HETEROGENEOUS CATALYSIS OF SOME REDOX REACTIONS
BY PLATINUM

A thesis presented for the degree of
Doctor of Philosophy in the Faculty

of Science of the University of London
by

Syed Zulfigar Hussain

Eedford College, London September, 1979



ProQuest Number: 10098366

All rights reserved

INFORMATION TO ALL USERS
The quality of this reproduction is dependent upon the quality of the copy submitted.

In the unlikely event that the author did not send a complete manuscript
and there are missing pages, these will be noted. Also, if material had to be removed,
a note will indicate the deletion.

Pro(Quest.
/ \

ProQuest 10098366
Published by ProQuest LLC(2016). Copyright of the Dissertation is held by the Author.

All rights reserved.
This work is protected against unauthorized copying under Title 17, United States Code.
Microform Edition © ProQuest LLC.

ProQuest LLC
789 East Eisenhower Parkway
P.O. Box 1346
Ann Arbor, Ml 48106-1346



Dedicated to my beloved Father who died

during the course of this work.



" ACKNOWLEDGEMENTS

I wish fo express my sincere gratitude to my
supervisor, Dr. K.E. Howlett for his unfailing help,
valuable guidance and encouragement throughout the work.

I also wish to thank Professor G.H. Williams
for providing research facilities. | .

I should also like to thank my fellow students,
in particular Ali Djavan for much useful discussion and
advice.

My thanks are due to the College technical staff
for their assistance and co-operation.

Grateful acknowledgement ié made to the Government
of Pakistan and Director AE (Dte) for the award of
Scholarships and study leave without which the work would

have been impossible.



ABSTRACT

The heterogeﬁeous catalysis by platinum of redox
reactions in aqueous solution has been investigated. 1In
Part I of the thesis the‘kinetics of the heterogeneous
reactions of ioéide with hexacyanoferrate(III), with agquo-
iron(iII) and with sulphato-iron(III) are examined with
platinum as catalyst. The result for the Fe(CN)GB-/I_
reaction indicates that the catalytic rate is at least
partly controlled by the rate of diffusion of Fe(CN)63_
from the bulk solution up to the platinum surface. The
state of the platinum surface is also shown to affect the
observed reaction rate. It has been found that the
heterogeneous reaction has a réte dependent upon [K+]’and
the results are consistent with an ion-pair, K+....Fe(CN)63-
being one species involved in exchanging electrons with the
platinum surface. In the reaction of ferric ion with iodide
the results indicate that Fe(OH)2+ is the species more suited
to the heterogeneous process. In the FeSO4+/I_ reaction it
has been observed that the heterogeneous rate is due to FeSO4+.
Both these latter heterogeneous reactions have an appreciable
temperature co-efficient. The order of the heterogeneous
component of reaction with respect to each reactant has alwaYs
turned out to be one or less.

In Part II the rate of the reaction between tris(dipyridyl)-
iron(III) and iodide has been measufed spectrophotoﬁetrically

by observing the optical density at 520 nm where absorption is



virtually due to the formation of tris(dipyridyl)iron(II).
The effects of several variations in reaction conditions
are studied. The main reaction is shown to be first order
in Fe(dipy)33+ and first to second order in I . Finally a
possible reaction mechanism is proposed. This reaction is
unaffected in rate by the presence of platinum surfaée.
The effect of platinum on the reaction between

cerium(IV) and thallium(I) in different acidic media such

as HNO H.SO, and HClO, is also studied. It has been found

37 2774 4
that the reaction occurs almost exclusively via a heterogeneous'
catalysed path.
Finally in the reaction of peroxodisulphate with
oxalate ion in the presence of silver(I) as a éatalyst, it
has been found that the rate of the reaction in the presence

of silver(I) ion is uncatalysed fu:ther by the presence of

platinum. Some implications of these results are .discussed.
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GENERAL INTRODUCTION

The term "catalysis" was coined by Berzelius1 to collect
together all the, then mysterious, phenomena in which a
chemical reaction is influenced by the mere presence of
alien material which may be adventitiously present in the
system or may be added deliberately. The word ‘alien' is -
used to imply that the material it describes does not appear
in the stoichiometric equation for the reaction. Such a
material is termed a catalyst and it is defined as a substance
which increases the rate at which a chemical reaction avproaches
eguilibrium, without being consumed in the process. The
phenomenon occurring when a catalyst acts is termed catalysis.
Berzelius used the term catalysis to describe a variety of
apparently diverse observations, made during the previous thirty
or forty years, having a factor in common; in every case the
nature of a reaction had been influenced by the présence of a
substance which was itself unchanged in the process. The
examples quéted included the acid-catalysed hydrolysis of
starch to glucose, the effect of metal ions on the decomposition
of hydrogen peroxide and the effect of platinum on the reaction
of hydrogen with oxygen. This last effect had been studied by
Michael Faraday.- The word catalysis comes from two Greek words,
the prefix cata-, meaning down, and the verb lysein, meaning
to split or break. Berzelius probably used 'catalysis' to
denote the breaking down of the forces which inhibit the reactidns

