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Abstract

This thesis determines the redox potentials of second and third row transition metal
hexabromometallates using cyclic voltammetry methods in methylene chloride so-
lution. The results are collated with the redox potentials of second and third row
transition metal hexafluoro- and hexachlorometallates and the systematic trends ex-
hibited by all the redox potentials are discussed. The contents of this thesis are

divided as follows :-

In chapter one the nature of transition metal hexahalometallate bonding is dis-
cussed by drawing on ideas from ligand field theory and molecular orbital theory,
both of which are described briefly. The contributions to the metal-halogen bond
are described separately under a) purely electrostatic effects— which are treated us-
ing electronegativity differences, and b) covalency effects which e subdivided into &
- covalency and 7 - bonding. Lastly, chapter one includes a brief description of the
vibrational and electronic spectra of transition metal hexahalometallates as these two

methods were the principle means of identifying complexes.

Chapter two begins with a conceptual description of charge transfer reactions at
electrode surfaces and then approaches the same subject mathematically to derive
the Butler-Volmer equation, the fundamental equation of electrode kinetics. The
D.C. and A.C. cyclic voltammetry techniques are described and for a D.C. cyclic
voltammogram, the current-potential profile is discussed and illustrated for reversible,
quasi-reversible and irreversible electron transfer processes. The effects of coupled
chemical reactions and adsorption of reactant and/or product on the electrode surface

are also reviewed.

Chapters three and four respectively describe the cyclic voltammetric investi-
gations of the hexabromometallate complexes prepared in this work and the halo-
gen/halide systems of chloride, bromide and iodide. The electrode potentials de-
termined are compared with literature values wherever possible. Complex electro-
chemical activity at high oxidation potentials thwarted the detection of any of the
possible [MBrg]%!~ redox couples. Adsorption of hexabromometallate species onto

the electrode at high oxidation potentials is put forward as a likely reason. Other



problems which were encountered include the reaction of tungsten hexabromide with
the supporting electrolyte and the propensity of trivalent hexabromometallate anions

to dimerize when countered by the sterically large tetra-n-butylammonium cation.

In chapter five, the electrode potentials of the transition metal hexabromometal-
late complexes determined in chapter three are collated with the electrode potentials
of hexafluoro- and hexachlorometallate complexes already determined by previous

workers. The systematic trends which emerged include :-

1. The electrode potentials of isovalent [MXg]?/*~! redox couples increase regularly

across a period except for a discontinuity at the d* couple.

2. The discontinuity is more pronounced for second row than third row transition

metal hexahalometallates.

3. [MXg]* complexes become more oxidizing with increasing oxidation state of the

metal.

4. Third row transition metal hexahalometallate complexes are more reducing than

their isoelectronic second row counterparts.

By using simple thermodynamic arguments it is derived that the standard elec-
trode potential of a redox couple is proportional to the free energy difference between
the reduced and the oxidized species, which is in turn composed of two separate

contributions :-

e The entropy— which was associated with alterations to the solvation sphere

which, it was concluded, have no influence on the systematic trends observed.
e The enthalpy- of which the principa| contributions arise from

1. the ionization enthalpy of the metal.
2. the d" configuration of the metal.
3. the nature of the halide ligand.

4. the nature of the solvent.



Chapter five concludes with a brief survey of some of the uses and applications of

hexahalometallate redox potentials.

Finally, chapter six details the synthesis and characterisation of the compounds
studied in this thesis. Included is a description of the electrochemical cell and its

manipulation, and the preparation of the solvent and supporting electrolyte.
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Chapter 1

1.1 Introduction

The hexahalometallate complexes of the second and third row transition elements
comprise one of the most important categories of inorganic compounds; they are im-
portant compounds in their own right, such as the recent interest in hexahalotechne-
tate(IV) compounds as radiotracers in medical science for example [25]; the majority
of transition metal hexahalometallate compounds are relatively easy to synthesize
and are used as important precursors for more complex compounds; and the relative
simnplicity of their structures has enabled scientists to develop theories around them

which were subsequently applied to more complex molecules.

As an imporfant category of compounds, hexahalometallates have been the sul-
ject of a wide ranging number of studies for over a century although the bulk of
research up till now has been mainly concerned with the properties of hexafluoro-
anid hexachlorometallates. The hexabromo- and hexaiodometallates of the second
and third row transition elements have received less attention and one finds that
the documented information becomes less and less extensive as one progresses from
hexafluoro- to hexaiodometallates. With regard to this thesis, a number of elec-
trochemical investigations concerning transition metal hexahalometallate complexes
have already been published. In particular, the redox potentials of hexafluorometal-
lates were investigated by D.W.A Sharp and co-workers [55] and the redox potentials
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of hexachlorometallates were investigated by K. Moock et al [31,41] . The electro-
chemistry of hexabromometallate and hexaiodometallate compounds has been largely

overlooked.

Therefore to extend the present understanding of hexahalometallate redox be-
haviour, this thesis attempts to develop further the trends already observed among
and between the redox potentials of the hexafluoro- and hexachlorometallates of the
second and third row transition elements. To this end, the bulk of the experimental
results, which are described in chapter 3 , are concerned with the determination of
the redox potentials of the second and third row transition metal hexabromometallate

complexes in methylene chloride.

The remainder of this chapter will be devoted to a description of the nature of
metal-halogen bonds in transition metal hexahalometallate species.In addition, a brief
description of the vibrational and electronic absorption behaviour of hexahalometal-
lates is included because these spectroscopic methods provide valuable means by

which individual complexes can be identified.

1.2 Bonding in Transition Metal Hexahalometallate

Complexes

Modern treatments of bonding in transition metal complexes using ligand field theory
(L.F.T.) and molecular orbital (M.O.) theories are well documented [1] and a number

of excellent textbooks have been written [2-5].

When discussing the bonding in transition metal hexahalometallate complexes,
the structure adopted by each complex is assumed to be a regular octahedron and
geometric distortions, principally Jahn-Teller effects, are neglected. The validity of
this assumption was tested by Weinstock and Goodman [181] who could find no
evidence for static Jahn-Teller distortions in the infra-red and Raman spectra of
second and third row transition metal hexafluprides.(Although dynamic Jahn-Teller
effects were discovered for the hexaflugrides of Re, Tc, Os, and Ru, the distortion

forces were small). Neglecting any Jahn-Teller effects simplifies the rigorous symmetry
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and group theoretical treatments necessary with both L.F.T. and M.O.theory without

greatly affecting the conclusions to be drawn from either.

Both theories have been extensively applied to hexahalometallate species in order
to interpret various phenomena, although which theory is the most suitable approach
for a problem is dictated by the nature of the problem and the individual merits of
each theory. For example, L.F.T. is based on the electrostatic interactions between
the metal and the ligands and has proved very useful when interpreting electronic
absorption spectra. However L.F.T. becomes more restricted the less ionic character
the central ion-ligand bonds show. In L.F.T. the complex ion is treated as a sys-
tem whose electrons belong either exclusively to the central ion or to the ligands. In
other words, the electrons are localized. This postulation specifically excludes cova-
lent bonds and covalency contributions. In this respect molecular orbital theory as
the name suggests, can accommodate varying degrees of bond covalency, but unfortu-
nately M.O. analyses involve lengthy and complex calculations even for the simplest
of molecules. M.O. calculations therefore necessarily involve a number of (sometimes

incorrect) assumptions.

1.3 Ligand Field Theory

The conception of the crystal field theory (C.F.T.) , the predecessor of L.F.T. is
attributed to Bethe (1929) [6]. C.F.T. assumes that the transition metal atom is
ionized according to its formal positive oxidation number, and that the effects of the
surrounding ligands can be obtained by representing them as point negative charges.
For a transition metal atom in a simple cubic lattice, C.F.T. predicts that the 5 nd-
orbitals are divided into two types - the e, and t,, sets. In an octahedral crystal field
the two degenerate orbitals of the e, set are of higher energy than the other three

degenerate orbitals of the 5, set. The reason for this can be quite easily understood;-

By convention the negative ligands are assumed to occupy points on the€artesian
axes (fig.1.1). If the negative charges of all six ligand ions were evenly distributed over

a sphere surrounding the central metal ion, then the negatively charged nd orbitals of
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Figure 1.1: The nd orbital set
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Figure 1.2: d-orbital splitting under an octahedral crystal field

the metal would each experience the same electrostatic repulsion, and their energies
would be raised by the same amount above the energy of the nd orbitals in the
free metal ion. But, when the negative ligand charges are located on the corners
of an octahedron around the central metal ion, the nd orbitals which are directed
towards the ligands ie. along the€artesian axes, experience a greater repulsion than
those which are directed between the Cartesian axes (fig.1.2). The energy separation
between the e, and t,, orbitals is dependent on the identity of the central metal ion
and the ligands and is known as 10 Dq. The ‘centre of gravity’ corresponding to the

energy of a spherical charge distribution is always maintained.

The crystal field model was intended to explain the spectra of simple crystalline
solids and for compounds such as bivalent transition metal oxides, it is probably not
far from reality. However, to explain the spectra of the transition metal hexahalomet-
allates it is necessary to admit that the nd orbitals can no longer remain ‘pure’ but
must mix with ligand valence orbitals to form bonding and anti-bonding pairs. In

effect, ligand field theory is a qualitative M.O. theory where changes produced by
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Figure 1.3: Octahedral ligand field formed by purely o-bonding ligands.

the mixing of metal and ligand orbitals are accommodated by changing the appro-
priate details of the wave functions describing the effective d-orbital set [7]. As it
is assumed that the degree of orbital mixing is small, the major features of C.F.T.

behaviour remain.

In L.F.T., ligands with purely o-bonding ability interact with the metal e, set

while the metal ¢,, orbitals are essentially non-bonding (fig.1.3).

The 10 Dq value of C.F.T. is then associated in L.F.T. with A,, the €, — ty, energy
difference. For all transition metals the size of A, is found to increase according to

the ligand identity following a sequence known as the spectrochemical series :-

[7< Br < CI"< SCN~ < F~< OH™ < Oxalate < H,0 <« NO; <« CN~  (L.1)

The order of the halogen ligands in eqn.1.1 predicts an increasing A, with decreas-

ing ligand polarisability and atomic radii.This would also be predicted from (".F.T.
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using a purely electrostatic model. However, the position of H;O above OH™ and ox-
alate is not explainable with this argument because the C.F.T. neglects the possibility
that the metal-ligand bond contains any degree of covalency. In L.F.T. the degree
of orbital mixing is addressed by recourse to the nephelauxetic or ‘cloud expanding’

effect [8]:-

Jorgensen [8] defines the nephelauxetic ratio 8 as the ratio between the value
of a representative parameter of interelectronic repulsion eg. the Racah repulsion

parameter B, in the complex, to that of B in the free ion.

B complex ion (12)

nephelauxetic ratio g = B froe |
ree ion

Therefore the size of 3 decreases with decreasing interelectronic repulsion in a
complex ion, corresponding to an increased delocalisation of the metal d electrons.
The nephelauxetic series of ligands,defined by (1-3), for a given metal ion in a given

oxidation state increases according to :-

F~ < H,0 < NH3 < NCS < ClI" 2 CN~< Br< I~ (1.3)

The order of the ligands in eqn.1.3 corresponds with the reducing character of
the ligands viz. their tendency to lose electrons. Hence an increase in the covalency
of metal-ligand bonds arising from ligand to metal o donation is expected between

metal-fluorine and metal-iodine bonds.

Consequently , the nephelauxetic effect of ligands is used in L.F.T. to approxi-
mate the influence of bond covalency on the energy levels of a transition metal ion
by multiplying the interelectronic repulsion parameters of the gaseous ion, observed

experimentally, by the factor /.
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1.4 Molecular Orbital Methods

Molecular orbitals are constructed from an appropriate combination of the valence
atomic orbitals, governed by the linear combination of atomic orbitals approximation
(L.C.A.O.). Metal and ligand valence orbitals are defined and then molecular orbital
wave functions generated from them, provided the atomic orbital energies are similar
and their symmetries are correct. To calculate the order of M.O. energies, reason-
able approximations to the coulombic and exchange energies are adopted [12], and
normally, semi-empirical calculations instead of ab-initio calculations are employed

to reduce the computation and cost required.

When discussing the molecular orbitals of octahedral hexahalometallate com-
plexes, the orbitals available for ¢ bonding on each halide ion are principally the
valence ns orbital and that np orbital which is directed along the Cartesian axis, the
po orbital. The relevant orbital interactions are similar to figure 1.3 However, those
np orbitals which are perpendicular to the metal-ligand o bond, the pr orbitals, can
overlap with the metal t,, orbitals to form 7-bonds. This property has a significant
effect on the e; —t,, energy separation, which in turn specifies the position of a ligand

within the spectrochemical series.

The M.O. interpretation of the spectrochemical series is therefore based on the
relevant energies of the metal based ¢;, and e, molecular orbitals. From L.F.T. (sec-
tion 1.3) it was noted that the presence of a strong electrostatic interaction between
the metal and ligand raised the €; energy level thus increasing A,. Ligand to metal
m-bonding from occupied ligand pr orbitals to metal ¢,, orbitals is allowed by symme-
try. This raises the energy of the previously non-bonding metal ¢,, orbitals associated
with L.F.T. and decreases the energy A, .Therefore, the small ligand field splitting
observed with halide ligands is attributed to the influence of occupied pr orbitals of

the appropriate symmetry available on the ligands.

On the contrary, a metal to ligand n* interaction is only possible with those
ligands posegsing low lying unoccupied 7* orbitals of suitable symmetry (eg. CO,
CN~ ). Metal to ligand == bonding lowers the metal based t5;, M.O. energy and thus

appreciably increases A, .
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(The possible existence of metal to ligand 7 donation in transition metal hex-
ahalometallate species involving empty halide nd orbitals (not fluoride) has been

speculated upon {13] and is discussed in section 1.7.)

To complicate matters,transition metal-halogen bonding occupies a region between
the extremes of purely electrostatic and purely covalent bonding. However, to simplify
the discussion the individual contributions to the metal-halogen bond in transition

metal hexahalometallate species will be divided into the following three categories :-

1) Purely electrostatic effects
2) o - covalency effects

3) 7 - bonding effects

The various group and periodic trends which emerge between transition metal
hexahalometallate species are governed by the extent of each contribution 1),2) and
3) to the metal-halogen bond, which in turn is governed by the physical properties of
both the metal and the halogen. In the following sections the different contributions

will be discussed.

1.5 Electrostatic effects

The electrostatic contribution to the total energy of a bond M-X is most easily in-
terpreted in terms of the electronegativity difference between the atoms or ions. Ac-
cording to Pauling [14], electronegativity is the power of an atom in a molecule to
attract electrons to itself and therefore will be dependent on the valence state of the
atom in the molecule. A large electronegativity difference A,,, is associated with a

significantly ionic M-X bond.

Amx =Xz~ Xm (14)

Jgrgensen [16] introduced the closely related concept of optical electronegativities
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by which charge transfer absorption energies are related to electronegativity differ-
ences. The advantage of Jgrgensens’ method is that the electronegativities of metal
jons in unusual oxidation states can be easily obtained. The optical electronegativi-
ties of the halogens and second and third row transition metal ions are shown in table
1.1. The data in table 1.1 indicates that the electrostatic nature of hexahalometallate

bonds for a given metal ion decreases in the order :-

[MFg)* > [MClg)* > [MBre]* > [MIg)? (1.5)

(z=0, 1-, 2-, 3- etc. )

Another method of obtaining the same result is by comparison of stretching force
constants. Verma et al [15] computed the force constants of second and third row
transition metal hexahalometallate ions using general valence force field (G.V.F.F.),
modified orbital valence force field (M.O.V.F.F.) and modified Urey-Bradley force
field (M.U.B.F.F.) calculations. From the decrease of bond stretching force con-
stant f,(G.V.F.F.), K(M.O.V.F.F.) and K(M.U.B.F.F.) they deduced that the relative
strengths of the chemical bonds in transition metal hexahalometallates was in the or-
der of eqn.1.5, in accordance with the decrease in electronegativity; F~ > Cl= > Br™ > [.
Furthermore, it was observed by Verma et al that an increase in the stretching force
constant occurred between isovalent second and third row hexahalometallates. This
increase in bond strength down a group, for a given oxidation state, is predictable
from the greater optical electronegativity values of second row transition metal ions

compared with the corresponding third row metal ion.

In summary therefore, as a general rule the greater the electronegativity difference
between the metal and the halogen, then the greater is the average bond strength of
hexahalometallates. Hexafluorometallate bonds have the most electrostatic or ionic
character and are consequently stronger than hexachlorometallate bonds which are

stronger than hexabromometallate bonds which are stronger than hexaiodometallate

bonds.
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Table 1.1: Optical electronegativities of metal ions and ligands [16].

electron metal electro-
configuration ion negativity

4d° Mo(VI) 2.1
4d3 Mo(III) 1.7
4d° Te(IV) 2.2
4d* Ru(IV) 2.4
4d° Ru(III) 2.1
4d° Rh(IV) 2.6
44° Rh(III) 2.3
4d° Pd(IV) 2.7
5d° W(VI) 2.0
5d? Os(VI) 2.6
5d° Re(IV) 2.0
5d° Ir(VI) 2.9
5d* Os(IV) 2.2
5d* Pt(VI) 3.2
5d° Os(I1I) 1.9
5d° Ir(IV) 2.35
5d® Ir(III) 2.25
5d° Pt(IV) 2.6

electronegativity

ligand | F- | Cl- | Br- | [-

o 4413533130

T 39130|2825

26
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1.6 The covalency of transition metal-halogen bonds

Using nuclear quadrupole resonance (N.Q.R.) analysis an estimation of the ionic,
covalent and 7 character of a bond can be made. Unfortunately, the original procedure
devised by Townes and Dailey [198] neglected any possibility of pr to dr ligand to
metal = bonding. Therefore any 7- character in the metal-ligand bond must be
incorporated by estimating the 7 -bonding contribution using electron spin resonance
measurements (E.S.R.). The data calculated by this method ae listed in table 1.2.

The first notable feature of table 1.2 is that third row transition metal hex-
achlorometallates(IV) have approximately equal electrostatic and covalent contribu-
tions to the overall bonding. Secondly, the electrostatic contribution to the bonding
remains roughly constant across the period which is largely to be expected bhecause
the metal(IV) ions have similar optical electronegativities (table 1.1). The same can
be said for the decreasing electrostatic bonding contribution observed for a given
metal ion (here Re) as the halide ligand is changed from (F~) to C1~ to Br™ to I~.
However the covalent contributions are more interesting. The, E.S.R. measurements
show that = -bond character, namely pn(L) to dn(M), decreases across a period
which is a result of the increasing metal ¢, orbital occupancy. At the same time the
o-covalency contribution to the metal-halogen bond increases such that the overall

covalent contribution to the bond, o + 7, is roughly constant across a period.

Of course changing the halogen ligands will alter the numbers accordingly. By
changing to the larger halogens the metal-halogen bond becomes increasingly more
covalent. Townes and Dailey calculated the same w-bond character for hexachloro-,
hexabromo- and hexaiodorhenate(IV) which is a curious result: because of the greater
size or diffuseness of Br™ and I~ pr orbitals, one would expect a greater = overlap

with metal ¢5, orbitals and a correspondingly greater = contribution.

A more rigorous approach was adopted by Cotton and Harris [22]. By employ-
ing extended Hiickel molecular orbital calculations (E.H.M.O.), they were able to
calculate charge distributions and metal-ligand covalencies for some hexachloromet-

allates(IV) in good agreement with the experimental data (table 1.3).
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Table 1.2: The bond character of some metal-halogen bonds and the net charge on the
central metal atom obtained by N.Q.R. measurements [19].

compound ionic o-bond m-bond net
character | character | character charge
[PtClg]*~ 0.44 0.56 0 0.64
[IrClg)*~ 0.47 0.48 0.054 0.82
[OsClg)*~ 0.47 0.43 0.108 0.82
[ReClg)?~ 0.45 0.39 0.16 0.70
[WClg]?~ 0.43 0.35 0.22 0.58
[ReBrg|?~ 0.39 0.45 0.16 | 0.34
[Relg)?~ 0.32 0.52 0.16 -0.08

Table 1.3: [MClg]?~ molecular properties obtained by E.H.M.O. calculations.

[ReClg)?~ | [OsClg]?~ | [IrClg)* | [PtClg]*~
metal charge 1.32 1.18 0.89 0.69
M-CI bond order 0.438 0.454 0.475 0.475
obond order 0.435 0.445 0.484 0.508
mbond order 0.003 0.009 -0.009 -0.003
% metal in
tag M.O. 89 90 85 81
Cl orbital occupation
[ReClg]?~ | [0sClg)?~ | [IrClg)*~ | [PtClg]*~

3s 1.93 1.93 1.91 1.91

3po 1.68 1.63 1.60 1.54

3pm 3.94 3.95 3.96 3.99
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The calculated data in table 1.3 agree with the predictions of the nephelaux-
etic theory as a progressively increasing M-Cl bond order and decreasing effective
metal charge are observed when progressing across a period, mirroring the decreasing
metal-halide electronegativity difference. However, a smaller bond order increase was
observed than that which might have been expected from the large decrease in metal
charge. The reason given by Cotton and Harris was, the increase in o bond order is
tempered by the increasingly negative m bond order due to the chlorine pm orbitals
donating into an antibonding metal ¢,, orbital . (However, this reason neglected the

presence of a full ¢;;, manifold with hexachloroplatinate(IV).)

Nonetheless, table 1.3 and to a lesser extent table 1.2 indicate that hexahalomet-

allate bonds become increasingly covalent in the order:-

1. For a given metal ion, hexahalometallate bonds become increasingly covalent in

character in the order

[MFg]*~ < [MClg]*~ < [MBrg|*~ < [MIg]*~ (1.6)

2. For the same halide ligand, the covalency of hexahalometallate bonds increases

slightly across a period as a result of greater o -donation from the halide ligands.

3. For a given halide ligand and within the same group,there is an increase in the
covalency of hexahalometallate bonds between isovalent second and third row

elements.

Although the first two items are predictable from electronegativity differences
the third item indicates that electronegativity differences alone do not dictate the
degree of electrostatic character in hexahalometallate bonds and that the average
bond strength is the result of the combined ionic and covalent (¢ + 7) contributions

to a bond.

Table 1.3 indicated that the = electron donation from chlorine pr orbitals to a
central metal ion decreases across a period such that the 3p7 orbital occupancies of

the chloride ligands of [Pt('ls}>~ are very nearly the maximum of 4.0. This is the
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expected result of increasing the ¢,, orbital occupancy which decreases the degree of
p7 to tz, bonding possible. As a consequence of reduced 7 bonding and reduced ionic
character, the metal-halogen bond of hexahalometallate complexes should become

progressively weaker across a period.

The vy(ay,) vibrational mode of octahedral transition metal molecules may be
taken as the frequency closest to a measure of the metal-ligand bond strength. (Be-
cause the vibration does not alter the molecules’ symmetry and there is no movement
of the heavy central metal ion.) In table 1.4 the vy stretching frequencies of second
and third row hexafluorides decrease markedly across a period, indicating a pro-
gressive weakening of the metal-fluorine bond. Bond weakening is reflected by the
chemical reactivity of second and third row hexafluorides which increases across each
period [17]. Similarly, for the compounds WFg, ReFg, OsFg and IrFg the calculated
stretching force constants f,(M.V.F.F.) are found to decrease progressively [20].

Table 1.4: Symmetric stretching frequencies (v1) of the transition metal hexafluorides (v in
-1
cm ™).

compound 2 compound vy
MoFs¢ 741 WFg 772
TcFg 705 ReFg 755
RuFg 675 OsFg 733
RhFg 634 IrFe 696
PtFg 655

In stark contrast with the second and third row transition metal hexafluorides, for
the chloro- and bromo- series [HfX4]?~, [ReXg]?™, [[rX¢]?~ and [PtXg)?~ the values
of the force constants K(M.U.B.F.F.) show a progressive increase [21] (table 1.5). It
is also an experimental fact that all complex chlorides and oxide chlorides with a d°
configuration are thermally unstable with respect to dissociation to the parent halide
or oxide halide, whereas the corresponding fluoro complexes are much more stable

[13).
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Table 1.5: M.U.B.F.F. stretching force constants of hexachloro— and hexabromometal-
late(IV) anions (K in mdyn/A).

anion K anion K
[HEClg]*~ 1.273 [HfBre|? 0.969
[ReClg]?~ 1.516 [ReBrg]?~ 1.208
[IrClg)?~ 1.709 [IrBre]?~ 1.220
[PtClg]?*~ 1.841 [PtBrg)?~ 1.562

So why is the bond weakening influence of increasing the metal t,, orbital occu-
pancy and decreasing electronegativity difference for transition metal hexafluorides
not relevant to hexachloro- and hexabromo- metallate complexes? A useful explana-
tion is the possibility that chloride, bromide (and iodide) can accept electron density
from the metal into empty low lying d orbitals. By this mechanism, the degree of
metal to halogen d= to d= back-bonding would increase with increasing atomic num-
ber and therefore the metal-halogen bond strength would progressively increase across
a period. Hence, there is an increase in stability of the hexachloro-, hexabromo- and
hexaiodometallate complexes across a period because of an increased propensity for
back-donation as the metal ¢,, orbital electron population increases. Because fluoride
ligands do not have available d orbitals back-bonding cannot occur and the opposite
trend in stability is observed with transition metal hexafluorometallates because of

the reasons outlined previously.

The concept of metal to halogen 7 back-bonding was developed by Woodward and
Creighton [182] to explain an intensity anomaly in the Raman spectra of hexachloro-
platinate(IV) species. More convincing evidence for = back-bonding was obtained
by Owen and co-workers [23] who examined the E.S.R. spectrum of a hexachloroiri-
date(IV) sample. Instead of the expected 4 lines for iridium (I=3/2) they observed
16 lines arising from the unpaired ¢, electron, formally resident on the metal, in-
teracting with the six chlorine nuclei. When the relevant data wewe analysed it was
concluded [13] that a possible explanation of the m-bond orders calculated from the

E.S.R. results was that the metal t,, orbitals overlapped with both the chlorine pr
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and dx orbitals.

However, although evidence has developed which seems to validate the hypothesis
of metal to ligand back donation in hexahalometallates there is so far no unequivocal
proof. It should be remembered that although the idea of metal-halide back-bonding
is generally accepted, the true extent may have been over-rated and conventional
explanations in terms of donor-acceptor models relying on covalent character and

polarisation may have been overlooked [184].

What does appear to be clear is that the bonding in hexafluorometallate com-
plexes is predominantly electrostatic in nature and the average bond strengths of
hexafluorometallates behave accordingly. As one progresses from hexachlorometal-
lates to hexaiodometallates, the bonding becomes increasingly covalent in nature and
the average bond strength results from a combination of electrostatic and ¢ and 7

covalency contributions including possibly 7 -back donation.

1.7 The vibrational spectra of hexahalometallates

Figure 1.4 illustrates the six normal modes of vibration and their symmetries for an
octahedral AXg molecule. Vibrations v;, vy and vs are only Raman active whilst v3
and v4 are only infra- red active. Because vg is inactive in both detection modes its

frequency is normally estimated from an analysis of combination and overtone bands.

Table 1.6 lists the infra-red and Raman data of a number of hexabromometallate
complexes (obtained from solid samples unless stated). For hexafluoro- and hex-
achlorometallates the order of the three stretching vibrations is normally v; > v3 >
vy (except [PdCls]*~) while for hexabromometallates and presumably hexaiodomet-
allates (the available data amlimited) the order is normally v3 > vy > v, (see for
instance Nakamoto [185]). The identity of the countercation considerably affects the
frequency of v; and v3 which generally decrease with increasing cation size. This has
been attributed to a decrease in cation-anion interactions as the cation size increases
[186] but is more probably explainable by an increase in the metal-halogen bond

length. Consequently, it is common procedure to obtain Raman measurements from
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Figure 1.4: The normal modes of vibration of octahedral AXg molecules.
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a solution of the compound in question if accurate values are required. In addition,
solution spectra are often preferable because the intense colour of many hexabromo-
and hexaiodometallate complexes makes Raman spectral data often unobtainable

from crystalline samples.

The tetra-n-butylammonium salts of the hexabromometallate complexes prepared
in this work were not amenable to powder Raman studies. All except a few tetra-n-
butyl-ammonium complexes deteriorated in the Raman laser beam or the powdered
samples were so intensely coloured that they did not effectively scatter the light from
the laser. The latter problem, which was most widespread, could not be overcome by

varying the wavelength within the range of available laser lines.

Pt 3
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compound n | vy | s 1/2 Vs ref.
[BuyN],[ZrBrg] - - 1219 - - | this thesis
[EtN][ZrBr] 194 | 144 | 223 | 106 | 99 144
[BuyN][NbBrs] - - 1237 - - | this thesis
Cs[NbBrs] 224 | 180 | 236 [ 112 | 114 | 144
[Et4N][NbBrg] 219 | 179 | 239 { 112 | - 147
[PPh4][NbBr] - - | 246 | - - 105
[Buy)2[MoBrs] - - 227 - - | this thesis
[PPhzMe];[MoBrg].2CHyBry | - - 1230 - - 58%
[BuyN];[RuBrg] - - 1235 - - | this thesis
Csz[RuBrg] - - 1240 | - - 163
[BusN];[RuBre] 200 | 160 - |106| 160
[NH,J;[RuBr] S| - |oa8| - | - 158
K3[RhBrg] - 1249 - - | this thesis
K;[RhBr] 187 | 175 | 249 | - | - 161
K, [PdBrg] - - | 266 | - - | this thesis
K [PdBrg] 198 | 176 | 253 | 130 | 100 154
[BugNJ,[HfBre] 200 | - |180| - | - | this thesis
[Et4N],[HfBre] 197 | 142 | 189 [ 102 | 101 | 144
[BuyN][TaBrs] - - |211 | - - | this thesis
[Et,N][TaBre] 230 | 179 | 213 | 106 | 114 | 147
Cs[TaBrg] 232 | 183 | 212 | 107 | 116 144
[PPhy)[TaBrs] - - 216 - - 105
WBrg 209 | 1901 220 | - - | this thesis
WBre - - 1217 - - 159
[BuyN][WBrg) - - 1212 - - | this thesis
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(Table 1.6 continued)

compound 2 vy V3 1/2 Us ref.
[PPh4][WBrg] - - | 210 - 159
[BuyN]2[WBrg| - - | 200 - | this thesis
Cs,[WBrg| - - | 214 - - 157
Cs,[WBrg] - - 210 | - - | this thesis
[BuyN],[ReBrg] - 209 | - - | this thesis
K;[ReBrg|(aq) | 213 | 174 | 217 | 118 | 104 153
[HepsN];[ReBrg] | - - | 208 | - - 155
[BuyN]2[OsBrg] - | 214 | - - | this thesis
K,[OsBrg] - | 224 | - - 164
[Hep4N]2[OsBrg] | - 211 - - 155
[BugN],[IrBrg) - - 221 - - | this thesis
[BusNJo[IrtBrg] | 215|182 | 221 | - |112| 162
K,[IrBre] - 235 | 82 | - 152
K,[IrBre](aq) | 209 | 174 | - 97 | 156
[BuyN];[PtBrg] - - | 231 - - | this thesis
K, [PtBrg] 217 (195 | 243 | 78 | 115 151
K, [PtBrg] 217 |1 194 | 243 | - - | this thesis
K, [PtBrg] 207 | 190 | 240 | 90 | 97 153

® 262(m), 230(vs), 225(sh) (C; symmetry)
not observed in this work as spectra were only recorded between 4000 and 180cm™

b
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1.8 The electronic spectra of hexahalometallates

The absorption spectra of hexahalometallates in the visible and ultra-violet regions
are dominated by intense absorptions due to ligand to metal charge transfer (C.T.).
Figure 1.5 indicates the source of these absorptions on a molecular orbital diagram
where the 5, nomenclature is used to indicate the orbital angular momentum of an
electron [8]. The charge transfer classification arises because the lower 1t;,. 2tq,. lts,
and 1t,;, molecular orbitals are essentially ligand in character while the upper 2t
M.O. is essentially a metal d orbital. Then promotion of an electron from the II(x)
orbitals to the nd orbitals in fig.1.5 is equivalent to electron transfer from the ligands
to the metal. Therefore, ligand to metal C.T. is in essence a redox process decreasing

the oxidation number of the central metal ion by one.

The wave numbers of these C.T. absorptions behave qualitatively as expected for
an electron transfer from the halide to the central metal ion ie. they decrease with
increasing oxidizing character of the central ion and with increasing reducing character
of the halide ion. It is usually found that on passing from corresponding 4d" to 5d"
hexahalometallates in the same oxidation state, there is a shift of the absorption
bands ~6-9 kK (1kK=1000cm™!) to higher wavenumber, as a result of the greater
electronegativity (greater oxidizing ability) of the 4d™ metal ions (table 1.1). Similarly,
there is a general decrease across a period for a series of hexahalometallates in a
given oxidation state. For trivalent and tetravalent 4d" and 5d" hexahalometallates,

Jorgensen [8] has deduced the linear interpolation formula :-

F 428 trivalent [M(z) — ~vs] +15

( 4d™ : 51 —Tn ) . cl +0 N tetravalent [II(z) — vs] +0 (1.7)
5d™ : 58 —Tn Br —6 trivalent  [II(z) — 73] +30
I -15 tetravalent [[I(z) — v3] +20

Formula 1.7 defines the wave number in kK of the first, strong absorptions iden-

tified as transitions to 2vs, and 273, and is accurate to ~2kK.

