a direct example of the effect of the incorporation of
different extrathermodynamic assumptions on estimations of single-ion
transfer parameters. That the picrate ion occupies, as expected, an
intermediate position on the graphs between the elemental, inorganic
K' ion and the large, organic PhuAs' and BPh,” ions is predicted by all
the authors except Wells.19

Canbinations of values for cations and anions fram any set of single-
ion transfer parameters should agree with independently measured values
for the relevant salt. This Kohlrausch-type cordition should be satis-
fied regardless of the extrathermmodynamic assumptions used. Fig. 3.5
shows such ionic cambinations for KBPh,. The unbroken line shows
émpe(KBPh“) values calculated fram solubility data for the salt measured
by Popovych et 31:18 At first sight, the general agreement of these
values for KBPh, may ééen surprising considering the inconsisteﬁcy of
the reported values for its constituent ions. However, this agreement
for the salt is to be hoped for, and indeed expected, given that the
same solubility data for the salt43 had been incorporated at same point

into all the analyses.

Simple anions
Estimations of the transfer parameters for the halide ions Cl1™, Br~
and I” are shown in Figs. 3.6, 3.7 and 3.8 respectively. There is

general agreement that all 3 ions experience a destabilizing effect when
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ethanol is added to the system in the order Cl™ >Br~ >I°~. For each of
these halide ions the closest agreement of values is between Bax et
al.?% and this work. The initial rate of destabilization predicted by
Bose et ::’1_].__.45 and by wells'® is, in all cases, substantially greater
than the rest. This is particularly marked in the case of Br™ and I”.
Wellslg predicts a levelling off of the transfer chemical potentials
for each ion around 40 wt % EtCH whilst a continuing increase is evident
in the rest of the estimations. For all 3 ions, Bose et g_l_.45 had used
emf data of the hydrogen halides which had been split into ionic
contributions using an extrapolation procedure. For the chloride ion
Popovych et al.,’® Bax et al.,?° and this work had all made use of the

8 Wells19 had used various enf data

same solubility data for KCl.1
available for HCl. For the bramide and iodide ions Bax et i.zo and
Wells™® had both used the former's AuPE™+ Au®Br and mi®H'+ M®T values

calculated fram emf data. This work had used KBr and KI values of Bax

Fig. 3.9 shows estimations for Smu® (C10,7) given by Wells,19 Bax et
a1.%% and this work. All had used solubility data for KC10,*® in their
analyses. Again, all three sets of estimations show a destabilizing
effect on the ion with the addition of ethanol, a;lthough Bax et a_1£.20
and this work predict a more modest, though consistent, increase through-
out the range studied campared with Wells.19 Scattered about the lines
due to Bax et 2.20 and this work are two sets of less accurate estima-
tions of 6mk” (C10™) calculated in this work. Solubilities of KClO,
measured by Pierrat®’ at 287.2 K were used with the TATE 6mu® (K*) values
to give values for the perchlorate ion (V). Other solubility values for
KClOA.,48 measured at 298.2 K but given on the molal scale, were converted

to m/f using assumption (ii) outlined earlier in Section 3.2.2 and
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yielded more values for the anion (¢). The perchlorate values
tabulated in Appendix A are those derived fram solubility data for
KC10, . 46

Two sets of solubilities taken fram the literature for KNOs;, both at
298.2 K, were used to estimate Sgpu°(NOs"). In both sets the solubilities
had been measured on the molal scale. The values taken fram Stephen49
were accurately converted to the molar scale using the densities of the
saturated solutions that had been given. For the values taken fram
Seidell50 however, no such densities were available. For camparison,
these values were converted to the molar scale using both of the alter-
native assumptions discussed earlier in Section 3.2.2. Firstly, it was
assumed that the density of the solvent equalled that of the solution
(0). Secordly, that the total volume of solution equalled the sum of
the volume of the solvent and the volume of the solute (®). The two
resulting sets of émue (NO;s;~) values are shown along with those calculated
fram the data taken fram Stephen and Stephen®® (v) in Fig. 3.10. It can
be seen that the values derived using the second assumption are closer
to the 'precise' values derived fram data in Stephen and Stephen';‘g than
are those derived using the first assumption. The values for 6mpe' (NO3;™ )
tabulated in Appendix A are the average of those derived fram the data
taken fram Seidell®® and those fram Stephen and Stephen®® which imvolved
incorporation of the more accurate assumption.

The transfer chemical potentials for the cyanide, iodate, chlorate
and sulphate ions were derived fram the solubility measurements of their
respective potassium salts; KCN,51 KIO;, KC10352 ard KZSOu.ss Values
for KCN and KIO; had been determined at 298.2 K and on the molar scale
so estimations of Gmue (CN7) and 5mue(103') were straightforward. The

solubilities of KIO3; in water and water + ethanol mixtures were measured
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in this work by titrimetric analysis. The experimental procedure used
was described in Chapter 2 (Section 2.6). For KC1O; and K,SO., values
had been given on the molal scale. Those for K,SO, had been measured
at 303.2 K.

Values of Smi° (S20327) and mp® (S2062”) were calculated from solubil-
ity data of the barium salts of these ions.54

The values of the transfer chemical potentials adopted for these
anions, derived using the TATB assumption, are shown together in Figs.
3.21 and 3.23 at the end of the next section, Section 3.3.3.

Organic ions

Fig. 3.11 shows transfer chemical potentials for the triisoamyl-n-
butylammonium ion, TAB*, and the tetraphenylphosphonium ion, Ph,P*.

All estimations show that both these ions exthibit a strong preference

for solvation by EtCH as is expected for such large organic ions (cf.

Ph.As® and BPh,”). The values shown had been derived using solubility
data for TABEPh.,’® maBPic*® and Ph.pPic.*?

Data for potassium citrate.,55 potassium antimonyl tartrate56 ard
potassium naphtl’1alene-8-sulphonate57 were canbined with Gmue (X*) values
derived in this work to give the transfer chemical potentials for the
anions 6mue(cit3')_, Smu” (Sb tart”) and mu®(N2S™) respectively. Values
for these salts had been measured at 298.2 K and on the molar scale.

The transfer chemical potentials for the axalate ion, Smu (0x27),
and the anthraquinone-2-sulphonate ion, SmuT(A257), were derived fram

58,59 using the values

solubility data of their respective calcium salts
for 6mi®(Ca?*) tabulated in Appendix A. The values for calcium oxalate
had been measured at 293.2 K on the molar scale. Those for calcium
anthraquinone-2-sulphonate had been measured at 298.2 K on the molal

scale.
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Two sets of solubility data for potassium hydrogen tartrate were
used in conjunction with the 6mu® (K*) values derived in this work to
yield the values for Smy® (H tart™) shown in Fig. 3.12. Both sets of
data for the salt had been measured on the molar scale but those of
Pierrat®’ had been measured at 287.2 K (0), those taken fram Seidell®®
at 298.2K (®). The latter are the ones tabulated in Appendix A.

Fig. 3.13 shows two sets of estimations for Smi° (OACT). One set was
derived fram solubility data for potassium acetate61 (®) using (Sml.le &)
values calculated using the TATB assumption. The other was derived fram
solubility data for sodium acetate®? (0) using the Smi® (Na*) values
given in Appendix A. The values for the acetate ion derived fram
potassium acetate®® are the ones tabulated in Appendix A.

The values adopted for these organic ions derived using the TATB
assumption are shown together in Fig. 3.22 at the end of the next section,
Section 3.3.3.

Cations

Estimations of the transfer chemical potentials for the proton are
shown in Fig. 3.14. At low wt % EtCH, this work predicts a slight
destabilization of the ion indicating reduced proton affinity over this
range campared to that in water and mixtures of higher ethanol content.
This is consistent with the fact that the addition of small amounts of
ethanol lead to an increase in water structure thereby decreasing the
number of basic sites available on the water molecules for bonding with
protons. This effect can also be seen in the results of Popovych et i.ls
and Bax et ;a}_.zo to the extent that in this range the continuous decrease
in the transfer chemical potential is relatively small. No such delay in

this region can be seen in wells's™® prediction. With increasing ethanol

content all authors predict a continuing decrease in the transfer para-
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meters, 5mue 1389 reaching a minimum in the region of equimolar solvent
camposition and increasing again at higher wt % EtCH. This minimum in
the transfer chemical potential corresponds to the water + ethanol
mixture of maximum basicity. It is thought63 that up to this point
increasing ethanol content reduces the degree of water structure
(increasing the proton affinity of the solvent) until such time when

the higher aqueous solvates, H (H20)p, are replaced by smaller fragments.
This maximum in the proton affinity for water + ethanol mixtures occurs
in Wells's'® estimation at about 40 wt $ EtOH. In this work and that of
Popovych et gi.ls it occurs at about 60 wt % EtOH and at a slightly
higher ethanol content in that of Bax et §L.20 The increase in the
transfer chemical potentials after this point corresponds to the gradual
increase in concentration of the less basic organic oxonium ions,
CoHsOH, ™.

In calculating transfer parameters for H', Popovych et i.ls and this
work had both used electrochemical data for HCl18 with their own cSmu9
(C17) values. The values given by wells'® were those that he had
experimentally determined. Those given by Bax et &20 were the average
values that had been derived fram four different solvation models they
had chosen. .

Fig. 3.15 shows three sets of estimations derived in this study for
6mue(Li+) . The two sets of estimations showing that the small elemental
Li* is increasingly stabilized in mixtures of increasing EtCH content
are obviously unsatisfactory. These values were derived fram solubility
data for ric1%% (m) and LiZSOL.65 (A) and values for the chloride and
sulphate ions respectively. Values for both salts had been given on the
molal scale and those for Li,SO, had been measured at 303.2 K. The third

set of estimations (®) was derived fram solubilities of lithium citrate®®
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and 6mu&(cit3') values derived as described previously. Quantitively
at least these values are more acceptable in predicting that Li* has a
preference for solvation by water. That for 'hard' Li* this preference
is so small at higher wt % EtCH is surprising. The values derived fram
lithium citrate®® are the ones tabulated in Appendix A.

Two sets of estimations for Smu° (Na*) are shown in Fig. 3.16. One
set was derived fram solubility data for sodium picrate67 (@) using
Gmue (Pic™) values, the other fram solubility data for sodium acetate62
(0) and Gmu&(OAc') values. There is good agreement between the two sets
at lower wt % EtCH content, the average of which is tabulated in Appendix
A.

Transfer chemical potentials for Rb*, Cs*, Me,N', n-Pr,N* and n-Bu,N*
are shown in Fig. 3.17. Qualitatively, there is agreement that for this
series of ions, all of the same charge, the transfer chemical potentials
decrease in the order Rb' >Cs* >Me,N" > n-Pr,N" > n-Bu,N". This reflects
the increase in the size of ion along the series. An increase in
preferential solvation by ethanol with increasing size of alkyl group
(and therefore increasing hydrophobicity) is also evident. Aside fram
these general trends there is little quantitative agreement between the
estimations of Wells'® and t;.hose of this work and Bax et gi.zo for these
ions. Wells19 predicts that throughout the range studied all these ions
exist in a lower energy state in water + ethanol mixtures than in pure
water. There is a continuous increase in this stabilizing effect for
both n-PryN* ard n-Bu,N* with increasing EtOH while for Rb', Cs' and
MeyN' the stabilizing effect falls off at higher wt % EtOH. Like
Wells,'® this work and Bax et al.?® predict a stabilizing effect, though
less marked, for the n-PryN' and n-Bu.N' ions with the addition of the

alcohol. In contrast to Wells,19 however, for Rb' and Cs* this work and
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Bax et %20 predict the effect of introduction of alcohol into the
system to be a destabilizing one. Little preference for water or
ethanol is evident at low wt % EtOH for the MeyN' ion though destabili-
zation occurs in solutions of higher ethanol content.

All the authors had made use of the same solubility data for the

46 aAgain, both Bax et al.?? and

perchlorate salts of these cations.
Wells19 had used the former's calculated values of Au6H+- AueM+where
M=Rb+, Cs+, MeyN* ’ n-Pr,N* and n-Bu,N* with their own values for the
proton. In this work, the transfer chemical potentials for the
perchlorate salts were cambined with those derived as outlined earlier
for the perchlorate ion to yield ému® values for the cations.

Fig. 3.18 shows estimations derived in this study for 6mue (Ag+) .
The agreement between these estimates, based on measurements made for
various silver salts, in unimpressive. Values derived fram silver
acetate68 (M) predict a marked destabilization of the ion in contrast
to the stabilization shown by values derived fram silver bramate®® (w).
vValues for émue(Ag*') obtained using measurements made for silver
chloric:le70 (®) and silver nitn:ate71 (A) are intermediate in position
between the two. The derivation of Gmue (Ag+) values fram those for
silver chloride and silver acetate are the most accurate of the group
as solubilities for both salts had been measured on the molar scale.
Values for silver nitrate had been measured on the molal scale and the
unavailability of densities of the saturated solutions meant that con-
version of these values to the molar scale required the incorporation
of an assumption, see Section 3.2.2. These values had been measured at
288.2 K. As no values for the bramate ion were calculated in this study,

the transfer chemical potentials of Ag® were derived fram values for

silver bramate using 6muG(IO3—) values, i.e. by assuming that 6mu&(103')
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~ 5mue(Br03-) . The values for Gmue(Ag+) at low wt % EtOH tabulated in
Appendix A are those derived fram AgCl values as both the actual
solubility measurements (which had been presented as solubility
products) and the route of derivation of Gmue(Ag+) values were deamed
the most accurate of the four alternatives.

The transfer chemical potentials for T1" were calculated using
solubility data for T1I0; 2 and the values for 6mu°(IO;") determined
experimentally in this work as described in Section 2.6.

The available solubilities of magnesium73 and strontium salts74’75 in
these solvent mixtures yielded negative transfer chemical potentials for
these cations. These unsatisfactory results are perhaps indicative of
ion-pairing in the solutions.

values of ¢mp”(Ca?’) were derived fram the solubilities of calcium
sulphate,76 which had been measured on the molal scale, together with
6mu® (80, 27) values.