of molecules. The same word was also used in ancient Greece
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to denote a failure of social or ethical restraints, and for
example, what we would describe as a riot was called by theﬁ

a catalysis. The word 'catalysis' now frequently appears in

the popular press, but usually in the sense of 'bringing
together', which is far from its true meaning. 1In this contekt
the chinese words 'tsoo mei' which are used for a catalyst, and
which also mean 'marriage brokers', perhaps more accurately
reflect the layman's idea of catalysis. But overall the emphasis
was placed almost entirely upon the nature and the amount of

the products rather than'upon the rate of their formation. It
appeared that much more reaction occurred in the presence of

the catalyst which could easily be recovered from the products
and used again. Now-a-days, we include under the term catalyst
any process other than energy input (heat, light etc.) which
accelerates a chemical reaction without modifying the material
bélance.

) Ostwald2 was the first to point out by a simple thermodynamic
argument that the catalyst influences only the rate of a chemical
reaction and has no effect on the position of equilibrium. The
catalyst must therefore change the rate of both the forward and
the backward reactions, it cannot alter the total free energy
change AG. *

Although the concept of a catalytic force has now been
discarded, the term catalysis is used to describe the processes
in which the rate of reaction is influenced by a substance called
a cétalyst that remains chemically unaffected.

The role of a catalyst is simply to provide, by some
mechanism, an alternative reaction route. In practice this
could lead to various observations. The catalyged route might

be mechanistically very different from the intrinsic reaction
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path and be very much faster so that, within experimental error.,
only the catalysed reaction is observable under some conditions.
Frequently, however, the catalysed part of the reaction is
comparable in rate with the uncatalysed part so that the
observation needs to be interpreted in terms of an equation

such as

Rate = klfll(reactants)] + k2f2 [ (reactants) (catalyst)]

e o e 000 1

Well recognised modifications of this equation will arise if
for example a product of the reaction‘can also act as a catalyst.
The functions of the concentrations of reactants in the two
(or more) terms of the above equation might be the same or
different. Further, one needs to be clear on the meaning of
'rate'. The above equation is‘applicable if rate means rate of
loss of reaétants; but one might be measuring raﬁe of formation
of a product and clearly cases will arise in which alternative :
products may be formed during a reaction, the rate of formation
of one product being selectively assisted by the catalyst.
Finally there is no essential requirement that the'catalyst'
alters the mode of transformation of reactions into products.
If a mechanism included a reversible step from which a retérding
product could be removed by a competitor, addition of this
competitor would cause an increase in rate df conversion of
reactants to products. By a conventional treatmentB, the rate
constant, k, for any one reaction, catalysed or uncatalfsed, may
be expressed by the equation

k =Aexp(-E/RT) ‘ s o s e e 2
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where A is a non-expon ential factor3, E the energy of

activation, being the energy difference between the transition
state complex and the reactant species, R the gas constant and
T the absolute temperature. Crudely the increase in k for an
overall observed catalysed process, usually arises from
variation in both the pre-exponential term A, and in the
acfivation enerqgy, E, the.influence of the latter being far more
pronounced since it is included in the exponential ﬁerm.

A catalyst is therefore generally speaking a substance
which provides an alternative reaction path of lower activation
energy for the process as can be seen in Table 1, in:which the
results obtained in the presence of a variety of catalysts are
reported for two separate reactions, one occurring in the gas
phase and the other as a solﬁtion process. It must be emphasised
that the lowéring of the activation energy is taken as a
fundamental principle of catalysis, and applied to all forms
of catalysis - homogeneous, heterogeneous, and enzymatic.

However, from the discussion on how the observation of
catalysis miéht arise, it would seem that if the presence of
a catalyst merely adds an alternative reaction pathway so that
the observed reaction becomes the sum of the original plus the
catalysed process, it is not essential that the extra, catalysed
:part of the.reaction has an activation energy lower than that
of the uncatalysed reaction. It could, in principle, be higher,
lower or indistinguishable from E for the natural reaction.