Complications arise in the interpretation of C.T.spectra due to parity forbidden
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(n+1)p , 374u (t7u )
(n+1)s Vg (ty)
2Ysg (€4 )
nad Ao
27/59 (tZQ )
]‘74g (t7g )
2741/, (t7u )
I_J[ (x) ]'75u (t2u )
1759 (t2g )
1%e (tay )
0 (x) ]'7/4u (t7u )
17’79 (aig)

Figure 1.5: Schematic representation of parity allowed ligand to metal charge transfer
transitions of hexahalometallate complexes.
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C.T. transitions (¢ — ¢ , u — u) which are normally weaker than parity allowed
transitions ( ¢ — u , u — ¢). The Landé multiplet splitting factor ¢,; of the halides
increases in the order F~ > Cl™ > Br™ > I and is large enough for Br™ and I~ to
make many; more transitions resolvable. This splitting greatly increases the com-
plexity of hexabromometallate and hexaiodometallate electronic absorption spectra.
Nonetheless it can be observed experimentally, and in agreement with equation 1.7

that the energies of the first C.T. absorption [[I(z) — 27s,] decrease in the order

[MFe]"~ > [MClsJ*~ > [MBrg]*~ > [MIg]* (1.8)

for a given central metal ion and oxidation state. As expected, order 1.8 agrees
with the change in the coulombic energies of the ligand atomic orbitals (sect. 1.5).
In addition the width of the first C.T. [II(z) — 2vs,] absorption also increases in the
order of eqn.1.8 and this is thought to be due to an intrinsic change in the m-electron

and metal ¢,, orbital electron delocalisation.
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2.1 Electrode reactions

To understand reactions it is generally necessary to develop a conceptual scheme of the
process occurring. An electron transfer at an electrode surface will generally proceed
by several steps and can adopt various paths. But the path taken initially will be that
one which requires the lowest overall activation energy. The model presented by Vlcek
[52] describing the nature of charge transfer reactions of coordination compounds is

valid for most types of charge transfer reactions and occurs via seven stages [54] :-

1. The reactant is brought to the vicinity of the electrode by mass transfer.

2. A chemical reaction occurs which yields the species actually entering the inner

part of the electrical double layer.

3. A structural rearrangement occurs yielding the species that takes part in the

actual electron transfer reaction.
4. The electron transfer itself takes place.

5. A structural reorganization occurs leading to the immediate product of charge

transfer.

6. A chemical reaction of the immediate product of charge transfer occurs which

yields the species stable in solution.

40
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7. The final product of charge transfer is removed to the bulk of the solution by

mass transfer.

Direct knowledge of the charge transfer process at an electrode is limited but
can be presumed to require some form of contact between reactant and electrode
surface. Consequently, some form of structural rearrangement of reactant and product
is necessary and can be visualized as the overlap of a molecular orbital of the redox
species with an orbital of the electrode. During this transient régime, the electron
transfer itself can occur and the process can be viewed as passing through a transition
state in which both reactant and product are bonded by some means to the electrode

surface.

The actual electron transfer step is assumed to be an extremely rapid adiabatic
process by analogy to the Franck- Condon effect [53] and that the transfer occurs in

a time interval significantly less than the formation of the transition state.

The following treatment of electron transfer kinetics discussed in this chapter can
be found in greater detail in most electrochemistry texts and references [27], [28] and

[53] were found to be particularly useful to the present author.

2.2 The electron transfer process

Consider the electrode reaction

O+ne— R (2.1)

O = oxidant, R = reductant, n = number of electrons

Under equilibrium conditions and unit activities of O and R (a valid assumption
normally given the concentrations of O and R are usually less than 1072M), then the

Nernst equation gives :-
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RT C
£o- 5+ ()]
q + nkF n Cr ( )

E., = equilibrium potential, E° = standard electrode potential, B = gas con-
stant, F' = Faraday constant, C, = concentration of oxidant, C, = concentration of

reductant.

The equilibrium potential E., refers to a situation of dynamic equilibrium be-
tween oxidized and reduced forms at the electrode surface which must be established
rapidly in order to satisfy the conditions of thermodynamic reversibility. During an
electrochemical experiment under reversible conditions, the applied cell potential F
corresponds to F., and it can be easily deduced that when the concentrations C,
and C, are equal then the applied cell potential E equals E°. Because the cell is at
equilibrium no net current flows, but if the applied cell potential F is altered then the
surface concentrations of O and R, namely C7 and C7, must change in order to sat-
isfy the Nernst equilibrium conditions. This will cause a current to flow through the
electrode-solution interface which is dependent on the equilibrium thermodynamics

and the rate of electron transfer.

When a current passes through an electrode, the electrode adopts a different
potential from the equilibrium value it would have in the absence of a current. This
‘electrode polarization’ phenomenon can be defined in terms of the overpotential 7.

This is equivalent to the electrode potential £ minus the equilibrium potential E,, ie

n=FE-FE, (2.3)

At a dynamic equilibrium the rates of the forward and backward reactions are

equal, therefore there is no overall chemical change and so no net current will flow.

~l; = L=1 (2.4)

il
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k = rate constant, I = partial current density, I, = exchange current density (the
negative sign reflects the convention that a cathodic current i. (ie: a reduction) is

negative and an anodic current 7, (ie: an oxidation) is positive.)

At any given potential E, the current density is given by

I=1;+1, (2.5)

Each partial current density will be dependent on the concentration of electroactive

species at the electrode surface and the rate of electron transfer [27]

If = —nFk;C] and I, =nFkCY (2.6)

However, the kinetic behaviour of an electroactive species is also strongly affected
by the interfacial potential difference. By application of transition state or electro-
chemical potential arguments [28] the variation of the rate of heterogeneous charge

transfer with potential is given by

—anF(E—E°) (1—a)nF(E~E°)
k= k° exp[ RT } and k, = k° exp[ RT ] (2.7)

where £° = standard rate constant of heterogeneous electron transfer and a and

(1 — ) are the transfer coefficients for the cathodic and anodic reactions respectively.

Assuming CJ ~ C, under the conditions where a very small current flows then

from equations 2.4, 2.6 and 2.7

I, = nFCokoexp[ RT

= nFC.k° exp[ RT (2.8)

Substituting for £ — E° from the Nernst equation 2.2
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—anF RT [o]
BT nF 1D (53)]

I, = nFCok"exp[

= nFCk (%) -
_ wFReCH-oIce | (29)
From I = I, + I,
eare ol ] 2]
o= r €Xp b €Xp (2.10)

by substituting for k° from equation 2.8 and E — E° from 2.2 and 2.3 then

) RT\. (C,
E—-E = 7]+(n—ﬁ—,)ln(a> and

I = 1, [exp[ l_’ngFn] —exp[%ﬁn]] (2.11)

Equations 2.10 and 2.11 are different forms of the Butler- Volmer equation,a fun-
damental equation of electrode kinetics which describes how the current density varies

with the exchange current density, overpotential and transfer coeflicients.

With a high positive overpotential, |I;| > |I;| , the anodic current density ap-

proximates to the form

(1 —a)nF

S .
2.3RT (2.12)

logl =logl, +

and similarly with a high negative overpotential where |I;| > |[,| the cathodic

current density approximates to
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anF’

logI = 10g Io - m—fﬂ

(2.13)

If the overpotential is small (p < RT/nF) then by expanding the exponential

functions and neglecting all the terms in the series except the first two, we obtain

I=1, (2.14)

RT"
The two limiting forms of the Butler-Volmer equation are called the Tafel equations

and can be used to determine I, and «a at high over potentials.

2.3 Electron transfer kinetics

The kinetics of electrochemical reactions can be divided into three main categories

depending on the magnitude of the rate constant of electron transfer £°.
a) Reversible case : k° > 10" !'cms™!

The rate of heterogeneous charge transfer is so fast that a dynamic equilibrium
is established at the electrode interface and the Butler-Volmer equation (2.10) can
ultimately be reduced to the Nernst equation (2.2). The current does not have a
kinetic dependence and is determined solely by the charge flux at the electrode ie:
by mass transport. The current is effectively diffusion controlled because all reactant
(in our case the oxidant O in equation 2.1) is immediately consumed upon reaching

the electrode surface.

b) Irreversible case : k° < 10~%cms™!

The rate of heterogeneous charge transfer is extremely slow and being the slowest
step has the greatest influence on the current ie. charge transfer control where the
concentrations of O and R will be far removed from thermodynamic equilibrium.
Consequently the Nernst equation and any comparisons of electrochemical potentials
with thermodynamic equilibrium potentials do not apply. Substantial overpotentials

may be necessary to achieve a significant rate of charge transfer.
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¢) Quasi-reversible case : 107! > k° > 10~ °cms™!

Both the rate of charge transfer and of mass transport contribute to the current

and the Nernst equation is only approximately valid.

2.4 The mass-transport process

As well as the rate of charge transfer, the current-potential profile of an electron trans-
fer reaction is also dependent on mass-transport which in an electrochemical system
can be described by three processes, diffusion, convection and electrophoretic migra-
tion. The latter two can be neglected if the experimental solution is quiescent and
the dependence of the current density on diffusional mass transport can be described

by Ficks’ second law

00,' 82 i .
e (2.15)

D; = diffusion coefficient of species ¢

Solving for spherical diffusion to the electrode under the appropriate boundary

conditions produces a current-time profile described by

\I| = nFDC, [ + %] (2.16)

where r is the electrode radius.

It can be shown that at a microelectrode, consisting of a flat disc of a few hundred
micrometers radius, a diffusion field of this type exists. The time dependent term in
equation 2.16 predominates at shorter time scales but at longer time scales, the cur-
rent reaches a limiting value defining the steady state contribution to the diffusional

current :-

FDC
1 =2 C, (2.17)

r
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This is the reason why the current at a spherical or microelectrode as in the present

work remains finite whereas at larger electrodes the current approaches zero.

2.5 Cyclic voltammetry

From the previous two sections we observed that the current-potential (I —E) response
is dependent on both the rate of heterogeneous charge transfer and mass transport.
All I — E responses are dependent on these two quantities and expressions describing
the behaviour of systems can be derived by combining the two principal equations in
an appropriate manner. However, in the present work we are not primarily concerned
with a rigorous mathematical treatment. The qualitative effects of charge transfer,
mass transport, sweep rate, temperature etc. can bhe readily observed on a cyclic
voltammogram (the plotted I — F response). Cyclic voltammetry (C.V) using both
the A.C. and D.C. modes was used exclusively in this thesis to determine the redox

potentials of transition metal hexahalometallates.

In order to determine the D.C. current-potential response, a linear voltage ramp
is generated between potentials F, and E; and the current recorded. By applying a
triangular waveform the potential can be cycled back and forth between £, and I,

with the time duration for one cycle varying with the sweep rate v (Vsec™!).

! up to a few hundred Vsec™!.

Scan rates generally range from a few mVsec™
Conventional chart recorders produce distorted responses above approximately 500

mVsec™! and oscilloscopes or computerised recording devices must then be utilized.

As an alternative, if a relatively high frequency alternating potential is super-
imposed on the slowly varying ramped potential, then a sinusoidal response in the

current can be detected and this forms the basis of A.C. cyclic voltammetry.



CHAPTER 2. 48

Increasing
Sweep Rate

steady state

| | -
[ I

+0.1 +0.0 -0.1 ~0.2

Figure 2.1: Current-potential response at several sweep rates for the reaction O + ¢ — R.

2.6 The D.C. experiment

For the reduction process, equation 2.1, O+ne — R, if a very slow scan rate is used,
steady state conditions (for a reversible reaction) are maintained. The concentration
ratio C7/C? for a reversible reaction is given by the Nernst equation, and as the
potential becomes more negative the ratio must alter to satisfy the Nernst conditions.
In other words, the concentration of O at the surface must decrease. This will produce
a concentration gradient in the region close to the electrode surface known as the
Nernst diffusion layer and a small current will flow. As more and more O is reduced,
the concentration gradient and the current increases until C'7 ~ 0 and the current

has reached the diffusion limiting or plateau current value (fig. 2.1).

With faster sweep rates, a steeper concentration gradient is developed and a larger
current flows, which is proportional to the gradient. At the same time, relaxation
processes of diffusion and convection attempt to reverse the slope of the gradient.

However, as the potential is scanning more and more negatively the concentration of
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O at the surface becomes increasingly depleted until it is effectively zero. At this point
the concentration gradient begins to decrease due to relaxation and consequently the
current decreases. The faster the sweep rate, the steeper the concentration gradient
and the greater the current will flow in the external circuit since relaxation has less

time to take effect.

When the potential sweep is reversed, the exactly analogous process of R —
O + ne occurs and a peaked current-potential response is obtained with the opposite
sign. Therefore combining the forward and backward reactions, the overall C.V. trace

of the typical one electron reversible reaction 2.1 (n=1) appears similar to figure 2.2.

However, for the cases of quasi-reversible and irreversible processes, the [ — F
response is modified compared with figure 2.2. By assigning various experimental
parameters in their calculations to reasonable values, Nicholson and Shain [30] were
able to compute normalised current functions for different rates of charge transfer
which resemble I — E traces observed experimentally. The examples shown in figure
2.3 clearly indicate that there are marked differences between the I — F responses of
reversible, quasi-reversible and irreversible charge transfer processes. When passing
from a reversible through to an irreversible process, a) to c) in fig. 2.3, the overpo-
tential necessary to produce a significant current becomes increasingly large. For a
totally irreversible process c¢), the rate of charge transfer for the return reaction is so

small that no return wave can be observed.

Generally, to obtain thermodynamic information from voltammetric experiments,
expressions for the current derived by solving Ficks’ second law for the appropriate
boundary conditions, are matched with the experimental observations. However, for
some general results such as whether or not the electron transfer is reversible, the
information can be obtained more. quickly merely by studying the peak potentials

and peak currents on a conventional cyclic voltammogram.

Thus for reversible and quasi-reversible charge transfer reactions without a coupled

chemical reaction and irrespective of sweep rate
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Ey

Figure 2.2: C.V. trace for the reversible reaction O + ¢ — R.
Initially only O present, E} = anodic peak potential, EJ = cathodic peak potential, I} =

anodic peak current, I;

cathodic peak current, E;/; = half wave potential

50
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Figure 2.3: Cyclic voltammograms for a) reversible b) quasi-reversible and c) irreversible
charge transfer.
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2 =10 (2.18)

The relationship 2.18 is invalid for an irreversible charge transfer. Under Nerns-
tian conditions ie: a reversible (fast) electron transfer, the peak potential separation
|Es — E5| or AE, is given by :-

RT 59
=4y = — 2
AE,=23——=— mV  (at 208K) (2.19)

The peak potential separation is somewhat more useful as a diagnostic than the
ratio of the peak currents as it is often difficult to determine the precise values of I2
and I7. In the case of quasi-reversible electron transfer, the separation AE, is greater
than 59/n mV and for irreversible processes AFE, is very large if in fact the return

wave can be observed at all.

2.7 The effect of varying the sweep rate

For a reversible process, the value of |E; — Ef| will remain constant at 59/n mV
irrespective of the sweep rate since the rate of charge transfer is always great enough
to maintain Nernstian equilibrium at the electrode surface. And similarly, for an
irreversible process, | E7 — ES | will always be much greater than 59/n mV at normal

experimental sweep rates of 100-200 mVsec™!.

However, at low potential sweep rates of the order of 10 mVsec™! or less, the rate of
electron transfer of an irreversible process can be greater than that of mass transport,
and a seemingly reversible cyclic voltammogram is recorded. As the sweep rate is
increased the rate of mass transport becomes comparable to that of electron transfer
and a region seemingly of quasi-reversibility is reached. The most noticeable effect of
this, apart from increased peak currents due to steeper concentration gradients. is an
increased peak potential separation. At still higher sweep rates the separation A,
becomes even larger indicating an irreversible electron transfer process. Therefore,

the maintenance of AE, = 59/n mV regardless of the sweep rate is another nseful
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criterion for determining whether an electrochemical reaction is reversible or not.
However, one must not immediately interpret a large AFE), as evidence for quasi-
reversibility or irreversibility, because the effect of an uncompensated IR drop on a

reversible couple also results in a peak potential separation greater than 59/n mV.

2.8 The A.C. experiment

As already noted in section 2.5, the integral features of an A.C. voltammetric ex-
periment are a slowly and linearly varying mean voltage Fp . plus superimposed on
this a rapidly varying sinusoidal component E4 ¢ with a peak to peak amplitude of
perhaps 5 mV. The measured responses are the magnitude of the A.C. current at the
frequency of E 4 and its phase angle with respect to E4 ¢ which is equivalent to
measuring the impedance. Then, the mean surface concentrations enforced by Ep ¢
are equivalent to the effective bulk values for the A.C. perturbation. In order that an
A.C. current can be detected, both the oxidized and reduced forms must be present
at the electrode in the timescale of the perturbation. Hence, for a totally irreversible
electrochemical reaction, the rate of charge transfer will be too slow to ohserve any
response. In the case of a simple reversible reaction 2.1, the A.C. response appears

as a single symmetrical peak centred at E, ( see for example fig 3.2.1 ).

One of the obvious advantages of an A.C. response is that £, and consequently
E\j2 (E, = Eyj2 in A.C. voltammetry) can be more easily determined than for a D.C.

experiment.

For a fully reversible process, the A.C. return wave superimposes on the forward

wave and, as with D.C. cyclic voltammetry

f
_ = ‘)_')
IT 1.0 (._, ..«O)

If a process is not reversible, then two separate peaks are usually distinguishable
because the forward and return waves occur at slightly different E,/; potentials and

the return wave has a sialler peak current. This provides a useful visual indication of
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reversibility but it can be derived that another prerequisite for reversibility is that the
peak width at half the peak current should be equivalent to 90/n mV in the absence

of any ohmic drop.

2.9 The stirred voltammetry method

Conventional polarographic analysis involves the oxidation or reduction of compounds
at an electrode consisting of mercury falling dropwise from a fine bore capillary glass
tube. This resembles the stirred voltammetry method since in both methods the
limiting current flow is not determined by the diffusional mass transport of the elec-
troactive species as in cyclic voltammetry, but by the diffusion coefficient of the
electroactive species in the stirred and therefore homogeneous solution. Low sweep
rates are used as the currents are much larger and differentiation between oxidation
and reduction processes is discernible from the sign of the current. In this thesis,
stirred voltammetry was used principally for this reason but this method can also be
used to determine the number of electrons transferred in one electrochemical step.
For instance, if a solution of known concentration is oxidized or reduced with con-
stant stirring, then by recording the constant current produced, and the time taken

for complete reaction, the total number of electrons transferred can be calculated.

2.10 More complex electrochemical reactions

So far we have only considered the simple one electron process O + ¢ = R. However,
there are many other reaction types which can be investigated electrochemically al-
though it is not within the scope of this thesis to discuss them all so we shall confine

ourselves here to a discussion of those which were relevant to this work.
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2.11 Coupled chemical reactions

In the language of electrochemists the simple electron transfer reaction 2.1 would
be termed an E mechanism, with E standing for electron transfer. Such reactions
involve either an oxidation or a reduction in which both O and R remain stable over

the lifetime of the experiment eg.

[TaBrg)!~ + e = [TaBrg]*~ (2.21)

[Fe(CsHs);)® = [Fe(CsHs)o'™* + e (2.22)

However, an electron transfer process can also be coupled to one or more chemical
steps and indeed to other electron transfer steps. The simplest of these is electron

transfer followed by an irreversible chemical reaction as with :-

(Estep) O=R
(Cstep) R X (2.23)

the cyclic voltammogram of the EC reaction is very much dependent on the sweep
rate and the chemical reaction rate constant & . The observation of an anodic return
wave requires either a fast sweep rate, a slow reaction rate or both. An example of
an EC mechanism is the oxidation of p-aminophenol [50] at a platinum electrode in
aqueous acidic solutions. The quinoneimine formed undergoes a hydrolysis reaction

to form benzoquinone :-

E) HO <K= NH, =0=X__DO=NH+2H" 42
©) 0X_>=NH+H,0 —0X_=0+NH, (221)

More complex mechanisms such as FCE and ECCEFE etc. are possible. The

reduction of hexabromoplatinate(IV) at a platinum electrode in methylene chloride
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(chapter 3) occurs via a complex mechanism (2.25), but exactly which mechanism is

not known.

[PtBrg]?~ — ‘[PtBrg*~’ — [PtBryJ>~ + 2Br~ (2.25)

Often the effects of a following reaction can be diminished by cooling the exper-
imental solution. Such was the case with bis(tetra-n-butylammonium)hexabromo-
rhenate(IV) which underwent an irreversible reduction in methylene chloride at 298
K. When the solution was cooled to 223 K, the previously irreversible reduction ex-
hibited quasi-reversible behaviour indicating that the effect of a following reaction
had been greatly diminished. A number of the transition metal hexabromometallates
discussed in this thesis exhibited a similar behaviour and are discussed more fully in

chapter 3.

The effects of following reactions on a C.V. trace can also be explored by the use
of very fast sweep rates. If the chemical reaction is fast, then R is rapidly removed
from the region near the electrode and no return C.V. wave can be observed at low
sweep rate. But by decreasing the timescale of the experiment using a fast sweep rate
it is sometimes possible to observe a return wave, corresponding to oxidation of R,

before the following chemical reaction can occur.

Finally, if the primary electron transfer, for example a reduction, is followed by a
slow chemical reaction then sometimes a small secondary couple near to the original
redox couple can be observed. If, by holding the potential stationary for a given
length of time at a point subsequent to the reduction, the size of the secondary
couple is increased then the secondary couple is shown to be dependent on the primary

reduction and is identified as an electroactive ‘daughter’ product of the initial species.

2.12 Adsorption

Thus far, the systems discussed have been confined to clectrode-solution interfaces

where an excess of ions with opposite charges to that of the electrode are found
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and where only long range electrostatic forces are operational. These ions are non-
specifically adsorbed species (sometimes referred to here as dissolved) with the locus
of their centres at a distance from the electrode know as the outer Helmholz plane .
It is also possible for anions to become specifically adsorbed at the electrode surface
where they are identified by short-range strong interactions. The locii of specifically
adsorbed ions make up the inner Helmholz plane. Specific adsorption, unlike non-
specific adsorption, is dependent on the chemical properties of both the ions and the

electrode, and can have significant effects on the voltammetric response:

To describe simple electrochemical adsorption, the Langmuir isotherm borrowed
from classical surface chemistry was found to be appropriate [32]. However, rather
than calculating adsorption energies specifically, which except for the simplest systems
is a difficult task, experimentalists are generally more concerned with identifying
systems where adsorption occurs. In this respect D.C. cyclic voltammetry provides
an excellent tool for this purpose because with a little previous knowledge, different
types of adsorption systems can be quickly recognized. The following discussion

concerns reaction 2.1, O + e = R.

2.12.1 O and R strongly adsorbed

For a case where adsorbed O and R are the only electroactive species (within the
relevant potential range) then the cyclic voltammogram for a reversible reaction will

look something like figure 2.4.

The symmetric appearance of the cyclic voltammogram arises because only the
fixed amount of O adsorbed on the electrode is reduced, so there is no distortion by
mass transport. When both O and R are specifically adsorbed, then O,y is easier
to reduce than dissolved O to Ru4s, and R,4 is easier to oxidize than dissolved R to
O.4s- The coincidence of the peak potentials for the oxidation and reduction processes
depends on large and equivalent free energies of adsorption for O and R, reversibility
of electron transfer, and adherence to a Langmuir isotherm. This is not an unlikely
situation, but normally one encounters complications due to non-Nernstian behaviour

distorting the symmetry of the waves and more commonly, the involvement of waves



CHAPTER 2.
E,
E-EJV
| 1 | |
1 ] T I
+0O2 +0O- - 0%
E;

Figure 2.4: Cyclic voltammogram for the reversible reaction O,4s + € — Rads-
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due to non-specifically adsorbed species.

There are several different possibilities in this respect depending on whether both
dissolved and adsorbed species are electroactive, whether O, R or both are specifically
adsorbed, whether this adsorption is strong or weak and whether the electron transfer
is reversible. However, for simplification we shall only describe the case for strong
and weak product (R) adsorption where both adsorbed and dissolved species are

reversibly electroactive and then draw some analogies about the others.

2.12.2 Product R strongly adsorbed

The C.V. of the reversible reaction

O +e= R, (2.26)

resembles figure 2.5. The distinctive feature of the C.V. is an adsorption pre-
wave with the same symmetric shape as figure 2.4. The reason this appears at a
more positive potential than the dissolved wave is that the adsorption energy of R
makes the reduction of O to adsorbed R easier than reduction to dissolved R. The
difference between adsorbed and dissolved potentials is related to the magnitude of

the free energy of adsorption and the bulk concentration of O.

The size of the pre-wave peak current is limited by the surface coverage possible
and to a large extent the dissolved wave resembles that which would have existed
if no adsorption had occurred. In the event of non-Nernstian behaviour, the peaks

would all show deviations from this until, for an irreversible reaction no return waves

would be exhibited.

In the event of only strong reactant (O) adsorption, a post-wave would be observed
at a more negative potential. The reasoning is that it is then more difficult to reduce
adsorbed O to R than reduce dissolved O to R.
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Figure 2.5: Cyclic voltammogram for the reversible reduction O + € — Royy(strongly)
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Figure 2.6: Cyclic voltammogram for the reversible reduction O + ¢ — R
(solid) no adsorption, (dotted) weak adsorption of product.

2.12.3 Product R weakly adsorbed

When adsorption is weak the difference in energies for reduction of adsorbed and
dissolved O is small, and a separate pre-wave is not observed. When R is weakly
adsorbed, the forward cathodic current is only slightly altered but on reversal there is
a contribution of adsorbed R as well as dissolved R to the anodic current (figure 2.6).
The size of the anodic current increases with the sweep rate v and is dependent on the
switching potential E5. The effect of diffusion of adsorbed R away from the electrode
becomes more accentuated as | £° — F, | increases and the anodic peak current will
tend toward the diffusion current. In addition, the cathodic peak potential moves to

slightly more positive potential with increasing sweep rate.
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2.13 Instrumentation

When measuring the potential of an electrode versus a reference electrode, the voltage
drop across the electrolyte solution, the I R, drop, must be considered. This problem
is compounded when using electrolyte solutions of high resistivity, a difficulty which
is especially associated with aprotic solvents. To reduce the errors, the cell current
and internal cell resistance must be kept as small as possible so that the reference
electrode maintains a constant potential even if a small current passes through its
surface. In order to minimise these difficulties a three electrode configuration is
operated with which the current is passed between the working electrode and a third
counter electrode. For this to work effectively, the area of the counter electrode
should be much larger than that of the working electrode to prevent polarisation of
the former. This was incorporated into the cell design by using a small micro-platinum
working electrode consisting of three 500pm diameter platinum wires encased together
in glass such that only the wire cross-sections were exposed, an area of approximately

6x10~"m?.

The role of the reference electrode is to maintain a fixed invariable potential against
which changes in the potential at the working electrode are monitored. By detecting
the p.d. between the working and reference electrodes using a high input impedance
device, an electrometer, the reference electrode draws a negligible current and its
potential will remain constant. However, a good reference electrode should maintain
a constant potential even if a few micro-amperes pass through it. Those reference
electrodes most commonly used include the saturated calomel electrode (S.C.E.) and
silver- silver halide electrodes. However, these external referencing methods are im-
possible to employ under anhydrous conditions in a vacuum apparatus as used in this
work. Therefore an internal reference was used which is a compound whose reversible
electrochemical behaviour has a fixed potential independent of the solvent, or a com-
pound whose redox potentials are known versus an external reference in the solvent

employed.

The prerequisites of an internal standard are :-
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1. The electrochemical behaviour of the reference compound should not interfere

with or mask the redox behaviour of the compound under investigation.

2. There should be no interaction between the reference compound and the com-

pound under investigation.

In this thesis the ferrocene/ferricinium couple, [FeCp,]/[FeCp,]t, was used as
the internal standard, with previous referencing versus S.C.E. in methylene chloride,

unless stated otherwise.

In respect of criterion 1) ferrocene proved excellent and no evidence for a specific
interaction according to 2) was observed except in the presence of excess free bromine

when the ferrocene/ferricinium couple was unresolvable.

In order to reference the redox potentials of a compound versus [FeCp,]/[FeCp,]*,
the voltammetric response is initially measured referred to the platinum-wire reference
electrode inside the cell. When connected to an electrometer, a platinum wire will
function satisfactorily as a quasi-reference electrode in solutions of high resistance
[51], maintaining a moderately constant potential. For precise referencing, ferrocene
is then added to the solution and subject to the satisfaction of criteria 1) and 2) above,

the redox potentials of the compound under observation can then be compared with

[FeCp,]/[FeCp,|*.

Ideally, an [MBrg]"~ compound synthesized in this work would have made a suit-
able reference compound. Unfortunately the compounds synthesized were on the
whole too unstable when oxidized to merit use. Unfortunately, the reference com-
pound [IrClg]?~ used by Klaus Moock [31] in his study of transition metal hex-
achlorometallates proved unsuitable because [IrClg]*~ interacted with the hexabro-

mometallates, probably becoming involved in halogen exchange.

All electrode potentials in this work are given in respect of the S.C.E. except
those experiments where a Ag-0.1M AgNO;(in CH3CN) external reference electrode
was used (chapter 4). Comparisons with electrochemical data obtained in aqueous
solutions are based on the relation of the Standard Hydrogen Electrode (S.H.E.) to
the 5.C.E., which has been given as Hy/H*t E;); = -0.25V (vs. S.C.E.) in H,0 {33].
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Table 2.1 shows the different reference systems in methylene chloride.

Table 2.1: The reference system in methylene chloride.

potential reference
+0.48V | [FeCp,]/[FeCp2]*
+0.38Vv* Ag/Ag*
0.00V S.C.E.
-0.25V?® S.H.E.

*Ag-0.1IMAgNO; (in CH3CN) bpotential measured in H,0

The electrochemical cell apparatus used in this thesis, and the requirements of
electrochemical solvents and background electrolytes are discussed under experimen-

tal procedures in chapter 6.




Chapter 3

3.1 Introduction

In this chapter the electrode potentials in methylene chloride of the second and third
row transition metal hexabromometallates with the general formula [BuysN],,[MBrg],
(n=0,1,2 etc.), [M= Hf,Zr,Nb,Ta,Mo,W,Re,Ru,0s,Ir,Pt] are described. The electrode
potentials presented are assumed to derive from addition or removal of an electron
from the highest filled metal d orbitals. During the experiments it became apparent
that almost all the compounds studied unexpectedly exhibited complicated electro-
chemical activity at potentials more positive than the relevant [MBrg]'~/?~ redox
couple. This behaviour was initially attributed to a decomposition reaction and so
therefore the electrochemistry of [BuyN|Br alone in methylene chloride was also inves-
tigated because bromide or bromine were probable products of such a decomposition.
The electrochemistry of [BuyN|Br is described in Chapter 4 along with the chloride

and iodide systems for comparison.

It should be noted that a limitation of the vacuum electrochemical cell used in
these experiments (chapter 6), was that the solution temperature could only be mea-
sured approximately (ca.£5°). The nature of the electron transfer step of individ-
ual redox couples, as discussed in sections 2.3 and 2.6, is indicated by the labels
reversible, qudsi-reversible and irreversible. To differentiate an electrochemically ir-
reversible couple (with large AE,) from an electron transfer step which is followed by

an irreversible chemical reaction (which has no return C.V. wave), the latter electron
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transfer reaction is referred to as chemically irreversible.

All potentials were referred to the S.C.E. by using ferrocene as an internal stan-
dard (the procedure was described in chapter 2). Wherever possible, the electrode
potentials obtained in this thesis have been compared with those obtained by previous

workers using the re-referencing scheme in table 2.1.

3.2 The cyclic voltammetric study of
bis tetra-n-butylammonium hexabromozirconate(IV)

and bis tetra-n-butylammonium hexabromohafnate(IV)

3.2.1 Bis tetra-n-butylammonium hexabromozirconate(IV)

White [BuyN];[ZrBrg] has the electron configuration 4d° and can therefore only un-
dergo reduction. The reduction [ZrBre)?~/3~, 4d”/!, was observed at E;;, = -1.82V
(vs. S.C.E.) at -40°C in both the A.C. and D.C. modes. The reduction was quasi-
reversible in both modes at -40°C', but when the solution was allowed to warm to
room temperature the couple could not be detected and was also undetectable when

the solution was re-cooled.