Fig. 3.19 shows estimations for Gmue(Ba“) . The two sets coincide
only at very low wt % EtOH. The values derived using the solubility of
barium perchlorate” (®) show a continuous increase in the transfer
chemical potentials for this ion with increasing ethanol content on the
solvent mixtures. The solubility of this salt had been measured at —
293.2 K and values had been given on the molal scale. The other set of
values in Fig. 3.19 were derived fram estimations of the solubility of
barium picrate78 (O) in water + ethanol mixtures. The values derived
fran Ba(ClO4)2 are the ones shown in Fig. 3.24 in the next section and
tabulated in Appendix A.

smp® (zn?*) values were derived using solubility data for zinc
acetate79 arnd Gmue(OAc') values. The solubility of Hg(BPhL.)z80 was used,

with (SmUG(BPhb,-) values, to calculate transfer chemical potentials for
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for Hg?'.
Fig. 3.20 shows estimations for Smp® (Pb?*) derived using the TATB
assumption. Values were derived fram solubility measurements of lead

82,83 (w) and lead chloride®*’8

acetate81 (@), lead sulphate (O) and
(O). All, except the set of lead chloride values taken fram Stephen
and Stephe.n85 (O) , had been measured on the molar scale. All agree that
the ion is destabilized with increasing ethanol content of the solvent
mixtures and there is good agreement at low wt % EtOH between the values
derived fram lead chloride and lead acetate. The latter are the values
shown in Fig. 3.24 in the next section and tabulated in Appendix A.

The values of the transfer chemical potentials adopted for each of
these cations, derived using the TATB assumption, are shown together in
Fig. 3.24 in the next section, Section 3.3.3, and are tabulated in
Appendix A.

Halogenoanions

The transfer chemical potentials of [PtCl¢]?” and [SiFg]?” were
derived fram those of their respective potassium containing salts47 and
those for the potassium ion. The solubility of both salts had been
measured at 287.2 K. Solubility products of Cs;ReCleS® were used to
calculate transfer chemical pétentials for this salt which when cambined
with those for Cs* yielded Gmue(ReClez’) values. Values for these halo-
genoanions are shown together in Fig. 3.25 at the end of Section 3.3.3.
Also included in Fig. 3.25 are transfer chemical potentials for [UCl¢] 2+
and [U0,Cl,]?” derived by Kim et al.®’ by extraction equilibrium study.
Co(III) and Fe(II) complexes

Transfer chemical potentials for four Co(III) camplex ions were
derived using solubility measurements for [Co(en)2c121c1oq,88

[Co (NH3)5C1]C1a, %2 [Co(NH3)Br(en) 1Br; 0 and Ks [Co(NO2)s] ! with omu®
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values for Cl0, , C17, Br~ and K’ respectively. Measurements for all
these salts had been made at 298.2 K, except for K;[Co(NO;)s] which
had been measured at 287.2 K. Values for the three Fe(II) camplex ions
were derived fram solubility measurements for the perchlorate salts of
the cations, [Fe(phen)s](ClO)2,%° [Fe(bipy)s] (C104),%° and
[Fe(bsb,Ph,Ph;m-OME)al(ClOL.)z.91 These values had all been measured on
the molar scale and at 298.2 K.

The values of the transfer chemical potentials for each of these
ions, derived using the TATB assumption, are shown together in Fig. 3.26

in the next section.
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FIGURE 3.1

Transfer chemical potentials for BPh. (molar scale,
298.2 K): this work (®); Wells [ref. 19] (O); Bax et al.
[ref. 20] (&); Popovych et al. [ref. 18] (O).
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FIGURE 3.2

Transfer chemical potentials for Ph,As* (molar scale, 298.2K):
this work (@); Wells [ref. 19] (O).
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FIGURE 3.3

Transfer chemical potentials for K (molar scale, 298.2K):
this work (@®); Wells [ref. 19] (O); Bax et al. [ref. 20] (A);
Popovych et al. [ref. 20] (O); Dill et al. [ref. 44] (V).
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FIGURE 3.5

Transfer chemical potentials for KBPh, (molar scale,
298.2 K): this work (@); Wells [ref. 19] (O); Bax
et al. [ref. 20] (A); Popovych et al. [ref. 18]
(unbroken line).
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FIGURE 3.6

Transfer chemical potentials for Cl~ (molar scale, 298.2K):
this work (®); Wells [ref. 19] (O); Bax et al. [ref. 20] (&);
Popovych et al. [ref. 18] (O); Bose et al. [ref. 45] (9).
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FIGURE 3.7

Transfer chemical potentials for Br (molar scale,
298.2 K): this work (@); Wells [ref. 19] (O); Bax et
al. [ref. 20] (a); Bose et al. [ref. 45) (O).
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FIGURE 3.8

Transfer chemical potentials for I (molar scale,
298.2 K): this work (®); Wells [ref. 19] (O); Bax et
al. [ref. 20] (A); Bose et al. [ref. 45] (Q).
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FIGURE 3.9

Transfer chemical potentials for ClO,  (molar scale):
this work, using data for KCl1O, [ref. 46] (®), KClO, [ref.
47) (v), RClO, [ref. 48] (O), Wells [ref. 19] (O), Bax et
al. [ref. 20] (a).
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FIGURE 3.10

Transfer chemical potentials for NO;~ (molar scale, 298.2 K,
TATB assumption) derived using data for KNO; [ref. 49] (v),
KNO; [ref. 50] (@), KNO; [ref. 50] (O).
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Transfer chemical potentials for TAB® and Ph,P* (molar

scale, 298.2 K):

this work (®); Wells [ref. 19] (O);

Bax et al. [ref. 20] (A); Popovych et al. [ref. 18] (O).
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Transfer chemical potentials for H' (molar scale, 298.2 K):
this work (@), Wells [ref. 19] (O), Bax et al. [ref. 20]
(a), Popovych et al. [ref. 18] (O).
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FIGURE 3.17

Transfer chemical potentials for a) Rb*, b) Cs*, c) Me,N*,
d) n-Pr.,N', e) n-Bu,N* (molar scale, 298.2 K):
this work (®@); Wells [ref. 19] (O); Bax et al. [ref. 20]

(a).
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FIGURE 3.18

Transfer chemical potentials for Ag® (molar scale, TATB
assumption) derived using data for AgOAc [ref. 68] (m),
AgBrOs; [ref. 69] (v), AgCl [ref. 70] (@), AgNO; [ref. 71]
(a).
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Transfer chemical potentials for Ba?* (molar scale, TATB
assumption) derived using data for Ba(ClO4). [ref. 77]
(@), BaPic [ref. 78] (O).
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Transfer chemical potentials for Pb?* (molar scale, 298.2 K,
TATB assumption) derived using data for Pb(OAc), [ref. 81]
(®); PbSO, [refs. 82, 83] (m); PbCl, [ref. 84] (O); PLCl,
[ref. 85] (O).
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3.3.3 General solvation pattern in agqueous ethanol mixtures

Halide ions

The Smue values for the halide ions calculated using the TATB
assumption show, for any given water + ethanol solvent mixture, a
decrease in the transfer chemical potentials in the order Cl1” >Br >1I°
(Fig. 3.21). With the exception of a negligible negative value at 30
wt 2 ethanol for the iodide ion, all values for these ions are positive
and increase with increasing ethanol content of the solvent mixtures.
This trend of decreasing destabilization down the series parallelling
increasing ionic size is predicted also by Bax et al.,?® wells'® and
Bose et _ai.‘ls

The ions follow a pattern as predicted by the Born equation which is
a measure of long-range electrostatic ion-solvent interactions. 1In
this equation the free energy of transfer is estimated to increase with
decreasing dielectric constant of the solvent and decreasing ionic

radius. Thus for a co-solvent such as ethanol in which the dielectric
constants of the mixtures are less than that of water, the Born contri-

bution to the solvation energies of the halide ions should all be

positive and decrease in the order C1” >Br >I as seen.

However, for these ions it is more likely that the solvat.ion energies
will be daminated by the effect of the addition of the alcohol on the
H-bonding in the primary solvation zone. The small, negatively charged
chloride ion is a strong H-bond acceptor and will therefore be destab-
ilized upon transfer fram water to a solvent of lower acidity. In water
+ ethanol mixtures the inductive effect of the ethyl group means that
the alcohol molecules have both a more negatively charged O atam and a
less positively charged hydroxyl hydrogen atam than in water. The co-

operative nature of H-bonding means that ethanol may in turn increase
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the basicity and decrease the acidity of the water molecules to which
it is bonded. Thus it is proposed that water + ethanol mixtures are
more basic than either of the pure liquids. The effect of transferring
the chloride ion fram water to such mixtures would therefore be one of
destabilization. It is interesting that the idea of ethanol conferring
increased basicity on water molecules means that speculation as to the
exact camposition of the first solvation shell is not necessary as the
chloride ion will be destabilized relative to water whatever its
camposition. The decrease in H-bond acceptor ability down the series
Cl” >Br” >I  due to increase in ionic size results in a decrease in the
transfer chemical potentials for the ions in the same order.

An alternative explanation of the increased basicity in water +
ethanol mixtures relative to the pure liquids has been used to describe
the behaviour of the proton in such mixtures (Section 3.3.2). It would
be difficult to explain the behaviour of the chloride ion in terms of
this model. The destruction of higher aqueous solvates with increasing
ethanol content up to 60 wt % EtOH leads to an increase in the number
of basic sites and presumably acidic sites. In such a mixture stabiliza-
tion of the chloride ion would be the expected result.

It is possible that there may be a positive contribution to the
solvation energies of these ions resulting fram ion-dipole interactions.
This is envisaged as being potentially important in the second solvation
shell. Favourable contributions to the solvation energies due to
dispersion forces in this region are likely to be small. [The effect is
proportional to ¢~® where ¢ is the distance between the centres of the
ion and the solvent molecule.] The polarizability of the solvent mixtures

increases with increasing EtCH content and that of the ions in the order

Cl” <Br <I so any contributions of this nature would be greatest for
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the iodide ion in higher ethanol content mixtures.

Large organic ions

For ions such as BPh,” and Ph,As® (Fig. 3.22) stabilization of the
ions occurs with transfer fram water to water + ethanol mixtures. For
these ions the charge is buried under the large organic ligands and
the ions behave like neutral molecules showing a marked preference for
non-aqueous solvation rather than hydration. Thus the electrostatic
contribution to the solvation energy (due mainly to Born-charging and
ion-dipole interactions and positive in both cases irrespective of the
sign of charge) is very small and the behaviour of these ions is
daninated by the neutral contribution. The ions are solvated primarily
through dispersion interactions which increase with increasing
polarizability of the solvent. The latter increases with increasing
ethanol content.

In termms of solvent structure these large ions will fit poorly into
highly structured solvents of small molecules such as water. The
solvent mixtures are less structured (above the critical region) than
pure water and thus transfer to such solvent mixtures is favourable.
Thus the structure-breaking ability of the ions is less in the mixtures
than in water.

Other anions

The behaviour of the chloride ion and the tetraphenylborate ion in
water + ethanol mixtures explained in terms of electrostatic and neutral
contributions to their free energies of transfer provides two extreme
cases. The behaviour of C1~ is daminated by electrostatic considerations
due to its strong H-bonding interactions and small size resulting in
increasing destabilization with increasing ethanol content in the solvent

mixtures. The large BPh, ion is solvated mainly by dispersion interac-
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tions and the neutral contribution to the transfer chemical potential
daminates. These favourable interactions increase with increasing
ethanol content in the solvent mixtures.

Between these two extremes there are anians for which a balance
between these two mutually opposing contributions is achieved.

The transfer chemical potentials of the perchlorate ion (Figs. 3.21
and 3.23) are less than those of the chloride ion though still positive.
This reduction may be due to increasing importance of dispersion inter-
actions due to the increased size and polarizability of the perchlorate
ion relative to that of the chloride ion. All the quoted authors
found the relevant transfer parameters for ClO, to be similar to those
for I°. For the picrate ion (Fig. 3.22) with increased dispersal of
charge, a balance between the electrostatic and neutral contributions
to the free energy of transfer is achieved such that only a slight
preference for solvation by ethanol is shown. The increasingly negative
transfer chemical potentials of the acetate, anthraquinone-2-sulphonate,
naphthalene-g-sulphonate and TAB* ions (Fig. 3.22) show dispersion
interactions becaming increasingly important for these ions.

The preference for solvation by water exhibited by the oxalate and
citrate ions presumably reflects the increase in charge (2- and 3-
respectively) so that the less favourable electrostatic interactions
increasing with increasing basicity of the solvent mixture override
favourable interactions between these organic ions and the co-solvent.
For the smaller, inorganic, di-negative sulphate ion (Figs. 3.21 and
3.23) the preference for aqueous solvation is even more pronounced.

The transfer chemical potentials for the oxoanions shown in Fig.

3.23 are all positive, i.e. all the ions are destabilized upon transfer-

ence into ethanol. The order of this destabilization is:-
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S04 2™ >8,06%” ~ 5,03%” ~ 105~ >C1lOs~ >NO;~ >ClO4”
and is best explained in terms of enhanced basicity in the solvent
mixtures. Thus, in less acidic mixtures di-negative ions are more
destabilized than uninegative ones. The ClO. ion may be less destab-
ilized than ClO; due to greater charge dispersal in the former.
Cations

Transfer chemical potentials for cations, derived using the TATB
assumption, are shown in Fig. 3.24. Disagreement between authors in
the estimation of transfer parameters in water + ethanol mixtures is
most pronounced for cations (with the exception of the large, organic
cations).

The disagreement lies not in the sequence for the cations, in each
case the transfer chemical potentials decrease in the order K'~Rb* >
cs* >MeyN* > n-Pr,N* >n-Bu,N*, but in whether the ions are preferentially
solvated by water or the solvent mixtures. This, in fact, applies only
to K*, Rb', Cs* and Me,N* as the values for n-PryN* and n-Bu,N* although
varied are all negative.