Nevertheless the commonly observed result is the one
exemplified in the Table 1, where EC < E £ both forvthe

at unca
~catalysed part and for the whole observed reaction.
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Catalysed reactions are usually classified into two
distinct groups.

1. HOMOGENEOUS

2. HETEROGENEOQUS
The homogeneity or the heterogeneity of a system defined from
the point of view of kinetics must not be confused with the
same terms defined from the point of view of thermodynamics.
In fact, in the first case, the distinction between the two
types of system depends only on the kinetically active species.
Consider the following reaction.

HCl(g) + NHy(g) —— NH,CL(s)

4
From the thermodynamic point of view, it is obvious that the
reaction system consists of two phases and is consequently,
héterogeneous. This does not hold from the kinetic point of
view because the solid has no influence on the rate of reaction
and only the two gaseous reactants are kinetically active;
therefore this is a kinetically homogeneous system. Generally
a system will be called kinétically homogeneous (or simply
homogeneous) if all the kinetically active species belong to
the same phase as the reactants and no phase boundary exists.
This may take place either:
(i)' invthe'gas phase, as for example when nitric

oxide catalyses the oxidation of sulphur dioxide; or

(ii) 'in the liquid phase, as when acids and bases
catalyse the mutarotation of glucose; or

(iii) in the solid phase, as when manganese dioxide catalyses
the decomposition of potéssium chlorate; though this last type

does not fully meet the criteria which follow.
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The distinction between the two types of system
depends only on the kinetically active species. In the first
systém both the added catalyst and the reacting species are
in the same phase, the catalysed process occurring throughout
the bulk medium. Reaction in solution catalysed by acids and
bases forms one lérge sub-division of this group, and another
concerns oxidation-reduction reactions catalysed by dissolved
ions capable of existing in more than one oxidation state.
Reaction here proceeds by alternate oxidation and reduction
of the catalyst ions by the reactants.

In kinetics, it is necessary to differentiate‘the
homogeneity or the heterogeneity of a reaction system from

that of the reactionvitself.

1. First taking the example of the following'reaction
CaCO3(S) —_— COz(g) + CalO(s)

in the domain where equilibration by the reverse reaction is
unimportant. The products do not influence the rate of
decomposition of the calcium carbonate, and we can therefore
say, according to the preceding definition, that the system
is kinetically homogeneous, because the only kinetically activé‘
constituent is part of é single phase. The reaction itself is
not homogeneous however. In fact, a kinetically homogeneous
system gives rise to a homogeneous reaction only if the rate
of the reaction is the same everywhere in the single phase that
includes all the kinetically active species.

It is evident that this condition is never fulfilled in
the case of a solid phase, where the reaction front, which is
the interface between the initial solid and the reaction products,

progresses into the solid phase, so that ithe velocity has a
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certain value at this front but has no measurable value a

very short distance awéy. Neither is the condition always
fulfilled in the fluid phase; for instance the rate of the
reaction may be influenced by the walls of the containing
‘vessel. Such is the case, for example, in the reduction of
iodic acid by sulphurous acid. The possibility of the walls
influéncing the reaction must always be considered before
undertaking kinetic experiments. The effect may be recognised.
by the influence that variation in the ratio of the surface to
the volume of the reaction vessel has on the reaction velocity.
The 'packed vessel' type of experiment can serve as a test. It
consists of two kinetic studies of the same reaction, under
identical conditions, except that one vessel contains only the
reaction constituents, while the other, with the same volume,
contains, in addition, small fragments of the wall material.
Let W, and W, be rates measured under otherwise identical

1 2

conditions in each container respectively. If W1 = W2 the
surface of the container probably has no role and the reaction
is homogeneous. If W1 # W2, the reaction takes place partly

at least on the walls and is thus heterogeneous. The wall can
accelerate the reaction (W1 < W2), or on the contrary, retard
it (wl > W2). There are, of course, experimental problems
associated with ensuring that the pieces of wall materials

have surfaces which are identical with those of continuous walls.
It is also conceivable that a regenerative chain reaction might
have an overall rate constant compounded of constants for the
individual steps and that the surface might affect both the

initial and chain ending steps so that although Wl = W2

nevertheless the process is heterogeneous.
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In conclusion, a reaction is kinetically heterogeneous
if a phase boundary does separate the catalyst from the
reactants. A number'of'phase combinations can then occur, as

shown in Table 2.

‘Table 2

Phase combinations for heterogeneous catalysis

Catalyst Reactant Example

Liquid Gas Polymerization of alkenes
catalysed by phosphoric
acid .