In fact, if the solution was not immediately cooled once the compound had been
added to the solvent-electrolyte mixture (see experimental procedures chapter 6) then
decomposition of the hexabromozirconate(IV) salt with what appeared to be the
expulsion of bromide/bromine occurred. The presence of free bromide/bromine (see
chapter 4) was suggested by a complex set of anodic waves centered around +0.9V
(vs. S.C.E.). As the [ZrBrg|*~ complex was prepared in CH,Cl; and characterized
in CH,Cl; solution without decomposition (chapter 6), it seems most likely that the
[ZrBrg]?~ anion was hydrolysed by traces of moisture in the electrolyte, a reaction

which was suppressed by immediately cooling the solution.

The reduction potential of [ZrBrg]>~/3~ at E,/; = -1.82V (vs. S.C.E.) indicates

that [ZrBrg]®>~ is a strong reducing agent. Thereawe no electrochemical data for
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Figure 3.1: D.C. and A.C. cyclic voltammograms of [BuyN]3[ZrBrg].
conditions: [BuyN]PF¢ (0.3M)/[ZrBrg]'~ (~0.005M) at micro-Pt electrode in CHyCl,,
temperature:-40°C, reference: ferrocene, sweep rate: 100mV /sec (D.C.), 20mV /sec (A.C.).

[ZrBrg]"~ complexes reported in the literature or any reference to a [ZrBrg]>~ com-
pound. In fact the difficulties in obtaining any zirconium complex with an oxidation
state less than four are well known [100], and so it is unsurprising that the [ZrBrg]?~/3=

couple is only quasi-reversible at -40°C.

Figure 3.1 shows the A.C. and D.C. cyclic voltammograms for the reduction :-

[ZrBrg)?>~ + e = [ZrBrg)*~ y Evjp = -1.82V (vs. S.C.E.) (3.1)
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3.2.2 Bisttetra-n-butylammonium hexabromohafnate(IV)

Analogously to the zirconium complex, white [BuyN],[HfBrg] reacted with the solvent-
electrolyte medium at room temperature. Even when the reaction solution was im-
mediately cooled to -40°C' with a carbon dioxide-acetone slush bath, a large, broad
anodic wave reminiscent of free bromide was observed at approximately +1.2V (vs.
S.C.E.) in the D.C. and A.C. modes, indicating a decomposition had occurred. In
the A.C. mode at -40°C' a very small broad peak at Ey/; = -1.90V (vs. S.C.E.) was
also observed but was undetectable after the solution was allowed to warm to room

temperature.

Chapter 5 discusses how various trends in the electrode potentials of a series of
transition metal complexes allow other potentials in the same series to be predicted.
The trend in the [MBrg)2~/3~ electrode potentials of the third row hexabromometal-
lates predicts that the couple [HfBrg]2~/3~, 5d°/1, should occur around E,/; = -2.25V
(vs. S.C.E.) in CH;Cl;. Therefore the A.C. signal observed at Ey/; = -1.90V (vs.
S.C.E.) cannot confidently be assigned to the [HfBrg]?~/3~ couple. Unfortunately,
there ez no data pertaining to the electrochemistry of [HfBrg]*~ complexes available

in the literature for comparison.

Although the A.C. signal observed at -1.90V was very small, it is very unlikely that
the signal was due to a trace of [ZrBre]?~ contaminant ([ZrBre)?~/3~, Fy/ = -1.82V
(vs. S.C.E.)) as [BuyN];[ZrBrg] is itself known to react with the solvent-electrolyte
medium. It would be much more likely that the A.C. signal at -1.90V was the result
of hydrolysis of [HfBrg]?~ by a trace of moisture in the solvent-electrolyte medium

leading to an oxybromohafnate(IV) species.

Unfortunately, there e also no data pertaining to the electrode potentials of oxy-

halohafnate complexes available in the literature for comparison.
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3.3 The cyclic voltammetric study of
tetra-n-butylammonium hexabromoniobate(V) and

tetra-n-butylammonium hexabromotantalate(V)

3.3.1 Tetra-n-butylammonium hexabromoniobate(V)

Red-brown [BuyN][NbBrg] was prepared by the method of Dehnicke et al [105]. Infra-
red and visible-ultra violet spectroscopy [106,107] indicated the sample was contami-
nated with an oxide, most probably [BuyN];[NbOBrs] or [BuyN][NbOBr4] (see chapter
6).

[BuyN][NbBre] has the electron configuration 4d° and will therefore only undergo
reduction. At room temperature the complex exhibited a quasi-reversible reduction
[NbBrg)!~/%-, 4d%/*, at Eyj2 = 40.30V (vs. S.C.E.) in both the A.C. and D.C. modes
which became reversible when the solution was cooled to -40°C'. A second reduction
[NbBrg)?~/3-, 4d'/2, was observed at E;/, =-0.89V (vs. S.C.E.) and was chemically ir-
reversible at room temperature but became quasi-reversible at -40°C'. A third couple,
which was not a daughter product (section 2.11), was assumed to be [NbOBr,]'~/2-
or [NbOBrs)2~/3~, 4d°/*, at Eyj5 = -0.04V (vs. S.C.E.) and was irreversible at room
temperature and quasi-reversible at -40°C". The quasi-reversibility of the [NbBrg]!~/2~
couple at room temperature is surprising as stable hexabromoniobate(IV) compounds
are well known [107,108]. The large half-width and AE, of the couple in the A.C.
and D.C. modes respectively might therefore originate from a large uncompensated

I R-drop although the system was adjusted to minimise this problem.

The highly irreversible nature of the [NbBrg]*~/3>~ couple at room temperature
was expected as there are no reports of a hexabromoniobate(III) compound in the
literature. Electrode potentials of [NbBrg]*~ complexes have not been previously

reported in the literature.

The electrode potentials and the D.C. and A.C. cyclic voltammagrams in methy-
lene chloride solution of [BuyN][NbBrg| are shown in table 3.1 and figure 3.2 respec-

tively.
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Figure 3.2: D.C. and A.C. cyclic voltammograms of [BusN][NbBrg].
conditions: [BuyN]PFg (0.3M)/[NbBre]!~ (~0.005M) at micro-Pt electrode in CH,Cl,,
temperature:-40°C, reference: ferrocene, sweep rate: 100mV /sec (D.C.), 20mV /sec (A.C.).

3.3.2 Tetra-n-butylammonium hexabromotantalate(V)

Yellow [BuyN][TaBrg] was prepared by the method of Dehnicke et al [105]. Infra-red
and visible-ultra violet spectroscopy indicated that unlike the Nb compound (section
3.3.1) the Ta compound was not contaminated by any oxide . [BuyN][TaBrg] has the
electron configuration 5d° and will therefore only undergo reduction to Ta(IV), 5d',
and in principle to Ta(III), 5d°.

[BuyN][TaBrg] exhibited two reductions in CH;Cl,. The reduction [TaBrg]!~/%~,
5d%, at Eyj; = -0.16V (vs. S.C.E.) was almost fully reversible in both the A.C. and
D.C. modes at room temperature and was fully reversible at -40°C. The second re-
duction [TaBrg]?~/%~, 5d"/%, at Ey;; = -1.35V (vs. S.C.E.) was chemically irreversible

at room temperature but became quasi-reversible at -40°C (table 3.2).

The near fully-reversible nature of the [TaBrg]'=/2~ couple is consistent with
the known existence of stable hexabromotantalate(IV) compounds [107]. As with

[NbBrg)?~, the irreversibility of the [TaBrg]?~/3~ couple was expected as no [Tal3rg]*~
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Figure 3.3: D.C. and A.C. cyclic voltammograms of [BuyN][TaBrg].

conditions: [BuyN]PFg (0.3M)/[TaBrg]'~ (~0.005M) at micro-Pt electrode in CH,Cl;, tem-
perature: -40 °C, reference: ferrocene, sweep rate: 100mV /sec (D.C.), 20mV /sec (A.C.).



CHAPTER 3. 72

complexes have been reported.

Lightner, Kirk and Katovic [187] have recently studied the cyclic voltammetry of
[BuyN][TaBrg] in acetonitrile at -15°C versus a Normal Hydrogen Electrode (N.H.E.).
They observed an almost reversible reduction [TaBrg)'™/2~ at Ejj, = -0.29V (vs.
N.H.E.) and an irreversible cathodic peak corresponding to the reduction [TaBrg)?~/3~
at B =-1.71V (vs. N.-H.E.). Using the conversion factor E;/(ferricinium/ferrocene)
= +0.400V (vs. N.-H.E.) in CH3CN [188] these two reductions can be re-referenced to
-0.21V and -1.63V (vs. S.C.E.) in reasonable agreement with this thesis. (The large
difference, ca. 0.3V, between the values of the two second reductions is attributable

to the irreversibility of the [TaBre]?~/>~ couple in CH3CN at all temperatures).

The electrode potentials of [BuyN][TaBrg| are given in table 3.2 and the A.C. and

D.C. cyclic voltammograms in methylene chloride are shown in figure 3.3.
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Table 3.1: The electrode potentials of [BusN][NbBrg].

D.C. mode
temp. | Ey/2 (V) AE, |1 / (4 couple | electron
(°C) | (vs.S.C.E.) | (mV) confign.

+25 +0.30 100 | 1.0 | V/IV | 5d%*
-40 +0.30 70° | 1.0 | V/IV | 5d°

+25 irrev. - - | IV/II| 5d2
-40 -0.89 90 | 1.0 |IV/III| 5dY?
A.C. mode

temp. | Ey/; (V) | half-width | couple | electron
(°C) | (vs.S.C.E.) (mV) confign.
+25 +0.30 150 V/IV | 5d°!
-40 +0.30 120° V/IV | 5d°
+25 -0.89 160 IV/IIL | 5d'/?
-40 -0.89 110 IV/IIL | 5d'/?

conditions: [BuyN]PF¢ (0.3M)/[NbBrg]'~ (~0.005M) at micro-Pt electrode in

CH,Cl,, reference: ferrocene, sweep rate: 100mV/sec (D.C.), 20mV/sec (A.C.) ,
“not fully compensated.
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Table 3.2: The electrode potentials of [BuyN][TaBrg].

D.C. mode
temp. | Ey (V) | AE, | 15/i | couple | electron
(°C) | (vs.S.C.E.) | (mV) confign.
+25 -0.16 75 | 1.0 | V/IV | 5d°1
-40 -0.16 60 | 1.0 | V/IV | 5d%%*
+25 irrev. - - | IV/IIT | 542
-40 -1.35 70 | 1.0 | IV/III| 5d'/?
A.C. mode
temp. | Ey; (V) | half-width | couple | electron
(°C) | (vs.S.C.E)) (mV) confign.
+25 -0.16 110 V/IV | 541
-40 -0.16 100 V/IV | 5d°/
+25 -1.35 irrev. IV/III | 5d'/?
-40 -1.35 130 IV/III | 5d'/?

conditions: [BusN]PFg (0.3M)/[TaBre]'~ (~0.005M) at micro-Pt electrode in
CH,Cl,, reference: ferrocene, sweep rate: 100mV/sec (D.C.), 20mV/sec (A.C.)
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3.4 The cyclic voltammetric study of
bis tetra-n-butylammonium hexabromomolybdate(IV) and

tetra-n-butylammomium oxytetrabromomolybdate(V)

3.4.1 Bis tetra-n-butylammonium hexabromomolybdate(IV)

Purple-black [BuyN],[MoBrg] was successfully prepared by reaction of molybdenum
tetrabromide and tetra-n-butylammoniumbromide in methylene chloride (chapter 6).
Recently, Dehnicke et al [58] have published the synthesis of [PPh;Me|,[MoBrg] using

the same method as previously devised for this thesis.

At room temperature [BuyN]2[MoBrg| exhibited complicated D.C. and A.C. cyclic
voltammograms from which no specific redox couples were discernible. Once the
experimental solution had been cooled to -40°C, by comparing the A.C. and D.C.
cyclic voltammograms, five redox couples became apparent : E;j,= +1.79V, +1.15V,
+0.06V, -0.41V (all quasi-reversible) and (chemically irreversible) E7 = +1.6V (vs.5.C.E.).
A pointed symmetrical cathodic peak at a potential more positive than the couple at
+1.15V suggested an adsorbed species was a factor which should be considered (see
figure 3.4).

The two quasi-reversible couples at +1.15V and +0.06V possessed approximately
the same peak currents whilst the other three couples were smaller with similar
currents. This suggested the two similar couples were the same species and also the
species which was in most abundance. Therefore if the original compound had not
decomposed, then the two couples at +1.15V and +0.06V must relate to the original
compound, namely [BuyN];[MoBrg]. The three smaller couples did not behave like
daughter products (section 2.11) and were assumed to be an oxide contaminant. These
assumptions were validated by the procedure in chapter 5 which predicted values
of +1.10V and +0.05V (vs.S.C.E.) for the couples [MoBrg]'~/>~ and [MoBrs|?*~/3~
respectively, in good agreement with the experimental values, while the remaining
three couples were identified as a contaminant of oxide by comparison with the cyclic

voltammogram of an authentic sample of [BugN][MoOBr,] (see section 3.4.3).
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Figure 3.4: D.C. cyclic voltammogram of [BuyN]2[MoBrg].
conditions: [BuyN]PFg (0.3M)/[MoBre]?>~ (~0.005M) at micro-Pt electrode in CH,Cl,,
temperature:-40°C', reference: ferrocene, sweep rate: 100mV/sec (D.C.).
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The electrode potentials of bis(tetra-n-butylammonium) hexabromomolybdate(IV)
are summarised in table 3.3: [BuyN];[MoBrg] exhibited two couples in methylene
chloride which were both chemically irreversible at room temperature. When the
solution was cooled to -40°C' the couple [MoBre]'~/2~, 4d'/%, at Ey/; = +1.15V
(vs.S.C.E.) became quasi-reversible and the couple [MoBre]z‘/B“, 4d*3, at Eip =
+0.06V (vs.S.C.E.) became almost fully reversible. There are no previous reports of

[MoBrg]™™ electrode potentials in the literature.

3.4.2 Discussion

The C.V. of [BuyN];[MoBrg] in CH,Cl; at -40°C (figure 3.4) indicated that the ox-
idation [MoBrg]!~/?~ was followed by complicated electrochemical activity leading
to the adsorption of a species on the electrode surface (indicated by the sharply
pointed cathodic peak at c.a. +1.3V (vs.S.C.E.)). Similar observations were made
with most of the hexabromometallates studied in this thesis ie: complicated redox
processes occurred at potentials more positive than the [MBrg]'~/2~ couple, which at
first suggested the most likely reaction was loss of bromide or bromine. Specifically
for [BugN],[MoBrs], the absence of a [MoBrg]'~ complex or a molybdenum bromide
higher than MoBry in the literature provided support for this argument. The po-
tential of the pointed adsorption peak varied according to the identity of the metal
complex and was therefore attributed to an adsorbed metal-bromide fragment. The

situation is discussed further under bromide electrochemistry in section 4.2.

The irreversibility of the couple [MoBrg|?~/3~

at room temperature was unex-
pected because a number of hexabromomolybdate(Ill) compounds have been pre-
pared previously by electrolytic reduction of Mo(VI) in concentrated HBr solution
[56,57]. Previous workers have isolated the K*, [NHy|* and [CsHsNH]* salts of
[MoBre]>~ which were stable under anhydrous conditions but which could not be used
in this thesis because they are insoluble in CH,Cl;. The [BuyN]* salt of [MoBrg[?~
should have been soluble in CH;Cl, and easily prepared. But, in this work the

compound [BuyNJ3[MoBre] could not be isolated by the standard method, and in
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fact the attempted synthesis resulted in the dimeric Mo(III) compound tris(tetra-n-
butylammonium)nonabromodimolybdate(III) (see chapter 6). This result combined
with the C.V. information indicates [BuyN]3[MoBrg] is a thermodynamically unstable
compound at room temperature in solution and readily decomposes to the dimeric

complex, [MozBrg]*~ ie:

2[BuyN]3[MoBrg] = [BuyN]3[Mo;Brg] + 3[{BuyN|Br (3.2)

This example of cation dependent stability was not the only isolated case en-
countered in this thesis- the same problem arose during the attempted syntheses
of [BuyN]3[RhBrg] and [BuyN];[PdBre] (chapter 6). The reason why [BuyN]* cations
have this effect is not clear although the large steric requirement of [BusN]* cations is
doubtlessly a contributing factor; even in solution the tetra-n-butylammonium cations
and hexahalometallate anions are thought to stick closely together in large aggregates

or micelles [192].

The cyclic voltammetry results indicated that equilibrium 3.2 could be shifted

over to the left hand side by lowering the equilibrium temperature to -40°C.
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conditions: [BuyN]PFg (0.3M)/[MoBrg|*~ (~0.005M) at micro-Pt electrode in
CH,Cl,, reference: ferrocene, sweep rate: 100mV/sec (D.C.), 20mV/sec (A.C.)

Table 3.3: The electrode potentials of [BuyN]2{MoBrsg].

D.C. mode
temp. | Eyp (V) | AE, | i3/i5 | couple | electron
(°C) | (vs.S.C.E.) | (mV) confign.
+25 irrev. - - V/IV | 4dV/?
-40 +1.15 108 | 1.20 | V/IV | 4d"/?
+25 irrev. - - | IV/IIL | 4d*°
-40 +0.06 60 | 0.80 | IV/III | 4d%°
A.C. mode
temp. | FEyj; (V) | half-width | couple | electron
(°C) | (vs.S.C.E.) (mV) confign.
+25 - - V/IV | 4d'/?
-40 +1.15 148 V/IV 44/
+25 - - IV/III | 4d*3
-40 +0.06 106 IV/IIL | 4d*?
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3.4.3 tetra-n-butylammonium oxytetrabromomolybdate(V)

Ochre-yellow [BusN][MoOBr4| was prepared by a variation of the method of Allen
and Neumann [149] (chapter 6 ). The electrode potentials of [BusN][MoOBr,| are

summarised in table 3.4.

At -40°C [BuyN][MoOBr,] exhibited three chemically irreversible couples in the
A.C. and D.C. modes at +1.80V, +1.63V and -0.38V (vs.S.C.E.). The contaminant
present in the sample of [BuyN];[MoBrg] (section 3.4.1) exhibited a quasi-reversible
couple at -0.41V (vs.S.C.E.) and two other couples of indeterminate reversibility at

+1.79V and +1.6V (vs.S.C.E.).

Although the electrode potentials of the two compounds appear to match up the
contrasting reversibility of the two couples at -0.38V and -0.41V requires some expla-
nation. The answer may lie in the conditions at the electrode during the reduction
[MoBrg]*=/3~. In section 3.4.1 it was pointed out that this reduction results in the
formation of free bromide as a consequence of a dimerisation reaction. Under these
conditions where there is an excess of free bromide at the electrode, a decomposition
reaction of [MoOBr4]*~ at -0.38V involving loss of bromide would be suppressed, and
a quasi- or fully reversible couple would be observed. In the absence of free bromide
the same decomposition would result in an irreversible couple. The situation could
therefore have been clarified by introducing excess bromide in the form of [BuyN|Br
to the solution of [BuyN][MoOBr4] in CH,Cl, but, unfortunately this was not realised
until after all the experiments in this thesis were completed. Nonetheless, in the light
of the available data it is plausible to consider [BuyN][MoOBr,] and the contaminant

mentioned in connection with [BuyN]2[MoBrg| as one and the same compound.

The electrode potentials exhibited by [BusN][MoOBr4] in CH;Cl; solution are
shown in table 3.4. Since the compound only exhibited chemically irreversible cou-

ples the individual cathodic and anodic peaks were not assigned to any specific
[MoOBr,]*/*~! redox couple.
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Table 3.4: The electrode potentials of [BuyN][MoOBr4).

A.C.mode D.C.mode
temp. | FEy/z (V) half- Eyyp (V) | AE, | 35/5
(°C) | (vs.S.C.E.) | width (V) | (vs.5.C.E.) | (mV)
+25 +1.10 190 - - -
+25 -0.41 110 - - -
-40 +1.80 110 irrev. - -
-40 +1.63 156 irrev. - -
-40 -0.38 112 irrev. - -

conditions: [BugN]PFg (0.3M)/[MoOBr,]'~ (~0.005M) at micro-Pt electrode in
CH,Cl,, reference: ferrocene, sweep rate: 100mV/sec (D.C.), 20mV/sec (A.C.)

3.5 The cyclic voltammetric study of
‘tetra-n-butylammonium hexabromotungstate(V),
bis tetra-n-butylammonium hexabromotungstate(IV)

and tungsten hexabromide

The preparations of the three title compounds are described in chapter 6.

3.5.1 Tungsten hexabromide

The first compound prepared, green-black WBrg was almost totally insoluble in
CH,Cl, but, as there was a faint purple colouration evident in the solvent an elec-
trochemical investigation was attempted. Surprisingly, the WBrg sample dissolved

readily in the solvent/electrolyte medium of CH,Cl,/[BusN]PFg producing a wine
red solution.

The resultant wine red solution exhibited four reversible couples at -40°C" : [/,
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Current

E, (vs. S.CE.)

| | | |
I T

T T
+2.0V +1.0V +0.0V -1.0V

Figure 3.5: D.C. cyclic voltammogram of WBrs.
Conditions: [BuyN]PFe (0.3M)/WBrs (~0.005M) at micro-Pt electrode in CH;Cl,,
temperature:-40°C, reference: ferrocene, sweep rate: 100mV/sec (D.C.).
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= -0.74V, 40.08V, +0.61V and +1.69V (vs.S.C.E.). In addition, significant electro-
chemical activity was observed at potentials more positive than the couple at +0.61V
which was a common feature to most of the bromide complexes studied (figure 3.5 and
see also sections 3.4 and 4.2). A strongly adsorbed species, indicated by a sharp, sym-
metrical peak, was observed during the cathodic scan at +1.18V (vs.5.C.E.) but was
not observed with the Br,/Br~ system (section 4.2), and was therefore provisionally

attributed to an adsorbed W-Br fragment of unknown composition.

Obviously a reaction had occurred between [BusN]PFg and WBrg but thus far the
electrochemical data could provide little insight towards any specific reaction. As a
preliminary experiment, the wine-red colouration of the WBrs/CH,Cl;/[BuyN]PFg
mixture was investigated. Figure 3.7 indicates how the visible-ultra violet spectrum
of WBrg in CH3CN solution changed over a period of 25 hours: The WDBrg sample
reacted gradually with CH3CN until the final spectrum after 25 hours resembled
that of WBr,.2CH3CN obtained by previous workers from WBrs and CH;CN [35]
(table 3.5). Figure 3.6 shows the visible-ultra violet solution spectrum of WBrg
in CH,Cl; with/without added excess [BusN]PFs. Comparison of figures 3.6 and
3.7 indicated that the new compound produced by addition of excess [BuyN|PFs to
WBrg in CH,Cl;, had the same spectrum as WBrg in CH3CN after 1 hour. The same
spectrum was produced by addition of excess [BusN|BF4 or [BusN]|Br to WBrg in
CH,Cl;. These spectra closely resembled the solution spectrum of [Et;NH,][W Brg]
in CH3CN obtained by previous workers [63] and [BusN][WBrg] in CH,Cl, obtained
in this thesis (see table 3.5).

Therefore in summary, the visible-ultra violet spectroscopic data indicated that
WBrs was reduced to [WBrg)'~ in CH;Cl, solution in the presence of [BuyN]PFs,
[BuyN|BF, and [BuyN]Br. In order to verify this conclusion, the compounds [BuyN]-
[WBrg] and [BuyN]2[WBrg] were synthesised and investigated electrochemically (see
section 3.5.2). The visible-ultra violet spectroscopic data also indicated that WBrg
was reduced to [WBrg]'~ by CH3CN over a period of approximately 1 honr and was
subsequently reduced to WBr.2CH3CN over the following 24 hours. (Bromination
of CH3CN was discounted because it is known that there is little reaction between

bromine and CH3CN over 2-3 weeks [193]. The possibility of an initial reduction to
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Figure 3.6: Solution spectrum of WBrg in CH,Cl; with/without added excess [BusN]PFg
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Figure 3.7: Solution spectrum of WBrg¢ in CH3CN after 0.5, 1.0 and 25.0 hours.
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WBrs.CH;CN cannot be discounted, however it is unlikely because the spectrum of
WBrg in CH3CN after 1 hour so closely resembled the spectrum of [BusN][WBrg)
in CH,Cl, obtained in this thesis. The spectra should appear different if WBrg was
initially reduced to WBr5.CH3CN )

The argument favouring reduction of WBrg to [WBrg]!~ by CH3CN is also favoured
by the work of Brisdon et al [63] who noted that the spectrum of [Et;NH;][WBre| in
CH5CN changed slowly over one day into the spectrum of WBr4.2CH3CN. The same
behaviour was observed in this thesis with WBrg in CH3CN and therefore the scheme
3.3 is proposed:-

WBrs/Xs.CH;CN 25 [WBrg]!~ 22 WBr,.2CH5CN (3.3)

3.5.2 tetra-n-butylammonium hexabromotungstate(V) and

bis tetra-n-butylammonium hexabromotungstate(IV)

The electrode potentials of [BuyN][WBrg] and [BuyN];[WBrg] are shown in tables 3.7
and 3.8. As expected, both compounds exhibited the same electrochemical behaviour
: at -40°C, two reversible couples c.a. 1.35V apart with the E,;; values for both
compounds agreeing to within 20mV. The couples [WBrg]'~/%~, 5d"/?, at E,;; =
+0.59V (vs.S.C.E.) and [WBrg)2~/3~, 5d%3, at E;j, = -0.75V (vs.S.C.E.) were both

irreversible at room temperature but were reversible at -40°C'.

The potentials of the two [WBrg]™™~! couples measured in this section coincide
with those at Ey/; = +0.60V and -0.74V (vs.5.C.E.) obtained with the WBrg/[Bu,N]PF;
system investigated in section 3.5.1. Hence, in conjunction with the spectroscopic ev-
idence already discussed, the electrochemical data in tables 3.7 and 3.8 provides clear
evidence that the reaction of WBrg with the solvent/electrolyte medium resulted in
the formation of [WBre]'~.

The two remaining WBrs/[BusN]PFg couples at Eij; = +0.08V and +1.69V
(vs.S.C.E.) were not observed with either [BuyN][WBrg] or [BuyN];[WBrg] and cannot

therefore be attributed to [WBrg]"/"~! redox couples. Intuitively one might suspect
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that some oxide species were present although there was no evidence of this from
the infra-red or visible- ultra violet spectra. Alternatively, that or those species
which combined to reduce WBrg to [WBrg]'~ might have formed an oxidation prod-
uct which was itself electroactive giving rise to the unassigned redox couples. Clearly
some investigation of the first possibility should have been undertaken but the lack
of spectroscopic evidence for any oxide was thought to be sufficient. (It transpired
that a lack of spectroscopic evidence was not conclusive in the case of [BuyN],[MoBrg]
(section 3.4) and the possibility of oxide contamination of WBrg should have been
investigated further during this experiment.) The second alternative is discussed in

the next section.

3.5.3 Discussion

The evidence outlined in sections 3.5.1 and 3.5.2 indicates that [BuyN]PF¢ or the com-
bination of [BuyN]PFg and CH;Cl; reduced WBrg to [WBrg)!~. Although [BuyN]PFg
has not been reported to act as a reducing agent previously, this ‘inert’ electrolyte

does undergo a number of reactions. For instance:-

e PFg- anions undergo fluoride exchange with WFg or MoFg in CH3CN [67]. eg:

WFs + [PFsF*]'- = WF: + [PF)*- (3.4)

o [BuyN]PFg attacks [31] niobium and tantalum pentachlorides (M;Cl;,) in CH;Cl,

forming [MF¢]'~ as one of the side products :-

M,Clyo + [BuyN]PFs — [MClg]'~ + small amounts of [MF¢]'~, PF;,
PF;, PCls and HF (3.5)

o The tetra-n-butylammonium cation is also susceptible to degradation. For in-
stance the instability of (tetra-n-butylammonium)fluoride, [BuyN]F, under an-
hydrous conditions was investigated by Sharma and Fry [68] who proposed the

following reaction :-
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2[BuyN]F — [BuyN]*[FHF]~ + BusN + CH3CH,CH=CH, (3.6)

The strongly basic F~ ion is thought to cause a rapid E2 elimination which even-
tually results in the formation of the thermodynamically very stable bifluoride
ion [69].

e Finally, Reeb et al [70] observed the rapid colour change of a THF solution of
bis(pentamethylcyclopentadienyl)dichlorouranium(IV), (A), in the presence of
[BuyN]PFs. Also, the reduction potential of free A was shifted 0.4V cathodically
due to the formation of a stable uranium(IV) adduct between A and [PFg]'~,

although the authors did not identify the adduct.

The addition or exchange of a fluoride ion from the electrolyte with WBrg is
unlikely because of the close similarity between the energies of the WBrq/[BuyN]PFs
electronic absorption spectrum and authentic [WBrg]'~ absorption spectra in CH,Cl,
and CH3CN. This argument derives from the work of Rudzik and Preetz [65] who
observed a hypsochromic shift of approximately 1.3kK in the absorption spectrum of
[ReBrg)?~ when one Br~ ligand was replaced by a Cl~ ligand. According to Muller et
al [66] this was due to the increase in the sum of the electronegativities of the ligands.
If [PFs]'~ had exchanged a fluoride ligand with WBrg in a reduction reaction to form
[WBrsF]'~ then a significant hypsochromic shift should have been observed because

of the large electronegativity difference between Br~ and F~.

Since both [BuyN|BF4 and [BuyN]Br also reacted with WBrg in CH2Cl; to produce
a wine red solution with the [WBrg]'~ absorption spectrum , if [BuyN]PFg does
reduce WBrg in CH,Cl; then the most likely reducing agent is the [BuyN]* cation.
Quaternary ammonium compounds normally degrade by olefin-forming elimination

mechanisms [71] such as 3.6 or more generally :-

B + H-C-C-X — BH + C=C + X (3.7)

where B is normally a basic, ie. nucleophilic, reagent and X separates with the

electron pair which originally bound it to the carbon. In the case of [Bu,N]J*, X
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corresponds to tributylamine, BusN: . Traces of bromine and/or bromide in the
WBrg¢ sample may have provided an indirect means by which a degradation could
occur. For example, cerium(IV) and butadiene react in the presence of bromide ions

by an additive dimerisation [72] :-

Ce(IV) + Br™ = Ce(Ill) + Br
Br' 4+ butadiene = BrC Hg
2BI‘C4H6 — BF-C4H6 - C4H6-BI' (50%) (38)

N.B. An added complication must also be considered: Couch et al [195] found
WBrg lost bromine under vacuum at room temperature over several hours until the
eventual stoichiometry of WBrsgs was reached. The same experimental conditions

prevailed in this experiment also, hence the reacting species was probably not WBrg
but WBr585 which corresponds to a mixture of W(VI) and W(V) bromides.

It is known WBr;s reacts with [BusN]Br in CH;Cl, to form [WBrg]!~ therefore
it would have been most beneficial to determine whether WBr;5 also reacted with
[BuyN]PFg and [BuyN]BF, to produce a wine red solution with a {WBrg]' =’ spectrum.

Table 3.5 lists the electronic absorption maxima of a number of [MBrg]"~ salts.
Extinction coefficients are not included because the weight of compound or volume
of solution were not measurable with sufficient accuracy. However, all the transitions
shown were very intense with ¢ values greater than 1000 dm3cm~%mol™! indicating
they are most probably of a charge transfer nature. Tables 3.6, 3.7 and 3.8 list the
electrode potentials of WBrg, [BusN][WBrs] and [BuyN];[WBrg] respectively while
figure 3.5 shows a C.V. of WBrg in CH,Cl,/[BuyN]PFs.
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Table 3.5: Electronic absorption spectra of [WBrg]"~ complexes and related compounds

(shoulders in parenthesis).

compound reference | medium | absorption maxima (kK)®
WBrg ¢ CH,Cl, |17.9,21.1,37.2
WBre ¢ CH,Cly/ | 184, 22.6, 26.2, (27.4),
[BuyN]PFg | 29.5, 33.8
WBrg ¢ CH;CN/ | 18.6, 23.4, 26.2, (27.5),
after 1hr | 29.5, 34.0
[Et,NH,]/ 63 CH3CN | 14.9, 18.9, 23.5, 26.3,(28.0),
[WBrg] 29.6, 34.4,(39.0), 43.3
[BugN][WBrg) ¢ CH,Cl, | 18.3, 23.1, 26.1, 28.3,
30.7, 33.2
[BuyN]2[WBr4] ¢ CH,Cl, |24.1,28.1, 31.9, 34.9,37.8
Cso[WBr4] 64 solid 23.3, 26.2, 29.0(br),
36.2, 44.6
WBrs e CH3CN/ | 22.2, 24.6, 29.8, 31.8,
after 25hr | 34.4, 40.4
WBr.2CH3CN 35 CH3;CN | 22.1, 24.4, 29.8, 31.8,
34.5, 38.5
WBr5 63 solid ~14.3, 19.6

% this thesis ® 1kK = 1000cm™}, br = broad

Table 3.6: The electrode potentials of tungsten hexabromide.