For K', Rb*, Cs™ and Me,N", all values predicted in this work using
the TATB assumption and those due to Bax et 2.20 are positive and
increase with increasing ethanol content (the only exception being a
very small negative value for Me,N' at 50 wt % EtOH calculated in this
work). In contrast to this, all values estimated by Wells19 for these
four ions below 50 wt % EtOH are negative. At higher ethanol content,
values for K* and Rb* became positive. Thus in lower wt % EtOH mixtures
the difference between alternative sets of estimations is not one of
degree for an agreed effect (stabilization or destabilization) but of
the effect itself.

The behaviour of the sodium ion in water + ethanol mixtures derived
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using the TATB assumption follows that predicted by the Born equation,
i.e. increasing destabilization with decreasing dielectric constant.

In terms of ion-dipole interactions the transfer of this ion from water
into ethanol is also unfavourable and so the transfer chemical potentials
for this ion would seem to be daminated by unfavourable electrostatic
considerations. Along the series Na*, X', R, cs*, MesN*, n-Pr.N*,
n-Bu,N" the size of the ion and its polarizability increases and so the
contribution to the change in solvation energy made by these electro-
static interactions decreases in the same order. Any favourable contri-
bution due to dispersion interactions will, however, increase along the
series and for a given ion will increase with increasing ethanol content
of the solvent. These considerations together with the change fram
hydrophilic to hydrophobic character along the series are consistent
with the values obtained for these ions using the TATB assumption.

The order of transfer chemical potentials in the series Li* <x* <na*
has been identified by other authors in water-rich mixtures of aqueous
alcohols. %92

It is difficult to explain the behaviour of Li*, Na*, XK', Rb' and cs*
in terms of the modified charge distribution in the mixed solvents as
campared to that in water. Increased charge on the oxygen atams in the
mixtures would be expected to have a stabilizing effect on these ions.

The effect of increased charge can be seen by camparing transfer
chemical potentials for XK' and Ba2?* which are ions of approximately

93 The divalent cation is as expected more destabilized

equal radius.
than the univalent cation. All the divalent cations are in fact more
destabilized than the univalent cations except for Ca?* at low wt %

ethanol. The result that 'hard' Ca?® is less destabilized than 'soft'

Pb** (as was found to be the case in water + methanol nﬁxuzreszs) may at
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first seem surprising. Values for tSmue(Ca“) , however, are given only
at low wt & ethanol mixtures. It is possible that in ethanol-rich
solvent mixtures stronger preferential hydration of Ca?* than of Pb?*
oould result in 5mue'(Ca2+) values being more positive than those for
mi® (Pb?*). The greater destabilization of Hg2® than Pb2* is surprising.
As expected 'soft' Ag+ and T1" are slightly less destabilized than 'hard’
cs’ on increasing the ethanol content of the mixture.
Halogenoanions

All these ions are destabilized upon transfer from water into water
+ ethanol mixtures (Fig. 3.25) all preferring solvation by water with
the exception of [UOCly]?” at low wt $ EtOH. This is presumably due to
the less favourable interactions of the negatively charged halogen atams
in the camplexes with alcohol than with water. The destabilization is
greatest for [SiF¢]?” in which the charge density is greatest and in
which the halogen atams are the highly electronegative fluorine atams.
Fe(II) and Co(III) complex ions

The transfer chemical potentials of the Fe(II) camplex cations,
shown in Fig. 3.26, indicate that all three ions, [Fe(phen)s]?*,
[Fe(bipy);1%* and [Fe(bsb,Ph,Ph:m-OMe)s]?" are markedly stabilized upon
transfer fram water into aqueous ethanol mixtures, as is expected con-
sidering the large, hydrophobic nature of the ligands. The effect of
such transfer on the Co(III) camplexes shown in Fig. 3.26 is much less
marked. All four Co(III) camplexes exhibit a preference for solvation
by water. This preference is largest for the triply charged [Co(NO2)e¢] 3"
ion and least for the singly charged [Co(en),Cl,]" ion. . The two doubly
charged Co(III) camplexes occupy intermediate positions. The solvation
pattern of these Co(III) camplexes also reflects the fact that en is
more hydrophobic than NH; and that NO,  and C1~ are both more hydro-

philic than either en or NHj;.
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Transfer chemical potentials for simple anions (molar scale,
298.2 K, TATB assumption) in water + ethanol mixtures.




20- cit” L Sbfert”

4] uo
m
(k) mol™) / -~

101

v A—0Htart”
ox2'<>/A/
S0 wt% EtOH 100
//Pic"
= O ﬂ;_m
N N 0AC”
o
A
o\ .
o ~.
\ +

*  PhpP
O, SaTas’

\\TA B~

FIGURE 3.22

Transfer chemical potentials for same organic ions (molar
scale, 298.2 K, TATB assumption) in water + ethanol mixtures.
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Transfer chemical potentials for simple cations (molar
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water + ethanol mixtures.
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3.3.4 Canparison of solvation patterns in agqueous alcohols and aqueous
acetone mixtures

Transfer chemical potentials for a range of ions in various water +
co-solvent mixtures are shown in Fig. 3.27. The co-solvents are
acetone,94 metha.nol,14 ethanol (this work), isopropan0194 and t-butyl

alcohol.®®

All values are based on the TATB assumption. [In the case of
methanol as the co-solvent the TPTB assumption was actually used but this
has been proved to be almost identical to the TATB assumption in these
solvent mixtures. 92]

In all five aqueous mixtures the halide ions, C1°, Br and I, are
destabilized and the destabilization increases with increasing co-solvent
content in the solvent mixture. In camparing the transfer chemical
potentials for each of these ions in the different agqueous alcohol
mixtures it can be seen that there is a general increase in destabiliza-
tion with increasing size of the alkyl group in the alcohol. This trend
can be interpreted in terms of the inductive effect of the alkyl residue.
This effect, leading to decreased partial positive charge on the hydroxyl
hydrogen in the alcohol molecules relative to water, increases in the
order MeCH < EtOH < PriOH < ButOH. Thus, although transfer fram water to
aqueous mixtures of any of these alcohols is unfavourable for these ions
in terms of H-bonding, the effect is most pronounced for aqueous t-butyl
alcohol mixtures and decreases in the order Bu'OH > PriCH > EtOH > MeOH.

These ions are all markedly more destabilized in water + acetone
mixtures than in any of the aqueous alcohol mixtures. This can be
explained in terms of the inability of acetone to form H-bonds with
these ions.

The destabilization of the perchlorate ion in aqueous alcohols follows

a similar pattern to that of the halide ions, i.e. destabilization in
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the solvent mixtures decreases in the order PriCH >EtOH >MeOH. The
destabilization of this ion in aqueous t-butyl alcohol is however
slightly less than that in aqueous isopropanol. The similar destabiliz-
ing effect of aqueocus acetone and aqueous t-butyl alcohol mixtures on
the C10,” ion, both being less than that in aqueous isopropanol, could
indicate the increased importance of dispersion interactions as both
the ion and co-solvent became more polarizable.

For the large organic ions Ph,As® and [Fe(phen) ;] 2+, the rapid initial
stabilization upon transfer fram water into all these solvent mixtures
increases in the order ag MeOH < aq EtOH < aq PriCH < ag ButCH < ag acetone,
parallelling the increasing size in the hydrophobic moiety and increasing
polarizability along the series of alcohols and the decrease in structure
of the solvent mixtures.

Stabilization of the proton upon transfer fram water into aqueous
alcohols occurs at progressively lower wt % co-solvent content values
for MeOH, EtOH and Bu'OH. In terms of solvent structure this is expected
as the higher the alcohol the greater is the relative degree of breakdown
of water structure in aqueous mixtures with the same proportion of co-
solvent content. Thus, more basic sites became available for bonding
with the proton with the addition of a certain amount of BuOH than
addition of the same amount of MeCH.

Fig. 3.28 shows transfer chemical potentials for various cations in
the same five water + co-solvent mixtures due to the same authors as in
the previous figure.

For the XK', Rb" and Cs* ions the destabilization observed in aqueous
alcohol mixtures decreases in terms of the co-solvent in the order MeCH >
EtOH >PriOH. In camplete contrast to this is the stabilization of these

ions in aqueous acetone mixtures.
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Addition of any of these co-solvents to water results in mixtures
which are less structured than water (above the critical camposition
range in the case of alcohols). The degree of this structure breakdown
will depend partly on the campensatory formation of solvent/co-solvent
interactions and will therefore be greater in aqueocus acetone than in
aqueous alcohols as in the latter both types of solvent molecules can
act both as H-bond donors and acceptors. Thus, although in both types
of agqueous mixtures an increased number of basic sites are available on
the water molecules for interaction with the cation, alcohol molecules
can interact more favourably with these basic sites than can acetone
molecules and the former are thus in a sense in campetition with the
cations for such sites. This results in destabilization of the ions in
aqueous alcohol mixtures and stabilization in aqueous acetone mixtures
relative to water.

Ions behave in much the same way upon transfer fram water into
aqueous mixtures of any of these alcohols. OCbserved differences in
degree of stabilization or destabilization of the ions has its basis
in the effect of the reduced similarity between properties of alcohol
and water molecules with increasing size of the alkyl group in the
alcohol.

Differences between the structure and behaviour of the two camponents
in aqueous acetone are much more pronounced than in aqueous alcohols.
This results in generally more marked behaviour in the former than the
latter when the effect on the ions is of the same type but can also
result in opposite effects on ions as in the case of alkali-metal cations.

The relative behaviour of given ions in various binary agqueous mixtures
is affected by the nature of the extrathermodynamic assumption employed

in the analysis. For example, the difference in the behaviour of ions
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in aqueous acetone mixtures and in aqueous alcohol mixtures appears to
be more pronounced in values derived using the TATB assumption than,

say, in the values predicted by Wells.96
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SN
CHAPTER 4

Solvation of lons in Water + Ethylene
Glycol and Water + Glycerol Mixtures



4.1 INTRODUCTION
4.1.1 General

In the previous chapter single-ion transfer chemical potentials
derived using the tetraphenylarsonium tetraphenylboronate (TATB)
assumption were used to probe the nature of ion solvation in several
binary aqueous mixtures. Camparisons were made between the solvation
patterns for ions in aqueous mixtures of a dipolar aprotic solvent
(acetone) and of several lower monohydric alcohols (methanol, ethanol,
isopropanol and t-butyl alcohol). The camparison between single-ion
transfer parameters for the aqueous alcohol mixtures provided an insight
into the effect on ion solvation of the size of the alkyl group in the
alcohol. In this chapter the effect due to increased number of hydroxyl
groups in the organic co-solvent is investigated by studying transfer
parameters of single ions in aqueous mixtures of ethylene glycol (ethane-
1,2-diol) and of glycerol (propane-1,2,3-triol).

Transfer chemical potentials for single ions in water + ethylene
glycol (EG) and water + glycerol (G) mixtures are derived fram available
data in the literature in the same way as for water + ethanol mixtures
in Chapter 3. Once again the TATB assumption is the extrathermodynamic
assumption used. The data are presented on the same solute and solvent
camposition scales as before (viz. molar and weight percentage co-solvent
scales respectively) .

As a result of the close similarity between this chapter amd Chapter
3 much of the introductory discussion in the latter (Section 3.1) con-
cerning extrathermodynamic assumptions, camposition scalés, interpreta-

tion of transfer parameters, etc., is equally relevant here.
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4.1.2 Methods used by other authors

As in Chapter 3, single-ion transfer parameters derived using the
TATB assumption are campared with those derived by other authors using
alternative extrathermodynamic assumptions.

For water + EG mixtures, results fram the works of Wells,1 Kundu et
_ai.,z and Rao et a_l.3 are cited. For water + G mixtures, results due
to Wells4 and I<I1005 are used. Where such camparisons are made all the
data due to the different sets of authors have been converted to the
molar solute camposition scale and the weight percentage co-solvent
canmposition scale.

The method used by Wells for both of these aqueous solvent m.i.xtures1 4
was based on the calculation of Gikbs free energies of transfer for the
proton, AG?(H+) , fran a consideration of the transfer of the spherical
entity H' (H,0)s. This is the same method used by Wells for calculating
values of AG?(H'F) in aqueous ethanol and other binary aqueous mixtures
(see Section 3.1.3). In addition to the general criticisms of this
method,6 Basumillick et §:7 expressed doubt as to its validity
specifically in water + G mixtures. Their concern was with the fact
that for the reaction

H (H20)s + G = H' (G)(Hz0)y + Hy0
the equilibrium constant, Kc, is negligibly small for these solvent
mixtures. This meant that for water + G mixtures, values of AGq(H')
were calculated by Wells4 on the basis of Born-type interactions only.
In this method all single-ion values are calculated, directly or
indirectly, using AG? (H") so the need for highly accurate values for
the proton is essential. Such accuracy in values of AG? (H") derived
fram Born-type interactions only is questionable.

For water + G mixtures Khoo5 used the extrapolation method to derive
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single-ion free energies of transfer for the proton. Values of AG?(HX)
where X Cl17, Br and I were plotted as a function of the inverse
anionic radius, ra '. Extrapolation to ra"!=0 yielded AG%(H’“) values.
Kundu et a_l_.2 used the related simultaneous extrapolation method to
derive single-ion values for AG(:(H+) and AG%(CI') in water + EG mixtures.
Criticisms aimed at these methods (which also apply to the extrapolation
method of Bax et al.® discussed in Section 3.1.3) include invalidity of
representing ion-solvent interactions as a linear function of ionic
radius and the uncertainty in or amission of estimating a 'neutral'’
contribution term.

For aqueous water + EG mixtures, Rao et g_l_.3 calculated transfer
parameters for the proton using the reference ion/molecule redox couple
assumption. In this assumption, the free energy of transfer for ferro-
cene is equated to that of the ferricinium ion for transfer between
given solvent systems except for an electrostatic interaction term for
the ion that is absent for the molecule. Rao et gl_.s estimated values
of this electrostatic interaction using the Born equation. Electro-
chemical measurements for a cell in which the redox couple constituted
the reference electrode and the other electrode was reversible to H"’,
yielded values for AGY(H'). Criticisms of this 'Foc/Fic'' method are
usually connected with insufficiently large size of the species involved
and the possibility of specific solvent interactions with the iron atam
in such a 'sandwich' camplex.