Solid Liquid Decomposition of hydrogen

peroxide catalysed by gold

Solid Cas Ammonia synthesis catalysed
by iron

Solid Liquid + Gas - Hydrogenation of nitrobenzene
to aniline catalysed by
palladium '

Equilibria of electrode systems such as H+/Hé
also provide pertinent examples of cases in Table 2.
Heterogeneous catalysis occurs whenever the rate of a
chemical reaction is enhanced by the presence of an interface
between the two layers or phases. Here the reacting intermediate
species in the catalysed process are confined to a thin layer
over the surface of the catalyst (typically 10_5 cm) and are
not distributed throughout the bulk. The surfaces of solids
are pafticularly important as heterogeneous catalysts for

reactions both in the gas phase and in solution..
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During the nineteenth century attempts to explain
the action of heterogeneous catalysts were based on one
- or other of two general theories.

The intermediate compound theory11 proposed that a
reaction took place between the bulk solid and the reactants
to give an intermediate compound. This then decomposed or
reacted with any other necessary reactants to give the products
of the main reaction and to regenerate the catalyst.

The other theory was termed "Contact actiagh and p&oposed
a mechanism of adhesion and combination on the catalyst surfaces,
similar to present ideas for reaction in a chemisorbed layer.
For many years it was though£ that contact action merely brought
the reactants together and after the formulation of the law of
mass action, it was considered that increased concentration in
the condensed layer was responsible for the increased rate in
the presence of a catalyst. However, this simple idea could not
account for the fact that some substances can decompose to éive
quite different products in the presence of different catalysts.

1,12

An example frequently quoted1 is that of ethanol which

decomposes over alumina at 300°¢C mainly according to the equation

CH,CH,OH —> C,H + H,O

372 274 2
whereas over heated copper it yields essentially

CHBCHZOH —_— CH3CHO + H2

With the recognition that reactions are almost always
consummated via steps which are either actually physically
distinguishable, or in some cases are mentally distinguishable,

these two approaches to the occurrence of heterogeneous reactions
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do not appear different in principle; An activated complex
of one step of a reaction may both be the ‘intermediate complex'
. and produce the necessary contact.

For a molecule to react catalytically at a solid surface,
it must first be chemisorbed:when two molecules so react, at
least one and perhaps both must be chemisorbed. Chemisorption
is an essential step in the preparation of a species for
reaction: a chemisorbed species sometimes resembles the product
into which it will be transformed more than it does the free
molecule. It has also been suggested recently that chemisorption
is equivalent to raising the molecule to its first excited state.
Physical adsorption on the other hand has little relevance to
catalysis.

Consider the heterogeneous catalysis of a particular
group of reactions in soiution namely oxidation-reduction or
redox reactions, for which there is a wealth of published
experimental data relating to a wide variety of solid catalysts,
particularly fdr reactions involving hydrogen or oxygen. Few
attempts have been made as yet either to assemble together or
to co-ordinate this information nor has the heterogeneous catalysis
of redox reactions in solution received such detailed theoretical
or mechanistic treatment as has gas phase catalysis. It was
partly in an effort to try and throw further light on the kinetics
of heterogeneous catalysis by piatinum that the present study of

metal catalysed redox systems was undertaken,
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OXIDATION AND REDUCTION REACTIONS

Redox reactions of the type

———
A1+B2 L B1+A2

‘e e ee e (3)

where

Al is the oxidised form of species (1) and

82 is the reduced form of species (2);
are often called electron transfer reactions. They can be
regarded as consisting of two electrochemical half reactions

or couplesl3. Thus in the case of two equivalent half reactionst

8
A1 + ne- —_— B1
AY
b, — 2O
A1 + B2 —_— B1 + A2

e.g., Ce(IV) + Fe(II) -———> Ce(III) + Fe(III)
Such reactions can be subject to heterogeneous catalysis by
metals etc.

Prestwood and Wahl14

were the first to suggest that

here the metal acts simply as a conductor of electrons. 1In

a study of the thallic—thalloué electron exchange reaction they
attributed the observed catalysis by platinum black to the .
fact that the electron transfer process occurs more rapidly
via the metal than in the bulk solution (see Figure 1). It was
pointed out by Spiro and Ravn015’71:

(a) that catalysis ought then to occur with a given metal
if both Al/Bl and the A2/B2 coupies are electrochemically
reversible on the metal, and

(b) that catalysis would not occur if either or both

couples are electrochemically irreversible or even sluggishly
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reversible. This suggestion was confirmed to be consistent
with observation as can be seen in the experimental part of
this work in the reaction of peroxodisulphate and oxalate ion
with and without the presence of platinum but in the presence

of silver ion.