D.C. mode
temp. | Ey (V) | AE, | 3/i5 | couple® | electron
(°C) | (vs.S.C.E.) | (mV) confign.
-40 +0.60° 60 | 1.0 | V/IV | 5dY?
-40 -0.74 60 1.0 | IV/III 5d*/3
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Table 3.7: The electrode potentials of [BuyN][WBrg].

D.C. mode
temp. | Ey2 (V) | AE, |2/ | couple | electron
(°C) | (vs.S.C.E.) | (mV) confign.
+25 b - | V/IV | 5d?
+25 irrev. - | IV/IIT | 5d%°
-40 +0.61 100¢ | 1.0 | V/IV | 5d"/?
-40 -0.75 1104 | 1.0 | IV/III | 5d%3
A.C. mode
temp. | FEy/2 (V) | half-width | couple | electron
(°C) | (vs.S.C.E.) (mV) confign.
+25 +0.74 1504 V/IV | 542
+25 - - IV/III | 5d%3
-40 +0.61 100 V/IV | 5d'/?
-40 -0.74 90 IV/IIL | 5d%°
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Table 3.8: The electrode potentials of [BuyN]o[WBrg].

92

D.C. mode
temp. | Ey (V) | AE, |1/ | couple | electron
(°C) | (vs.S.C.E.) | (mV) confign.
+25 b - - V/IV | 5d'/?
+25 irrev. - - | IV/IL | 5d%3
-40 +0.59 60 | 1.0 | V/IV | 5d'/?
-40 -0.75 60 | 1.0 | IV/III| 5d%*°®
A.C. mode
temp. | Ejj; (V) | half-width | couple | electron
(°C) | (vs.S.C.E.) (mV) confign.
+25 b - V/IV | 5dY/?
+25 -0.82 140° IV/II | 5d%°
-40 +0.59 100 V/IV | 5dY?
-40 -0.75 90 IV/IIL | 5d%°3

Conditions: [BuyN]PFg (0.3M)/[WBrg]"~ (~0.005M) at micro-Pt electrode in
CH,Cly, reference: ferrocene, sweep rate: 100mV/sec (D.C.), 20mV/sec (A.C.) ®

referenced versus [WBrg)?~/3~ couple ® couple not resolvable ¢ couples also observed
at +1.69V and +0.08V (see text) ¢ not fully compensated
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3.6 The cyclic voltammetric study of

bis tetra-n-butylammonium hexabromorhenate(IV)

Yellow [BuyN];[ReBrg] was prepared by reduction of Re(VII) in the presence of bro-
mide according to the method of Watt and Thompson [39] (chapter 6).

At room temperature, [BuyN];[ReBrg] exhibited one quasi-reversible couple, £/,
= +1.31V (vs.5.C.E.) and a chemically irreversible cathodic wave, £ = -0.93V. The
irreversible cathodic peak current was very large compared with that of the quasi-
reversible couple and quickly moved off the scale of the chart recorder. But as the
experimental solution was cooled to -40°C', the previously irreversible couple became
increasingly quasi-reversible and exhibited an anodic return wave. At potentials more
positive than the couple at +1.31V the compound exhibited a complex pattern of
electrochemical activity analogous with the behavior of several of the hexabromomet-

allates discussed in this chapter (see for example sections 3.4 and 3.5).

A previous electrochemical study [60] of [BusN];[ReBrg] in CH3;CN solution at
room temperature with [BuyN][ClO,] supporting electrolyte determined one fully re-
versible oxidation, [ReBrg]'=/2~ at Eij; = +1.18V (vs.S.C.E.) and an irreversible
oxidation at E = +1.96V (vs.S.C.E.). Two irreversible reductions, [ReBrg]*~/>~ at E
=-0.90V (vs.S.C.E.) and ‘[ReBre]*~/4 at E = -1.80V (vs.S.C.E.) were also observed.

Matching the CH3CN data with the CH;Cl; results obtained in this thesis indicates
that in CH,Cl, the couple [ReBrg)'~/%~, 5d%/3, at E;j, = +1.31V (vs.S.C.E.) is quasi-
reversible at room temperature and nearly fully reversible at -40°C'. The couple
[ReBr6]2‘/3', 5d%4, at Eij; = -0.89V (vs.5.C.E.) is chemically irreversible at room

temperature and quasi- reversible at -40°C’ (see table 3.9).

The irreversibility of the [ReBrg]>~/3~ couple at room temperature is not sur-
prising since there is no report of a stable hexahalorhenate(IIl) complex in the lit-
erature, although unsubstantiated reports of [ReClg]>~ have been made [13]. The
reduction observed at £/, = -1.80V in CH3CN by previous workers and assigned to
the [ReBrg]®~/*~ couple is therefore almost certainly not a true [ReBrg]"/"~! couple

because [ReBrs[*~ is not stable at room temperature. At strongly reducing potentials
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Figure 3.8: D.C. cyclic voltammogram of [BusN];[ReBrg].

Conditions: [BuyN]PFg (0.3M)/[ReBrg]?~ (~0.005M) at micro-Pt electrode, temperature:-

-40°C, reference: ferrocene, sweep rate: 100mV/sec (D.C.).
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Re(III) could be stabilised by expulsion of bromide followed by solvent coordination
or, in a low dielectric constant solvent such as CH;Cl, by dimerisation to the known

[62] [Re;Brg]?>~ or [Re,Brg)?~ eg.

2 [ReBrg)>~ 25 [Re,Bro]*~ + 3Br~ (3.9)

Although a dimerisation reaction of Re(III) similar to that of Mo(III) (section 3.4)
is an attractive proposition, a major detraction is that there was no C.V. evidence for
free Br~ in the customary region between +0.7V and +1.0V (vs.S.C.E.)(see section
4.2).

Since the [ReBrg]'~/?~ couple was not even fully reversible at -40°C' in CH,Cl; it is
somewhat surprising that the same couple was reported to be fully reversible at room
temperature in a strongly coordinating solvent like CH3CN. The reverse behaviour is

expected as with for example the couple [TaBrg)'~/?~ (section 3.3.2).

The electrochemical potentials of [BuyN];[ReBrg] are summarized in table 3.9.

Figure 3.8 shows the D.C. cyclic voltammogram of the complex at -40°C.
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Conditions: [BuyN]PFs (0.3M)/[ReBrg|*~ (~0.005M) at micro-Pt electrode,

reference: ferrocene, sweep rate: 100mV/sec (D.C.), 20mV /sec (A.C.), * half-width
not distinguishable

Table 3.9: The electrode potentials of [BuyN],[ReBre).

D.C. mode
temp. | Eyj (V) | AE, | 15/é | couple | electron
(°C) | (vs.S.C.E.) | (mV) confign.
+25 +1.31 74 | 1.0 | V/IV | 5d%3
+25 irrev, - IV/IL | 5d%*
-40 +1.31 63 | 1.0 | V/IV | 5d*?
-40 -0.89 102 | 0.8 | IV/III| 5d%4
A.C. mode
temp Ey/2 (V) | half-width | couple | electron
(°C) | (vs.S.C.E.) (mV) confign.
+25 +1.31 200 V/IV | 54
+25 -0.93 a IV/IIL | 5d°/4
-40 +1.31 V/IV | 5d*?
-40 -0.89 139 IV/IL | 5d%*
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3.7 The cyclic voltammetric study of

bis tetra-n-butylammonium hexabromoruthenate(IV)

Navy blue [BuyN];[RuBrs] did not exhibit any reversible couples at room temperature
in CH,Cl; but an anodic peak at ES = +1.52V (vs.5.C.E.) and a cathodic peak at
ES = +40.09V (vs.S.C.E.) were detectable in the D.C. mode (only D.C. facilities were
available at the time of experiment). When the experimental solution was cooled to
-40°C three couples were detected : a chemically irreversible oxidation [RuBre]!=/2-,
4d%*, at Ef = +1.52V (vs.S.C.E.), a quasi-reversible reduction [RuBrg]*~/3~, 4d"/®,
at Ey/; = +0.13V (vs.S.C.E.) and a chemically irreversible reduction [RuBre]>~/4~,

4d%/®, at ES = -1.7V (vs.S.C.E.).

Stephenson et al [109] have previously reported the redox potentials of [PPhs-
(CH,Ph)],[RuBrg] in CH;Cl, at a Pt electrode. They observed a reduction [RuBrg]?=/3~
at Fy/; = 40.13V (vs.5.C.E.) which was irreversible at +25°C but reversible at -40°C,
and an oxidation [RuBrg]'™/%~ at E = 4+1.48V (vs.5.C.E.) which was irreversible at all
temperatures. Both of these results are in good agreement with the values obtained

in this thesis.

It was believed by the author that the room temperature reduction of [RuBrs]?~ at
E1/2 = 40.13V (vs.S5.C.E.) was irreversible because the electron transfer was followed

by Br~ expulsion and dimerisation of two Ru(III) fragments to form [Ru,Brg]?>~. ie:

2 [RuBrg]*~ +2e — [RuzBrg]*~ + 3Br~ (3.10)

To test this theory, a solution of [BusN]2[RuBre] in CH,Cl; at room tempera-
ture was electrolysed at a potential slightly less than the [RuBrg)>~/3~ couple until a
mole equivalent of electrons had been passed. The electrolysed solution exhibited the
distinctive anodic waves of a large amount of free Br™ (section 4.2) as well as a chemn-
ically irreversible reduction wave at £ = -0.63V (vs.5.C.E.). (N.B. Free Br~ was not
detected during conventional cyclic voltammetry.) Stephenson et al [109] determined
the redox couples of [BuyN]3[Ru,Brg] in CH,Cl, at room temperature and observed
two reversible oxidations at E;;; = +0.83V and Ey/; = +1.36V (vs.S.C.E.) and an
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irreversible reduction at %/, = -0.65V (vs.5.C.E.). The two sets of electrochemical
results, electrolysed [RuBrg]?~ and [Ru;Brg]®~ could represent the same compound
if one assumes that the electrogenerated product exhibited redox couples at +0.83V
and +1.36V but they were masked by the oxidation of free bromide. Unfortunately all

attempts to precipitate the electrogenerated product in a pure form were unsuccessful.

Therefore, further evidence for a dimerisation was sought by spectro- electrochem-
ical reduction of [BuyN];[RuBrs]. By this technique, a solution of [BuyN];[RuBrg] in
CH,Cl; at room temperature was reduced at an optically transparent Pt-gauze elec-
trode in a lmm silica glass optical cell while the visible-ultra violet spectrum was
continuously recorded. The spectrum of the electrogenérated product was very poor
although possible absorptions were discernible at c.a. 19,000; 31,000 and 35000kK.
Stephenson et al [109] listed the absorption maxima of [BusN|s[Ru;Bre] at 34,720kK
(e=26,740dm>®mol'cm™?), 30,960 (18,200); 23,360 (41,20); 19,720(6,050). The two
spectra can only at best be described as similar, therefore, although circumstantial

2=/3= can-

evidence exists, the product of the room temperature reduction [RuBrg]
not be unequivocally identified as [RuyBro]®>~. (As with the couple [ReBrg)*~/?~, if
dimerisation occurs then the absence of any evidence for Br~ during the conventional

C.V. study of [RuBrg]?*~ has yet to be adequately explained (see section 4.2).)

The electrochemistry of [BugN];[RuBrg] in CH,Cl; indicated that the oxidation
state +IV is the only stable oxidation state of hexabromoruthenate complexes. This
would appear to be correct as no stable [RuBrg]*~ compounds in either the +V or
+111 oxidation states have been reported in the literature [110] although Jgrgensen

has published [111] the electronic spectrum of an HBr solution claimed to contain

[RUBI'6]3-. .

The electrode potentials of [BuyN];[RuBrs] in CH;Cl, are listed in table 3.8 and

the D.C. cyclic voltammogram of the compound is shown in figure 3.9.
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Figure 3.9: D.C. cyclic voltammogram of [BusN]z[RuBrs].
Conditions :

[BuyN]PFs (0.3M)/[RuBre}?~ (~0.005M) at micro-Pt electrode in CH,Cl,,
temperature:-40°C': reference: ferrocene, sweep rate: 100mV /sec (D.C.).

99



CHAPTER 3. 100

Table 3.10: The electrode potentials of {BuyN];[RuBrs].

D.C. mode
temp. | By (V) | AE, | i7/i; | couple | electron
(°C) | (vs.S.C.E.) | (mV) confign.
+25 +1.52¢ irrev. | - V/IV | 4d%/*
+25 +0.09° | irrev. | - [ IV/III| 4d*®
-40 +1.52¢ irrev. | - V/IV | 4d3/*
-40 +0.13 72 | L0 | IV/III| 4d*°
-40 1.7 irrev. | - | II/II | 4d°/®

Conditions : [BuyN]PFg (0.3M)/[RuBrg]*~ (~0.005M) at micro-Pt electrode in
CH;Cl,, reference: ferrocene, sweep rate: 100mV/sec (D.C.), 20mV/sec (a.c.), ®
anodic peak potential ® cathodic peak potential

3.8 The cyclic voltammetric study of

bis tetra-n-butylammonium hexabromoosmate(IV)

Red-brown [BuygN];[OsBrg] exhibited three redox couples in CH,Cl; at room temper-
ature: Fy; = +1.24V, -0.55V and -0.79V (vs.5.C.E.). The two couples at +1.24V
and -0.55V were approximately the same size and so were identified with successive
couples of the same compound. The third couple at -0.79V was very much smaller
and by varying the anodic switching potential was identified as a daughter product

of the second couple (section 2.11).

The first couple, the oxidation [OsBre]!~/2~ , 5d** at Eyj; = +1.24V (vs.S.C.E.)
was fully reversible at room temperature and -40°C in the A.C. and D.C. modes. The
second couple, the reduction [OsBre]?™/2~ , 5d%* at Eyj; =-0.55V (vs.S.C.E.) was
chemically irreversible at both room temperature and -40°C' with the peak current
ratio, i%/ic, significantly less than 1.0. With the evidence for a daughter product

at [, = -0.79V, this indicated that the reduction of [OsBrg]*~ to [OsBrgl*~ was
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Figure 3.10: D.C. cyclic voltammogram of [BusN]3[OsBrg].
Conditions : [BusN]PFg (0.3M)/[OsBrg]?~ (~0.005M) at micro-Pt electrode in CH,;Cl,,
temperature:0°C, reference: ferrocene, sweep rate: 100mV/sec (D.C.).

followed by an irreversible chemical reaction.

Dwyer, M°Kenzie and Nyholm [88] studied the redox couples [OsBrg)?~/3~ in aque-
ous HBr and [OsClg]*~/%~ in aqueous HCIL. At zero acid strength the value of both
couples extrapolated to the same value, -0.45V (vs.S.H.E.). The authors suggested
that at low [H*], the complex halides hydrolysed to form [OsO]* and [OsO}**. Mertes,
Crowell and Brinton [98] made cell measurements using concentrated HBr solutions
(2-4M) and reported the couple [OsBrg]*~/?~ at £° = -0.349V (vs.S.H.E.) in 2.1M
HBr. Re-referencing (table 2.1) estimates the couple [OsBrg]?/*~ at E° = -0.60V
(vs.S.C.E.) in 2.1M HBr which agrees with the value of -0.55V obtained in this thesis

allowing for the very different solvents.

During a study of hexabromoosmate(V) compounds, Magnusson [73] determined
the electrode potentials of [EtyN],[OsBrs] in CH;CN with [Et;N]ClOy4 as background
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electrolyte. Magnusson found a nearly reversible oxidation [OsBrg)'~/?" at Eyy =
41.20V (vs.S.C.E.) and a totally irreversible reduction [OsBrg]?~/?~ with a cathodic
peak potential at £S5 = -0.55V (vs.S.C.E.).

The potentials observed by Magnusson are in very good agreement numerically
with those observed in this thesis, the very slight differences probably being at-
tributable to effects arising from the differing dielectric constants of the solvents
CH3CN and CH,Cl,. The reversibility of the [OsBrg]®/"~! redox couples in CH3CN
reflect a general trend already observed with hexabromotungstates and hexabromo-
niobate(V), as well as with hexachlorometallates [31]. That is, hexahalometallates
in the high oxidation states +VI and +V and the lower oxidation state +III react
with CH3CN to form adducts while hexahalometallates in CH,Cl, appear to be more
stable.

Table 3.9 shows the electrode potentials of [BusN];[OsBrg] and figure 3.10 shows
the D.C. cyclic voltammogram of [BusN];[OsBrg] at 0°C.
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Table 3.11: The electrode potentials of [BuyN]o[OsBrg].

D.C. mode
temp. | Eyj, (V) | AE, | i3/i | couple | electron
(°C) | (vs.S.C.E.) | (mV) confign.
+25 +1.24 80¢ | 1.0 | V/IV | 5d®H
-40 +1.24 70° | 1.0 | V/IV | 53
+25 -0.55 71 | 0.5 | IV/IIT| 5d**
-40 -0.55 70 0.6 | IV/IIL | 5d%5
A.C. mode
temp. | Eyjs (V) | half-width | couple | electron
(°C) | (vs.5.C.E.) (mV) confign,
+25 +1.24 120° V/IV | 5d*/H
40 +1.24 1200 | VIV | 5d¥/4
+25 -0.55 130 IV/IIL | 5di/®
-40 -0.55 130 | IV/IIT | 5d'

Conditions : [BuyN]PFg (0.3M)/[OsBrg}?~ (~0.005M) at micro-Pt electrode in

CH,Cl,, reference: ferrocene, sweep rate: 100mV/sec (D.C,

fully compensated

), 20mV /see (a.c.), ¢ not
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3.9 The cyclic votammetric study of
tris tetra-n-butylammonium hexabromorhodate(III) and

bis tetra-n-butylammmonium hexabromoiridate(IV)

3.9.1 Tris tetra-n-butylammonium hexabromorhodate(III)

Green K3[RhBrg] was prepared by the method of Robb and Bekker [102] (chapter
6). All attempts to prepare [BuyN]3[RhBrg] using cation exchange methods were
unsuccessful and the only isolatable product was [BuyN]3[Rh;Brg).

Fergusson and Sherlock [103] found the nature of the halogenorhodate(III) species
isolated was dependent on the size of the counter ion and the concentration of
the halide ion in solution. It has also been reported [104] that with very large
cations, halogen bridged species such as [Rh,Clg]*~ are obtained from Rh(III) chlo-
ride solutions. Therefore the difficulties encountered during this attempt to isolate
the monomeric compound [BusN]3[RhBrg] were not unexpected. Analogous prob-

lems were encountered elsewhere in this thesis during the attempted preparations of

[BuygN]3[MoBrg] (section 3.4) and [BuygN]2[PdBrg] (section 3.10).

Electrode potentials of [RhBrg]"~ compounds have not been previously reported

in the literature.

3.9.2 Bis tetra-n-butylammonium hexabromoiridate(IV)

Navy-blue [BuyN],[IrBrg] has a 5d® d-electron configuration. Using D.C. cyclic voltam-
metry in CH,Cl, solution, two chemically irreversible oxidations and a chemically
irreversible reduction were observed at +1.57V, 4+0.59V and +0.12V (vs.5.C.E.)
respectively (table 3.10). When the solution was cooled to -40°C’, only two pro-
cesses were observed : a chemically irreversible oxidation [IrBre]' /2=, 5d%/%, at E;
= +1.63V (vs.S.C.E.) and a fully reversible reduction [IrBre]*=/3~, 5d°/°, at Ey;, =
+0.12V (vs.S.C.E.). The equipment necessary to study the A.C. cyclic voltammetry

of [Bu,NJ,[IrBrg] was not available at the time of the experiment.
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During a previous study, Dwyer, Mckenzie and Nyholm [89] observed the reduction
[IrBrg]?~/*~ at E° = +0.99V (vs.S.H.E.) in aqueous acid solution, extrapolated to
infinite dilution. Preetz and Steinebach [90] observed the same reduction in aqueous

solution at I3 = 40.908V (vs.S.H.E.) in good agreement.

Preetz and Steinebach also observed the reduction [IrBrg]?~/3~ in CH,Cl, at By =
+0.095V (vs.S.C.E. re-referenced), in good agreement with the value of E/, = +0.12V
obtained in this thesis. However, the text of their paper is a little confusing. On the
one hand they stated “...the trivalent octahedral (halide) complexes are unstable in
organic solvents due to their large negative charge and by ligand extraction (form)

bridged dimers.” ie.

2[BusNJ5[IrXe] <" [BuyN]s[Ir,Xe] + 3[BuNX, (X=Cl, Br) (3.11)

This would imply a certain degree of irreversibility of the [[rBrg]?~/3~ couple at the
sweep rates employed (10-500 mV/sec). But, on the other hand Preetz and Steinebach
reported that the couple [IrBrg]?~/3~, at Ey/; = 40.095V, was fully reversible and

that the temperature dependence of the reversibility “was insignificant”.

These contradictory remarks would appear to be an oversight because in this
thesis the reduction [IrBrg]?~/3~ was totally irreversible at room temperature although
it became fully reversible when the solution was cooled to -40°C'. In CH,Cl, at
room temperature, [BuyN]3[IrBrg] most probably decomposes according to equation
3.11 to form the well known [91] [Ir,Brg]*>~ compound. But, in common with the
decomposition of rhenium and ruthenium hexabromometallates discussed previously
(sections 3.6 and 3.7), free Br~ was not observed during cyclic voltammetry. Tle
anodic peak observed at +0.59V at room temperature was only observed when the

2=/3= couple

potential sweep was reversed at potentials more negative than the [IrBrg]
at £S= +0.12V. This behavior indicated the anodic peak at +0.59V was a daughter

product of the irreversible reduction [IrBrﬁ]z‘/a“ at +0.12V.

Table 3.10 shows the electrode potentials of [BuyN];[IrBrg] and figure 3.11 shows

the D.C. cyclic voltammograms obtained at room temperature and -40°C in CH,Cl,.
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Figure 3.11: D.C. cyclic voltammogram of [BuyN];[IrBrg].
Conditions: [BuyN]PFg (0.3M)/[IrBre]?~ (0.005M) at micro-Pt electrode in CH,Cl,, refer-
ence: ferrocene, sweep rate: 100mV/sec.
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Table 3.12: The electrode potentials of [BuyNJs[IrBrg].

D.C. mode
temp. | Eyp (V) | AE, | 42/i | couple | electron
(°C) | (vs.S.C.E.) | (mV) confign.
+25 +1.57¢ . - | V/IV | 5d%°
+25 +0.12° - - | IV/IIL | 5d°%
-40 +1.63% - - | V/IV | 5d%°
-40 +0.15 59 | 1.0 | IV/II| 5d%

Conditions: [BusN]JPFg (0.3M)/[IrBrg])?~ (0.005M) at micro-Pt electrode in CH,Cl,,
reference: ferrocene, sweep rate: 100mV/sec, ¢ anodic peak potential ® cathodic
peak potential

3.10 The cyclic voltammetric study of
bis tetra-n-butylammonium hexabromopalladate(IV) and

bis tetra-n-butylammonium hexabromoplatinate(IV)

3.10.1 Bis tetra-n-butylammonium hexabromopalladate(IV)

A.Gutbier and co-workers have prepared a large number of hexabromopalladate(IV)
salts. Gutbier and Fellner [189] have described the preparation of, among others,
bis(tetra-ethylammonium )hexabromopalladate(IV) and bis(tri-iso-butylammonium)-
hexabromopalladate(IV). It appears they did not attempt to, or could not, prepare a

tetrabutylammonium salt of hexabromopalladate(IV).

In this thesis, black Ky[PdBrg] was prepared by the method of Gutbier and Krell
[101] (chapter 6). All attempts to isolate [BuyN];[PdBre] using cation exchange
methods in HBr or organic solvents were unsuccessful. The only compound which

could be isolated was identified by infra-red spectroscopy as the Pd(II) compound
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[BuyNJ2[Pd;Bre]. This unusual result suggests that the introduction of a large tetra-
n-butylammonium counter cation resulted in the reduction of Pd(IV) to Pd(II) (pre-
sumably with the expulsion of Br;). (The hexabromopalladate(IV) salt was synthe-
sised in low yield using the smaller tetraethylammonium cation but the resulting
compound [Et4N],[PdBrg] was not soluble in C'H,Cl, (section 6.20)). Similar prob-
lems involving dimerisation have been encountered previously in this thesis with Mo
and Rh hexabromometallates(III) (sections 3.4 and 3.9), but in those instances the

metal ions did not alter their formal oxidation states.

It is often energetic considerations which govern the outcome of a chemical re-
action. In aqueous solution the formation energies of tetrabromopalladate(II) and

hexabromopalladate(1V) are :-

compound | AGy (Kcal/mol)
[PdBr4)?~(aq) 17
[PdBrg|*~(aq) -81

And because Pd(IV) and Pd(II) bromometallates have similar formation energies,
they are relatively easy to interchange. Thus, the [PdBrg]?~(aq) anion is thermally
unstable in acidic solution and can be reduced to [PdBry|*~(aq) by gentle heating.
When this occurs, the small overall energy gain incurred by breaking two Pd-Br
bonds may be compensated for by the Pd complex adopting the more energetically
favourable Pd(11), d® square planar stereochemistry. By the same reasoning, the steric
requirement of the [Bu,N]* cation must inhibit the precipitation of [PdBrg}*~ such
that it is more energetically preferable for [PdBrg]*~ to dimerize and precipitate as

[BuyN],[Pd,Brg] with square planar Pd(II) metal ions. ie :-

2[BuyN]* + 2[PdBrg)*~ — [BuyN]y[Pd;Bre] + 2Br™ + 2Br, (3.12)

[PdBre)?~(aq) has previously been reported [190] to undergo a two electron reduc-

tion to [PdBry]?~(aq) in 1M KBr solution at E = -0.99V (vs.5.H.E.). ie.

PdBrs]*~(aq) +2e — [PdBrs)* (aq) +2Br~ (3.13)
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3.10.2  Bis tetra-n-butylammonium hexabromoplatinate(IV)

Dark-red [BuyN][PtBrg] was prepared by a similar method to that of Swihart and
Mason [92] (chapter 6). The complex has a 5d® electron configuration and exhibited
two redox processes in CH,Cl, : a chemically irreversible oxidation wave at E} =
+2.02V (vs.5.C.E.) and a larger chemically irreversible reduction wave at E, = -
0.80V (vs.S5.C.E.) (table 3.11). No return waves in the D.C'. mode were observed on
an oscilloscope for either the oxidation or the reduction at room temperature or -40°C'

with sweep rates up to 200V /sec.

A coulometric analysis of the reduction wave was not performed although it would
have determined the exact number of electrons transferred. However, the reduction of
the analogous compound [BuyN};[PtCl¢] in CH,Cl; has been investigated by Moock
[31]. Using coulometric analysis, Moock found [PtClg]*~ exhibited an irreversible
2e reduction, [PtClg]*~/[PtClLy]*~ at -0.87V (vs.S.C.E.) with the loss of two chloride
ions, and an irreversible oxidation, [PtCle]'/*~ at £2= +2.30V (vs.S.C.E.). In this
thesis, the reduction wave of [BuyN],[PtBrs] was approximately twice the size of the
oxidation wave and a small amount of free Br™ in solution was indicated by a broad
anodic peak at 4+0.98V (vs.S.C.E.) in both the A.C. and D.C. modes. Therefore,
by comparison with the behaviour of [BuyN]3[PtClg], the irreversible oxidation of
[BuyN][PtBre] at E2 = +2.02V (vs.S.C.E.) was assigned to the couple [PtBrg]'~/?~
and the irreversible reduction at £ = -0.80V (vs.5S.C.E.) was assigned to the two
electron reduction [PtBrg]?~/[PtBr,]?~ ie.

[PtBre|*~ +2e — [PtBr4}]*~ +2Br~ (3.14)

Goldberg and Hepler [99] reported the [PtBrg]*~/[PtBry|*~ couple in 1M NaBr at
E = -0.89V (vs.S.C.E. re-referenced v. the S.H.E.) in good agreement with the value
obtained in this thesis in CH,Cl, solution. Hubbard and Anson [93] reported the
same couple in 1F NaBr solution at approximately +0.30V (vs.S.C.E.) which appears

to be incorrect.

The possible one electron reduction [PtBrg]2=/27, 5d%/7, was not observed even at
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Figure 3.12: D.C. A.C. cyclic voltammograms of the reduction [PtBrg]?~ /[PtBr4]?~.
Conditions: [BuyN]PFg (0.3M)/[PtBrg]2~ (0.005M) at micro-Pt electrode in CH,Cl,,
temperature:-40°C, reference: ferrocene, sweep rate: 100mV /sec (D.C.), 20mV /sec (A.C.),

very fast sweep rates because of the unfavourable ligand field stabilisation energy of
a Pt(III) ion surrounded by an octahedral ligand field compared with a Pt(II) ion,
5d®, surrounded by a square planar ligand field. Instead, octahedral hexabromoplati-
nate(IV) undergoes a fast two electron reduction to Pt(II), 5d%, accompanied by the
expulsion of two Br™ ions in order to adopt a square planar stereochemistry. The
complex thereby maximises the available L.F.S.E. at the expense of two platinum-
bromine bonds. The exact mechanism by which the reduction of [PtBrg]2~ occurs is

not known but it is thought to be quite complex.

Table 3.11 lists the electrode potentials of [BusN],[PtBre] and figure 3.12 shows
the A.C. and D.C. cyclic voltammograms of the reduction [PtBre]*~/[PtBry]?>~ in
CH,Cl, at -40°C.
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Table 3.13: The electrode potentials of [BuyN]2[PtBrg].

D.C. mode
temp. | Eyj, (V) | AE, | /i | couple | electron
(°C) | (vs.S.C.E.) | (mV) confign.
+25 +2.0° - - | V/IV | 5d°%/6
+25 -0.86° - Iv/Io | 5d8
-40 +2.02¢ - - | V/IV | 5d°%/®
-40 -0.86° - - | IV/IT | 5d%/8
A.C. mode
temp. | Ey/; (V) | half-width | couple | electron
(°C) | (vs.S.C.E.) (mV) confign.
+25 d - V/IV | 5d°/¢
+25 | -0.80 5200 | IV/IT | 5d°3
-40 +2.02 e V/IV | 5d°/¢
-40 -0.80 190 IV/II | 5d5/®

111

Conditions: [BuyN]PFs (0.3M)/[PtBre]*~ (0.005M) at micro-Pt electrode in CH,Cly,

reference: ferrocene, sweep rate: 100mV/sec (D.C.), 20mV /sec (A.C.),

a

anodic

peak potential ® cathodic peak potential ¢ half-width unmeasurable < not ohserved
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4.1 The cyclic voltammetric study of tetra-n-butylammonium
chloride in methylene chloride solution at a platinum

electrode

4.1.1 Results

In this thesis, [BusN]Cl exhibited one oxidation wave at E = +1.44V (vs.S.C.E.) in
methylene chloride solution at a micro-platinum electrode. The oxidation was totally
irreversible at room temperature and -40°C' (figure 4.1). The anodic peak current
of the oxidation was approximately twice the anodic peak current of an equimolar

sample of ferrocene added to the solution, indicating the oxidation was a 2e process.

Several groups of workers have previously studied the oxidation of chloride ion
in nitromethane and acetonitrile solution. Marchon and Lambling [174] reported
that C1~ exhibited a 2e oxidation at E = +1.38V (vs.Ag/AgCl) in CH3NO; solution
at a rotating platinum microelectrode (equivalent to E = +1.03V (vs.S.C.E.) using
the re-referencing scheme E(Ag/AgCl) = -0.35V (vs.S.C.E.) [175]). They also found
the electron transfer was kinetically slow at a polished platinum electrode but was
quasi-rapid at a platinised platinum or activated platinum electrode. Marchon and

Lambling postulated the simple chloride oxidation mechanism :-

112
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2C1- - 2e — Cl, (4.1)

Mastragostino et al [176] also observed the oxidation of Cl= at AE, ~ +1.0V
(vs.5.C.E.) in CH3NO, solution although they found that the oxidation wave was
only poorly reproducible. Their coulometric experiments indicated that a primary
oxidation product was formed initially involving the transfer of 2e, then a secondary
product was formed by a chemical reaction after a given time. They thought the
most probable primary product was Cl3 which then slowly disproportionated to Cl,
and CI7 in the bulk solution. ie:

3C1-  —  Cly + 2

4.2
Cl; 2 ClL+ Cl (42)

This mechanism was supported by the work of Nelson and Iwamoto {49] who pre-
viously estimated the formation constant of Cl; in CHsCN solution to be around 10°.
Mastragostino et al calculated that the rate constant k for the disproportionation was
7x10~%s~! (at -10°C).