All these authors, having derived sets of single-ion transfer para-
meters by invoking extrathermodynamic assumptions, calculated values for
other single ions using the additivity rule applicable to these thermo-

dynamic parameters fram data for salts available in the literature.
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4.1.3 Structure of aqueous ethylene glycol and aqueous glycerol mixtures

Free energies of transfer provide a measure of the relative affinities

9,10 that these quantities are

of an ion for two solvents. It is thought
usually daminated by contributions due to ion-solvent interactions
rather than those resulting fram structural changes in the solvent.

Such structural effects mainly appear in campensating contributions to
the enthalpies and entropies of transfer having little or no effect on
the free energies of transfer. Nevertheless, interpretation of transfer
parameters in terms of possible contributory effects requires same con-
sideration of solvent structure and the nature of the interactions
therein.

The presence of the hydroxyl groups in both ethylene glycol and
glycerol means that, like monohydric alcohols, these liquids are highly
associated. Unlike the mono-ols, however, the presence of more than one
-OH group means the structures of ethylene glycol and glycerol are
modified by the possibility of intra-molecular H-bonding.

1,5,7,11 that addition of small amounts of

It is generally accepted
EG or G to water, like addition of alcohols, pramotes structure while
addition of larger amounts disrupts it. The _degree of structure
pranotion in water-rich agueous mixtures of EG and of G is similar, and

7,12 Reduced

is camparable to that in aqueous methanol mixtures.
structure pramotion in agqueous mixtures of EG and G campared with that
in the analogous mono-ols may be the result of increased specific-site
hydration in the former mixtures reducing the effect of hydrophobic
hydration. |

It has been suggestedla’14

that ethylene glycol can act as a bidentate
ligand towards cations forming specific electrostatically bound camplexes.

Such interactions are likely to be affected by steric and ionic charge
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considerations.

The structural campatibility of glycercl with water is high.
Glycerol molecules can adopt a conformation in which the spacing between
the oxygen atams is campatible with second nearest neighbour distance

of the oxygen atams in liquid water.15

In this sense, glycerol is more
'similar' to water than the alcohols or ethylene glycol. As a result
the effect on ion solvation of transfer fram water into water + G
mixtures might be expected to be less than that for transfer in aqueous
alcohols and aqueous EG.

All agqueous mixtures of ethylene glycol and of glycerol have lower
dielectric constants than water. Thus, for a given ion, any contribu-
tions to the transfer parameters due to Born-type interactions will be
positive for these mixtures. However, the effect will be less for
transfer into these mixtures than into, say, aqueous methanol mixtures,
the latter having lower dielectric constants for mixtures of a given wt
% co-solvent content.

In terms of 'acid-base' interactions daminating primary solvation, the
negative charges on the oxygen atams in ethylene glycol, like in
alcohols, are judged to be greater than in water molecules. Thus water
+ EG mixtures are more basic and less acidic than wate:lc.'z’s’ll’13
Aqueous glycerol mixtures are in contrast less basic and more acidic
than water.‘l’7 This effect, however, is not universally agreed upon,
e.g. Khoo® proposed that aqueous glycerol mixtures are more basic than
water.

Contributions to transfer parameters due to secondary solvation
envisaged in terms of ion-structureless dipole interactions will be

negative for transfer into both water + EG and water + G mixtures (cf.

aqueous methanol mixtures for which such a contribution is positive).
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4.2 METHOD

4.2.1 Calculation of transfer chemical potentials for salts

The relevant data fram the literature for salts in both water + EG
and water + G mixtures were processed to yield transfer chemical
potentials, dmue, in kJ mol™! on the molar scale in varying weight
percentage (wt %) co-solvent mixtures.

Transfer chemical potentials for salts were calculated fram solubility

data (molar scale) using equation 4.1. As in Chapter 3, the calculation

smu®(salt) = -v KT 1n [soly(mixture)] cen. [4.1]
soly (water)
of transfer chemical potentials was limited to the solvent camposition
range in which the camposition of the solid phase remained the same as
that in water. Soly(mixture) and soly(water) are the solubilities of
the salt in the solvent mixture and in water respectively; Vv is the
stoichiametry, 2 for a 1:1 salt, 3 for a 1:2 salt, etc.

Solubility data given on the molal scale were cornverted to the molar
scale using the assumption that for a given solution the volume of the
solution equals the sun of the volumes of the constituent solute and
solvent (see Section 3.2.2). Equation 4.1 was then used to calculate
Gmue(salt) values.

Equation 4.2 was used to calculate dmue'(salt) values fram solubility

products, Ksp, on the molar scale for salts.

mu° (salt) = -RT 1n |Kgp (mixture) cee. [4.2)
Ksp (water)

Transfer chemical potentials for salts (molar scale) were calculated
fram standard electrode potentials on the molar scale, Eg, using
equation 4.3. The use of standard electrode potentials on the molal

smu (salt) = FIE%(water) - E(mixture)] ... [4.3]
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scale, Eﬁ, or mole fraction scale, Eg, in equation 4.3 yielded Gmue(salt)
values on the molal, (m), and mole fraction, (x), scale respectively.

These were converted to the molar scale (c) using equations 4.4 and 4.5.

Smu®(c) = mp®(m) -v RT1n | p(mixture) eee. [4.4]
p(water)
lOO'Wz W2
&, _. & + = .
Smu (c) =6pu (X) =VRT1n M, Mz ] M; Pmixture)
100 P (water)

e... [4.5]
p(water) and p(mixture) are the densities of water and of the solvent
mixture respectively. M; axd M; are the molar masses of water and the
organic co-solvent; wy is the weight percentage of co-solvent in the
solvent mixture.

Medium effects (molal scale), logp Yiz, for 1:1 electrolytes were used
in equation 4.6 to calculate Gmue(salt) values on the molal scale.
Conversion to the molar scale was effected using equation 4.4.

smu® (salt) = 2.303 RT (logy y+2) e.. [4.6)

For water + EG mixtures, the densities of the solvent mixtures used
in calculating transfer chemical potentials were the average of those
given by Banerjee et ;a;_.ls and Ray et a_l_.17 The density of ethylene
glycol was taken to be 1.10982 g/am®.® For water + glycerol mixtures,
the densities of the solvent mixtures used were those given in

19

"International Critical Tables". In all cases the density of water

was taken as 0.99705 g/am?.2°

Specific gravities of the salts were
taken fram the "Chemical Rubber Handbook".2l
Unless otherwise stated all the data for the salts had been measured

at 298.2 K.
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4.2.2 Calculation of single-ion transfer chemical potentials

The TATB assumption was used to produce single-ion transfer para-
meters for Ph,As*, BPh,”, K and Pic™ (Pic = picrate) fram those of the
parent electrolytes Ph,AsPic, KBPh, and KPic in water + EG > and in
water + G mixtures7 using equation 4.7.

5m119(Pht.As+) = 5mUG(BPhH- )

= 6mp (PhuAsPic) + 6mu® (KBPhy) - 8mu® (KPic)
2 e, 4.7

Values of Gmue(K+) and Smu° (Pic”) were then calculated using equations

4.8 and 4.9.
Smu® (K*) = 6mu® (KBPhy) - Smp® (BPh,”) .... [4.8]
smu® (Pic™) = 6mp® (PhuAsPic) - 6mp® (Phuas™) ... [4.9]

Using these four sets of single-ion transfer chemical potentials,

Bmug values for other ions were calculated using the additivity rule as
for water + ethanol mixtures (Section 3.2.1).

For water + EG mixtures 'one-step' derivations (Section 3.2.4)
yielded transfer chemical potentials for C17, Br, I, ClO, , C0;% and
S0,%”. 'Two-step' derivations yielded values for H', Li*, Na*,

[Fe(gmi) 312" and [Fe(bsb,Ph,Ph:3,4-Me;)3]?*. gmi is the bidentate
Schiff base made fram glyoxal and methylamine, (bsb,Ph,Ph:3,4-Me;) is
the bidentate Schiff base made fram 3,4-dimethylaniline ard 2-benzoyl
pyridine.

In water + glycerol mixtures 'one-step' derivations gave transfer
chemical potentials for C17, Br~, ClO,~ and SO.%". 'Two-step' derivations
yielded values for H+, Li*, Na*, RO, cs*, NH," and [Fe(bsb,Ph,Ph:3,4-
Me;)3]2?*. vVvalues for Br™ and I~ were obtained by 'three-step' derivations.

The references indicating the sources of the data for the relevant

salts are given in Sections 4.3.2 and 4.3.3 where the derivations of
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values for each ion are reported separately. The caments made con-
cerning the accuracy of ému9 values for ions in water + ethanol mixtures

in Section 3.2.5 apply equally here.

4.3 RESULTS
4.3.1 Introduction

In the following two sections the routes by which single-ion transfer
chemical potentials for ions in water + EG and water + G mixtures were
derived are outlined. For each ion, the sources of the data for the
salts used in the calculation of these values are given. Where alter-
native routes or alternative sets of data were used to derive values
for the same ion the results are campared. In such cases, one set of
values for each ion is chosen to be used as values for that ion in
subsequent derivations. The sets of values thus adopted for each ion
are tabulated in Appendix B.

The figures referred to in each section are shown at the end of that
section. The sets of values finally adopted for the ions are shown
together in Figs. 4.6 and 4.7 (for water + EG mixtures) and Fig. 4.11
(for water + G mixtures) at the end of Sections 4.4.1 and 4.4.2 respec-

tively in which the general solvation patterns are discussed.

4.3.2 Derivation of single-ion transfer parameters for aqueous ethylene
glycol mixtures

The transfer chemical potentials for PhuAs®, BPh, , K* and Pic™ in
water + EG mixtures were derived by application of the TATB assumption
using solubility products measured for the parent electrolytes Ph,AsPic,

3 Values of BPh,~ (=Ph,As’) are

KBPh, and KPic by Das and Kundu.1
negative across the camposition range and the stabilization of these

ions increases with increasing glycol content of the solvent mixture.

By camparison, the effect of transfer fram water into these solvent
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mixtures for both K and Pic™ is much less marked. In low wt % glycol
solvent mixtures the transfer chemical potentials of the picrate ion
are positive. However, with increasing glycol content of the solvent
mixtures Smpu° (Pic™) becames negative and this stabilization increases
progressively across the remaining solvent camposition range. All
values for Smu®(K*) (except at 10 wt % glycol) are relatively small but
positive.

Transfer chemical potentials for the halide ions, <Smu9(X') where
X"=Cl", Br" and I, were derived fram electrochemical measurements2

22,23,2% £or ¥X using Smu”(K*) values. The

and solubility measurements
solubility data had been measured at 303.2 K. These alternative sets

of Gmue(X') values are shown in Fig. 4.1. Both sets of data (electro-
chemical and solubility) yielded positive values of dmue(x') which
decrease in the order C1™ >Br” >1°. For each ion in a given solvent
mixture the transfer chemical potentials calculated using the solubility
data are less than those calculated using the electrochemical data. The
latter are the ones tabulated in Appendix B.

Electrochemical data® for the alkali-metal halides, MX where M =H',
Li* and Na* and X" = Cl™, Br  and 17, were used to derive values for
émue(M+) . Three sets of transfer chemical potentials for each of the
cations were calculated using values of mu(Cl7), 6mu®((®Br”) and 6mu®(I7)
derived earlier. For each cation, the values were in very good agree-
ment; their average is tabulated in Appendix B. Li* and Na* are
destabilized across the concentration range studied, the former more so
than the latter. The proton is slightly stabilized in solvent mixtures
containing up to about 80 wt % glycol, after which Sun® (H') becomes
positive.

A second set of electrochemical data for HI11 was used with Gmue(I')
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values to give transfer chemical potentials for the proton. This
alternative set of results was in very good agreement with the dmu&(H+)
values derived fram electrochemical measurements of HI. 2

Solubility data for NaCl2® measured at 303.2 K was used to calculate
transfer chemical potentials for the salt, émue(NaCl)s (where super-
script S denotes solubility derivation). Cambination of these values
with the alternative sets for the chloride ion derived fram electro-
chemical data, Smp® (C17)E (where superscript E denotes electrochemical
derivation), and solubility data, Smu®(C17)S, yielded two sets of values
for the sodium ions &mp® (Na*)SE and 6mu®(Na*)SS. For comparison,
transfer chemical potentials for NaCl derived fram electrochemical ciiata,2
Gmue(NaCl)E, were treated in the same way yielding Smu® (Na)BE and 6mp®
(Na*)ES values. All these quantities are shown in Fig. 4.2. It is
interesting to note that although the spread of values in the four sets
of &mu”(Na*) values is large the closest agreement is between Smu® (Nat)EE
and 6mue(Na+)SS values. This may be a result of the cancelling out of
certain terms in the purely 'electrochemical derivation', EE, and again
in the purely 'solubility derivation', SS, resulting fram non-ideal
interactions not corrected for in the basic data given for the salt ard
the anion. In contrast, in derivations of Gmue(Na+) fram émue(NaCl) -
and 8pu®(C17) using solubility data for one species and electrochemical
data for the other, no such cancellation occurs and the resulting
values, 65u°Na*)SE and spu® (Na*) B8, are vastly different.

Values for Spu®(S0,2") were derived fram solubility data of Na;SO, 26

27,28 e resulting values for SO,2” are shown in Fig. 4.3.

ard K,S0, .
One set of solubility data for K,SO, had been measured at 303.2 K,Z7 the
other had been measured at 298.2 K but values had been given on the molal

scale.28 Conversion to the molar scale was effected by introduction of
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the usual assumption (Section 4.2.1). All the estimates predict that
S0,2” is destabilized when ethylene glycol is added to the system. The
degree of this destabilization is more pronounced in values derived
fram solubility data for K,SO. than fram Na,SO,. The values derived
for SO42” using solubility data for K,SO, at 298.2 K are the ones
tabulated in Appendix B.

Solubility data for Kclol,‘?'9 were used with GmuG(K+) values to yield
Smp® (C10,”). These, in turn, in cambination with solubility data for

2

[Fe(gmi)s] (C104) 222 and [Fe(bsb,Ph,Ph:3,4-Mes)s] (C104)22° yielded

transfer chemical potentials for the two camplex cations.

Values for Gmue'(coaz') were derived fram solubility data for K2C03.30
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FIGURE 4.2

Transfer chemical potentials for NaCl, C1~ and Na® (molar
scale, TATB assumption) derived using solubility data [refs.
22,25] (8S), electrochemical data [ref. 2] (E) or cambinations
of the two types of data (EE), (SS), (ES), (SE) in water +
EG mixtures.
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Transfer chemical potentials for SO,2” (molar scale, TATB
assumption) derived using data for K,;SO, at 303.2 K [ref. 27]
(O), K2S0, [ref. 28] (@) and Na,SO, [ref. 26] (O) in water +
EG mixtures. .

-124-



4.3.3 Derivation of single-ion transfer parameters for agqueous glycerol
mixtures

The values for Ph,As®, BPh,”, K* and Pic™ tabulated in Appendix B
were derived fram solubility products for Ph,AsPic, KBPh, and KPic given
by Basumullick and Kundu,7 using the TATB assumption. The potassium ion
is increasingly destabilized in mixtures of increasing glycerol content,
whilst BPh,” (=Ph.As’) and Pic” are increasingly stabilized across the
camposition range. The stabilization of Pic™ is less marked than that
of BPh, .

The transfer chemical potentials for the chloride ion were derived
fram two alternative sets of data for KCl, one based on solubility22
the other on electrochemical’ measurements. Cambination of Smu® (KC1)
with Gmue(K*') values derived using the TATB assumption yielded the two
sets of Gmue(cf) values shown in Fig. 4.4. The transfer of the ion
fram water into water + glycerol mixtures is shown by both sets of
estimates to have little effect on the chemical potential of the ion.
The Smp®(C17) values are very slightly negative below and very slightly
positive above the region of equimolar solvent camposition. The
averages of these sets were adopted as 6mue(Cl') values ard are
tabulated -in Appendix B.

values for Gmue(H+) were derived fram two sets of data for HCl. Both
sets of transfer chemical potentials for the salt were based on electro-
chemical measurements.®’’ The resulting sup’ (HY) values obtained using
values for the chloride ion are shown in Fig. 4.4. There is good agree-
ment between the two sets of values, the averages of which are tabulated
in Appendix B and were used subsequently as dpu®(H') values. Upon
transfer fram water into mixtures of water + glycerol the proton is

destabilized. This destabilization increases with increasing co-solvent
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content of the solvent mixture.

Fig. 4.5 shows three sets of values for smuT(Br™). One set of values
was derived using transfer chemical potentials for KBr based on solubil-
ity measurements.>> The other sets were derived fram electrochemical

measurements for HBr. 5,12

In low wt % glycerol mixtures there is good
general agreement between the three sets of estimates for 6mue(Br')
that the ion is slightly stabilized upon transfer fram water into these
mixtures. At higher wt % glycerol content, the values derived from
electrochemical measurements became increasingly negative. The values
derived fram solubility measurements, however, became less negative
with increasing co-solvent content of the mixtures and became positive
in solvent mixtures containing more than 45 wt % glycerol. The values
adopted as those for émue(Br') are the average of the two sets derived
fram electrochemical measurements.

The values for 6gu° (I7) were calculated from the transfer chemical
potentials of HI based on electrochemical measurements.”’'? Cambination
of these two sets of values for the salt with those for the proton
yielded émp® (I7) values shown in Fig. 4.5. The values are negative
across the camposition range studied and becane more negative with
increasing glycerol content of the solvent mixtures. The values of
SuuT(I7) tabulated in Appendix B are the average of the two sets.

Values of cSmue(M+) , Where M= Li+, Na+, Rb+, Cs+, NHA\+, were all
derived using the transfer chemical potentials for the chloride salts
of these cations. Values of (Smue(MCl) where M' = Li+, Na+, Rb+, Cs+,
were derived fram electrochemical measurements’ and Smn® (NHLC1) values
were derived fram solubility measurements.31 Canbination of values for

dmue’(MCl) with those for 6mue(Cl-) yielded values for the cations.

Transfer fran water into water + glycerol mixtures has a destabilizing
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effect on all these cations which increases with increasing glycerol
content of the solvent mixture. The destabilizing effect decreases in
the order Na* >Rb' >Cs* >MNH,” across the camposition range studied.
Although in solvent mixtures containing 70 wt % glycerol the lithium
jon is the most destabilized of these ions, in mixtures of lower wt %
glycerol it is less destabilized than all the cations except NH. .

smi® (K*) values were used with solubility data for KC104,2° and
Kzsou” to derive transfer chemical potentials for the perchlorate and
chloride ions respectively. The solubility data for K.SO4 were given
on the molal scale. These were converted to the molar scale using the
usual assumption (Section 4.2.1). Both Cl0,~ and SO,?” are destabilized
on transfer fram water into aqueous glycerol mixtures. The effect on
Cl0,” is small in camparison to the destabilization of S0,2”. The
latter effect increases steadily across the camposition range studied.
229

Solubility data for [Fe(bsb,Ph,Ph:3,4-Me;)3] (C1lOy) in cambination

with 6mu® (C104™) values yielded transfer parameters for the cation.
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Transfer chemical potentials for Cl~ and H (molar scale, 298.2 K,
TATB assumption) derived using data for KC1 [ref. 22] (A), KC1l
[ref. 7] (a), HCl [ref. 7] (®) and HCl [ref. 5] (O) in water + G
mixtures.
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4.4 DISCUSSION

4.4.1 General solvation pattern in agqueous ethylene glycol mixtures

Figs. 4.6 and 4.7 at the end of this section show the general
solvation pattern for ions in water + EG mixtures derived using the TATB
assumption. Transfer chemical potentials for cu?t derived using the

33,34 are also included.

negligible liquid junction potential assumption,
Values for 00;2” and SO,%” are judged to be of lesser accuracy due to
solubility considerations (see Section 3.2.5).

One of the most immediately noticeable features in both figures is
the less than smooth change in (’Smue values across the camposition range
for most of the ions. Of the ions for which values are given over the
majority of the camposition range, only Ph,As® (=BPh,”) shows a smooth
change in Gmue'. For the rest of the ions, values for transfer into
mixtures of around 50 wt % EG consistently impede such a change. It
can be seen that deviations of the observed values in this camposition
range fram 'smoothed-out' plots ignoring these values are in all cases
negative for anions and positive for cations. That this is a real
phenamenon and not the result of inaccurate data or miscalculation of
values is borne out by the fact that this trend is evident also in the
results of -Wellsl and Kundu et ;a;L__.z for water + EG mixtures. The effect
may have its origins in the reversal in magnitudes of AHE and TASE (the
changes in the excess functions of mixing of the solvent) in solvent
mixtures of approximately 50 wt % EG content.! Also the onset of
solvent structure breakdown, following structure pramotion due to
addition of small amounts of ethylene glycol to water, occurs around
35 wt % EG in the solvent mixture.’

Transfer chemical potentials for anions are shown together in Fig.

4.6. The halide ions, C17, Br™ and I™, are all destabilized upon trans-
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fer fram water into water + EG mixtures. The destabilization decreases
in the order C1” >Br  >I°. In terms of primary solvation of the ions
this behaviour is expected. In ethylene glycol the partial negative
charges on the oxygen atams and the partial positive charges on the
hydroxyl hydrogens are greater and smaller respectively than on the
corresponding atams in water. As in water + ethanol mixtures the co-
solvent molecules confer greater basicity on the water molecules in the
solvent mixtures due to the co-operative nature of H-bonding. Thus
hydrogen bonds between the anions and hydroxyl hydrogens of the solvent
molecules will be weaker in the solvent mixtures than in water. The
observed order, C1™ >Br™ >I~, is the result of decreased H-bonding
ability down the series with decreasing charge densities of the ions.

The behaviour of these ions also follows the pattern predicted by the
Born equation, Gmue' values increasing with decreasing dielectric
constants of the solvent mixtures. The order, C1” >Br~ >I~ parallels
the increase in ionic size. Any contribution to the transfer parameters
of these ions due to ion-structureless dipole interactions operating
outside the primary solvation shell will be negative, the dipole mcament
of ethylene glycol being greater than that of water. With increasing
ionic size, dispersion interactions may became more important in
particular for I™ making an increasingly favourable contribution to
(Smue(I') with increasing glycol content of the solvent mixtures.

The transfer chemical potentials of the perchlorate and carbonate
ions are similar in magnitude to those for the iodide ion. Although

35,36,37 the rela-

this has often been found to be the case for ClO. ,
tively small 8mu®(COs2”) values are surprising. For Cl0,”, positive
contributions to the transfer parameters due to Born-type interactions

or acid-base considerations will be less than, say, for Cl~ due to
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decreased charge density in ClO,” . These factors would lead to expecta-
tions that €032~ would be much more destabilized than ClO,~.

As in water + ethanol mixtures the doubly charged sulphate ion is
more rapidly and more markedly destabilized than the univalent ions
being considerably more hydrophilic.

The ionic size and hydrophobic nature of the picrate ion results in
stabilization over most of the camposition range (values are slightly
positive in low wt % EG mixtures). Favourable changes in dispersion
interactions became more important for this ion daminating the positive
contribution to the transfer parameters due to decreased H-bond inter-
actions upon transfer.

For the large organic BPh, ion, the transfer parameters are controlled
by dispersion interactions, the values being camparatively large and
negative and increasing with increasing wt % EG content of the solvent
mixture.

Fig. 4.7 shows the transfer chemical potentials for cations in water
+ EG mixtures. Values for the large hydrophobic cation [Fe(bsb,Ph,Ph:-
3,4-Me;)3]1?%%, like those for Ph,As*, are large and negative. The smaller
camplex cation, [Fe(gmi)s;]?*, follows a similar trend in low wt % EG
mixtures but after this becames less stabilized.

The proton is slightly stabilized in mixtures containing up to 80 wt
¢ EG after which the proton becames destabilized. The change in sign
occurs around 80 wt ¢ EG (cf. water + ethanol mixtures - 90 wt %
ethanol) implying that solvent mixtures of lower wt % co-solvent content
are more basic than water. Destabilization of the alkali-metal cations
is in the order Li® >Na'~ K" indicating Born-type behaviour and decreas-
ing positive contribution to transfer parameters due to secondary

solvation interactions. The levelling off of the plots for Na* and K*
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at higher wt % EG content mixtures may indicate formation of specific
canplexes between the ions and the organic co-solvent, with ethylene
glycol acting as a bidentate ligand. In the case of Li+, absence of
levelling off in Gmue values may be a result of reduced camplex forma-
tion due to steric limitations. However, as the levelling off is
accentuated by values for 50 wt % EG content mixtures, the behaviour
oould be a reflection of structural changes in the solvent rather than
ion-solvent interactions. The downward trend of values fram 90 wt % EG
to pure EG is indicative of ion-pairing.

The values for Cu?* (derived using the negligible liquid junction
potential assumption33) show the ion to be increasingly stabilized
with increasing EG content of the solvent mixture. That the destabiliza-
tion is camparatively small considering the charge may be due to
formation of specific camplexes of the type [Cu(EG).)2*.13:14

Figs. 4.8 and 4.9 show camparison of values for a range of ions
derived using different extrathemmodynamic assumptions in water + EG
mixtures. Most obvious for both cations and anions is the much greater
magnitude of values derived using the simultaneous extrapolation method
(SE method)2 than by either Wells's method’ or the TATB assumption. In
camparison to the values derived using the SE method,2 the values -
derived using Wells's method1 and the TATB assumption are in fair agree-
ment.

Irrespective of magnitude, the sign of the transfer chemical poten-
tials for the halide ions (Fig. 4.8) are the same for all methods and
all decrease in the order C1~ >Br~ >I . For the proton (Fig. 4.9), all
methods predict stabilization in this lower wt % co-solvent content
camposition range. The value of Smu°(H') at 50 wt % EG fram the SE

method? is almost ten times greater than that derived using the reference
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electrolyte assumption. For the alkali-metal cations, Gmue values
derived using the SE method2 are large and negative while those derived
using the TATB assumption and by Wells's method1 are positive and rela-
tively small. It is noteworthy that the conversion of Wells's values:L
for the alkali-metal cations in mixtures of less than 50 wt % EG fram
the mole fraction to the molar solute camposition scale resulted in a
change of sign, the former being negative.

Fig. 4.10 shows sets of dmp°(H*) values derived using different
assumptions. The values derived using the Foc/Fic+ method, FM, the
acidity function method, AFM, and the extrapolation method, EM, are
taken fram the work of Rao et ;ai.s Values derived using the TATB
assumption, REM, Wells's method,1 W, and the SE methocl,2 SEM, are also
included. In mixtures of up to 50 wt % EG content the 6mu9(H+) values
derived using all the methods are negative. The general agreement
concerning the degree of this stabilization is, however, poor. The two
sets of values derived fram extrapolation methods?’ 3 show a marked
stabilization of H*. 1In this camposition range the results of the
TATB assumption, the acidity function method3 and Wells's method1 are
in relatively good agreement predicting little effect on the chemical
potential of H' on transfer fram water into these mixtures. The values
derived using the Foc/Fic® method® are intermediate between these two
effects. |

In higher wt % EG content mixtures, values for H* derived fram the
TATB and acidity function® methods became positive. Those fram the
Foc/Fic+3 and extrapolation methodsz'3 remain negative but the stabiliza-
tion of H' between 90 wt % and 100 wt % EG decreases (not shown for the
extrapolation methods) .