A third explanation of the oxidation of chloride ions in CH3NO; solution has been
put forward by Novak and Visy [180]. They found the anodic oxidation of Cl~ ions
at a rotating platinum electrode in CH3NO; solution could be characterised by the
assumption of reversible (2e) charge transfer followed by an irreversible recombination

and that a weak positive interaction acts between the adsorbed species. ie:

2C1- = 2Cl + 2e

(4.3)

The electrochemical experiments conducted by previous workers in CH3CN solu-
tion provided even more ambiguous results. Sereno et al [177] examined the electro-
chemistry of C1~ ions in CH3CN solution at a rotating platinum disk electrode and
observed an irreversible 2e oxidation process at E ~ 20mV (vs. Ag/AgCl= 4+0.37V
(vs.S.C.E.)). Anderson [178] used C..V. in CH;CN solution at a platinum electrode to



CHAPTER 4. 114

study tetraethylammoniumchloride which exhibited an anodic and a cathodic wave,
Eyjp = +0.98V (vs.S.C.E.), AE, = 450mV. Kolthoff and Coetzee [74] observed two
anodic oxidation waves at 4+1.1V and +1.7V (vs.S.C.E.) with LiCl in CH;CN at a
rotating platinum micro-electrode. The first wave was twice the size of the second

wave hence they postulated the following oxidation mechanism :-

6Cl- — 2015 + de

4.4
2C1; —  3Cl, + 2e (4.4)

4.1.2 Discussion

For the equilibrium

X5 =X+ X, (4.5)

Marchon [179] was able to determine pK values of 7.4 and 7.0 for I7 and Bry
respectively in both CH3CN and CH3NO,, but Cl3 was too unstable to determine its
pK value. This is in agreement with the electrochemical results but contradicts the
pK value of 10'° for Cl5 previously obtained by Nelson and Iwamoto [49]. However,
since Sereno et al [177] have reported pK(Cl3) = 2.0, the combined evidence strongly
suggests Nelson and Iwamoto were wrong and that Cl3 is unstable in CH3CN and
CH5NO, and therefore mechanism 4.2 must be incorrect. Similarly, one must consider
mechanism 4.4 incorrect for the same reason, especially considering there was already

some doubt because only one oxidation wave was ever observed by other workers.

Mechanisms 4.1 and 4.3 would appear to be very similar because although Mar-
chon and Lambling [174] did not explicitly postulate adsorbed chlorine radicals they
mentioned the rate of electron transfer was affected by the nature of the platinum
electrode surface. All the available results suggest (with the exception of Anderson
(178] and Kolthoff and Coetzee [74]) that in CH;NO,, CHsCN and CH;Cly, Cl™ ex-
hibits only one irreversible oxidation wave which corresponds to a 2e oxidation of C1~

to Cl, and which can be best described by mechanism 4.3. Hence in this thesis, the
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2C1— Cl,
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E,/Z(vs. S.C.E.)
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+7.6V 0.0V

Figure 4.1: D.C. cyclic voltammogram of [BusN]CI.
Conditions; [BuyN]PFe (0.3M)/(C1~] (0.005M) at micro-Pt electrode in CH,Cl, solution,
temperature:-40°C), reference; ferrocene, sweep rate; 100mV/sec (D.C.).
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irreversible oxidation C17/Cl, was observed at EY = +1.44V (vs.5.C.E.) in CH,Cl,

at -40°C. The D.C. cyclic voltammogram of [BusN]Cl in CH,Cl, at -40°C is shown
in figure 4.1.

[Note: Mechanism 4.4 proposed by Kolthoff and Coetzee is intriguing because it
conforms to the accepted mechanism of Br~ and I~ oxidation in non-aqueous solvents
(sections 4.2 and 4.3). It could be that initial oxidation of C1~ does produce Cl3,
but that Cl3 immediately disproportionates to C1~ and Cl, according to equilibrium
4.5. The reaction is then essentially the same as 4.3 with the oxidation of two moles
of Cl™ to form one mole of Cl; with the passage of 2e. Since free Cl* is not known
in solution (except as Cl in super-acid media [194]) the second wave observed by
Kolthoff and Coetzee must then be assigned to an impurity or possibly an oxychloro

species formed between chlorine/chloride and adsorbed oxygen.]

4.2 The cyclic voltammetric study of the bromide-bromine

system in methylene chloride at a platinum electrode

4.2.1 Results

Tetra-n-butylammoniumbromide, [BuyN|Br, exhibited two distinct electrochemical
processes in CH,Cl; solution at both room temperature and -40°C in both the A.C.
and D.C. cyclic voltammetry modes (table 4.2). In the D.C. mode the first process,
wave I, an anodic wave at Ey = +0.79V (vs.S.C.E.) was totally irreversible at both
room temperature and -40°C. In the A.C. mode, wave | was very broad at room
temperature and was too broad to distinguish from wave II at -40°C’. When Br; was
added to the solution of Br~ in CH,Cl,, wave I was no longer visible in either the

A.C. or D.C. modes.

In the D.C. mode the second process, wave Il at Ey;; = +1.05V (vs.S.C.E.)
was quasi-reversible at room temperature and -40°C. The peak separation AF,
was markedly dependent on the sweep rate, varying between 100mV and 200mV at

100mV /sec and 500mV /sec respectively. In the A.C. mode, wave II was very broad at
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Figure 4.2: D.C. cyclic voltammogram of [BusN]Br.
Conditions; [BuyN]PFg (0.3M)/[Br~] (0.005M) at micro-Pt electrode in CH;Cl; solution,
temperature:room temp., reference; ferrocene, sweep rate; 100mV /sec (D.C.).

room temperature with a half-width of 210mV. When the temperature was lowered
to -40°C, the half- width of wave II was unobtainable because the broadness of wave

I made waves I and II almost indistinguishable.

In the D.C. mode, if the anodic potential sweep was reversed at a potential >
+0.79V (the peak potential of wave I), then a broad cathodic wave, wave III, was ob-
served between +0.16 and +0.30V (vs.S.C.E.)(figure 4.2). Wave III was not observed
in the A.C. mode at either room temperature or -40°C' indicating a high degree of

irreversibility.
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4.2.2 Discussion

Mastragostino et al [46] have previously studied the electrochemistry of the Br /Br;
system in CH,Cl; at a platinum electrode. Using periodic renewal of the diffusion
layer voltammetry (P.R.D.L.V.) and a 5.25mM solution of tetrabutylammoniumbro-
mide in CHyCl; they observed two irreversible oxidation waves; wave I at Ey/; =
40.75V (vs. S.C.E.) and wave Il at E;/; = +1.06V (vs.S.C.E.) in good agreement
with this thesis. Mastragostino et al observed positive and negative potential shifts
of waves [ and II respectively with decreasing concentration of bromide. By coulom-
etry they calculated the number of moles of electrons. exchanged per mole of Br~ for
processes | and II were 2/3 and 1/3 respectively, which led them to postulate the

following general mechanism for the bromide/bromine couple:-

3Br— = Br; +2 (I

3 (4.6)
2Br; = 3Br; + 2e (II)

The results obtained in this thesis from the cyclic voltammetric study of [BuyN|Br
in CH,Cl, are consistent with mechanism 4.6 ; the ratio of anodic peak currents, 25 (1) :
i2(IT), was approximately 2:1, indicating twice as many electrons per mole of bromide
were involved in wave I compared with wave II (figure 4.2); and when Br, was added

to the solution of Br~, wave I was no longer observable.

~The significance of the latter observation can be explained as follows : for the

equilibrium

Bry + Br™ = Brg (4.7)
the stability constant of the tribromide ion is given by

[Brs ]

BellBr] .

B(Bry) =

In non-aqueous solutions the stability constant of Bry is increased dramatically
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with respect to an aqueous environment [85] (table 4.1).

Table 4.1: The stability constant of the Bry ion in various solvents.

solvent log10(8) | reference
acetone 9.00 35
nitromethane 7.00 85
acetonitrile 7 85
water 1.23 87

Although the value of 3(Br3z) is not known for CH,Cl; solution, the Bry ion is
expected to be much more stable in CH,Cl, than in H,O. In this thesis, when Br, was
added to the solution of Br~ in CH,Cl,, according to equilibrium 4.7 the Br~ ions
were converted into Bry and so in agreement with mechanism 4.6 it was no longer

possible to observe wave I.

Table 4.2 shows the electrode potentials of [BuyN]Br obtained in CH,Cl; in this
thesis and figure 4.2 shows the D.C. cyclic voltammogram of [BuyN]Br in CH,Cl, at

room temperature.

4.2.83 The cyclic voltammetric study of hexabromometallate complexes

In chapter three it was remarked upon, on several occasions, that the exposure of
hexabromometallate complexes to potentials more positive than the relevant [MBrg]!~/2~
redox couple resulted in complicated electrochemical activity at those potentials. Ad-
sorbed species were believed to be a product of this process because a ‘pointed’ sym-
metrical cathodic peak (see for example figure 3.5), which are strongly suggestive
of adsorbed species (section 2.12), were recorded on the D.C. cyclic voltammograms
of the complexes under consideration. The presence of adsorbed species has been
considered by previous workers to be an integral process of bromide electrochemistry
in both aqueous [43,44,78] and non-aqueous [46] solution which therefore suggested
some form of degradation reaction of the hexabromometallate complexes with expul-

sion of Br~ or Br, was occurring. However, degradation must be discounted for two
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Table 4.2: The electrode potentials of [BusyN]Br

D.C. mode
temp. | Eip (V) | AE, | 07/ couple
(°C) | (vs.S.C.E.) | (mV)
+25 +0.79° irrev. | - | Br7/Br3
+25 +1.05 | 100 | 1.0 | Br;/Br,
-40 +0.79* irrev. | - Br~/Br,
-40 +1.05 170 1.0 | Br3/Br;
A.C. mode
temp. | FEy; (V) | half-width | couple
(°C) | (vs.S.C.E.) (mV)
+25 +0.78 >220 Br=/Br;
425 +1.05 210 | Br; /Br,
-40 - - Br~/Brz
-40 +1.05 - Br; /Br,

Conditions; [BuyN]PFs (0.3M)/[Br~] (0.005M) at micro-Pt electrode in CH,Cl,

solution,reference; ferrocene, sweep rate; 100mV/sec (D.C.), 20mV/sec (AC)

anodic peak potential

a
)

120
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reasons:-

1. The distinctive appearance of bromide electrochemical activity between +0.8V
and +1.1V (vs.5.C.E.) was only once observed (with [BusNJ,[PtBre]) during the
cyclic voltammetric studies of second and third row transition metal hexabro-

mometallates.

2. When the anodic potential sweep was reversed at +2.0V say, the relevant
[MBre)'=/2~ couple still appeared as a quasi- if not fully reversible couple when
the whole potential cycle was completed . If the complexes did break up with
the expulsion of Br~ or Br, after oxidation to [MBrg]'~ then with an anodic
switching potential much more positive than the relevant [MBrg]'~/?~ redox
potential, a cathodic return wave corresponding to the reduction [MBrg]'~ —
[MBrg]?~, should not have been observed.

Indeed, at more and more positive electrochemical potentials, the central transi-
tion metal ions would try to retain as much electron density around them as possible.
The electrode reactions in these examples are evidently complicated and there is not
enough information with which to specify the precise nature of the processes occur-
ring. Nevertheless, the fact that the potential of the ‘pointed’ cathodic peak was
variable and dependent on the identity of the metal complex does indicate the exis-
tence of some form of adsorbed metal-bromide species at strongly oxidizing potentials
during the cyclic voltammetric studies of hexabromometallates. Given that no degra-
dation reaction occurred but that complicated redox activity was detected, then the

adsorbed species might possibly be linked with the uncharged [MBrs]® compound.

The cyclic voltammetric study at room temperature of [BusNJs[RuBrs] (section
3.7) strongly suggested [RuBrg]®~ readily dimerized to [Ru,Bro]>~ yet the resulting
three mole equivalents of Br~ expected were not detected by cyclic voltammetry. This
indicates either a) Br~ and/or Br; were not a factor during the investigation and the
proposed reaction is wrong, or b) under the experimental conditions ie: in the pres-
ence of hexabromometallate complex, Br~ and/or Br, were not electroactive. It is

very probable that the solvent- electrolyte system and/or the nature of the clectrode
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play an important role under the same conditions. The cyclic voltammetric study
of hexabromotungstates (section 3.5) showed so called ‘inert’ backg‘round electrolytes
like [BuyN}PFg and [BuyN|BF, are not strictly unreactive. And it might be of con-
siderable benefit towards the understanding of hexabromometallate electrochemistry
if the investigations in this thesis were repeated using alternative electrode materials
such as graphite or carbon paste because as with the case of iodide (section 4.3), it
may be possible for Br~ to be adsorbed onto platinum electrodes in a non-electroactive

state.

4.3 The cyclic voltammetric study of the iodide-iodine sys-

tem in methylene chloride at a platinum electrode

All potentials in this section are referenced versus the Ag-0.1M AgNO;(in CH;CN)
reference electrode (equivalent to +0.38V vs.S.C.E.).

4.3.1 Tetra-n-butylammoniumiodide

[BuyN]I exhibited two anodic processes in CH;Cly: wave lat E7 = +0.03V (vs.Ag/Ag*)
and wave I at £y = +0.42V (vs.Ag/Ag?). Both processes appeared irreversible at
both room temperature and -40°C. (Wave II showed some evidence of a cathodic re-
turn wave but the cyclic voltammogram was very poorly resolved and only the anodic

wave could be confidently distinguished).

Biserni and Mastragostino [81] also investigated the electrochemistry of tetrabuty-
lammoniumiodide in CH,Cl; at a platinum micro-electrode by the method of linear
sweep voltammetry with periodic renewal of the diffusion layer (P.R.D.L.V.). For a
3.3mM solution of I~ they observed two oxidation waves: wave [ at £y, = -0.06V
and wave II at E,/; = +0.33V (vs.Ag/Ag"). The degree of separation of the two
oxidation waves was found to increase with increasing I~ concentration. Their coulo-
metric measurements showed that the proportions of the number of moles of electrons

exchanged for each mole of I~ were respectively 2/3 and 1/3 for the first and second
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processes. By combining these results with their studies using P.R.D.L.V. on I, and
I3 in CH2Cly, (and in agreement with previous workers [76-80]), Biserni and Mas-
tragostino concluded the mechanism of iodide oxidation in solvents stabilizing the

trihalogenide ion (ie. non-aqueous solvents) was the following:-

35— I +2 ()
2; — 3L+ 2 (II)

Biserni and Mastragostino concluded that electrode reactions I and II were reversible

(4.9)

in methylene chloride. Experimenting with a solution of I~ in acetonitrile, Popov and
Geske [75] observed two oxidation waves by linear swéep voltammetry and although
deviations from ideally reversible behaviour were observed, these were considered to
arise from electrode surface effects and Popov and Geske concluded that both oxida-
tion processes were electrochemically reversible. However, analysis of AE, from cyclic
voltammetry of 1™ in CH3CN solution by Hinman et al [79] and of I~ in propylene
carbonate by Hanson and Tobias [80] concluded process I was irreversible and process

IT was, at best, quasi-reversible.

The cyclic voltammograms of I7 in CH3CN solution and propylene carbonate
obtained by previous workers exhibited two processes with both anodic waves and
cathodic return waves. For example, Song [82] determined the electrochemistry of
1,1’-dimethyl-2,2’ -bipyridiniumdiiodide in CH3CN solution at a platinum electrode.
The compound exhibited two distinguishable iodide couples: couple I at E;;; = -
0.00V (vs.Ag/Ag*), AE, = 171mV and couple II at Eyj, = +0.35V (vs.Ag/Ag*),
AE, = 153mV.

Hence, although there is a consensus of opinion favouring mechanism 4.9, the
kinetic natures of reactions I and II have not been agreed. Unfortunately, because
the cyclic voltammogram of I™ in CHyCl, obtained in this thesis was not clearly -
resolved, the kinetic nature of processes I and II could not be specified precisely from
the results of I~ electrochemistry. However, the cyclic voltammetric study of [, in

CH,CI, discussed in the next section (4.3.2) indicated that electrode reactions [ and

IT were both irreversible.
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The electrode potentials of I~ obtained by cyclic voltammetry in CH,Cl, in this
thesis are shown in table 4.3 along with those obtained by other workers in CH;Cl, and
CH3CN. It was noticeable that while Dryhurst and Elving [77] reported a third anodic
wave for I7 in CH3CN solution at +1.15V, a third anodic wave was not observed in
CH,Cl, either in this thesis or by Biserni and Mastragostino [81]. Dryhurst and
Elving assigned wave III to a cationic iodine species which agrees with the known
ability [84] of CH3CN to stabilise I[(1+). Since CH;Cl, is a poorer donor solvent
than CH3CN it is likely that cationic iodine species are too unstable in CH,Cl; to be

observed by cyclic voltammetry under normal conditions.

Table 4.3: Electrode potentials® of iodide in non-aqueous solvents at a platinum micro-
electrode.

solvent | E(I)/(V) | E(I)/(V) | E(II))/(V) ref.
CH3CN® | +0.04 +0.37 +1.15 77
CH3;CN -0.09 +0.35 - 82
CH,Cl, +0.03 +0.42 - this work
CH,Cl,° -0.06 +0.33 - 31

2 electrode potentials referenced vs. Ag/AgNOs(in CH3CN) ® pyrolytic graphite
electrode © re-referenced using E(Ag/Ag®) = +0.38V (vs.5.C.E.)

4.3.2 Iodine

In contrast with [Bu,Njl, the room temperature cyclic voltammogram of I; in CH;Cl;
at a platinum electrode obtained in this thesis exhibited two well defined redox couples
with both cathodic and anodic waves which were distinguishable at sweep rates in
excess of 50mV/sec (figure 4.3). As the electrochemical reactions of I, and I~ are
expected to follow the same mechanism, with reference to mechanism 4.9 the two
iodine redox couples were assigned as follows : couple I at Eyj; =-0.12V (vs.Ag [Ag®)

was assigned to the electrode reaction I and couple Il at £y = +0.42V (vs.Ag/Ag™)
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was assigned to electrode reaction II. Both iodine couples were electrochemically
irreversible at room temperature with large AFE,’s and peak current ratio’s /iy
greater than 1.0 for sweep rates in the range 50-100mV/sec (D.C.). The electrode
potentials of I, in CH;Cl; obtained in this thesis are shown in table 4.4.

Table 4.4: The electrode potentials of I, in CH,Cl,

wave | wave [1
sweep rate | Eyp  AE, afic | Eyp AE, /i
(mV/sec) | (V) (mV) (V)  (mV)
50 1-0.13 233 133 | 4040 217 1.27
100 -0.12 249 1.19 | +041 202 1.09
200 -0.12 295 1.17 | 4042 194 1.07

Conditions: [BuyN]PFg (0.3M}/I; (0.005M) at a micro-Pt electrode in CH,Cl,,
reference; Ag/0.1M AgNO; (in CH;CN), temperature; +25°C.

Biserni and Mastragostino [81] observed two iodine couples using P.R.D.L.V. with
a 1.5mM solution of I in CH,Cl; at Eyy; = -0.19V (vs.Ag/Ag") and E,/, = 40.35V
(vs.Ag/Ag*). The ca. 0.07V increase in FEjj, of reactions I and II between the
results of Biserni and Mastragostino and the £/, values obtained in this thesis can be
attributed to the different concentrations of Iy in CH,Cl, used (table 4.5). Popov and
Geske [75] have previously noted that Ej; for electrode reactions I and II shifted to
more positive potential when the concentration of I, in CH3CN solution was increased.
These results indicate that in non aqueous solvents in the I, concentration range 1-
5mM, couples I and Il become more thermodynamically stable with increasing I,

concentration.

4.3.3 Discussion

Table 4.5 compares the electrode potentials of iodine obtained in this thesis with

those obtained by previous workers. Ideally the ratio of anodic currents should equal
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Figure 4.3: D.C. cyclic voltammogram of 1.
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Conditions; [Bu,N]PFs (0.3M)/I; (0.005M ) at micro-Pt electrode in CH,Cl; solution, tem-
perature:room temp., reference: ferrocene.
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Table 4.5: Comparison of the electrode potentials of I

solvent | I conc. | Ey; (I) Eyjp (IT) | 1(T)/i(1T) | ref.
(mM) (V) V)

CH5CN 1.0 -0.16 | +0.32 1.55% | [75]

CH,CLY | 1.5 019 | +0.35 1.60° | [81]

CH,Cl, 5.0 -0.12 +0.42 1.50° 4

127

® ratio of the limiting currents of processes I and II ® potentials re-referenced using
Ag/(0.1M)AgNO; = +0.38V vs S.C.E. ° ratio of the anodic peak currents
12(I)/i2(1I) ¢ This work

2.0 according to reaction scheme 4.7. However, the current ratio i(I)/i(II) was sub-
stantially less than 2.0 when iodine was the only species initially present. Biserni and
Mastragostino [81] found the ratio i/ /i’! was approximately 2.0 when either I~ or I3

was the initial reactant in solution but could not explain the anomalous behaviour of

L,.

A possible explanation can be deduced from the thin-layer electrochemical exper-
iments of Hubbard and Osteryoung [83] who studied the adsorption of iodide and
iodine at platinum electrodes in acid solution. They found approximately 2x10~°
molecm~2 of I~ ion or 2x10~°2 molecm™?% I; was adsorbed in a non-electroactive state
and an additional 1x10~° molcm™2 I,, but not I~ was adsorbed in an electroactive
state. Popov and Geske [75] observed that it was the increase in the current constant
for wave II that was responsible for the decrease of the ratio i(I)/i(Il) below 2.0. The

increased current constant of the reaction

2I; — 3l + 2e (11) (4.10)
when I, was the initial reactant present in solution can then be explained by

the presence of weakly adsorbed, electroactive I, on the platinum electrode. The
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anodic peak current of reaction II, #2(II), was thereby enhanced by a contribution

from electroactive weakly pre-adsorbed I, in addition to the normal diffusion current.

Hanson and Tobias [80] found that although the anodic peak separation EZ(II)-
E2(I) remained constant at 440mV in propylene carbonate (cf. 470mV in CH,Cl; in
this thesis) the separation between the corresponding cathodic peaks, E:(II) - E5(I)
was dependent on the history of the potential scan (ie. the switching potential) and
the sweep rate. The same dependency was observed in this thesis with I, in CH,Cl,
solution. When the anodic potential sweep was reversed at potentials progressively
greater than +1.4V then the cathodic peaks of processes I and II were shifted to
progressively more negative potential. Eventually a situation occurred where the
anodic and cathodic sweeps crossed one another , a phenomenon which is associated
with deposition of metals onto electrodes [27]. The expected enhancement of anodic
current 7 (I) due to a deposition process on the cathodic sweep was not observed and
so the most appropriate conclusion would be that the oxidation of I, at large positive
potentials alters the nature of the electrode surface, possibly due to formation of

species with cationic iodine.

4.3.4 The triiodide-iodine equilibrium

For the equilibrium

L+l =1I; (4.11)

the stability constant 3 of the triiodide ion is given by

Bs) = —[T?[I]:";[]I_—] (4.12)

A characteristic feature of polyhalide solutions [85] in most non-aqueous solvents

is a dramatic increase in the stability constant of the polyhalide ions with respect to

aqueous solution (table 4.6).
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Table 4.6: The stability constant of the I3 ion in various solvents.

solvent logio(3) | reference
dichlorobenzene 8.80 [86]
acetone 8.3 [49]
dichloromethane ~8.00 [81]
tetramethylsulpholane | 7.49 (86]
dichloroethane 7.20 (86]
nitromethane 6.7 [49]
acetonitrile 6.6 [49]
methanol 4.20 (86]
water 2.85 (87]

The large value of 3(I3) in non-aqueous solvents has a marked effect on the elec-
trochemistry of iodide in the presence of iodine. Previous workers investigated the
oxidation of iodide in CH3CN and CH3NO, using linear sweep voltammetry [74,76]
and observed that addition of sufficient iodine to the solution of iodide prevented
the observation of a wave corresponding to process I. Using cyclic voltammetry to
study an equimolar solution of I~ and I, in CH3CN, Dryhurst and Elving [77] could
only observe a well formed wave I at higher sweep rates (160mV/sec) although at
slower sweep rates (16mV /sec) an anodic process corresponding to wave I was ob-
served indistinctly. A similar behaviour was observed in this thesis with the C.V. of

an equimolar solution of I and I in CH;Cl; down to 50mV/sec sweep rate.

When a large excess of I™ had been added, the cyclic voltammogram of I" /I, in
CH,Cl, (figure 4.4) began to resemble the cyclic voltammogram of Br~ in CH,Cl,
(section 4.2). If the experimental results are interpolated further, then at even greater

I~ concentration, effectively I~ and a trace of I, a similar C.V. to that of Br~ would

possibly have been observed.
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Figure 4.4: D.C. cyclic voltammogram of I (with excess I~.
- Conditions; [BusN]PFg (0.3M)/I; (0.005M) at micro-Pt electrode in CH,Cl, solution, tem-
perature:room temp., reference: ferrocene, sweep rate: 200mVsec=! (D.C.).



Chapter 5

5.1 Introduction

The standard electrode potentials [116] of the first row transition metal hexaaquo -
calions , [M(H20)g)**, are listed in table 5.1. Previous authors [113,115,
116] have described the general trend of figure 5.1, a generally increasing potential

across the period with a discontinuation between Mn(II) and Fe(II), in terms of ligand

field effects and ionisation potentials.

Table 5.1: Standard electrode potentials of first row transition metal [M(H20)g]%* (figures
in brackets are estimates only).

metal | E°(M3* /M?%)/V | metal | E°(M3t/M?t)/V
Sc (2.6) Fe 0.771
Ti (-1.1) Co 1.93
v 20.26 Ni (4.2)
Cr -0.41 Cu (4.6)
Mn 1.60 Zn (7.0)

The redox potentials of second and third row transition metal hexahalometallates
exhibit the same general trend as the first row transition metal hexaaquocsViors.
In this chapter the trends exhibited are discussed in relation to the energy difference
between different d™ configurations and the intrinsic differences between second and

third row, and F~, C1~ and Br~. The arguments expressed by Johnson [116] and Van

131
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Figure 5.1: The standard electrode potentials of first row [M(H20)¢]?*.

Gaal and Van der Linden [114] as well as Moock [31] were found to be most useful in

this respect.

As in the previous chapters the couples [MX¢]*/*~?! refer to :- M = Zr, Nb, Mo,
(Tc), Ru, Rh, Pd, Hf, Ta, W, Re, Os, Ir and Pt; X = F~, C1I~ and Br™; z = 1-, 2-,
3- etc. The electrode potentials of the hexafluorometallates and hexachlorometallates
(tables 5.2 and 5.3) are taken from references 55 and 41. Table 5.4 lists the redox

potentials of the hexabromometallates obtained in this thesis.
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Table 5.2: The electrode potentials of

0,-1,-2).
oxidation state of the metal

metal (M) | VI/V | V/IV IV/1I1

Nb - -1.17 -
Mo +2.08 | +0.03 -1.87
(Te) - +1.2° -1.8¢
Ru - +1.23 -0.87

Ta - -2.17 -

w +1.08 | -0.92 -

Re +2.38 | +0.18 -
Os +3.28 | +0.63 -1.92
Ir - | 41230 -1.48°

%interpolated potential ; *CH,Cl; solution
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[MFg]?/*71, Eyjy in V (vs.S.C.E.) in CH3CN (z =
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Table 5.3: The electrode potentials of [MClg]?/?~1, Ey/ in V (vs.8.C.E.) in CH2Cl; (z =

0,1,-2,-3).
oxidation state of the metal
metal (M) | VI/V | V/IV | IV/III | III/11
Zr - - -2.53 -
Nb - +0.08 | -1.32 -
Mo +2.20 | +1.05 | -0.28 -
(Tc) - +2.0% | -0.8° -
Ru - +1.61| -0.05 | -1.6
Rh - +2.43 | 40.72
Pd - +2.91 - -
(Hf) - - -3.16 -
Ta - -0.55 | -2.05 -
w +1.59 | +0.40 | -1.15 -
Re +2.35 | +1.33 | -1.12
Os - +1.28 | -0.64 | -2.0
Ir - +1.74 | -0.02 -
Pt - +2.30 - -

% interpolated potential ® extrapolated potential; outside solvent range
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Table 5.4: The electrode potentials of [MBrg]?/*~1, Ey/3in V (vs.S.C.E.) in CH2Cl; (z =

-1,-2).
oxidation state of the metal

metal (M) | V/IV IV/III
Zr - -1.82
Nb +0.30 -0.89
Mo +1.15 +0.06
(Tc) +2.0° -0.4°
Ru +1.52° +0.13
Ta -0.16 -1.35
W +0.59 -0.75
Re +1.31 -0.89
Os +1.24 -0.55
Ir +1.63° +0.15

Pt +2.02% -

%interpolated potential; birreversible
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Figure 5.2: E;/5(vs.S.C.E.) of second and third row transition metal [MFg]* in CH3CN.



CHAPTER 5. 137

et 177
E 1/2
+2.0+
+1.0
2-/3-
[mct ]
00 | T % | /k !
Zr Nb/ Mo (Tc) Ru /Rh Pd
Hf T WA\ Re 0s/ Ir Pt
AN /,’
“y
-1.0 1
/ A 2%row [Mct ]
20+ ' g .
N 3 row [MCl]
-3,0_L ///
]

Figure 5.3: Ej/5(vs.S.C.E.) of second and third row transition metal [MClg)? in CH,Cl,.
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Figure 5.4: E; /5(vs.S.C.E.) of second and third row transition metal [MBrg)? in CH,Cl,.
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5.2 The redox potentials of [MFg]*/*~!

As noted in section 5.1 the redox potentials of the hexafluorometallates of the second
and third row transition metals have been studied by G.A. Heath, D.W.A.Sharp
and their co-workers [55,117]. All the potentials given in table 5.2 were obtained in

z/z—1

acetonitrile solution except the [IrFg] couples which were obtained in CH,Cl,

solution [31]. In figure 5.2 the electrode potentials of the second and third row

hexafluorometallates are plotted versus atomic number.

5.3 The redox potentials of [MClg]*/~!

Taken from references [41] and [31] the electrode potentials of second and third row
hexachlorometallates in CH,Cl, are listed in table 5.3. In figure 5.3 the corresponding

electrode potentials are plotted versus atomic number.

5.4 The redox potentials of [MBrg]/*~!

The measurement of all the [MBrg]*/*~! electrode potentials were described in chapter
3. The potentials are listed in table 5.4 and are plotted versus atomic number in figure

59.4.

5.5 Comparison of the redox potentials of second and third

row transition metal hexahalometallates

Comparison of figures 5.2, 5.3 and 5.4 indicates that a number of similarities exist

between the hexahalometallate redox systems:
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5.5.1

The electrode potentials of isovalent hexahalometallate couples [MXg]?/*~! increase
regularly with increasing atomic number, except for a discontinuity at the d** couple.

For the hexafluorometallates the electrode potentials increase in the order:-

nd”! « nd"? < nd?? < nd** < nd*/’ (5.1)

whereas for the hexachloro- and hexabromometallates the electrode potentials

increase in the order:-
nd"! < nd/? < nd*? > nd** < nd¥/5 < nds/s (5.2)

5.5.2

[MXg)* ions become more oxidizing with increasing oxidation state of the metal.

Hence for a given metal M and halogen X, the value of the couple [MXg]*/*7! is

2—1/2-2 i

always greater (more +ve) than the value of the couple [MXg] e;

By ( MXel1 ) > By (([MXe™Y*?) (5.3)

for given M and X.

5.5.3

Third row transition metal hexahalometallate ions are more reducing than their iso-

electronic second row counterparts. eg:

[RuBrg]>~/3~ at E,/;= 40.13V (vs.5.C.E.)
[OsBrg)?=/3~ at Eyjp= -0.55V (vs.S.C.E.)
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Figures 5.5 and 5.6 show the isovalent series of [MXg)' /%~ and [MXs]*~ /" elec
trode potentials superimposed on one another for the second and third row transition
metals respectively. A number of features are apparent which, with reference to the

- generalized scheme ABCD are :-

5.5.4
Although slight deviations from ideally straight lines occur, the average gradient of
section AB is greater than the average gradient of section CD. Hence the average

difference in value between adjacent redox couples of an isovalent series is greater
between d°/* and d** than between d** and d*/%.

5.5.5

Comparing between the isovalent hexahalometallate series [MXg]”/*", the overall

slope dE/dn increases in the sense :
[MFJ7*7" > [MClg*/*! > [MBrg]*/*~* (5.4)

5.5.6

The discontinuity occurring between d*/% and d*/* is more pronounced ie; P is greater.
for second row than third row transition metal hexahalometallates.
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Figure 5.5: Ejj5(vs.S.C.E.) of second row transition metal [MXg]® in CHyCl,.
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5.6 Reversible (equilibrium) potentials
For the reversible redox couple

MXe)* +e = [MXg)*™! (5.5)

the standard free energy change of the reaction AG?, and the reversible electrode

potential E° are related to the equilibrium constant K by :-

AG°=—-RThh K (5.6)
and
., RT
combining 5.6 and 5.7 gives
AG° = —nFE° (5.8)

Strictly speaking, the redox potential is a measure of the free energy difference
between the reduced and the oxidized species in equation 5.5 including solvent effects

and other variables, ie;

E° o 3 free energies [MXe]* ™! — > free energies [MXg]* (5.9)

However, the free energy change involved in reaction 5.5 is also a function of

enthalpy, entropy and temperature from

AG = AH - TAS (5.10)

Therefore equation 5.9 can be re-written as :-
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E” o Y (HMXe] ™! - HIMXg)) - TS (SMXg)"™! - S[MXg)") (5.11)

(M = metal; X = F, Cl, Br; z = 0,-1,-2,-3)

Hence the dependence of the electrode potential on the free energy difference
between the reduced and the oxidized species (equation 5.5) is composed of two
separate contributions: the enthalpy change and the entropy change of the reaction.