Thus, values fram the Foc/Fic+3 and extrapolation methodsz’3 suggest
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all the solvent mixtures and ethylene glycol to be more basic than
water. The results derived using the reference electrolyte method,
the acidity function method3 and Wells's me't:hod1 indicate water-rich
mixtures to be more basic than water. However, with higher co-solvent
content the two former methods show the mixtures and ethylene glycol

to be less basic than water.
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Transfer chemical potentials for anions (molar scale,
298.2 K, TATB assumption) in water + EG mixtures.
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Transfer chemical potentials for cations (molar scale,
298.2 K, TATB assumption) in water + EG mixtures. [Data
for Cu®* fram refs. 33 and 34.]
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FIGURE 4.10

Transfer chemical potentials for ut (molar scale, 298.2 K) derived
using TATB assumption method (REM) (@), Wells's Method (WM) [ref.
1] (O), acidity function method (AFM) [ref. 3] (A), Foc/Fic*
assumption method (FM) [ref. 3] (Vv), extrapolation method (EM)
[ref. 3] (0O) and simultaneous extrapolation method (SEM) [ref. 2]
(m) in water + EG mixtures.
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4.4.2 General solvation pattern in agqueous glycerol mixtures

Fig. 4.11 at the end of this section shows the general solvation
pattern for ions in water + glycerol mixtures containing up to 70 wt %
G derived using the TATB assumption. Values for Cu?" derived using the
negligible liquid junction potential ::1ss1.1mption34 are also included.
Values for SO,2~ ard NH,® are judged to be of lesser accuracy due to

solubility or derivation of route considerations (see Section 3.2.5).

For the majority of these ions the effect of transfer fram water into
these mixtures is much less marked than has been seen for other binary
aqueous mixtures in this study. This results fram the increased
relative structural campatibility of water and glycerol. The general
sequence of ions is also different. The only ions which retain their
relative positions in the solvation patterns as for aqueous mixtures of
the alcohols and EG are the TATB ions and the doubly charged Cu?* and
SO4%” ions. Their positions in the solvation pattern relative to the
other ions can be explained in the same way as their behaviour in the
aqueous alcohols (Section 3.3.4) and in aqueous ethylene glycol (Section
4.4.1).

The transfer chemical potentials for the proton are positive for this
camposition range and increase steadily as the amount of organic co-
solvent in the system increases. This implies that these water +
glycerol mixtures are less basic than water.

The alkali-metal cations Na*, K*, Rb* and Cs® are all destabilized
when transferred fram water into these mixtures. This destabilization
increases with increasing organic co-solvent content of £he mixtures.
The magnitude of this effect for each of the ions is relatively similar
but decreases in the order Na* >K* >Rb* >cs*. The signs of these trans-

fer chemical potentials and their relative magnitudes are consistent
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with these mixtures being less basic than water and with the charge
density on the ions decreasing down the series. These ions also show
the behavioural pattern expected due to Born-type interactions. The
other alkali-metal cation in Fig. 4.11, Li+, is by contrast less
destabilized than Cs* in low wt % G mixtures yet more destabilized

than Na' in higher wt % G mixtures. This may be due in the former

case to the stronger hydration co-sphere of Li* making replacement of
water molecules in the primary solvation zone by glycerol more difficult.
In the latter case steric considerations may be the cause.

In these mixtures, transfer chemical potentials for the halide ions
Cl™, Br and I~ are all negative (except for Cl ™ in mixtures of 70 wt %
G). The preference for solvation by the mixtures shown by Cl~ and Br~
is small, that shown by I~ is samewhat larger. This stabilization is
consistent with acid-base considerations which appear to daminate any
positive contribution to the transfer chemical potentials of these ions
made by Born-type interactions. The decrease in stabilization of these
ions in the order I” >Br~ >Cl” is the opposite of what would be expected
if their interactions with the solvent were solely through H-bonding.
However, with increasing size of the ion favourable contributions due to
dispersion forces increase and approach to the ions by the larger
glycerol molecules (or aquo-camplexes in the solvent) becomes easier.
These factors appear to be significant enough to change the expected
sequence of the anions. In the light of these considerations the
position of the perchlorate ion in the solvation pattern is anamalous
being positive across the camposition range.

Fig. 4.12 shows camparison of values for Cl17, Br~, I~ and H' in water
+ G mixtures derived using different assumptions. Unlike in the

analogous camparison for water + EG mixtures (Section 4.4.1), the values
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for the halide ions derived using the reference electrolyte method,
Wells's method4 and the extrapolation methoc'{5 are not all of the same
sign. The proposed effect of transfer on these ions fram water into
water + G mixtures determined by the extrapolation method® is one of
destabilization. Using the TATB assumption, these ions are shown to be
stabilized. Wells's method® indicates that C1~ and Br~ are destabilized
whereas I~ is stabilized. As in water + EG mixtures the magnitudes of
the calculated transfer chemical potentials irrespective of sign are
much larger using the extrapolation method® than the other two methods.
Both the reference electrolyte method and Wells's method® yield
positive values for the proton (greater for the former than the latter)
suggesting these water + glycerol mixtures are less basic than water.
In direct contrast to this are the negative values of Gmue(H+) derived
using the extrapolation method® indicating the same mixtures to be more

basic than water.
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4.4.3 Canparison of solvation of ions in aqueous alcohol, aqueous
ethylene glyool and aqueous glycerol mixtures

Figs. 4.13 to 4.16 show the behaviour of a range of ions on transfer
fram water into aqueous mixtures of methanol,35 ethanol, isoprcspanol,38
ethylene glycol and glycerol, all derived using the TATB assumption.

The camparison between transfer chemical potentials for single ions
in water + MeOH, water + EG and water + G mixtures reflects the effect
on ion solvation of replacing first one methyl proton in methanol and
then two methyl protons with -CH,CH groups. Along the series, MeCH,

EG, G, the increase in size of the hydrocarbon skeleton in the molecules
parallels an increase in the number of hydrophilic -CH groups.

Camparison between values for water + EtCOH and water + EG mixtures
and between values for water + PriCH and water + G mixtures reflects the
effect on ion solvation of increase in the number of -OH groups in the
co-solvent but with retention of the same carbon skeleton length.

Fig. 4.13 shows these camparisons for data for Cl~. The values for
the ion in mixtures of higher co-solvent content decrease in the order
aq MeCH > aq EG>ag G. This parallels the decreasing charge densities
on the basic centres of the co-solvent molecules and is consistent with
the transfer chemical potentials for Cl- being dominated by contributions
due to changes in the H-bond primary solvation interactions. That Born-
type interactions are relatively unimportant can be seen fram the fact
that Gmu&(Cl') in water + MeOH mixtures is closer to (Smue(Cl') in water
+ EG mixtures than to 8mp°(Cl7) in water + G mixtures. Born-type inter-
actions would be most similar for a given ion in aqueous EG and aqueous
G mixtures reflecting the similarity of the dielectric constants of these
mixtures relative to those of aquecus methanol mixtures.

The results suggest that the basicity of the solvents decreases in the
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order ag MeCH >ag EG>aq G water. This implies that contributions to
the transfer chemical potentials for this ion due to secondary solvation
described in terms of ion-structureless dipole interactions are also
relatively unimportant. Such a contribution would be positive for

water + MeCH mixtures but negative for both water + EG and water + G
mixtures.

Fig. 4.13 shows that increase in the size of the alkyl group in
mono-ols results in increased destabilization of C1~. Addition of an
-CH group to the co-solvent molecule, however, results in reduced
destabilization upon transfer from water (adding 2 -OH groups reduces
the degree of destabilization even more). Thus camparison of Gmue (C17)
values in water + MeOH, water + EG and water + G mixtures indicates the
solvation behaviour of Cl~ in these mixtures is daminated more by
increasing number of -OH groups in the co-solvents than by increasing
carbon skeleton length.

The same effect is seen for BPh, in Fig. 4.14. In the aqueous
mixtures of MeCH, EG and G the hydrophobicity of the solvents is
indicated to decrease in the order MeCH >EG >glycerol. Although the
hydrophobic moiety increases across the series (which fact on its own
would be expected to lead to increased stabilization of the large organic
ion) reduced stabilization of this ion across the series is observed due
to increased number of hydrophilic -OH groups.

Fig. 4.15 shows data for the picrate ion. No discernible regular
trends are obvious in the behaviour of this ion on either increasing
the carbon skeleton length in the co-solvent or :anreasmg the number
of -OH groups, or both. This is probably due to the cambined effects
of hydrophilic solvation (through the negatively charged O atam and the

-NO, groups) and dispersion interactions (due to the phenyl group).
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Steric effects may also play a part in changing the sequences of the
co-solvents if the result of these two effects cambined is to yield
Smp® (Pic”) values that are relatively similar in magnitude in all these
aqueous co-solvent mixtures.

Transfer chemical potentials for K* are shown in Fig. 4.16. In high
wt $ co-solvent content mixtures all values of Spu®(K*) are positive.
The destabilization of the ion decreases in the order ag MeCH > ag EtCH >
aq PriQCH, i.e. with increasing size of the alkyl chain. The destabil-
ization also decreases on adding an -OH group to a mono-ol, aq EtCH >
ag EG. Thus, in camparing the behaviour of the ion in aqueous MeCH,

EG and G mixtures it would be expected that these two trends would
reinforce each other. The replacement of a methyl proton by a -CH>CH
group would be expected to cause a substantial decrease in the
destabilization of the ion. This is observed in camparing the Gmue(K"')
values in aqueous MeCH and EG mixtures. In camparing the values in
aqueous EG and G mixtures, however, there is an increase in destabiliza-
tion for the latter rather than the expected decrease. Also, the effect
of adding two -OH groups to the co-solvent on (Smue(K*') values (PriCH~>G)
is remarkably small given the earlier observations.

These complexities for K* may be due in part to the possibility of
formation of specific camplexes between the cation and ethylene glycol.
Such an occurrence would result in the observed decrease in destabiliza-
tion seen by camparing values for K' in water + MeOH and water + EG
mixtures. Specific camplex formation may be less favourable between the
cation and glycerol molecules due to steric and 'acid-base' considera-
tions. Thus the destabilization in aqueous glycerol mixtures would be
greater than in aqueous ethylene glycol mixtures.

It is clear that the results for this ion cannot be interpreted
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wholly in terms of one type of solute-solvent interaction daminating
the transfer parameters. The observed values are likely to be the

result of an amalgamation of contributions due to several effects.
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CHAPTER 5

Kinetic Investigation into the Existence
of Geometrical Isomers of Low-Spin Iron(il)
Schiff Base Di-imine Complexes



5.1 INTRODUCTION

5.1.1 Background

The kinetics of reactions of the low-spin iron(II) di-imine camplexes
[Fe(phen);12* and [Fe(bipy)s:]2*, where phen ard bipy are the bidentate
ligands 1,10-phenanthroline (I) and 2,2'-bipyridyl (II) respectively,

were first investigated over 30 years ago.l'3 Since that time kinetic

(IT)

studies involving these camplexes, many of their substituted derivatives
and other closely related iron(II) tris-(bidentate) camplexes have probed
the effects of solvents, substituents and added salts on the rates of

4-8 In this way, information concerning

reactions of these camplexes.
the reaction mechanisms, solvent structural properties and solute-solvent
interactions involved has been obtained.

One such set of closely related camplexes is the series of low-spin

3]2+ where sb i1s a bidentate

iron(II) tris-(bidentate) camplexes [Fe(sb)
Schiff base ligand derived fram either 2-pyridine carboxaldehyde, 2-

acetyl pyridine or 2-benzoyl pyridine and a primary amine (III). The

—_— R Me Me
N\ 7 7
N N-R’ Me-N N-Me
(IV)

R=H, Me, Ph
R' =alkyl, aryl

(II1)
reaction kinetics of these camplexes were of particular interest in that
they provided a structural link between analogous low-spin iron(II) cam-
plexes containing aliphatic a-di-imine ligands, such as the ligand

derived fram biacetyl and methylamine (IV), and their aramatic counter-
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parts [Fe(phen)s;]?* and [Fe(bipy)s]?*. They also permitted wider study
of substituent effects in terms of the nature, position and number of the
substituents on the rates of reactions than was possible for either
[Fe(phen)3;1%* or [Fe(bipy)s:]?* due to the freguent difficulty in
preparing substituted derivatives of the latter two ligand molecules.

By camparison, preparation of ligands of the type (III), using a rarge of
aliphatic and aramatic amines, is relatively easy. As a result the

kinetics of a variety of reactions of these camplexes including their

9,11,14 -10,11,13 - 12,14

reaction with acid, nucleophiles such as CH and CN°,
hydrogen peroxide10 and peroxod.isulphate11 have been studied.

One drawback to the use of these camplexes in such investigations has
been that the unsymmetrical nature of these Schiff base ligands leads to
the possibility of the existence, in theory at least, of two diastereo-
isameric species of [Fe(sb)s:]?* in samples of the camplex (see Section
1.3.3). 1In the past, findings of unpublished work'® imvolving this type
of camplex have not always been consistent. One feasible explanation
for this is the possible existence of such isamers. It would be desirable
indeed to know if this could have been the case.

In the investigation of reaction mechanisms by kinetic study, evidence
for the existence of geametrical isamers for several camplexes of this
type has been found. In studying the kinetics of acid aquation for a
series of tris-(bidentate) low-spin iron(II) 2-pyridinalalkylimine cam-
plexes, Murmann and Healy16 found evidence for the existence of diastereo-
isamers in one case only. For the ligand derived fram pyridine-2-carbox-
aldehyde and g-phenylethylamine two kinetically different species were
identified, one reacting nearly 20 times as fast as the other. Krumholz,17

also investigating rates of acid fission, found kinetic evidence for the

existence of isamers of iron(II) camplexes of this type containing ligands

-157-



derived fram either 2-acetyl pyridine or 2-benzoyl pyridine and aniline.
The reactivities of the two species were estimated to differ by a factor
of about 20. Ultraviolet/visible absorption spectra of the two forms
were reported to be almost identical except for the position of Apax-.
Estimations of the differences in Apax of the two species were 3 mm and
10 rm for the camplexes containing ligands derived fram pyridine-2-
carboxaldehyde and 2-benzoyl pyridine respectively. Close to Apax the
molar absorptivities of the two species were found to be very similar.
Preparation of solutions of the camplexes containing over 50% of the
labile form were reported. The presence of isamers in initial prepara-
tions of samples exhibiting marked differences in their reactivities
towards hydroxide ions has also been reported for same camplexes
containing ligands derived fram 2-benzoyl pyridine and substituted
anilj_nes.11 Thus, although evidence for the existence of such isamers
has been found kinetically in same cases, there is relatively little
detailed information concerning the two species. For example, for cam-
plexes in which isamers have been detected kinetically the relative
abundance of the two species has been largely unexplored.