The separate contributions are discussed independently in the following sections.

5.7 The effect of the entropy term on the electrode

potential

The entropy contribution to the redox potential of the reversible electron transfer
between the platinum electrode and hexahalometallate ion is a measure of the change
in disorder of the system. As the octahedral structure of each hexahalometallate
ion is maintained during reversible electron transfer, significant entropy changes only

arise from changes in the structure of the solvation shell surrounding the ion.

The surrounding solvation shell or secondary solvation sphere [120] contains partly
oriented solvent molecules which have some translational freedom, unlike the molecules
in the bulk solvent which have both random orientation and translational freedom.
Reversible electron transfer to or from the central metal ion in hexahalometallate ions

affects the secondary solvation sphere in two ways:-

1. Changes in the metal-halogen bond length require an alteration to the volume
of the solvation sphere,
2. Electrostatic considerations imply that an increase in the overall charge of 2

complex ion produces an increase or decrease in the ordering of surrounding

solvent molecules and hence a decrease or increase in the reaction entropy.
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5.7.1 The Born approximation

One of the simplest quantitative treatments of the solvent-solute interaction is to
regard the solvent as a dielectric, situated in the field of complex ions which are
considered as electrically charged spheres. The free energy change associated with

solvation of one mole of ions can then be estimated by the Born expression [121] :-

(zieo)Q 1
AG;. :—L————(L——) 5.12
=5 8me,r; D ( )
AG_s= free energy of ion solvation in solvent s; L = Avogadro’s constant; z;
= charge on ion; e, = electronic charge; r; = radius of ion; D = solvent dielectric

constant; €, = vacuum permittivity (= 8.854x10™#Fm™!).

Then that part of the free energy change during reaction 5.5 which arises from the

rearrangement of the secondary solvation sphere can be approximated by :-

T2 2 2
AGs = 2% (1 - 1) (ﬂ - Z—) (5.13)

87T€0- D Tred Toz

differentiating equation 5.10 with respect to temperature

OAG .
ng)pz_as (5.14)

Therefore the Born entropy change arising from the rearrangement of the sec-

ondary solvation sphere (and hence the entropy contribution to the overall free energy

change) is approximated by :-

Le (0D Zred _ %o )
_ % (Y _“rea _ _“or 5.15
(AS)Born 87('60D2 (BT) ( I'red Tox | )

Finally, that part of the enthalpy change during reaction 5.5 arising from the

rearrangement of the solvation sphere can be approximated by
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- Le? ; 2 2
(AH)Born = eu (1 - l - T 0D> (Z_Tcﬁ - ﬁ}‘_) (516)

3re, D DT Ired Loz

Given that {122]; Doy, o, = 9.08 at 293K ; Ired=Tor =Tgyerage= 0.45nm; and Dc g, cp, =
(3320/T)-2.24. Then for the reversible electrode reaction 5.5 with z,.4=3 and Zor=2,
equation 5.13 predicts that the free energy change arising from the rearrangement of
the solvation sphere is (AG)p,rn & -687TKJmol™. For the same reaction, equation
5.16 predicts that the enthalpy change arising from the rearrangement of the solvation
sphere is (AH)porn ~ -793KJmol~!. And finally, for the same reaction, equation 5.15
predicts the entropy change arising from the rearrangement of the solvation sphere
is (AS)porn ~ -362JK~'mol~!. From equation 5.10 the entropy contribution to the
Born free energy change is then -T(AS)pom = -293 x -362 ~ +106KJmol~! (which
is only roughly 15% of (AG)gorm ).

The magnitude of (AG)p,,, and therefore also (AS)g,n would be reduced with
Zred=1 and z,;=0 (by a factor of 5 neglecting changes in the radii) but significantly,
(AG)Born would still be dominated by the contribution of (AH )gyr,. It should be
recognised that the Born theory only provides a rough approximation as the solvent
cannot be regarded as a continuous dielectric in the vicinity of the ions [123] and the
complex radii are not known in solution. Nevertheless, it would appear that the effect
of the entropy term in equation 5.11 on the electrode potential of hexahalometallate

complexes is likely to be small.

N.B. With regard to the systematic trends exhibited by hexahalometallate redox
couples outlined in section 5.5, it is reasonable to assume that a series of isovalent
hexahalometallate redox couples undergo very similar solvation effects given the sim-
ilar sizes of isovalent transition metal ions across a period. Therefore, ignoring the
possibility of a Jahn-Teller distortion (chapter 1), the entropy contribution to the
electrode potential is likely to be very similar for each isovalent hexahalometallate
couple within the same period. Therefore the systematic trends exhibited by the
redox potentials of hexahalometallate ions will be independent of any entropy con-

tribution because each redox couple in an isovalent series involves approximately the

same entropy change.
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5.8 The effect of the enthalpy term on the electrode

potential

In the previous section the effect of the entropy term, -TAS, on the systematic varia-
tion of isovalent hexahalometallate electrode potentials across a period was considered
to be small. From equation 5.11 the enthalpy changes occurring in hexahalometal-
late redox systems are therefore responsible for the systematic trends exhibited by

hexahalometallate redox potentials (section 5.5).

The enthalpy or heat of reaction 5.5 is related to the energy of the redox electron
in the reduced molecule and hence to the ionization energy of the reduced molecule.
When comparing values of E£° the energy of the redox electron can be approximated
by the energy of the redox orbital including electron pairing energy when required,
E(redox) [114]. Consequently the enthalpy change is influenced by those factors
governing £(redox), namely ; the metal (M), the number of redox electrons (n), the

ligand (L) and the solvent (S).

The following sections will examine the contributions of each factor towards the
general similarities between the redox potentials of the hexahalometallates as de-
scribed in section 5.5. The differences between the redox potentials of hexafluoro-,
hexachloro- and hexabromometallates, shown in figures 5.5 and 5.6, will be discussed

within the context of the influence of the different ligands.

5.9 The influence of the metal on ¢(redox)

As already noted above, the redox potentials of the hexahalometallate complexes
are influenced by the ionization enthalpies of the monatomic gas atoms [87,113,116],
especially for the higher oxidation states where the (n+1)s electrons have been re-
moved. Unfortunately thereaw no comprehensive data concerning the third, fourth
and fifth ionization enthalpieé of the second and third row transition elements - the
states which are chemically relevant to this thesis (table 5.5). Even then a direct com-

parison could not be possible because the gaseous 1ons possess a five-fold degenerate
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d-orbital manifold whereas the hexahalometallate d-orbital manifold degeneracy is
split between e, and ty, orbitals (chapter 1). However, the first and second ionization

enthalpies do show some phenomena which can be related to the electrode potentials
of the [MXe]* complexes.

5.9.1 Periodic variation of ionization enthalpies

The lower ionization enthalpies of the transition metals increase progressively across
the second and third periods as a consequence of the increasing effective nuclear

charge ie: in the sequence

Zr < Nb < Mo < Tc <« Ru < Rh < Pd
Hf < Ta < W > Re < Os < Ir > Pt

This is reflected by the isovalent hexahalometallate redox couples which generally
increase across a period, indicating an increasing reluctance to release an electron.
N.B. The steady increase of the third ionization enthalpies of the second row transition
metals (and therefore removal of a d-electron) has a discontinuity at Ru(III)-4d®. This
is due to the removal of a spin-paired d-electron from the gaseous Ru(II) ion-4d®. This
important effect also concerns [MXg]* electrode potentials and is discussed in section
5.10.

5.9.2 Comparison of second z1nd third row

The increased ionization enthalpies observed when progressing from second to third
row transition metals are traditionally explained by the increased nuclear charge of the
5d elements and the poor screening ability of their filled 4f shell. This would suggest
that third row hexahalometallates should be harder to oxidize than their isoelectronic
second row [MXg]® counterparts, which is the opposite of the observed effect (criterion
5.5.3). Tt is unfortunate that a more extensive range of third row transition metal

ionization enthalpies is not available because it 1s not certain that the same trend
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1s obeyed when the 5d electrons are removed. In fact, relativistic explanations of
d-orbital energies [124] indicate that the orbital energies of the 5d-metals are above
those of the 4d-metals of the previous row. This suggests 5d electrons are more
available for redox processes than 4d electrons which is consistent with the greater
reducing ability of 5d hexahalometallates than their 4d isoelectronic counterparts, as
observed in this thesis. The relativistic interpretation also postulates a contraction
of the 6s and 6p orbitals inside the 5s and 5p orbitals which would explain the larger

first and second ionization enthalpies of the third row transition elements.

5.9.3 The oxidation state of the metal

The successive ionization enthalpies of a metal increase progressively as the effective
nuclear charge increases. Similarly, the electrode potential of a hexahalometallate

complex increases with increasing oxidation state of the metal (criterion 5.5.2).

5.10 The influence of the d" configuration

The influence of the d" configuration can be assessed by calculating the electrostatic
interactions between electrons within an ion. It is not within the scope of this thesis
to quantitatively calculate interelectronic correlation energies [2] but fortunately a
qualitative approach can be used to explain the observed results. In order to simplify
the analysis further we shall assume the [MXs]* complexes adopt a regular octahedral

symmetry and that effects such as Jahn-Teller distortions do not occur.

When the d-orbital manifold is split according to the ligand field theory (chapter
1), the e,-t,, energy separation of second and third row transition metals is sufficiently
large that spin-pairing in the ty, orbitals becomes more energetically favourable than
maximising the multiplicity within the d manifold. Hence it is the filling of the t5; d-
orbital manifold which is of most concern in this thesis. The d™ configuration plays an

important role in determining € (redox) as the redox processes of hexahalometallates

are assumed to be metal based.
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Table 5.5: The successive ionization enthalpies of the second and third row transition metals

[126], AHzgg/MJmOI—l .

metal I II I1I IV \%
Zr 1 0.666 | 1.273 | 2.224 | 3.319 | 7.87
Nb | 0.670 | 1.388 | 2.422 | 3.70 | 4.884
Mo | 0.691 | 1.564 | 2.627 | 4.48 | 5.91
Tc |0.708 | 1.478 | 2.856

Ru |0.717 | 1.623 | 2.753

Rh |0.726 | 1.751 | 3.003

Pd | 0.811 | 1.881 | 3.183

Hf 0.68 | 1.44 | 2.25 | 3.22

Ta | 0.767

W 1 0.776

Re | 0.766

Os 0.85

Ir 0.88

Pt 0.87 | 1.797
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5.10.1 Discontinuities and the d" configuration

The concept of €(redox) will be discussed in section 5.10.3 using the concepts of M.O.
theory but to explain the discontinuities observed in the series of isovalent [MX‘S]Z/Z_1
couples a crystal field approach is more appropriate: The energy of the nd shell is
divided into two components ; the coulombic attraction which the positively charged
inert gas core has on the nd electrons contributing -nU to AH and the interaction
energies between the nd electrons. The energy processes arising from electron-electron

interaction are [125] :-

1. The exchange energy (parallel spins, 11), k.
This is the energetic origin of Hund’s rule and is roughly proportional to the
number of pairs of parallel spins. Addition of an electron with a parallel spin
within the d-t,;, manifold exerts a stabilizing influence on the ion of -AH and

vice versa.

2. The repulsion energy (parallel spins, TT), r.
The coulombic repulsion between all pairs of parallel spin electrons within the
d-t, manifold exerts a destabilizing influence on the ion of +AH and is roughly

proportional to the number of pairs of parallel spins.

3. The repulsion energy (spin pairing, T1), R.
When two electrons occupy the same orbital within the d-t;; manifold, the

" coulombic repulsion energy between them destabilizes the ion by an energy

+AH.

Neglecting ligand and solvation effects the energy of the d-shell, £(d") is then

approximately given by

£(d") = -nU + a(k) + b(r) + c(R) (5.17)

the energy change when one electron is removed is then
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E(d ')~ €(d") = U+ Aa(k) + A b(r) + A (R) (5.18)

The individual contributions of k, r and R identified as a, b and ¢ can be easily
calculated for each d"(t,) configuration and they are listed in table 5.6. The relative
E,; values are then the difference between successive d" configurations, &(d"1!)-

€(d™), with an arbitrary zero point at the d°! couple (having the energy U).

Table 5.6: Interelectronic correlation terms of k, r and R for [MXg]? complexes.

tag core exchange repulsion repulsion Ey/n AE
config. | attraction energyk (1M, r (11, R

d°® 0 0 0 0
}d°/d! U

d! -U 0 0 0 } k+r
}dt/d?  U-kr

d2 -2U k r 0 } k+r
} d?/d®  U-2k-2r

d3 -3U0 3k 3r 0 } 3R-2k-2r
} d3/d* U-3R

d4 -4U 3k 3r 3R } k+r
} d*/d® U-k-r-3R

d® -5U 4k 4r 6R } k+r
} d%/d®  U-2k-2r-3R

d® -6U 6k 6r 9R

The AE terms refer to the energy differences between successive couples. Referring
to figures 5.5 and 5.6, it is clear from table 5.6 that the prevailing slope and the
discontinuities observed in the electrode potentials of isovalent hexahalometallate
couples are determined by the enthalpy contributions of the interelectronic repulsion
terms (k+r) and (3R-2k-2r). Furthermore, the abrupt discontinuity between the ¢*/3
and d** couples is a consequence of there being no appreciable difference in the

exchange energy and the parallel repulsion energy between low spin nd® and nd* ions.

However, a general gradient (k4r1) does not satisfy the observation that the linear

progression of redox potentials is smaller for the M, AV, d°/% series than the d9/1,
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d'/?, d*/® series (criterion 5.5.4). This inaccuracy can be explained in two ways :
Either the interelectronic repulsion energies are significantly altered when spin pairing
occurs or, by the introduction of a fourth repulsion parameter K which acts between

spin paired orbitals in the d-t;; manifold destabilizing the ion with and enthalpy
+AH.

Table 5.7: Interelectronic correlation terms of k, K, r and R for [MXg]? complexes.

tag core exchange repulsion repulsion repulsion Eys AE
config. | attraction energyk  (171),r tH, R K

d°® 0 0 0 0 0
}d%/dr U

d! -U 0 0 0 0 » } k+r
}dt/d?  U-k-r

d? -2U k r 0 0 } k+r
} d?/d®  U-2k-2r

d3 -3U 3k 3r 0 0 } 3R-2k-2r
}d3/d* U-3R

d* -4U 3k 3r 3R 0 } k+K+r
} d4/d5 U-k-K

d® -5U 4k 4r 6R K --3R } k+K+r
} d®/d®  U-2k-2K

d® -6U 6k 6r 9R 3K -2r-3R

The new interelectronic correlation terms with the parameter K included are shown
in table 5.7. According to the A€ terms, the differing gradients and the discontinuity
between d?/® and d*/* represented in the schematic figures by AB, CD and BC can
now be attributed to the energies (k+r), (k+K+r) and (3R-2k-2r).

The same procedure was repeated but with the Racah parameters for the ground
state electrostatic energies of the various ions instead of k, K, r and R. (The repulsion
energies for the various d" configurations were listed previously by J.S.Griffith [2] who
utilized the Racah parameters A,B and C'). A new parameter D was introduced in this
work to account for the differing gradients observed (see table 5.8). The d°/! couple

was again given the arbitrary value of zero and the A& terms indicated the slope
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gradients corresponded to the energies A-5B and A-5B+D with the discontinuity
amounting to an energy of A+10B+5C. Hence:-

k+r ~ A-5B
R ~ A+5/3C
K ~ D (5.19)

Table 5.8: Interelectronic correlation terms for [MXg]?* using the Racah parameters A, B,
C and D.

tag correlation Eyjs A€
config. | energy

d® 0
}0

d! 0 }A-5B
}5B-A

d> |A5B }A-5B
}10B-2A

d? 3A-15B }A+10B+5C
}-5C-3A

d* 6A-15B+5C }A-5B+D
}5B-5C-D-4A

d® 10A-20B+10C+D }A-5B+D
}10B-5A-5C-2D

d® 15A-30B+15C+3D

5.10.2 The interelectronic repulsion parameters

From the experimental values of the electrode potentials given in tables 5.2, 5.3 and

5.4 the three gradients (k+r), (k+K+r) and (3R-2k-2r) can be given numerical values

X, y and z ie:
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"k+r = x
JR-2k-2r = 2z (5.20)

Straightforward calculations can then derive values for the relative energies of
the repulsion energy (T|)R, the repulsion between spin paired orbitals K and the
combination (k+r), the exchange and repulsion energies (11). The values determined
for the isovalent series [MXg]*/*~! are listed in table 5.9 while the relevant calculations

are outlined in Appendix A.

Table 5.9: The relative energies of the interelectronic correlation terms (k+r), K and R for
hexahalometallate complexes.

Second row transition metal hexahalometallates
[MFg]'=/%~ | [MFg]?>~/3= | [MClg]'~/2~ | [MClg]*~/3~ | [MBrg]!~/2~ | [MBrg]>~/%-
(k+r) +1.21 - +0.96 +1.12 +0.85 +0.95
K - - -0.31 -0.36 - -0.42
R +0.80 - +0.51 +0.57 +0.41 +0.48
Third row transition metal hexahalometallates
[MFs]'=/2= | [MFg)2=/3~ | [MClg]'=/2= | [MCls)>~/3~ | [MBrg]'~/2~ | [MBrg)?~/3-
{k+r) +1.18 - +0.94 +0.98 +0.74 +0.60
K -0.58 - -0.43 -0.43 -0.11 -0.08
R +0.93 - +0.61 +0.66 +0.47 +0.35

Table 5.10 summarizes the values in table 5.9 by indicating whether the values

(r+k), K and R increase or decrease in the order

[MFg)? : [MCl)* : [MBrg)*

(5.21)

Where values in table 5.9 were absent, the underlying trend was interpreted from

the remaining two values in 5.21. The important features of table 5.10 are :-

a) The repulsion energies, R, between two electrons paired in a d-t,, orbital de-

crease within the same period in the order:
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-1

Ut

Table 5.10: Relative trends of the interelectronic repulsion energies between isovalent hex-
ahalometallate series in the sequence [MFg]?/?=1 : [MClg]?/*~1 : [MBrg)?/*~!

(k+r) K R
second row [MXg]'~/2~ | decreasing - decreasing
second row [MXg]?~/3~ | decreasing | (decreasing) | decreasing
third row [MXg]'™/2~ | decreasing | increasing | decreasing
third row [MX4]?~/®~ | decreasing | increasing | decreasing
R{MF¢]? > R[MClg]* > R[MBrg)* (5.22)

This order reflects the nephelauxetic effect of the ligands (section 1.3) as one
might expect because the nephelauxetic ratio f is a function of the Racah repulsion
parameter B, and decreases with decreasing interelectronic repulsion in the complex
ion. The d-t,, electrons, which are formally located on the metal in hexahalometal-
late complexes therefore experience less interelectronic repulsion when surrounded by
chloride and bromide ligands than when surrounded by fluoride ligands. Such a result

is consistent with the greater delocalization and hence greater covalency of M-Cl and

M-Br bonds (section 1.7).

b) For third row hexahalometallates the repulsion between spin paired orbitals,

K, appears to increase in the sense

Owing to the greater delocalization within M-Cl and M-Br bonds the reverse trend
was expected and there appears to be no logical explanation of this phenomenon. The
expected trend in K was observed with the second row isovalent series [MXg]2/3-,
although the accuracy of the values calculated are dependent on the [TcBrg)?~/3-
electrode potential which was predicted to be -0.4V (table 5.4),(close to the value
of -0.34V obtained by previous workers [60] in HBr solution), but which may be

lnaccurate.
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N.B. The unexpected order of 5.23 indicates that linking K with spin-paired orbital
repulsion energy is incorrect and a different interpretation leading to the same result

is required.

c) Within the same period, the values of the energy (k+4r) decrease according to

U\/IF(;]Z > [NIClG]Z > [MBI’s]Z (524)

According to 5.10.2a) the repulsion energy r(77) decreases in the order 5.24 be-
cause of the ligand nephelauxetic effect. Therefore either: 1) the exchange energy k
also decreases but the ensuing destabilization is less than the loss of repulsion energy
2) the exchange energy is the same for [MFg]?, [MClg]* and [MBrg]* or 3) the exchange

energy increases according to the ligand sequence F < CI < Br.

N.B. The interpretation of the results obtained are best confined to the relative
values between isovalent hexahalometallate series within a given period and not to the
actual numerical values. Inspection of table 5.9 indicates that R energies of second
row hexahalometallates are less than those of the corresponding third row complexes
conflicting with the greater size of 5d compared with 4d orbitals. Indeed the analysis
assumes that values of k, K, r and R remain constant across a period within the same
isovalent series. In fact the values of the repulsion energies B and C, and hence k, r
and R appear to generally increase across a period (2] although data are only available

for M(I) and M(II) ions.

5.10.3 The energy of the redox orbital, ¢(redox)

The crystal field interpretation of the series of isovalent [MXg]*/#~! redox couples
is very successful when describing the origin of the discontinuity between nd*? and
nd3/* (criterion 5.5.1). To explain how the different halide ligands effect the isovalent

[MXg]z/ z~1 redox series an alternative approach based on molecular orbital methods

will be used here:

The energy of the redox orbital, €(redox), [114], is written as the summation of
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two terms: a) the energy of the lowest-lying d-orbital in the d-manifold, E(tyy), and
b) the difference in energy between this orbital and the redox orbital. In the context
of low-spin hexahalometallate complexes (with no Jahn-Teller distortion) this energy

difference is equivalent to the spin-pairing energy P.

In M.O. theory E(ty,) is defined as the sum of two components :-

1. The valence state ionization energy (VSIE) of the d-orbital of the metal M with
effective charge q, VSIE? . (This is the application of Koopman’s theorem which
approximates the orbital energy of the metal as the negative of the ionization

potential for the removal of an electron from that orbital [127]). Plus

2. A m-covalency contribution,A,, which is positive for a 7-donor ligand and neg-

ative for a m-acceptor ligand.

Thus

E(tyy) = -VSIEL + A, (5.25)

As the VSIE is charge dependent, it can be represented by

VSIE? = am + kBmq (5.26)

an, and B, are constants of the metal and kq, (0 < k < 1), represents the effective
charge of the metal which is less than the charge of the free ion because of the
charge transfer contribution from the ligands. After correction for electron pairing
the experimental VSIE’s for free M(III) ions [2] is a smooth function of the nuclear

charge z and therefore of the number of d electrons n. Hence the VSIE can be

expressed in terms of a reference value. ie:

(8]
\]
—

m

VSIE?, = VSIE] (1 + ¥n) (5.

-
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where v is a constant (0.08 for first row transition metals) . Therefore equation

5.27 can be written

VSIE:’n = (ares+kpBresq) (1 + yn)

From first order perturbation theory [127] -

1
JAVEE
A€ pmL

AE.ML =&y —EL = -VSIE?TL - &7
where € is the ligand orbital energy. Then

dA,  dA, A,

dVSIEL ~ d€; A€y

hence from 5.25

_—dg (tzg) =1~ A”" =A
dVSIE!, ~— ° A€mp

(5.28)

(5.29)

(5.30)

(5.31)

(5.32)

5.11 Hexahalometallate electrode potentials and ¢(redox)

The differences and sequential trends between the electrode potentials of the hexa-

halometallates are divisible into four main categories :

5.11.1

The difference hetween the electrode potentials of isovalent hexahalometallate neigh-

bours within the same period which can be written as
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EIMXs)* - EIM'X]* = A(M. M) (5.33)
A(M,M’) defines the slope of -E(t,,) and is therefore the rate of change of -E{14,)

with increasing d-t, electron population, n. Neglecting any effects of n on k and q

—dE (tg ) ‘

AMM) =502 & Av(a,,; + kB.qq) — 2=

~ ey +kiega) (1 - 2585) (534)

(daw _dA, dVSIE, A,

dn  dVSIE? dn T A€ ML ey + kﬂniq)) (5:33)

In chapter one the properties of the metal-halogen bonds were discussed in terms
of the differing electronegativities of the halide ligands which led to increasing o-

donation from the ligand to the metal in the order

IMFg] < [MCIJF < [MBrg[? (5.36)

The gradient A{M,M’) is influenced by the values of k, q and A,/ A€y kisa
number between 0 and 1.0 which reflects the covalency of the M-L bonds and is ap-
proximately equal to 1.0 for a purely ionic bond. Similarly the effective nuclear charge
q decreases with increasing electron donation of the ligand to the metal. Therefore for

hexahalometallates the decrease in both k and q will reflect the order 5.37.

AE 3z can be approximated by the energy of the first charge transfer band of the
hexahalometallate complex in the visible/ultra-violet region (section 1.9). Equation
1.7 indicates that when considering hexafluoro-. hexachloro- and hexabromometal-
lates. AE yyz will be greatest for hexafluorometallates and smallest jor hexabromoet-
allates. A, is positive for halide ligands and increases in the order F~ < C17 < Br~

and so the contribution of -2,/ A€ 4y to MALM) increases in the order 5.36.
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Therefore the predicted gradients, —d€ (t2,)/dn for the redox couples of isovalent

hexahalometallate series should follow the order

[MFg]*/#=1 > [MClg]*/*~! > [MBrg)*/*! (5.37)

This trend was observed in this thesis. Provision for the difference in slope be-
tween the d°/ d'/2,d** and d%/*,d*/%,d5/® couples can be made as in section 5.10.1 by

introducing a new term into the spin pairing energy of the complexes with a greater

than half filled d-t;; manifold.

5.11.2

The difference between the electrode potentials of two consecutive electron transfer
steps of the same hexahalometallate complex, often referred to as the redox stability
of [MXe]?, can be written :

E[MXe]**/* - E[MXg]*/*~! = A(ox,red) (5.38)

A(ox,red) is then a measure of the change in the energy -£(ty,) of a hexahalomet-
allate complex with respect to the overall charge on the ion z. Neglecting any effects

of z on A and k as relatively minor

dA,
dz

—d€ (tg,)
dz

d
A(ox,red) = ~ Akﬂmﬁ - (5.39)

Equation 5.39 is difficult to assess in relation to the effect of varying the ligand
of hexahalometallate complexes. However, one can interpret dq/dz as the extent of
metal character of the redox orbital, which is expected to be greatest for the hexaflu-
orometallates because the M-F bond is more ionic in nature. If the A, contribution
of F~, C1~= and Br~ is assumed to decrease by approximately the same amount with
increase in z (dA,/dz is probably smallest for F~ in fact) then the redox stability of

isoelectronic [MXg]® complexes should decrease in the order
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A(ox,red) : [MFg)* > [MClg]* > [MBrg]? (5.40)

In this thesis it was only possible to calculate the redox stabilities of [MClg]?~
and [MBrg]*~ complexes. The results are listed in table 5.11. Clearly the redox
stabilities listed in table 5.11 agree with the prediction of equation 5.40. Table 5.11
along with figures 5.2 - 5.6 also clearly illustrates the enhanced redox stability of d*

hexahalometallates compared with other members of the same isovalent series.

Table 5.11: Redox stabilities (volts) of the second and third row [MClg]>~ and [MBre)*~
complexes.

M | X=Cl|X=0Br
Nb 1.40 1.19

* estimated value

5.11.3

The discontinuity in the progression of isovalent hexahalometallate redox couples has

been discussed in section 5.10.
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5.11.4

Equation 5.25 indicates that the higher electrode potentials of the second row [MXg)*
complexes compared with third row [MXg]* complexes is governed by a larger VSIEZ
of second row metals compared with the analogous third row metals. This conclusion
contradicts the available ionization data but adds support to the relativistic descrip-

tion of the orbital energies (section 5.9b). A series of theoretical calculations might

be helpful to elucidate this problem.

5.12 The effect of the solvent (S) on the enthalpy term

In section 5.6 it was assumed that the solvent contribution to the enthalpy change of

an [MBrg]?~/°~ couple could be approximated by :-

3" Hooo[MBref>~ — 3 H,1, [MBre|2- (5.41)

And in section 5.7.1 the ion-solvent interaction was interpreted by using the Born
equation which led to equation 5.16 describing the contribution of the solvent to the

enthalpy change during a typical one electron electrochemical reduction :-

- Le? 1 TaD 2%, 7,
(AH)gorn = 520 (1 Do m‘f) ( -

It would be unwise to relate solvation enthalpies calculated from the Born equation

(8]

(5.42)

to the overall enthalpy change of reduction since a largely empirical approach has heen

adopted so far. But, it is useful to compare the effects of different solvents on the

same system.

Table 5.12 summarises the calculated solvent contribution to the free energy, en-
thalpy and entropy of reaction for an [MBrg]?~/3~ couple in the three solvents H,0,
SO, and CH,Cl, . For the three different solvents, one can say on purely electrostatic

considerations that the solvent enthalpy contribution is relatively constant for solvents
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of widely varying dielectric properties and is therefore probably only of importance

when a specific chemical interaction occurs.

Table 5.12: Born solvation energies for an [MBrg)?~/3~ redox couple in different solvents.

H,0 S0, CH,Cl,
D?3=80.36 | D**=14 | D®°=9.09
AG (KJmol=1) 762 716 -687
AH (KJmol™Y) | -776 -805 -793
AS (Jmol™!) -48 -304 -362

A feature of table 5.12 worth noting is that although it is small in comparison with

the solvation enthalpy, the entropy contribution from the ordering of solvent molecules

around ions is substantially smaller for solvents with large dielectric constants. The

main reason for this may be that in solvents with a high dielectric constant the order

of the system is already high and is therefore little affected by any small local increase

in order around ions which gain a charge.

5.13 Summary of the energy contributions to the redox po-

tentials of second and third row hexahalometallates

e The electrode potential of a reversible [MXg]

to the free energy change during the redox reaction.

z/z—-1

redox couple is proportional

e The entropy contribution to the free energy change is assumed to only involve

a rearrangement of the solvation sphere around the hexahalometallate complex.

The Born equation predicts that the entropy contribution to the free energy

change is likely to be small compared with the enthalpy contribution.

o The enthalpy contribution to the free energy change is responsible for the sys-

tematic trends observed within the hexahalometallate redox potentials. The

principol contributions to the enthalpy arise from:-
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1. The character of the metal which can be related to the VSIE of the metal

with effective nuclear charge q.

2. The number of d electrons. The interelectronic repulsion energies can be
combined into an interelectronic correlation scheme which can predict the

relative slopes and discontinuities of a series of isovalent [MXg]*/*~! couples.

3. The nature of the halogen ligands which influence the redox potentials by

their nephelauxetic properties.

4. The nature of the solvent which affects the redox enthalpy by the formation

of a secondary coordination sphere of solvent molecules.

5.14 The determination of unknown redox couples

A valuable outcome of the systematic pattern of hexahalometallate electrode poten-
tials is that if some potentials are already known then the potential of an unknown
redox couple can be predicted. This is accomplished by extrapolating the trend of
known redox couples (figs. 5.2-5.6) to incorporate an unknown electrode potential.
Where two unknown isovalent redox couples are side by side (eg. [RhBrg)!~/?~ and
[PdBrg]'~/%") then an informed guess of the gradient between the two electrode po-

tentials can be interpolated and then the electrode potentials read off.

This procedure also proved to be of semi-diagnostic value as further verification

of the successful synthesis of [BuyN];[MoBrg] (sections 3.4 and 6.9).

5.14.1 The determination of unknown [MF;]*/*~! redox couples

in acetonitrile

a) Hexahalotechnetates were not synthesized in this thesis because of the potentially
dangerous radioactivity of technetium. However, extrapolating the [NbFg]!=/2~ and

[MoFg]!=/2~ redox potentials gives an estimate of the [TcFe)'~/* redox potential:

[TcFe'~/?" at Eyjz = +1.2V (vs.5.C.E.) in CH3CN.
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The potential of the redox couple [TcFg]?~/3~ is more difficult to predict because
the [RhFg]*~/3~ redox couple has not been determined. However, R appears to In-

crease between [MXg]' /2~ and [MX4]*~/>~ for second row hexahalometallates hence

a value for the redox couple can be estimated:

[TcFe)*~/3~ at Eyjy ~ -1.8V (vs.S.C.E.) in CH;CN.

b) Extrapolating the [TcFe]?~/3>~ and [RuFg)?~/3~ redox potentials gives an
estimate of the [RhFg]?~/3~ redox potential:

[RhFe]*~/3~ at Ey/; ~ 0.0V (vs.S.C.E.) in CHsCN. -

Both complexes, [RhFg]>~ and [RhFg]*~, have been prepared as alkali metal and
alkaline earth salts [128,129] and are susceptible to hydrolysis. The anions should
be suitable for electrochemical study in a dry organic solvent and since [RhFg]'~
salts have also been prepared [130] the [RhFg]'~/?~ redox potential should also be
observable in dry CH3CN at approximately +2.0V (vs.S.C.E.). Although RhFg is
known [131], the [RhFg)%/!~ redox potential is predicted to lie well above the solvent

range.