The fact that sets of kinetic results, apparently consistent at the
time, have proved later to be i_rrepr;aduci_ble suggests the possibility that
the presence of isamers may have gone without detection. Obviously in
terms of kinetic study of reaction mechanisms the undetected presence of
a mixture of such isamers is undesirable. As such, it was felt that the
existence and detection of diastereoisamers merited further investigation.
The reported similarities in the ultraviolet/visible absorption spectral
properties of the two species indicated that their detection by these
means might be difficult. The reported marked differences in their

reactivities, however, were viewed as a potentially more useful, though
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possibly not infallible, investigative tool.

With a view to the rationalization of inconsistent results obtained
in the past for same camplexes of this type the reactions of two
camplexes with hydroxide were investigated. Initially, the same

synthetic and analytical procedures as employed previously were used.

5.1.2 Kinetics

The nature of these camplexes results in dramatic changes in the
absorbance at their Apax in the ultraviolet/visible region when camplexes
of this type undergo reaction in solution (see Section 1.3.1). Thus,
spectrophotanetric measurement of the decrease in absorbance with time
at Amax of the camplex, corresponding to disappearance of the camplex as
it reacts, provides an excellent way to study the kinetics of reactions
of these camplexes.

By such means, the rates of hydroxide attack at [Fe(sb);]?* where sb
is an unsymmetrical Schiff base ligand of the type (III) for which no
isamers have been detected have been shown to follow the rate law given
in equation 5.1.10’11

- d[camplex] = k) [camplex] + k,[OH ] [camplex] eee. [5.1]
dt

This rate law for alkaline hydrolysis is followed also by [Fe(phen)s]?*,

[Fe (bipy)s]2* and many of their derivatives as well as by [Fe(sb)s]?*

where sb is a variety of symmetrical Schiff base ligands,g’ls’19

except
at high hydroxide concentrations. The most satisfactory interpretation
of such a rate law is that hydroxide attack at these camplexes proceeds
by two simultaneously occurring reaction pathways. The first, the rate
constant for which is k;, is independent of [OH"]. The second reaction
pathway, the rate constant for which is kz, indicates direct participation

of OH in the rate-determining step, or pre-equilibrium, of this reaction.
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Under conditions where [OH™]> [camplex] an observed first-order rate
constant, keobs, is defined by equation 5.2.
Kobs = k1 + kz [OHT] eee. [5.2]
The procedure by which kinetic data were collected and analysed to
yvield values of kops in this study and others previously was described

in Section 2.3.

5.2 EXPERIMENTAL

5.2.1 Preparation of canplexes

In all cases the camplexes were prepared by mixing stoichicmetric
amounts of iron(II) chloride tetrahydrate, the carbonyl campourd and
the primary amine. The camplexes were generated in solution by one of
several methods, outlined below, and were then precipitated as salts.
The perchlorate, iodide and thiocyanate salts of the camplexes were
precipitated by the addition of saturated aqueous solutions of sodium
perchlorate, potassium iodide and ammonium thiocyanate respectively to
portions of the reaction mixtures. The chloride salts were obtained by
allowing evaporation of a portion of the solutions of the iron(II) cam-
plexes until precipitation occurred. In cases where salts of the
camplexes were re-crystallized, they were re-crystallized fram water +
methanol mixtures.

The camplexes were first prepared by the general method described in
Section 2.2.2. Subsequently, modified versions of this general method
were used to prepare samples of the camplexes in an attempt to obtain

samples containing differing proportions of isamers.

General method. - This involved generation of the 'in situ' Schiff base

ligand in solution followed by addition of the Fe?' solution. The

subsequent treatment of the reaction mixture involved allowing the solu-
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tion of the camplex to stand for 1 hour at roam temperature.

Modified method (i). - Stoichiometric amounts of the reactants were

mixed together in the same way as in the preparation of the camplex by
the general method. Generation of the iron(II) camplex in solution,

however, was followed by immediate filtration of the solution through
'celite filter-aid' and subsequent precipitation of the camplex in the
usual way. Thus the solution was not allowed to age as in the general
method of preparation. In this way the time lapse between the initial
mixing of the reactants and precipitation of the salt was reduced to a

Modified method (ii). - In this method the order of mixing of the

stoichiametric amounts of the reactants was changed. Instead of genera-
tion of the 'in situ' Schiff base ligand being followed by addition of
the Fe?* solution as in the general method, the solutions of the amine
ard iron(II) chloride tetrahydrate were mixed together first and the
solution of the carbonyl campound was added afterwards. Subsequent

treatment of the reaction mixture was the same as in the general methcod.

Modified method (iii) . - The reactants were mixed in the same way as in

the general method. Instead of allowing the resulting solution to stand
at roam temperature for 1 hour the reaction mixture was heated to 40°C
for the same length of time. Subsequent treatment of the reaction

mixture was the same as in the general method.

5.2.2 Kinetics
For all the samples the kinetics of reactions of the ‘ccmplexes were
investigated using the Unicam SP800 and SP1800 spectrophotameters. In

all cases the concentration of sodium hydroxide was in vast excess over
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that of the camplex, correspording to typical first-order conditions.
Using the Unicam SP800 spectrophotameter, repeat wavelength scans
(fram approximately 300 to 715 nm) were used to monitor the reactions
of each of the samples with 0.33 M sodium hydroxide in water + methanol
mixtures containing up to 40 vol $ MeOH. The solvent camposition scale
used, x vol % co-solvent, was defined in Section 2.2.1. The ultra-
violet/visible absorption spectra provided the necessary information to
monitor the reactions using the SP1800 spectrophotameter. The reactions
in these cases were followed by monitoring the decrease in absorption at
Amax wWith time. First-order rate constants, kobs, for the reactions of
the camplexes with sodium hydroxide (0.33 M) at 298.15 K in water +
methanol mixtures were calculated by the procedure described in Section
2.3.2. Hard copies of the absorbance/time data fram all the kinetic
runs were obtained fram the printer comnected to the minicamputer.
Kinetic runs were first carried out using freshly made-up solutions
of the camplexes. In other words, reactions were initiated as soon as
possible after preparation of the solutions of the iron(II) camplexes.
Subsequently, the deperdence of keps on the age of the solutions of the
camplexes was investigated. In these cases a large portion of the
requj_rea solution was made. Aliquots taken fram this stock solution
were reacted with sodium hydroxide under the same conditions on a daily

basis.

5.3 RESULTS AND DISCUSSION

5.3.1 Observed trends in Keps

The investigation began with the preparation of the perchlorate salt
of camplex A, the unsubstituted N-phenyl camplex [Fe(bsb,Ph,Ph);]2*

containing the ligand derived fram 2-benzoyl pyridine and aniline, by
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" the general method (see Section 2.2.2). For a solution of the salt in
6.6 vOl % MeOH, Apax was 580 rm. Krumholz'’ had reported Apax for the
stable isameric form of this camplex to be 579 £1 rm. This suggested
that the sample prepared by the general method contained predaminantly,
if not solely, the more stable form. Using this value for Apax first-
order rate constants, kobs, were obtained using the SP1800 spectrophoto-
meter for the reaction of freshly made-up solutions of the sample with
sodium hydroxide (0.33 M) at 298.15 K in water + methanol mixtures. The
values of kobs, initial absorbance, Po, absorbance at t =«, P,, and the
standard deviation of the absorbances, SD/P, calculated by the mini-
computer (see Section 2.3.2) for these reactions are given in Table 5.1.
[The tables referred to in this chapter are given together at the end of
the chapter. The figures referred to are given, in order, at appropriate
places throughout the text.] The first-order plots for these reactions
appeared to be satisfactory straight lines. The plots were campared with
others obtained by the same analytical method for first-order reactions
of closely related campounds containing symmetrical bidentate ligands.

No significant differences in the shapes of the plots were observed. The
results show the expected trend of increase in kobs with increasing MeOH

8,13 At this point the indications were

content of the solvent mixture.
that the solutions of the camplex contained only the slow isamer. The
kinetic runs were repeated using other sets of freshly made-up solutions
of the sample. Reproducibility of the results was found to be very poor,
values of kops differing in same cases by as much as 20%. The first-order
plots, however, appeared to be in all cases linear. To ensure that the
inability to produce consistent results was in no way connected with the

use of the perchlorate ion in precipitating the camplex, samples of the

iodide, thiocyanate and chloride salts of the camplex were prepared by
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the same general method. The results obtained for the reactions of
solutions of these samples with hydroxide urder the same conditions as
before are shown in Table 5.2. The ranges of values of kopbs Obtained
using freshly made-up solutions of different salts of the camplex were
in general even greater than those obtained using different solutions
of the same salt for a given solvent mixture. The only one of the
samples to produce anywhere near consistent results was the chloride
salt. Values of kgpg Obtained using this salt were in all cases lower
than those obtained for the other salts of camplex A prepared in this
way. Yet, once again, all the first-order plots appeared to be linear
(Fig. 5.1). The results given in Tables 5.1 and 5.2 are shown together
in Fig. 5.2.

Preliminary investigation into the kinetics of the analogous reactions
involving camplex B, [Fe(bsb,Ph,Ph:m-Me);]?", the m-methyl substituted
derivative of camplex A, revealed the same pattern. Freshly made-up
solutions of the camplex  (using samples prepared by the general method)
yielded a range of kgps values yet linear first-order plots for a given
solvent camposition.

For both camplexes it was found that, for freshly made-up solutions,
consistent values of kobs could be obtained only by re-using the same
freshly made-up stock solutions of a given sample. Even then identical
runs needed to be carried out within a very short time of each other.
When the time lapse between identical runs was longer, then values of kgps
obtained using the 'older' stock solutions were always smaller than those
obtained using the freshly made-up stock solutions. The space of time
within which consistent values of keopg could be obtained using the same
freshly made-up solution appeared to depend on the methanol content of

the solvent. For solutions of the camplexes in low vol % MeCH mixtures,
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FIGURE 5.1

Examples of the first-order plots obtained fran the minicanputer for
the reactions of the salts of canplex A with sodium hydroxide (0.33 M)

at 298.15 K.

a) perchlorate salt (water)

c) thiocyanate salt (30 vol
MeOH)
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Observed first-order rate constants, Keops, for reactions
of salts of camplex A with sodium hydroxide (0.33 M) in
water + methanol mixtures at 298.15 K.
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runs could be repeated after several hours and still produce consistent
kobs values. For solutions having a greater methanol content, runs needed
to be repeated almost immediately to produce consistent kops values.

Thus, a consistent set of kobs values could be obtained for any one set
of freshly made-up solutions provided the runs were repeated soon enough.
However, other analogous sets of freshly made-up solutions of the same
sample gave different sets of kops values. These seemingly erratic
results observed for freshly made-up solutions were in contrast to those
obtained for 'older' stock solutions (stock solutions that had been
allowed to stand for a certain length of time before kops was measured) .
In these cases, different stock solutions of the same camposition that
were above a certain age yielded consistent kops values. The age beyord
which such keops values could be obtained appeared to deperd on the solvent
canposition.

An example of the effect of age of stock solutions on kops values is
shown in Fig. 5.3. The solid circles represent kops values obtained for
the reactions of aliquots of a stock solution of camplex B [Fe(bsb,Ph,-
Ph:m-Me) ;] ?*, solution B, with sodium hydroxide (0.33 M) in 6.6 vol %

MeCH at 298.15 K. Each point is the average of several kops values
obtained for solution B by immediate repetition of runs. These values
and the correspording values of P,, P, and SD/P are given in Table 5.3.
Day 0 correspords to measurement of kops using the freshly made-up
solution of the camplex. It can be seen that as the age of solution B
increases soO kopg decreases. The decrease in kgps over the first few days
is camparatively large. By the end of week 1 keopg is less than 40% of its
value on day 0. By camparison, the decrease in kops after day 6 is very
small. The open circles in Fig. 5.3 represent corresponding values of

kobs obtained for other stock solutions of the same sample. Kinetic
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Observed first-order rate constants, kebs, for reactions of
the thiocyanate salt of camplex B with sodium hydroxide
(0.33 M) in 6.6 vol % MeCH at 298.15K: solution B (@);
other solutions (0Q).
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measuraments involving stock solutions less than one week old produced
ranges of kgpg values using different stock solutions of the same age.
However, values of kgpg Obtained for stock solutions older than one
week were, within experimental error, the same. For any given stock
solution, successive measurements of kgpg over the first week produced
successively lower values of kgpg in all cases. Similar kgpg/time
profiles were observed for both camplexes A and B in water + methanol
mixtures.

For each solution it was observed that the intensity of colour of the
stock solutions decreased with time, finally disappearing. This was
reflected in the decreasing values of Py, P, being the absorbance at
t =0, in successive kinetic runs using the same solution. This raised
the possibility that the trend observed in Fig. 5.3 may have been the
result of a dependence of kops on [camplex]. Two observations, however,
indicated this not to be the case. Firstly, rate constants for the
reactions of solutions older than one week were the same even though, for
a given solution, Py continued decreasing during this time period.
Secondly, when different solutions of the same age (but less than 1 week
old) gave varying values of kgps no correlation was observed between the
absorbance of the solution at t =0 and kgpg. Thus, by camparison of
values of P, for different solutions of the same age, a smaller P, did
not necessarily result in a smaller kgopg. This independence of kopg On
[canplex] was expected (see equation 5.2).

The observed trends in kops could all be rationalized in terms of the
existence of two isamers in the samples, one reacting at a faster rate
with hydroxide than the other, and one isamer, or both, aquating relatively
slowly. Fig. 5.2 suggested that different salts of the same camplex con-

tained differing proportions of the two isamers, reflected in the varying
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values of kops. Fig. 5.3 suggested that sets of freshly made-up solutions
of the same complex also contained differing proportions of the isamers.
Perhaps the most interesting trend observed was that concerning the
dependence of kops, measured using a given stock solution, on the age of
the stock solution as shown, for example, for solution B in Fig. 5.3.