¢) Extrapolating the [OsFg]'~/?~ and [IrFs]'~/2~ redox potentials gives an estimate
of the [PtFg]'~/?~ redox potential:

[PtFe]'~/%~ at Eyjp = 41.8V (vs.S.C.E.) in CH5CN.
5.14.2 The determination of unknown [MClg}*/*~! redox couples

in methylene chloride

a) Extrapolating the [MClg]'~/?~ redox potentials of Nb and Mo and the [MClg)?~/3-

redox potentials of Ru and Rh gives an estimate of the [TcClg]?/*! redox potentials:

[TCCI6]1_/2_ at E]/z = +2OV (VSS.CE) in CH2C12
[TcClg)?~/3~ at Eqjz = -0.8V (vs.S.C.E.) in CH,Cl;
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The electrochemistry of [BuyN],[TcClg] was investigated in CH3CN by previous
workers [60]. At a rotating platinum electrode two irreversible processes at Evjp=
+1.38V and +2.30V (vs.S.C.E.) were observed and at a dropping mercury electrode
(D.M.E.) four irreversible processes were observed at Eijp=-0.34V, -0.68V, -1.11V
and -1.83V (vs.S.C.E.). The predicted electrochemical behaviour in CH,Cl, suggests
that CH3CN and Hg are not passive participants in the redox processes of [TcClg)*.

(N.B. Moock [197] has determined the redox potentials of [Ph,P],[TcClg] in CH,Cl,.
The complex exhibited one reversible oxidation [TcClg]' =/~ at Eyjp =+1.98V (vs.S.C.E.)
and a reversible reduction [TcClg)?~/3~ at Ej/, = -0.85V (vs.S.C.E.) in excellent agree-
ment with the predicted values.)

b) Extrapolating the [WClg)?~/3~ and [TaClg)?*~/>~ redox potentials gives an
estimate of the [HfClg]>~/3>~ redox potential:

[Hf016]2_/3— at E1/2 =-3.1V (VSSCE) in CH2C12

5.14.3 The determination of unknown [MBrg]*/*~! redox couples

in methylene chloride

a) Extrapolating the [NbBrg]'~/%~ and [MoBre]'~/2~ redox potentials gives an esti-

mate of the [TcBrg]'~/?~ redox potential:
[TcBrg)'~/% at Eij; = 42.0V (vs.5.C.E.) in CHCl,
The [TcBrg)?~/3~ redox potential can be predicted in the same way as 5.14.1:
[TcBrg]>~ /3~ at Eyjy ~ -0.4V (vs.S.C.E.) in CH,Cly

The electrochemistry of [BuyN];[TcBrg] was previously investigated in CH;C'N
[60]. Two irreversible processes at Eyj; = +1.70V and +2.32V (vs.S.C.E.) were
observed using a rotating platinum electrode and irreversible processes at -0.34V, -
0.68V, -1.11V and -1.83V (vs.5.C.E.) were observed with a D.M.E. By analogy with
the [TcClg)?/*~" complexes (5.14.2), the [TcBrg)*/*~! complexes would presumably be
more stable in dry (‘HyCl, than dry CH3CN or dry CH;CN/Hg.
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b) By assuming the repulsion energy K is approximately the same for the second
row transition metal series [MBrg]'=/2~ and [MBrg]?~/3~ then the predicted value

for the hypothetical redox couple [RhBrg]'=/%~ is :-
[RthG]l—/Z— at E1/2 ~ +18V (VSSCE) in CHQCI2
Extrapolating to the [PdBrg]'~/2~ redox potential gives:

[PdBre])'=/*~ at E,j; ~ +2.1V (vs.S.C.E.) in CH,Cl,.

c) Extrapolating the [TcBrg]*~/>~ and [RuBre)*~/3~ redox potentials gives an
estimate of the [RhBrs]>~/3~ redox potential:

[RhBrs|*~/2~ at Eyjy ~ +0.65V (vs.S.C.E.) in CH,Cl,.

d) Extrapolating the [WBrs)2~/>~ and [TaBrg]?~/3~ redox potentials gives an
estimate of the [HfBrg]?~/3~ redox potential:

HfBI‘s 2-/3- at E1 2 = +22V vs.S.C.E.) in CH2CI-2
/

The latter section, 5.14.3, exemplifies the value of the concept since, even though
the hexabromometallate salts of Pd and Rh could not be prepared in a form which

was soluble in methylene chloride, their relative redox properties are predictable.

5.15 Applications of hexahalometallate redox potentials

Redox potentials are useful for numerous applications where thermodynamic infor-
mation is required. Primarily, redox potentials can be used to predict whether species
A can oxidize/reduce species B in order to determine whether the synthesis of a com-
pound is thermodynamically feasible. In this section some useful applications of redox

potentials are discussed by resorting to specific examples.

N.B. Reactions are divided into two half-cell reactions with the oxidation half-cell

on the left hand side and the reduction half-cell on the right hand side. E. is then

given by :-
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Ecen = Epns — Erns (5.43)

5.15.1

Hexachlorotungstates(V) are normally prepared by the reaction of tungsten hexachlo-
ride with either quaternary ammonium chlorides in thionyl chloride solution [132] or
alkali-metal iodide in a sealed tube [133]. However, Dickinson et al [133] also discov-
ered that tungsten hexachloride reacts with potassium hexachlorotungstate(IV) when
they are ground together at room temperature to form the hexachlorotungstate(V)
salt.

WCls + [WClg]*~ — 2[WClg]'~ (5.44)

This reaction was described as remarkable [13] but with [WClg]*/?~ E; 5 = +1.59V
and [WCIG]I"/Q‘ Eij; = 40.40V then E..y= +1.19V and the solution reaction 5.44

is evidently thermodynamically feasible.

Thus because hexahalometallate redox potentials increase as the charge on the
metal increases, for a given metal, then reaction 5.44 should be thermodynamically

feasible for the general preparation of other hexahalometallate(V) complexes.

The converse reaction, the disproportionation of [WClg])'~ is thermodynamically
unfavourable and is reflected by an absence of hexahalometallate complexes which

disproportionate in organic solvents.

5.15.2

Tungsten hexachloride and tungsten hexabromide can be reduced to the hexahalo-
tungstate(IV) by tetra-n-butylammmoniumiodide in CH;Cl, (chapter 6). But the

attempted reduction of hexabromotantalate(V) by iodide in CH,Cl; was unsuccessful

(chapter 6):
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Io/1~ Eyj2 = 40.80V (vs.S.C.E.) in CH,Cl,
[TaBrg]' =/~ Eyj; = -0.16V (vs.S.C.E.) in CH,Cl,

hence E.y= -0.96V in CH,Cl, and AG is unfavourable for the reduction of
hexabromotantalate(V) by iodide.

5.15.3

MoClg was reported [134] to be the product of prolonged refluxing of molydenum
trioxide with thionyl chloride but could not be confirmed [13]. The [MoClg]%/1~
redox potential at Ey/, = +2.20V (vs.S.C.E.) suggests MoClg should be accessible by

chemical means.

5.15.4

[NOJ** can oxidize [WFg])'™ to WFg in CH3;CN but does not react with [MoFg]!~.
The redox potentials in CH;CN (vs. Ag/Ag™) are :-

[NOJ™*/NO By = +087V
WFs/[WFe]'™  Eyjp = +0.51V
MoFs/[MoFe]'~  Ei/; = +1.60V
UFe/[UFs]"™ By = +2.31V
Cu(ll)/Cu(l)  Eijp = +0.71V [196]
hence the order of oxidizing ability [40] in CH3CN is

UFg > MoFg > [NOJ'*(solvated) > Cu®* (solvated) > WFg

5.16 Future work

The hexahalotechnetates (except [TcClg]*”) and several hexafluoro- and hexabro-
mometallate complexes have not been investigated experimentally. While the com-

plexes [ZrFg)?, [HIFq)°, [RhFg]* and [PdF¢]? have not yet been attempted they should
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be synthesisable by standard methods [128,130,135,136,137]. The difficulties encoun-

tered with organic-soluble hexabromometallates have been outlined in chapters 3 and

6.

An obvious extension of this thesis would be a study of the redox potentials of sec-
ond and third row transition metal hexaiodometallates. The preparative methods for
hexaiodometallates, whether by chance or by design, appear to be restricted to those
complexes which can be formed by the action of hydroiodic acid on a hexabromomet-
allate,hexachlorometallate or an oxometallate (eg. ReOy). The known hexaiodomet-
allates are restricted to those elements to the right of the Periodic Table [13], which
would hopefully exhibit redox activity which is congrueﬁt with the theories discussed
in chapter 5. The preparation of hexalodometallates of elements to the left of the Pe-
riodic Table would provide an interesting challenge to the synthetic chemist. Reaction
in anhydrous organic solvents analogous to the preparation of [ZrBrg]?*~ (chapter 6)
would provide a possible route, (Zrly, Hfly, Taly and Nbly are all known), although it
can be anticipated that the large steric requirement of six iodi. iigands may inhibit

complex formation particularly in the case of second row metals and large cations.

The redox properties of the first row transition metal hexahalometallates might
also provide a fruitful topic of research although the hexahalometallates are only

known comprehensively towards the left hand side of the first row elements.

Finally, it would be of further interest in this area of work to determine the first
charge-transfer energies of as many hexahalometallate complexes as possible (chapter
1). It should then be possible to identify a relationship between the charge transfer
energy and the redox potential, since both properties are primarily influenced by

changes in the metal t,, orbital energy.
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Experimental procedure

6.1 General information

All moisture sensitive hexahalometallate complexes were prepared on a Pyrex vacuum
line fitted with a mercury diffusion pump and an Edwards high vacuum rotary oil
pump. The vacuum manifold was fitted with Rotaflo Teflon stopcocks and reaction
vessels were fitted with either Rotafle or Youngs Teflon stopcocks. The status of
the vacuum was measured with a mercury filled vacuostat and Apiezon-N or Kel-F
greases were used throughout. Rotaflo reaction vessels were flamed out prior to use
to remove surface moisture and solid compounds were handled under a dry-nitrogen
atmosphere in a Lintott glove box. Those compounds which were not prepared under
vacuum were rigorously dried on the vacuum line before use. Unless stated, dried

solvents (section 6.23) were used throughout.

L were obtained on Perkin-Elmer 983

Infra-red spectra in the range 4000 to 180cm™
and 580 infra-red spectrophotometers. Samples were examined as solid mulls between
silicon or caesium iodide plates with sodium dried Nujol as the mulling agent. Raman
spectra were obtained with a Spex Ramanlog spectrometer from crystalline samples
vacuum sealed into thin Pyrex glass capillaries. The laser lines used were 176.5nm,
488.0nm, 515.4nm, 568.2nm and 647.1nm. In this chapter vibrational data are listed

with the preparation of each compound where appropriate, and in table 1.6.

173
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Visible/ultra-violet absorption spectra were obtained using afotaflo  vessel fitted
with a Imm path-length quartz glass optical cell attached to a side arm. The appa-
ratus was designed to fit into the sample compartment of a Perkin-Elmer lambda-9
or Beckman UV 5270 spectrophotometer. Dry compounds were weighed into the
rotaflow compartment in the glove box, then dry solvent was distilled into the vessel
on the vacuum line. Solution concentrations were approximately 5x10~3M (weight of
solid ca. 0.02-0.03g in ca. 5ml of solvent). Extinction coefficients were not calculated
because the concentration could not be measured accurately enough. The solution

absorption data are listed with the preparation of each compound where appropriate.

C, H, N and Br microanalyses were determined by the University of Glasgow
microanalysis department. The department could only analyse those compounds
which could be handled in the open air. The author attempted to determine the
bromine content of WBr; and WBrg by the Volhard method but found the analysis

results were widely scattered and unreliable.

Electrochemical experiments were performed with the cell apparatus described in
section 6.2. In total, three different sets of electrochemical apparatus were used: a
PAR model 170 potentiostat and programmer, a Hi-Tek potentiostat type DT 2101
in conjunction with a Hi-Tek waveform generator type PPR1 and Hewlett-Packard
X-Y recorder, and an EG&G PARC model 175 universal programmer with EG&G
PAR model 173 potentiostat and EG&G PAR X-Y recorder. Sweep rates > 1V sec™?

were monitored with a Telequipment model D66A oscilloscope.

6.2 The electrochemical cell

The requirement of strictly anhydrous conditions for the present work precluded the
use of a conventional glass 'pot’ as a useful electrochemical cell. To exclude mois-
ture, the greatest efficiency is obtained by use of a vacuum tight electrochemical cell.
Several workers have already tackled the problem of design previously. An example
is the ‘Anderson’ cell [37,38] which employed a D.M.E. with a mercury pool counter

electrode and a silver/silver perchlorate reference electrode. The reference, electrolyte



CHAPTER 6. EXPERIMENTAL PROCEDURE 1

~1
(@) §

and sample solutions were made up individually in a glove box before the whole appa-
ratus, (in effect two cells-a reference cell connected to the electrode cell via. a Luggin
capillary), was joined together. The main drawback of this cell arrangement was the

tedious handling procedures and the limited range of the mercury electrode.

The cell designed to study the redox potentials and reactions of transition metal
hexafluorometallates [39,40] in acetonitrile proved to be much more versatile than
the ‘Anderson’ cell and cleverly incorporated a silver/silver nitrate reference elec-
trode built along the same lines as standard reference electrodes. Unfortunately this
commendable feature made the cell very complex to manipulate. Consequently, the
cell design chosen for the work in this thesis was that invented by Klaus Moock [31,41],
a diagram of which is shown in figure 6.1. A major advantage of this design over the
others was the incorporation of a cooling finger projecting into the electrolyte solution

which permitted low temperature electrochemistry under vacuum conditions.

6.2.1 Cell construction and experimental procedure

The whole cell apparatus was made from Pyrex glass and the three electrodes from
platinum wire. The auxiliary and quasi-reference electrodes were made from platinum
wire (diameter 0.5mm) spot-welded to tungsten rod and encased in glass so that
approximately 5mm of platinum wire protruded into the solution. The platinum
micro-electrode was described in section 2.13. After the completion of experiments,
the three electrodes were immersed in concentrated nitric acid to remove any inorganic

and organic material adsorbed onto the electrodes.

In order to perform an experiment, the two side arms containing the supporting
electrolyte and the compound were first loaded in a glove box and then evacuated
on a vacuum line overnight. These were sealed and then glass-blown onto the main
apparatus. Then, along with the reference compound and a small Teflon stirring
bar the whole apparatus was flamed out and evacuated overnight. (The reference
compound (here ferrocene) was initially weighed and introduced into a thin glass
capillary which was evacuated and sealed such that the reference compound was

sealed in a section of the capillary approximately Gcm long. This section of the
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Figure 6.1: The electrochemical cell.
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glass capillary had previously been deeply scored by a glass knife approximately 2cm
from one end in order to facilitate the rupture of the ampoule by shaking.) The
solvent was then vacuum distilled into the Potaflo compartment and the breakseal
of the electrolyte compartment broken. Once the electrolyte had dissolved, after
careful manoeuvering of the cell, the working potential range of the solvent-electrolyte
system was determined. Then the breakseal of the compound compartment was
broken, the compound dissolved and its redox activity determined. The reference
compound contained in the evacuated, frangible ampoule in the rotaflow compartment
was dissolved in the solution at the end i the experiment by shaking the apparatus
in order to break the ampoule. If cooling was required, a suitable slush mixture of
solvent and dry-ice was made up in the cooling finger. Temperatures inside the cell
were estimated by comparison with a conventional cell equipped with a thermocouple
and by attaching a thermocouple to the underside of the cell used in this work, which

indicated that temperatures around -40°C' were obtainable.

6.3 The preparation of metal bromides from the metal or

metal oxide

6.3.1 General procedure

Transition metal halides are classically prepared by heating the reduced metal or a
metal oxide/charcoal mixture in a stream of nitrogen and halogen [138]. The appa-
ratus normally includes a horizontal glass reaction vessel which can be heated, and
through which the nitrogen/halogen stream flows over the heated metal. The metal
halide vapour formed is carried by the nitrogen stream along the reaction vessel until
it condenses on a cooler surface. Once reaction is complete the desired product is

then separated by sealing the appropriate section of glass apparatus under nitrogen.

Wilkinson and Lincoln [139] proposed the simple and effective modification whereby
the horizontal reaction tube was replaced by a vertical system. The metal powder is
supported on a glass wool plug (supported by indentations in the tube) and topped

by a second plug. In this manner, the heavy metal halide vapour is removed from the
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reaction zone in part by gravity. This method was successfully used in this thesis to
synthesize tungsten pentabromide and zirconium tetrabromide from tungsten powder

and a zirconium oxide/charcoal mixture respectively.

Because of the high temperatures required, the reactions were performed in a
silica glass reaction tube which was connected to a Pyrex collection vessel by a silica-
Pyrex graded seal. Bromine vapour was supplied by bubbling the nitrogen flow stream
through a vessel containing bromine liquid. Interconnections other than glass between
the various sections of apparatus were made of p.v.c. tubing which was renewed for
each experiment. The apparatus was thoroughly flushed with nitrogen before each

experiment to diminish the extent of moisture contamination from the p.v.c. tubing.

6.3.2 Tungsten pentabromide

(see Lincoln and Wilkinson [139])

Tungsten powder (1g. 5.4m~) supported between two silica-wool plugs was pre-
reduced by hydrogen gas at 250-300°C" for approximately 30 minutes to remove any
surface oxide. Then the hydrogen gas was replaced with nitrogen-gas and the col-
lection apparatus was flamed-out with a gas torch to remove any condensed water.
The furnace temperature was raised to 700°C' and then bromine vapour admitted to
the nitrogen stream at the rate of approximately one bubble per second. The initial
light-brown product, which was flamed away, was followed by a black vapour/solid
which descended into the collection vessel. When reaction had ceased the flow stream
was reverted to nitrogen only and the system allowed to cool. The collection vessel
containing approximately 2.7g of WBrs was sealed under nitrogen. Wt/mol = 583.3g,

yield approx. 85%.
Infra-red: 330(s), 240(s)em™

(cf. 260(sh), 230(sh), 205(vs)em™" [ref. 159], 280, 245cm™" [ref. 183])
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6.3.3 Zirconium tetrabromide

(see Young and Fletcher [140])

Zirconium dioxide (0.75g, 6.1mwi) and finely powdered sugar charcoal (1:4) were
intimately mixed and placed between the two silica-wool plugs in the vertical bromi-
nation apparatus. With the nitrogen stream regulated to approximately one bub-
ble every four seconds, the temperature was gradually raised to 700°C' and bromine
vapour was introduced to the nitrogen flow stream. Bromination occurred very slowly
at approximately 750°C producing a white product after the initial yellowish-white
product had been flamed away. The large volume of reaction mixture effectively
blocked the reaction tube and a slow flow rate of nitrogen/bromine vapour was nec-
essary to prevent any pressure build up. Reaction was stopped after five hours when
approximately 1.3g of white ZrBry had been collected and sealed under nitrogen.
Wt/mol = 410.8g, yield approx. 40%.

6.3.4 Hafnium tetrabromide

A 4:1 mixture of powdered sugar charcoal and hafnium dioxide (lg, 4.7mwd) was
brominated by the same method as 6.3.3 except the silica reaction tube was modified
to include a right angle bend. The HfO;/C mixture was spread horizontally between
two silica-wool plugs approximately 10cm apart such that the reaction zone was ap-
proximately half filled. By this means, an adequate flow rate could be maintained
without any pressure build up. The reaction mixture was placed as near to the right
angle bend as possible to facilitate the removal of hafnium tetrabromide from the
horizontal reaction zone by gravity. The reaction was maintained at 830°C for 3

hours during which time approximately 1.5g of cream coloured HiBry was collected.

Wt /mol = 498g, yield approx. 60%.
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Figure 6.2: Apparatus design used to prepare metal bromides from the metal carbonyl.

6.4 The preparation of metal bromides from the metal

carbonyl

Molybdenum hexacarbonyl and tungsten hexacarbonyl react with liquid bromine at
room temperature to form molybdenum tetrabromide and tungsten hexabromide re-
spectively. Both products are highly moisture sensitive hence the reactions were

conducted in a vacuum system (figure 6.2).

6.4.1 General procedure

The metal carbonyl was weighed and evacuated under a dynamic vacuum for two to
three days until dry, then sealed under vacuum into a glass vessel with a break-seal
(B). Bromine was degassed over P;Os by freeze-thaw, then distilled onto fresh P,0s
in a graduated rotaflow vessel (D). The glassware apparatus 6.2 was then constructed,

checked for leaks, lamed out and evacuated overnight.

Using a magnet, the breakseal of vessel B was broken with the metal ball bearings

which were then removed along with vessel C by a gas torch. Tap G was closed so that
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the whole apparatus could be tipped to manipulate the metal carbonyl into vessel
A, after which vessel B was removed by gas torch. With tap G closed and vessel A
cooled with liquid nitrogen, excess bromine was distilled onto the metal carbonyl in
vessel A. After vessel D had been removed the reaction mixture was allowed to warm
to 0°C'. Reaction was allowed to proceed at 0°C for 30 minutes with tap G opened
briefly every few minutes to allow the escape of carbon monoxide gas through trap F,
which was cooled with liquid nitrogen. Reaction vessel A was then allowed to warm
to room temperature and left to react for one hour after which the volatile materials
were distilled into vessel E. Vessel E was removed with the gas torch, vessel F cooled
with liquid nitrogen and then tap G opened and the residue in vessel A pumped under
vacuum for 24 hours to remove any remaining traces of bromine. Vessel A containing

the metal bromide was then sealed under vacuum with a gas torch.

6.4.2 Molybdenum tetrabromide

(see von Hieber and Romberg [141])

Following procedure 6.4.1, dried Mo(CO)s (0.7g, 2.6mnd) reacted quantitatively
with excess bromine under vacuum to produce a dull black powder, MoBry. The
powder exhibited a broad, medium-strong absorption at 290cm™' in the infra-red
region. Two other possible absorptions between 220cm™ and 190cm™" were unre-
solvable. No evidence for molybdenum-oxygen or carbonyl stretching modes could
be detected. Infra-red data for MoBr4 has not been previously published. The com-
pound was not sublimed as MoBry is thermally unstable [142] and was used without

further purification. Wt/mol = 415.5g, yield quantitative.

6.4.3 Tungsten hexabromide

(see Shchukarev and Kokovin [143])

Following procedure 6.4.1, dried W(CO)e (5g, 14mma) reacted quantitatively with

excess bromine under vacuum to produce a grey-green powder, WBre. The powder

1

exhibited a very strong, broad absorption in the infra-red region at 220cim™" assigned
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to the vs stretching vibration of WBrg (cf. 217cm™! [ref.159], 305cm™? [ref.183]). No
evidence for tungsten-oxygen or carbonyl stretching modes could be detected in the
infra-red region. Raman signals observed at 209cm™! and (possibly) 190cm™" were
tentatively assigned to the vy and v, vibrations of WBrg respectively by comparison
with other hexabromometallates (table 1.6). There are no previous reports of Raman
vibrational frequencies for WBrg in the literature. The compound was insoluble in
CH,Cl; even after shaking for several days. The visible/ultra-violet solution spectrum
of the compound in CH3CN changed over 25 hours until the spectrum resembled that
of WBr4.2CH3CN (section 3.5). The compound was used without further purification.
Wt/mol = 663.25g, yield quantitative.
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6.5 The preparation of

bis tetra-n-butylammonium hexabromozirconate(IV)

Freshly sublimed ZrBry (0.7g, 1.7mnd) and [BusN]Br (1.1g, 3.4mmd) were placed in
one limb of a two-limbed glass Rotaflow vessel and CH,Cl, (10ml) was distilled onto
the mixture. The ZrBry solid did not dissolve so the mixture was stirred under
vacuum with a magnetic stirring bar for 5 days after which some of the ZrBry was
still unreacted. The solid was allowed to settle then the clear solution phase was
decanted into the second limb and the solvent evacuated to leave a white solid product.
Since the reaction had not proceeded quantitatively, the product was contaminated
with [BuyN]Br which is very soluble in CH;Cl,. The two-limbed vessel was evacuated
overnight to remove any traces of solvent and then the two limbs were separated under
vacuum. The mildly hygroscopic white product exhibited infra-red and visible/ultra-
violet absorption spectra consistent with the formation of [BuyN];[ZrBrg]. Wt/mol
= 1054.6g.

Observed
[BuyN];[ZrBre]
infra-red vs 219cm™!
Raman sample burned in laser
vis/uv (CH,Cly) | 36.1, 39.9kK

Literature
[Et4N]2[ZrBrg] ‘ ref.
infra-red vy 223cm™! 144
vis/uv (CH3CN) | 34.5(sh), 38.9, 40.0(sh), 44.4kK | 145
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6.6 The preparation of

bis tetra-n-butylammonium hexabromohafnate(IV)

Freshly sublimed HfBry (0.75g, 1.5mmdl) and [BusN]|Br (0.97g, 3mml) were placed
in one limb of a two-limbed glass Rotaflow vessel and CH,Cl; (10ml) was distilled
onto the mixture. The HfBr4 solid did not dissolve so the mixture was stirred un-
der vacuum with a magnetic stirring bar for 3 days after which some of the HfBr4
was still unreacted. The solid was allowed to settle then the clear solution phase
was decanted into the second limb and the solvent evacuated to leave a white solid
product. Since the reaction had not proceeded quantitatively, the product was con-
taminated with [BusN]Br which is very soluble in CH,Cl;. The two-limbed vessel
was evacuated overnight to remove any traces of solvent and then the two limbs were
separated under vacuum. The hygroscopic white product exhibited infra-red, Ra-
man and visible/ultra-violet spectra consistent with the formation of [BuyN];[HfBrs).

Wt/mol = 1141.9g.

Observed
[BuyN];[HfBrg]
infra-red v3 189cm™!
Raman vy 200cm™!
vis/uv (CH,Cly) | 39.1kK

Literature
[Et4N];[HfBrs] ref.
infra-red vs 189cm™t 144
Raman vy 197cm™! 144
vis/uv (CH3CN) | 37.6(sh), 38.9, 42.9kK | 146
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6.7 The preparation of

tetra-n-butylammonium hexabromoniobate(V)

Following the method of Dehnicke et al [105], freshly sublimed NbBrs (0.76g, 1.55mmo)
and [BuyN]Br (0.5g, 1.55mevl) were placed in one limb of a two-limbed glass Rotaflow
vessel and CH,Cl; (10ml) was distilled onto the mixture. The red NbBrs solid did not
dissolve so the solution was stirred under vacuum with a magnetic stirring bar while
the limbs of the Rotaflow vessel were suspended in an oil bath maintained at 40°C.
After 3 days stirring some of the NbBrs was still unreacted. The solid was allowed
to settle then the red solution phase was decanted into the second limb and the
solvent evacuated to leave a red/brown solid. Since the reaction had not proceeded
quantitatively, the product was contaminated with [BuyN|Br which is very soluble
in CH;Cl;. The two-limbed vessel was evacuated overnight to remove any traces of
solvent then the two limbs were separated under vacuum. The moderately hygroscopic
reddish-brown product exhibited infra-red and visible/ultra-violet spectra consistent
with the formation of [BuyN][NbBrg]. A weak absorption in the infra-red spectrum of

the compound at 963cm ™! indicated the product was contaminated with an oxyhalide
compound, most probably [BusN],[NbOBr;] or [BuyN][NbOBry|.

bserved

[BuyN][NbBrs]
infra-red vy 237cm™!/ (Nb-O str. 963cm™)
vis/uv(CH,Cly) | 20.8(sh), 22.7, 26.8, 34.9,46.4kK

Literature

[Et4N][NbBrg| (reference [146]) Cs2[NbOBrs] (reference[107])
infra-red | v5 239cm™! Nb-O str. 977cm™!

vis/uv (CHsCN/Br™): ~ 210(sh),22.6, 26.9, | (solid): 21.7(sh), 25.3, 28.0,
35.3, 43.7kK 33.9kK
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6.8 The preparation of

tetra-n-butylammonium hexabromotantalate(V)

Following the method of Dehnicke et al [105], freshly sublimed TaBrs (2.2g, 3.7mmd\)
and [BuyN|Br (1.2g, 3.7mw}) were placed in one limb of a two-limbed glass Rotaflow
vessel and CH,Cl; (15ml) was distilled onto the mixture. The yellow TaBrs solid did
not dissolve so the mixture was stirred under vacuum with a magnetic stirring bar for 2
days after which time some of the TaBrs was still unreacted. The solid was allowed to
settle then the yellow solution phase was decanted into the second limb and the solvent
evacuated to leave a yellow solid product. Since the reaction had not proceeded
quantitatively, the product was contaminated with [BusN]Br which is very soluble
in CH,Cl;. (Repetition of the experiment with the reaction solution gently refluxed
at 70°C did not increase the reaction yield by an appreciable amount.) The two-
limbed vessel was evacuated overnight to remove any traces of solvent and then the
two limbs were separated under vacuum. The moderately hygroscopic yellow product
exhibited infra-red and visible/ultra-violet spectra consistent with the formation of

[BuyN][TaBrg).
Observed

[BuyN][TaBrg]

1

infra-red vy 211cm”™

vis/uv(CH,Cly) | 22.0(sh), 26.0, 32.0, 33.3, 41.5kK

Literature
[Et4N][TaBrg] ref.
infra-red vy 213cm™! 147
vis/uv (CH3CN/Br™) | 22.2, 26.1, 29.8(sh), 31.9, 33.6, 36.9kK | 146
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6.9 The preparation of

bis tetra-n-butylammonium hexabromomolybdate

(see Dehnicke et al [58])

MoBry (0.5g, 1.2mwd) and [BuyN|Br (0.77g, 2.4mwd) were placed in one limb of a
two-limbed glass Rotaflow vessel and CH,Cl, (10ml) was distilled onto the mixture.
The black MoBry solid did not dissolve so the mixture was stirred under vacuum
with a magnetic stirring bar for 3 days after which some of the MoBr, was still un-
reacted. The solid was allowed to settle then the black solution phase was decanted
into the second limb and the solvent evacuated to leave a purple-black solid product.
Since the reaction had not proceeded quantitatively, the product was contaminated
with [BusN]Br which is very soluble in CH,Cl,. (The reaction was repeated with
the reaction mixture gently refluxed at 70°C’ without any appreciable increase in the
reaction yield.) The two-limbed vessel was evacuated overnight to remove any traces
of solvent then the two limbs were separated under vacuum. The very hygroscopic
purple-black solid product exhibited an infra-red spectrum consistent with the forma-
tion of [BugN]2[MoBrg|. The cyclic voltammetric study of the product (section 3.4)

revealed the compound was contaminated with [BusN][MoOBr,).

Observed
[BU4N]2U\/IOBI'6]
infra-red v3 227cm™!
vis/uv (CH,Cly) | 17.6, 21.3, 26.2, 28.2, 20.8, 36.4(sh)kK

The infra-red and visible/ultra-violet absorption spectra of the sample of
[BugN],[MoBrg] did not reveal any absorptions characteristic of [BuyN}[MoOBry].
Literature —

infra-red [PPh3;Me];[MoBrg].2CH,Brs v3 230cm [ref.58]
vis/uv (solid) | Cs;MoBrg 16.1, 19.6, 24.1, 28.0, 41.7kK  [ref.148]
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6.10 The preparation of

tetra-n-butylammonium oxytetrabromomolybdate(V)

[BusN][MoBry] was prepared by a variation of the method described by Allen and
Neumann [149]. [BuyN]Br (4.47g, 13.8mwd) dissolved in conc. HBr acid was added
dropwise to a hot solution of MoOs (lg, 6.9mwd) in conc. HBr (40ml). The re-
sulting solution was evaporated slowly on a hotplate until a yellow precipitate had
formed. The cooled solution was suction filtered and a yellow powder with brown
speckles recovered. The compound exhibited visible/ultra-violet absorption spectra
in conc. HBr and CH,Cl, solutions consistent with the formation of [BuyN];[MoOBr;]
and [BuyN][MoOBr,] respectively. The compound was taken up in hot conc. HBr,
hot filtered and recrystallised from conc. HBr under nitrogen. Ochre platelets of

[BuyN][MoOBr4] which were moderately stable in air were obtained in approximately

50% yield.
Qbserved

[BugN][MoOBry]
infra-red 1002(s), 978(s), 288(s), 251(vs)cm™*
vis/uv (CH,Cly) | 20.4, 23.7, 26.1kK

Literature
infra-red unreported

vis/uv (CHsNO,) | [PhyAs][MoOBr,] 13.8, 20.6, 23.8, 25.6kK ref.[63]

Analysis

[BuyN][MoOBr4]
found C(28.31), N(1.96), H(5.50), Br(47.45)
calculated | C(28.31), N(2.01), H(5.35), Br(47.45)




CHAPTER 6. EXPERIMENTAL PROCEDURE 189

6.11 The preparation of

tetra-n-butylammonium hexabromotungstate(V)

[BuyN][WBrg] was prepared by a modification of the method described by Walton
and Brisdon [150]. WBrs (0.7g, 1.2m»d) and [BuyN]Br (0.39, 1.2mwd) were placed
in one limb of a two-limbed glass Rotaflow vessel and CH,Cl, (10ml) was distilled
onto the mixture. The WBry solid did not dissolve completely so the mixture was
stirred under vacuum with a magnetic stirring bar for 24 hours after which some of
the WBrs was still unreacted. The solid was allowed to settle then the red solution
phase was decanted into the second limb and the solvent evacuated to leave a red-
brown solid product. Since the reaction had not proceeded quantitatively, the product
was contaminated with [BuyN]Br which is very soluble in CH,Cl;. The two-limbed
vessel was evacuated overnight to remove any traces of solvent then the two limbs were
separated under vacuum. The hygroscopic red-brown product exhibited infra-red and

visible/ultra-violet absorption spectra consistent with the formation of [BuyN][WBrs].

Observed/ infra-red: [BuyN][WBrg] v3 212cm™!

Literature/infra-red: [PPhy][WBre] v3 210cm™" [ref.159]

The visible/ultra-violet absorption spectra are listed in table 3.5.1.
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6.12 The preparation of

bis tetra-n-butylammonium hexabromotungstate(IV)

Two methods of preparation were attempted:-

6.12.1 The attempted metathesis of Cs,WBr; and [BuyN]Br

Cs;WBre was prepared by the method described by Peacock et al [157]. WBrg (0.5g,
0.75med) and Csl (0.39g, 1.5mwd) were intimately mixed and heated under vacuum
in a sealed Carius tube for 4 days at 130°C. The iodine which formed during the
reaction was removed by slowly raising the temperature to 290°C' whilst evacuating
the solid under a dynamic vacuum. The green product was identified by infra-red

spectroscopy as Cs, WBrg.

Observed/ infra-red: Cs;[WBrg| v3 210cm™*

Literature/infra-red: Csz[WBre] v3 214cm™! [ref.157]

Csy[WBrg] ( 0.25g, 0.27ms) and [BuyN]Br (0.17g, 0.54mmol) were placed in one
limb of a two-limbed glass Rotaflow vessel and CH;Cl; (10ml) was distilled onto the
mixture. The mixture was stirred under vacuum with a magnetic stirring bar for
3 days but the Cso[WBrg] did not dissolve into solution and there was no reaction.

CH;CN (10ml) was substituted for CH,Cl; because of the stronger solvating ability

of CH5CN but no reaction occurred.

6.12.2 Reduction of WBrg with [BuyN]I in CH;Cl,

WBrg (0.46g, 0.7meel) and [BuyN]I (0.52g, 1.4mmd) were placed in one limb of a
two-limbed glass Rotaflow vessel and CH,Cl, (10ml) was distilled onto the mixture.

The solution was shaken under vacuum for 4 days, the red solution phase decanted
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into the second limb and the solvent evacuated to leave a red-brown solid. The
visible/ultra-violet absorption spectrum taken in CH,Cl, was dominated by the spec-
trum of [BuyN]I + trace I, which is characterized by very intense, narrow absorptions
at 27.4 and 34.0kK and which masked any other absorptions which were present.
([BugN]I alone does not exhibit any absorptions in CH,;Cl, down to a cut-off at
240nm while I, alone in CH,Cl, exhibits broad, weak absorptions at 20.0, 27.0 and
35.5kK).

To remove the iodine, the solid was transferred to a clean Rotaflow vessel, CH,Cl,
(5ml) was distilled onto the solid, the solution shaken, then the solvent evacuated.
The washing procedure was repeated eight times. Finally the solid was heated at
60°C' for 24 hours under a dynamic vacuum to remove the last traces of I. The
moderately hygroscopic reddish-brown product exhibited infra-red and visible/ultra-
violet spectra consistent with the formation of [BugN];[WBre] which was obtained in

almost quantitative yield.

Observed/ infra-red: [BusN],[WBrs] v3 ~ 200cm™

Literature/infra-red: Cs;[WBrg| v3 214cm™" [ref.157]

The visible/ultra-violet absorption spectra are listed in table 3.5.1.
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6.13 The preparation of

bis tetra-n-butylammonium hexabromorhenate(IV)

[BugN]2[ReBrg] was prepared from K;[ReBrg]. Potassium perrhenate (KReOy4) was
prepared by titrating a solution of Re,O7 in distilled water with 3M KOH solution
until the solution registered pH8. The white precipitate of KReO4 was filtered and

washed with a small volume of cold water.

6.13.1 The preparation of K;ReBrg

Following the method of Watt and Thompson [59], a 250ml beaker was charged
with KReO4 (1.82g, 6.3mwa)), KBr (0.75g, 6.3mis), conc.(48%) HBr (120ml) and
50% hypophosphorus acid (2ml). The solution was heated at 110 + 5°C until the
solution volume had been reduced to approximately 5ml. The mixture was chilled
with ice then suction filtered to collect the dark-red crystals. The compound was
recrystallized from 4M HBr and identified as K;ReBrg by infra-red spectroscopy and

microanalysis.

Observed/ infra-red: K;ReBrg v3 224cm™!

Literature/infra-red: K,ReBrg v3 217cm™" [ref.153]

Analysis/ found: Br(64.28) calculated: Br(64.45)

6.13.2 The preparation of [Bu,N];[ReBr;]

K;ReBrg (0.51g, 0.68mmd) dissolved in the minimum volume of 2M HBr solution was
stirred in a beaker with acidified Dowex 50 W-X8 cation exchange resin (ca.3g) then
rapidly filtered. [BugN]Br (0.44g, 1.3mmd) dissolved in the minimum volume of 1M

HBr solution was added to the filtrate and a yellow compound precipitated. The
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precipitate was suction filtered and washed with small volumes of ice cold water and
diethyl ether. The air-stable yellow compound, [BuyN];[ReBrg], was obtained in a
55% yield (based on K;ReBrg).

Observed

[Bu4.\1]2 ‘[RBBI‘S]
infra-red vs 209cm ™!

vis/uv (CH,Cly) | 13.2, 13.3, 15.0, 15.2kK

Literature

infra-red [(C7H;5)4N]2[ReBrg) Vs 208cm-! [ref155}
vis/uv (24% HBr) | K;ReBrg 13.2,13.3, 14.9,15.2, 16.7kK  [ref.165]

Analysis
[BugN]2[ReBrs]
found C(33.48), H(6.01), N(2.34), Br(41.75)
calculated | C(33.40), H(6.26), N(2.43), Br(41.70) |
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6.14 The preparation of

bis tetra-n-butylammonium hexabromoruthenate(IV)

[BuyN]2[RuBrg] was prepared from K;RuBre.

6.14.1 The preparation of K;RuBrq

Following the method of Fergusson and Greenaway [163], bromine vapour was bubbled
through a solution of K3RuClg (0.5g, 1.16mmel) dissolved in the minimum volume of
conc. HBr acid (48%). A black precipitate was filtered and washed with small volumes
of cold water and cold diethyl ether. Infra-red analysis indicated the compound was
a mixture of chloro- and bromoruthenates. The black precipitaté was then dissolved
in 48% conc. HBr (50ml) and the solution slowly evaporated to a volume of 15ml.
The cooled solution was filtered and bromine vapour bubbled through the filtrate
precipitating small black crystals of K;RuBrg. Although the bromide microanalytical
result indicated some HBr or possibly KBr had co-precipitated the compound was

used without further purification.

Observed/ infra-red: K;RuBrg v3 250cm™

Literature/infra-red: K,RuBrg v3 263cm™" [ref.158]

Analysis

KzRUBI‘e.HBI‘
found: Br(76.98) | calculated: Br(75.63)

6.14.2 The preparation of [BuyN];[RuBr¢]

K,RuBrg (0.58g, 0.88mwdl) dissolved in the minimum volume of 2M HBr solution was

stirred in a beaker along with acidified Dowex 50 W-X8 cation exchange resin (ca.3g)
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then rapidly filtered. [BuyN]Br (0.57g, 1.76m ) dissolved in the minimum volume of
2M HBr solution was added to the filtrate and a blue compound precipitated. The
precipitate was suction filtered and washed with small volumes of ice-cold water and
diethyl ether. The air-stable blue product, [BusN];[RuBrg], was obtained in a 55%
yield (based on K;RuBrs.HBr).

Observed

[BuyN];[RuBrg]
infra-red vy 235cm™!

vis/uv (CH,Cly) | 13.4(sh), 14.1(sh), 14.7, 16.2, 18.1, 19.0, 19.8, 23.4(sh)kK

Literature
infra-red | Cs;RuBrg v3 240cm™! [ref.163]
vis/uv unreported
Analysis
[BusyN]2[RuBrg]
found C(36.16), H(6.86), N(2.56), Br(46.86)
calculated | C(36.07), H(6.76), N(2.63), Br(45.04)
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6.15 The preparation of

bis tetra-n-butylammonium hexabromoosmate(IV)

[BugN]2[OsBre] was prepared from K,OsBrg by a modification of the method of Gut-
bier [95].

6.15.1 The preparation of K,OsBrg

A solution of K;0sClg (0.7g, 1.45mnd) in 48% HBr solution (50ml) was slowly reduced
to a small volume on a hotplate. After cooling, the solution was filtered to collect a
black crystalline precipitate which was washed with ice-cold absolute ethanol (5ml)
and suction dried. Although the bromide microanalysis indicated some HBr or pos-

sibly KBr had co-precipitated the compound was used without further purification.

Observed/ infra-red: K;OsBrg v3 226cm™!

Literature/infra-red: K,OsBrg v3 224cm™! [ref.164]

Analysis

KzOSBI‘s
found: Br(69.04) | calculated: Br(64.11)

6.15.2 The preparation of [BusN];[OsBrg]

K,0sBrg (0.55g, 0.73mmd) dissolved in the minimum volume of 2M HBr solution
was stirred in a beaker along with acidified Dowex 50 W-X8 cation exchange resin
(ca. 3g) and the mixture filtered rapidly. [BuyN]|Br (0.48g, 1.5mad) dissolved in the
minimum volume of 2M HBr solution was added and a brown compound precipitated.
The brown precipitate was filtered and washed with 5ml portions of ice-cold water

and diethyl ether. Brown [BusN]2[OsBre] was obtained in ca. 80% yield (based on
KQOSC’[(,‘).
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bserved

[BLL;N]Q[OSBIB]

infra-red vy 214cm™1

vis/uv(CH,Cly) | 19.0(sh), 19.7(sh), 20.02, 22.1, 23.9, 24.7(sh)kK

Literature

infra-red [(C7H16)aN]2[OsBre] v3 211cm™ [ref.155]
vis/uv [BuyN];[OsBrg] 18.9(sh), 19.5(sh),
CICH,CH,Cl | 20.1, 22.0, 23.6, 24.5(sh) [ref.166]

Analysis

[BuyN]2[OsBrg]
found C(33.17), H(5.99), N(2.23), Br(42.34)
calculated | C(33.28), H(6.24), N(2.43), Br(41.56)

6.16 The preparation of

bis tetra-n-butylammonium hexabromoiridate(IV)

[BugN];[IrBrg] was prepared from K;IrBrg by a modification of the method of Fer-
gusson and Rankin [91].

6.16.1 The preparation of K,IrBrg

A solution of K,IrClg (0.39g, 0.8med) in 48% HBr (60ml) was evaporated nearly to
dryness. The procedure was repeated and then on a third evaporation the volume
was only reduced to approximately 10ml. The solution was cooled by an ice-bath
and bromine vapour poured over the solution. The black-blue precipitate which
immediately formed was suction filtered and washed with ice-cold ethanol (5ml).
Although a bromide microanalysis indicated that excess bromide in the form of HBr

or possibly KBr had co-precipitated, the product K,IrBrg was used without further

purification.

1

Observed /infra-red: K;IrBrg v 231lcm™
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Literature/infra-red: K;IrBre 13 235cm™! [ref.152]

Analysis

K,IrBrg
found: Br(68.50) | calculated: Br(63.94)

6.16.2 The preparation of [BusN];[IrBr]

K:IrBrg (0.38g,0.5mmi) dissolved in the minimum volume of distilled water was stirred
in a beaker along with acidified Dowex 50 W-X8 cation exchange resin (ca. 3g) and
the mixture filtered rapidly. {[BusN]Br (0.33g, 1mwel) dissolved in the minimum volume
of distilled water was added and a blue compound precipitated. The precipitate was
washed with 5ml portions of ice-cold water and diethyl ether. Blue [BuyN];[IrBrg]
was obtained in approximately 50% yield (based on K;IrClg).

QObserved
[BU4N]2[II‘BI'6]
infra-red vy 221cm™t
vis/uv (CH,Cly) | 13.3, 13.8, 14.4, 16.7, 18.1, 18.7kK

Literature
[BuyN][IrBrg] ref.
infra-red v3 221cm™1 90,162
vis/uv (CH3NO,) | 13.3, 14.0, 14.6, 16.7, 18.1, 18.8kK | 166

Analysis
[BuyN];[IrBrg]
found C(33.06), H(6.21), N(2.21), Br(41.32)
calculated | C(33.23), H(6.23), N(2.42), Br(41.48)
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6.17 The preparation of

bis tetra-n-butylammonium hexabromoplatinate(IV)

[BusN];[PtBrg] (see ref.92) was prepared from K,PtBrs.

6.17.1 The preparation of K,;PtBrg

Following the method of Gutbier and Bauriedel [167], a solution of K;PtClg (0.5g,
Imwl) dissolved in 48% HBr (50ml) was slowly evaporated to a small volume on a
hotplate. The procedure was repeated and then on a third evaporation the volume
was reduced to approximately 10ml. The solution was cooled by an ice-bath and
bromine vapour poured over the solution. Red-black crystals of K,PtBrs precipi-

tated immediately and were suction-filtered and washed with 5ml portions of ice-cold

ethanol and diethyl ether. (yicld 85%).
Observed

K2PtBr6

infra-red | v3 243cm™!

Raman | v 217cm™!, v, 194cm™!

Literature
K,PtBrg ref.
infra-red | v3 243cm™! 151
Raman | v 217cm™!, v 195cm™! | 151

Analysis

K,PtBrg
found: Br(63.80) | calculated: Br(63.66)

6.17.2 The preparation of [BuyN];[PtBre]

A solution of [BusN|Br (0.43g, 1.3mm4) dissolved in the minimum volume of 483% HBr
was added to a saturated solution of K;PtBre (0.5g, 0.7med) in 48% HBr. A yellow
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solid precipitated and was suction filtered and washed with 5ml portions of ice-cold
water and diethyl ether. When the yellow precipitate was dried on the vacuum line,
the compound changed from a yellow powder to a sticky brown solid. Therefore the
compound was re-dissolved in excess 48% HBr solution and slowly evaporated to a
small volume. When the solution cooled, dark red crystals of [BuyN]2[PtBrg] formed.
The crystals were suction filtered and washed with ice-cold ether. (Yield ca.40%
based on K,PtClg).

Observed
[BU4N]2[PtBI'6]
infra-red vs 230cm™!
vis/uv(CHCl,) | 18.0(sh), 26.3, 31.0, 32.0(sh)kK

Literature :
infra-red | [(C7H;6)4N]2[PtBr] v 230cm™! [ref.155]
vis/uv [BuyN],[PtBre] 18.9(sh), 22.6(sh), 26.3,  [ref.92]
(CH,Cl,) 30.8, 32.2kK

Analysis

[Bu4N]2[PtBr6]
found C(32.23), H(6.38), N(2.11), Br(40.60)
calculated | C(33.15), H(6.22), N(2.41), Br(41.38)
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6.18 The attempted preparation of
tris tetra-n-butylammonium hexabromorhodate(III)
- unintentional preparation of

tris tetra-n-butylammonium nonabromodirhodate(III)

Following the method of Robb and Bekker [102], the precursor KzRhBrg was prepared
from RhCl3 as follows:-

RhCl3.3H,0 (1g, 3.8mml) was dissolved in distilled water and the pH altered to
pH9 by addition of 1M KOH solution which resulted in a white precipitate. The
solution and white precipitate were heated at ca. 80°C' for 90 minutes to digest the
solid then filtered (Whatman No.1 filter paper). The precipitate of Rh(OH)3.3H,0

was washed copiously with distilled water.

A solution of Rh(OH);.3H,0 (0.8g, 3.8mm¥) and KBr (1.24g, 11.5medl) in 48%
HBr (15ml) was heated at 50°C' for 10 minutes. After cooling, a small amount of
black precipitate was filtered off then absolute ethanol (1L) added to the solution.
The solution wa left overnight during which time a fine light brown solid precipitated.
The solid was filtered (Whatman No.1), dried in an oven then recrystallized from 4M
HBr by addition of ethanol. The reddish-brown compound K3RhBrg was obtained in
25% yield (based on RhCl3.3H,0).

K3RhBrg (0.45g, 0.64mmna) dissolved in the minimum volume of 2M HBr was stirred
in a beaker along with acidified Dowex 50 W-X8 cation exchange resin (ca. 3g) and the
mixture filtered rapidly. When [BuyN|Br (0.62g, 1.93mwd) dissolved in the minimum
volume of 2M HBr was added to the solution, the expected product [BuyN];[RhBrg]
did not precipitate. The mixture was gently evaporated to a small volume on a hot
plate and a black solid obtained by filtering. The solid was washed with ice-cold ether
(10ml) and suction dried to obtain a green powder which analysed as [BuyN]3[Rh,Bry).
The experiment was repeated several times and on those occasions precipitates did
form in the first instance when [BuyN|Br was added to the solution of ‘[H30]3[RhBrg) .

However, the solids which were isolated were either green [BusN]3[RhsBro] or a sticky

black solid, identity unknown.
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Observed

K3RhBrg
infra-red v3 249cm™!
vis/uv(4M HBr) | 18.0, 22.5kK

Literature

infra-red CssRhBrg 13 253cm™  [ref.96]
vis/uv(4M HBr) | K3RhBre 18.1, 22.2kK  [ref.168]

Analysis

K35RhBrsg
found: Br(67.99) | calculated: Br(68.52)

QObserved

[BU4N]3[Rh2BI‘9]
infra-red v 255, 250(sh)em™!
vis/uv(CHCl,) | 17.4, 21.4(sh)kK

Literature -
infra-red [BuygN]2[H30][RhyBro] v 250, 245cm™"  [ref.103]
vis/uv(4M HBr) | KsRh;Brg 17.8kK [ref.102]
Analysis
[BU4N]3[R}12BI91
found C(34.21), H(6.90), N(2.68), Br(43.42)
calculated | C(34.89), H(6.54), N(2.54), Br(43.56)
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6.19 The attempted preparation of
tris tetra-n-butylammonium hexabromomolybdate(III)
-unintentional preparation of

tris tetra-n-butylammonium nonabromodimolybdate(III)

A solution of tervalent molybdenum in 48% HBr solution was prepared by the methods
of Wardlaw [56] and Lohmann [169]. This required the steady electrolytic reduction
of a solution of MoOj3 (3.5g, 24mmi) in 48% HBr (50ml) for ca. 3 hours under a stream
of nitrogen gas. To 5ml of the reduced solution was added [Bu,N]Br (2.32g, 7.2mml)
dissolved in the minimum volume of 48% HBr. When the volume of solution was
reduced by 75% a red-brown solid precipitated which was slightly moisture sensitive
and analysed as [BuyN]3[Mo,Brg]. In order to suppress dimerisation, the experiment
was repeated with a three-fold excess of [BuyN]Br. Instead of reducing the solution
volume to precipitate the complex the solution was extracted with deoxygenated
CH;Cl; and dark red crystals precipitated by addition of deoxygenated diethyl ether
to the organic phase. The infra-red spectrum of the crystals was identical to that of

the dimolybdenum complex obtained previously.

Observed
[BU4N]3[M02BI‘9]
infra-red v 249(vs), 219(s)cm™!
vis/uv(48% HBr) | 17.9, 19.6(sh), 22.2(sh), 23.8kK

Literature
[Et4N]3[Mo;Brg] ref.
infra-red v 247(vs), 227(s)cm™? 170
vis/uv(powder reflectance) | 18.2, 20.0(sh), 22.5(sh), 23.5kK | 171

Analysis
[BusN]3[Mo;Bro]
found C(34.17), H(6.45), N(2.53), Br(44.12)
' calculated | C(35.19), H(6.60), N(2.57), Br(43.93)
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6.20 The attempted preparation of
bis tetra-n-butylammonium hexabromopalladate(IV)
- unintentional preparation

of bis tetra-n-butylammonium hexabromodipalladate(II)

K,PdBre was prepared by the method of Gutbier and Krell [101]:-

PdCl, (0.7g, 4mmd) was added to 48% HBr (50ml) in a 100ml beaker and the
mixture heated to encourage bromination of the palladium. A saturated aqueous so-
lution of KBr (1.0g, 8.4mwd) was added and the solution cooled in an ice-bath. When
bromine vapour was poured over the solution, black crystals of K;PdBrg precipitated

from the solution.

Observed/infra-red: K;PdBrg v3 266cm™!

Literature/infra-red: K,PdBrg v3 253cm™! [ref.154]

The same method was unsuccessful when repeated with [BuyN]Br substituted in
place of KBr because [BusN]Br was found to precipitate from HBr (probably) as

polybromides in the presence of bromine vapour.

K,PdBrg (0.66g, 1mmd) dissolved in the minimum volume of 2M HBr was stirred
in a beaker along with Dowex 50 W-X8 cation exchange resin (ca. 3g) and rapidly
filtered. A saturated solution of [Bu,N]Br (0.64g, 2mndl) in 2M HBr solution was
added to the filtrate and a sticky brown solid precipitated. The brown solid was
washed with 5ml portions of ice-cold ethanol and diethyl ether. The brown product

analysed as [BuyN];[Pd,Brg].

If K,PdBrg and [BuyN|Br are stirred together in CH;Cl, then [BuyN]2[Pd;Brg]
is obtained in low yield. Similarly, [BuyN]z[Pd,Brs] is the only product from the
metathesis of K,PdBrg and [BuyN]Brin (CH;CN. But, the metathesis of K,PdBrg with

[Et4N]Br in ('H;CN produced a red-brown compound which exhibited an infra-red
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spectrum consistent with the formation of a mixture of [EtyN],[PdBry] (v 255cm™")
and [Et4N];[PdBre] (v 227cm™1).

Observed /infra-red: [BuyN],[Pd,Brs] v 256(s), 191(s)cm™"

Literature/infra-red: [Et4N];[Pd,Brg] v 266(vs), 262(vs), 192(m)cm™" [ref.173]

Analysis
[BuygN]3[Pd;Brg]
found C(32.52), H(2.06), N(6.25), Br(42.94)
calculated | C(32.65), H(2.38), N(6.12), Br(40.76)
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6.21 The attempted preparation of

bis(tetra-n-butylammonium)hexabromotantalate(IV)

The synthesis of this compound was desired as part of an investigation into the
correlation between charge transfer energies and E; /2 values, as well as offering a
useful cross-reference for the [TaBrg)?/*! redox couples already determined. Two

methods of preparation were attempted:

6.21.1

[BuyN][TaBrg] and [BuyN]I in the mole ratio 1:1 were gently refluxed in CH,Cl; under
vacuum for 3 days. When the solvent was evacuated, the unreacted starting materials

were recovered.

6.21.2

TaBr, was prepared by reduction of TaBrs with aluminium powder in a Carius tube
at 250°C for 3 days according to the method of McCarley and Boatman [97]. When
TaBr, and [BuyN]Br (mole ratio 1:2) were gently refluxed in CH;Cl; under vacuum
for 3 days no reaction occurred. NB: Reaction 6.21.2 could have been attempted
in CH5CN solution as the reaction is known to proceed when NbBry.2CH3CN and
[Et4N]Br are used (Walton et al [108]). However, Walton et al found the reaction of
TaBry with CH3CN formed an unidentifiable product.
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6.22 The preparation of supporting electrolytes

The necessary requirements of a supporting electrolyte were considered in chapter 2.

Two similar supporting electrolytes were used in this thesis, tetra-n-butylammo-
niumhexafluorophosphate ([BuyN|PF¢) and tetra-n-butylammoniumtetrafluoroborate
([BusN]BF,). Both compounds were prepared and purified in the same manner, there-
fore the preparation of [BuyN]PFg will only be discussed (in the case of [BusN]|BF,
substitute H{BF,] for KPFg):

KPFg (15g, 0.081w3) was dissolved in excess distilled water and the solution fil-
tered (Whatman No.1 filter paper). A slight excess of [BuyNJOH was added slowly
to the filtrate while stirring the solution with a glass rod until precipitation of white
[BuyN|PFg was complete. The white compound was filtered with a sintered glass fun-
nel and washed with lukewarm (ca. 40°C') distilled water. The solid was transferred
to a 500ml beaker, thoroughly stirred with luke warm distilled water (ca. 250ml)
then filtered with a sintered glass funnel. The washing procedure was repeated until
the washings registered pH7 (approximately 6 times). After washing, the compound
was transferred to a 250ml round bottomed flask and evacuated under a dynamic
vacuum for 2-3 hours. After drying, the solid was dissolved in CH,Cl; and filtered
(Whatman No.1) then the solvent evacuated by a dynamic vacuum. This process was
repeated until the filtered solvent was crystal clear (approximately 4 times). Finally,
the white powder of [BuyN|PFs was transferred to a large Rotaflow vessel and dried

on the vacuum line for several days with occasional shaking before transferral to the

glove box for storage.

6.23 Purification of solvents

6.23.1 Methylene chloride

Analar CH,Cl, (200ml) was refluxed over P2Os (5g) for 15 minutes then rapidly

distilled directly into a Quickfit flask to minimise contact with the open air. “topping
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and tailing’ by 20% (discarding the first and last 20% of distillate). The distillation
was repeated with the distillate collected directly into a large Rotaflow vessel. The
Rotaflow vessel was transferred to the vacuum line and the solvent degassed three
times by the freeze-thaw method: (This requires the solvent to be frozen very slowly
starting from the bottom of the vessel and gradually moving to the top. As gas
bubbles effervesce, the stopcock is opened briefly to allow the escape of the gas. The
slowly rising solidified solvent effectually ‘pushes’ the dissolved gas out of solution.)
When the solvent was thoroughly degassed, the solvent was distilled over into a 100ml
graduated Rotaflow vessel (on the vacuum line) containing 4 Amolecular sieves. (The
molecular sieves were previously dried by heating at 180°C overnight while evacuating
on the vacuum line.) The dried and degassed solvent was protected from light by

surrounding the Rotaflow vessel with aluminium foil.

6.23.2 Acetonitrile

CH;CN was purified by the method of J.M. Winfield [172] which required several
stepwise distillations performed in a Pyrex still equipped with a 0.75m vacuum jacket

separating column and protected from moisture.

1. HPLC grade acetonitrile (350ml) was refluxed over anhydrous AlCl; (ca. 6g)
for 1 hour then rapidly distilled, ‘topping and tailing’ the solvent by 3%.

2. KMnOjy (2g) and Li;CO; (2g) were refluxed with the solvent for ca. 15 minutes
then the solvent rapidly distilled, ‘topping and tailing’ the solvent by 3%.

3. The solvent was refluxed over KHSO4 (5g) for ca. 1 hour then rapidly distilled,
‘topping and tailing’ the solvent by 3%.

4. The solvent was refluxed over CaH, (6g) for ca. 1 hour then rapidly distilled,
‘topping and tailing’ the solvent by 3%.

5. The solvent was refluxed over P,Os (4g) for 30 minutes then rapidly distilled,
‘topping and tailing’ the solvent by 3%.
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6. Step 5) was repeated then the solvent transferred to a large Rotaflow vessel

in a dry box and degassed and distilled onto activated molecular sieves as for

CH,Cl,.



Appendix A

Calculation of the interelectronic correlation terms (k+r), K and R.

All the values were calculated from the data in tables 5.2, 5.3 and 5.4 and wherever

possible gradients were calculated by a least-squares best fitting line analysis.

A.1 Second row [MF¢]!~/2~ ; M = Nb, Mo, Tc*, Ru

x=k+1r=+1.21
z=3R-2k+r)=-0.02 |
R = [0.02 + 2(+1.21)]/3 = +0.80

K unobtainable

A.2 Third row [MF¢]'/?~ ; M = Ta, W, Re, Os, Ir

x=k+r=+1.18

y=k+ K+ r=+40.60 therefore K = -0.58
z=3R-2(k +r)=+0.45

R = [+0.45 + 2(+1.18)]/3 = +0.93

210
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A.3 Second row [MCk]'"/>~ ; M = Nb, Mo, Tc*, Ru, Rh,
Pd

x=k+r=+4096

y=k+K+r1r=+0.65 therefore K = -0.31
z=3R-2(k +r)=-0.39

R = [-0.39 + 2(40.96)]/3 = +0.51

A.4 Third row [MCk]'-/>~ ; M = Ta, W, Re, Os, Ir, Pt

x=k+r=4094

y=k+ K+ r=+0.51 therefore K = -0.43
z=3R-2(k + 1) =-0.05

R = [-0.05 + 2(40.94)]/3 = +0.61

A.5 Second row [MBrg]'"/>~ ; M = Nb, Mo, Tc*, Ru

x=k+r1r=4085
z=3R-2(k + r) = -0.48
R = [-0.48 + 2(40.85)]/3 = +0.41

K unobtainable

A.6 Third row [MBr¢]' />~ ; M = Ta, W, Re, Os, Ir, Pt

k4= 4074
k+K+r=4+0.63 therefore K = -0.11

i

Il

X
v
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z=3R-2(k +r) =-0.07
R = [-0.07 + 2(+0.74)]/3 = +0.47

A.7 Second row [MCK]*/*~ ; M = Zr, Nb, Mo, Tc*, Ru,
Rh

x =k 4+r = +1.12

=k+K+r=40.76 therefore K = -0.36
z=3R -2k +r)=-052
R = [-0.52 + 2(+1.12)]/3 = 4+0.57

A.8 Third row [MCK]> /3~ ; M = Hf*, Ta, W, Re, Os, Ir

x=k +r=+40.98

y=k+ K+ r=40.55 therefore K = -0.43
z=3R-2(k+r) =+40.03

R = [4+0.03 + 2(+0.98)]/3 = +0.66

A.9 Second row [MBrg]> /3~ ; M = Nb, Mo, Tc*, Ru

x=k+r=+4095

y=k+ K+ r=40.53 therefore K = -0.42
z=3R-2(k +r) =-0.46

R = [-0.46 + 2(+0.95)]/3 = +0.48
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A.10 Third row [MBr¢]>/3~ ; M = Ta, W, Re, Os, Ir

x=k+r=+4060

y=k+K+r=-052 therefore K = -0.08

z2=3R-2(k + 1) = -0.14

R [-0.14 + 2(40.60)]/3 = +0.35 " (* estimated value)
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Chemicals

Chemical Supplier

diethylether May and Baker Ltd.
acetonitrile Rathburn Chemicals Ltd.

dichloromethane (Pron.AR)

May and Baker Ltd.

abs. ethanol

James Burrough PLC.

hydrobromic acid (48%)

BDH chemicals Ltd.

fluoroboric acid

Aldrich Chemical Company Ltd.

phosphorus pentoxide

Koch-light laboratories Ltd.

Dowex 50 W-X8 cation

exchange resin

BDH chemicals Ltd.

tungsten wire

Jenkins

platinum wire

Johnson Matthey Metals Ltd.

tungsten powder

Ventron Alpha products

bromine

May and Baker Ltd.

tetra-n-butylammoniumhydroxide

Aldrich Chemical Company Ltd.

tungsten hexacarbonyl

Fluka AG

214
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cont.

Chemical

Supplier

potassiumhexafluorophosphate

Aldrich Chemical Company Ltd.

molybdenum trioxide

Hopkins and Williams Ltd.

rhenium oxide

Ventron G.m.B.H. Karslruhe, WG

zirconium(IV) oxide

Aldrich Chemical Company Ltd.

Hafnium(IV) oxide

Aldrich Chemical Company Ltd.

tetra-n-butylammoniumbromide

(HPLC. grade)

Fisons PLC.

tetra-n-butylammoniumiodide

(HPLC. grade)

Fisons PLC.

tetraethylammoniumbromide

Koch-light laboratories Ltd.

molybdenum hexacarbonyl

BDH chemicals Ltd.

niobium pentabromide

Ventron Alpha products

tantalum pentabromide

Ventron Alpha products

palladium(II) chloride

Johnson Matthey chemicals Ltd.

trispotassiumhexachloro-

Johnson Matthey chemicals Ltd.

ruthenate(I1T)
bispotassiumhexachloro- Johnson Matthey chemicals Ltd.
osmate(IV)
bispotassiumhexachloro- Aldrich Chemical Company Ltd.
iridate(IV)
bispotassiumhexachloro- Johnson Matthey chemicals Ltd.
platinate(IV)
| rthodiumtrichloride Johnson Matthey chemicals Ltd.
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