In this case the implication is that solution B initially contains a
mixture of the faster-reacting isamer and the slower-reacting isamer.
With increasing age of the solution the ratio of the isamers changes, the
proportion of the 'fast' isamer decreasing, until only the 'slow' isomer
of complex B remains in the solution. When this point is reached then
increase in the age of the solution has no effect on kops. It was much
more difficult to explain, in terms of the presence of such isamers, the
sets of seemingly linear first-order plots obtained for the reactions.

As a result, suspicion as to the presence of isamers in the samples,
aroused by the observed trends in kepg, lead to investigation of the
apparent linearity of the observed first-order plots. The hard copies
of absorbance/time data produced by the minicamputer provided a means by

which this could be done.

5.3.2 Re-analysis of kinetic data

Consider a solution in which two geametrical isomers exist. The two
species react with hydroxide at different rates, the reactions of both
being first-order under the given conditions. The rate of change of the
proportion of the two species in the solution is very much less than the
rate of reaction of either with hydroxide. The ultraviolet/visible
absorption spectra of the two species are almost identical. Close to
Amax, the wavelength used to monitor the rates of reactions of the
solution by disappearance of the reactants, the extinction coefficients

are very similar. The kinetic data obtained fram the reaction of such a
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solution with hydroxide would then be the result of parallel first-order
reactions. It should be possible, provided the reaction was monitored
for long enough, to produce a plot of 1ln(P¢-P,) versus t where P; is the
absorbance at time t fram the absorbance/time data of the form shown in
Fig. 5.4 for same value of P,. The curved portion of the plot fram t =0
to t =ty corresponds to the concurrent reactions of the isamers with
hydroxide. +tp is the value of t at which the reaction of the 'fast'
isaomer with hydroxide is essentially camplete. Beyond this point, the
region of the plot where t >ty, the plot corresponds to the reaction of
the 'slow' isamer with hydroxide. This portion of the plot is a straight

line, the slope of which gives the rate constant for the reaction of the

1n(P¢-P,)

FIGURE 5.4
Parallel first-order reactions pattern.

'slow' isamer with hydroxide, kg. Extrapolation of this line to t =0
yields a value for the absorption of the 'slow' isamer in the solution,
Py, at t =0. The absorbance of the 'fast' isamer in the solution, P¢, at
t =0 can then be calculated using the relationship Py = Ps +Pg where Py,
is the total absorbance of the solution, in this case at t=0. By
repeating this procedure for other values of t, absorbance/time data for

the reaction of the 'fast' isamer in the solution with hydroxide can be
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obtained. A first order plot of lnPs versus time should be a straight line
the slope of which is k¢, the rate constant for the reaction of the 'fast'
isamer with hydroxide.

In tems of reactions of camplexes A and B with hydroxide (under the
conditions described previously) following such a reaction scheme, then
fram Fig. 5.3 is appears that by day 22 solution B contains only the slow
isaner. First-order analysis of the kinetic data fram this reaction
should therefore produce a first-order fit of low standard deviation for
sane value of Py, the slope of which is kg. Table 5.4 shows the kinetic
data obtained for the reaction of solution B with hydroxide on day 22.
The absorbance data obtained fram the printouts were, in all cases,

1000 xP. Such absorbance values were labelled P', i.e. P=P'/1000, ard
were used throughout the re-analysis procedure. Thus, for example, if
P'= 616, then P=0.616. If Py =40, then P, =0.040, etc. Using the data
given in Table 5.4, a plot of P' against time was drawn from which values
of P' at 500s intervals were interpolated. The first-order analysis of
the data by the minicauputer had resulted in a value for P, of 0.042 so
this was used as a starting point. Two plots of 1n(P¢-P,) versus t were
drawn where P, =42, one using the interpolated values of P’ the other
using the experimentally observed values. Paying particular attention to
the region of high t, P, was changed to see if a better straight line fit
could be made. [The region of high t refers to the part of the plot where
t >tp. For the reactions of solution B, preliminary plots of the data
had shown tp to be no more than 2000s so the region of high t implied is
the region for which t >2000s.] By changing P, in increments of #1 no
better fit than when P& =42 could be found. For this value of P,, values
at low t also lay on the best straight line fitted to the data. Fig. 5.5

shows the first-order plots derived using interpolated values of P’ for
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Pw =42. For camparison the analogous plots obtained when Pe =0, 20 and
60 are also included. Having adopted P_ as 42, a computer was used
calculate the slope of the line and the error involved. This was done
for both the experimental and interpolated absorbance values fram t =0
to t =8000s and also, for both these sets of values, fram t =2000s
onwards. The results are shown in Table 5.5. The relatively high error
of the line derived using Pg =42 with the experimental values of P' was
probably due to the scatter observed in the plot of P’ versus t. This
effect was removed when absorbance values were interpolated and the
percentage error of the slope for this P, over the whole time range was
reduced fram 2.3 in the former case to 0.5 using the interpolated values.
The first-order rate constant for the reaction of solution B with hydroxide
on day 22, kg, was 0.3 x 107% sec”™! £3%. The same re-analysis procedure
was carried out using absorbance/time data collected fram an identical
run. The resulting rate constant was within experimental error of the
above value.

Table 5.6 shows absorbance/time data collected during the reaction of
solution B with hydroxide on day 13. The data were treated in the same
way as those for the reaction on day 22. The best straight lines were
obtained when P, =46. Table 5.7 shows the rate constants and their
percentage errors derived fram the observed and interpolated data when

Ps, =46. The average of the four values of ks is 0.29 x107? sec™'.

There-
fore within experimental error values of kg camputed fram the data for the
reaction of solution B with hydroxide on days 13 and 22 are the same.
Within the proposed reaction scheme by day 13 only the 'slow' isamer is
present in solution B.

Table 5.8 shows absorbance/time data collected for the reaction of

solution B with sodium hydroxide on day 6. The data were analysed in the
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same way as for the reactions carried out on days 13 ard 22. P, was
taken to be 39 and the resulting kg values derived using the observed
and interpolated sets of P’ values are shown in Table 5.9. The average
of these four values is 0.31 x10™® sec”™!. It appears that by day 6,

also, solution B contains only the 'slow' isamer.

The average of the values obtained thus far for kg by analysis of the
data fram days 6, 13 and 22 is 0.30x107? sec”™!. This was taken to be
the rate constant for the reaction of the 'slow' isamer of [Fe(bsb,Ph,-
Ph:m-Me); ) ?* with sodium hydroxide (0.33 M) in 6.6 vol % MeOl at
298.15 K.

Tables 5.10 and 5.11 show the absorbance/time data collected during
the reaction of solution B with sodium hydroxide on days 2 and 1 respec-
tively. For both these sets of values, but using values of P' for t >
2000s only, P} was adjusted to give the best straight line fit through
these values. For day 2, Py, =55 and for day 1, P, =58. The resulting
ks values and their percentage errors derived using the respective
infinity values are given in Table 5.12.

Fig. 5.6 shows the first-order plots derived fram interpolated
absorbance/time data as described albove for the reaction of solution B
with NaOH on days 1, 2, 6, 13 and 22. For days 1 ard 2 it can be seen
that there is a positive divergence at low t values fram the best straight
line drawn through the values for t > 2000s. This can be seen more clearly
in Fig. 5.7. In this figure, the line through the values at t > 2000s in

each plot has a slope of 0.3 x107% sec™!

representing the contribution
made to the kinetic data by the reaction of the 'slow' isamer with
hydroxide. Fram large scale first-order plots drawn using the observed

and interpolated kinetic data of solution B (analogous to those in Fig.

5.7) absorbance/time data for the reaction of the 'fast' isamer in solu-
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of P') for the reaction of solution B with sodium hydroxide
(0.33 M) at 298.15 K.
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tion B with NaOH on days 1 and 2 were calculated using the relationship
Pmn = Ps +Pf. These data are shown in Table 5.13. First-order plots for
the reaction of the 'fast' isamer with hydroxide are shown in Fig. 5.8.
Both are straight lines, the slopes of which correspond to the rate
constant for the reaction of the 'fast' isamer with hydroxide. Using
the data for day 1 kg =1.82x10"3 sec™!, fram those for day 2 kg =1.80 x
107% sec”!. Considering the nature of the analysis resulting in these
values and the possible margin of error involved therein, the agreement
between these two values of kg is excellent.

Fran large scale plots of the type shown in Fig. 5.7 the relative
amounts of the 'fast' and 'slow' isamers were estimated. On day 1 the
percentage of the 'fast' isamer in the mixture was approximately 19%. By
day 2 this had decreased to 16%. The means by which the proportion of
the isamers in solution B changed with time cannot be ascertained fram
these results. Two limiting possibilities are that the 'fast' isamer
isamerized to form the 'slow' isamer or that the rate of decamposition
of the 'fast' isamer was greater than that of the 'slow' isamer. Whatever
the route, the rate of change in the proportion of the isamers with time
was much slower than the rates of reaction of either isamer with hydroxide
under the given corditions.

Using the same procedure the absorbance/time data obtained for the
reactions of camplex B with sodium hydroxide in 30 vol % MeOH were re-
analysed. Fig. 5.9 shows the first-order rate constants, keopg, calculated
by the minicamputer for the reactions of solutions of camplex B with
sodium hydroxide (0.33 M) in 30 vol % MeOH at 298.15 K. The pattern is
very similar to that obtained for the same reaction in 6.6 vol % MeCH
(Fig. 5.3). Over the first few days kophs decreases rapidly with time

reaching a value of kops at time t beyond which kgphs remains constant.
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First-order rate plots for the reaction of the 'fast' isamer
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The main differences between the patterns observed in 6.6 and 30 vol %
MeOH are that in the latter the limiting value of kops appears to be
attained more rapidly than in the former and that the limiting value of
kobs appears to be greater in 30 vol % MeCH than in 6.6 vol % MeOH. In
terms of the proposed reaction scheme, Fig. 5.9 indicates that by day 3
the stock solutions contain only the 'slow' isamer.

Re-analysis of the data was carried out using absorbance/time data
collected fram individual kinetic runs for the reaction of a solution of
canplex B with hydroxide in 30 vol % MeOH, solution B’'. Values of kops
obtained using solution B' are denoted in Fig. 5.9 by solid circles. The
best linear first-order fits of the data collected fram the reactions of
solution B' with hydroxide on days 3, 8, 9 and 27 were investigated
first. Using experimentally observed values of P’ and interpolated
values of P’ (fram plots of P' versus t) over the whole time range
studied, P, was changed to give the best linear first-order plots. The
slopes of these lines were taken to represent kg the rate constant for
the reaction of the 'slow' isamer in solution B’ with hydroxide in 30
vol % MeOH under the given corditions. For days 3, 8, 9 and 27, kg =
0.47x107%, 0.46 x107%, 0.47 x10™® and 0.48 x10™% sec™! respectively.
Reduction of the time range studied (amission of values of t less than
1000s) had no significant effect on the values of kg. Thus from day 3
onwards solution B’ contained only the 'slow' isamer for which the rate
constant for its reaction with hydroxide (0.33 M) in 30 vol % MeCH at
298.15 K was 0.47 £0.01 x10™% sec™!. BAnalysis of the data collected fram
the reaction on day 2, using values of P' for t >1000s, yielded a value
for kg of 0.46 x10™? sec™!. The slight positive deviations fram this
first-order plot when t < 500s indicated that on day 2 solution B’ con-

tained a trace of the 'fast' isamer. First-order plots obtained for the
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solution B' with hydroxide on days 2, 3, 8, 9 and 27 are shown in Fig.
5.10 for interpolated values of P'.

Fig. 5.11 shows processed data fram the reactions carried out on days
0 and 1. The linear extrapolations to t=0 fram the points at t >1000s
represent the first-order plots for the 'slow' isamer in solution B' on
these days. Fram large scale plots of 1In(P{-P) versus t using observed
values of P' the changes in the absorbance due to the 'fast' isamer, Pgf,
with time were calculated for both reactions. The resulting plots of
1n P% versus t are shown in Fig. 5.12. Values of kg derived using the
data fram days 0 and 1 were 2.5x10"° and 2.6 x10™> sec™' respectively.
The proportion of the 'fast' isomer in solution B' on day 0 was approxi-
mately 20%. By day 1 this had decreased to approximately 8%.

Thus, re-analysis of the data showed that the samples of camplex B
contained a mixture of both the possible isamers. The reactivities of
the two isamers towards hydroxide were different and the rates of the
reactions of both with hydroxide increased with increasing methanol
content of the solvent. The rate of change in the proportion of isamers
in a solution also increased with increasing methanol content of the
solvent. The same pattern emerged when data obtained for the reactions
of solutions of camplex A, [Fe(bsb,Ph,Ph)s;]?2%, with hydroxide were re-
analysed. However for both camplexes, the differences in the reactivities
of the two isamers with hydroxide were not as great as had been expected.
This fact coupled with the nature of the kinetic analysis program and the
fact that the samples contained predaminantly the more stable isameric
form resulted in deceptively linear first-order plots for the reactions
of the camplexes.

In monitoring the reactions of camplexes A and B with hydroxide the

minicamputer controlling the kinetic runs in this study analysed the
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First-order rate constants of the kinetic data (interpolated values

of P') for the reaction of solution B' with sodium hydroxide (0.33 M)
at 298.15 K.
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First-order rate plots for the reaction of the 'fast'
isamer in solution B' with sodium hydroxide (0.33 M)
at 298.15 K.
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collected absorbance/time data for a first-order rate constant, keps, by
solving equation 5.3. This was done by a non-linear least squares method
In |(Py-Py)| = kt eee. 5.3]
[(Pt-Pm)]
described in Section 2.3.2. The deviation of observed values of P fram
a first-order plot over the whole time range studied (i.e. from t =0 to
t =te where te is the time when monitoring of the reaction finished) was
minimized by the calculation of optimum values for P,, P, and k.
Consider the result of such an analysis on absorbance/time data collected
during a reaction of the type described earlier involving in the early
stages parallel reactions of a 'fast' and 'slow' isawer and in the later
stages reaction of the 'slow' isamer only. An attempt to fit the best
first-order straight line plot to the observed 