+
2= 2- Ag 2-
8208 + C204 ZSO4 + 2CO2

+
s.0.%2" 4 c2042‘ Ag_+ Bt 556 .27 4 200

278 4 2

These results can simply be explained because of the

2

- 2- 16,17
2O8 /SO4 couple

electrochemical irreversibility of the S
because the electrode reaction may involve a similar situation
to that involved in heterogeneous catalysis by metals. If
equilibrium at the electrode by reversible electron-transfer is
only slowly established then presumably species involved in
the same couple will be slow to donate or receive electrons to
or from the metal in a possible catalytic process in which
électrons are simultaneously being accepted or given up at some
other location between the metal and another redox reagent.

Considering the point of establishment of an electrode
potential whichAinvolves two reversible parts, one of which might
be more favourable than the other; if the more favourable one
were the one involved in our overall redox reaction then lack of
speedy reversibilityvin setting up the electrode potential might
not necessarily completely bar that reagent from carrying out
a catalysable reaction. For example, the reaction between

3- 2- 15

[Fe(CN)G] and 8203 is cited as one which is catalysed

by metals but for which the 84062—/82032_'coup1e18 is of very

poor reversibility. However, in the redox reaction 52032- is

required to release electrons which may conceivably be fast
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compared with, for example, the acceptance of electrons by

2-

. 18
. . 2-
5406 . In such a case the interconversion of 8406 /8203

2-

is clearly not a simple one step electron transfer process,

and perhaps a lack of relationship between electrode reversibility/
catalyéic possibilities may arise in other favourable cases when
one of the species has to undergo a complex reaction to inter-
convert the oxidised and reduced forms.

There is some evidence for this, e.qg., Cr2072m/Cr3+16'19
reversibility is virtually non-existent at an electrode,'yet
platinum does show some catalytic activity in some reactions
of Cr2072' e.g., that with I . \

It has been suggested by Spiro, Johnston and Wagner52
in their study of mixture potentials of the systems, ferricyanide-
ferfocyanide and iodine-iodide at platinum electrodes, that
heterogeneous catalysis can be conveniently investigated by
an e.m.f. method. It is known that many metalé catalyse electron-
transfer reactions in solution, and measurements of potentials
could be employed even if only one redox couple is reversible at
the metal concerned. If neither couple is reversible it might be
possible to add a small quantity of a potential mediator which
is catalytically inactive. Certain reactions involving gas
evolution, such as the decomposition of formic acid on platinum23
have already been studied by e.m.f. measurements.

Let us.return to the fact that for some redox reactions
it has been shown that the transference of electrons occurs more
rapidly via the metal than in the bulk solution. Meier and

20

Garner proposed a similar mechanism for the platinum-~catalysed

evolution of hydrogen from acidic Eu(II) solution, according
to the equation

|
|
2Bu(II) + 2HT ——— 2Eu(III) + H, (
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Faerman and Voeikova21 found the reduction of silver nitrate
by hydroquinone and by p-aminophenol to be catalysed by Ag,
Ag,S, Se, Cus, CdS, PbS and V,0..

" are electron-conducting substances they invoked an electro-

Since all these catalysts

chemical mechanism instead of one involving adsorption to

explain their results. Waind22 observed the reaction

- 3_
2 Fe(CN)~~  + 3I 3

_— 2'Fe(CN)64' + I

to be catalysed by both platinum black and by charcoal whilst

the reaction

2Fe(III) + 3I° ——> 2Fe(II) + I,
was accelerated only by the former. Waind22 independently
suggested that in each case the catalyst is acting as a
conductor of electrons.
In a discussion of the catalysis by platinum of the
thallic-thallous electron exchangé and of the reaction
T1(III) + 2Fe(II) ———> T1(I) + 2Fe(III)

24
Baughan proposed that if catalysis is due to the "free-electrons"

in the metal, as seems likely; then this could be an important
method to test for existence of such free electrons both in
solids and in biologiéal systems. However, in each case the
idea of electronic cénduction through the catalyst was put
forward to explain a single set of results, no attempts being
made to check whether the same principle applied in generai to
the catalysis of oxidation-reduction reactions by solids.
Considering the role of an electron conducting subsfancé

in the catalysis of a simple redox reaction of the type below,

Al + B2 _— Bl + AZ
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it is evident that the rate of electron-transfer via the
metal will only be appreciable if Both the release of an
electron to the metal by the reductant and the withdrawal of
" an electron from the metal by the oxidant occur rapidly. The
rate at which an electron is given up or accepted by the
respective members of a redox couple at a metal surface is
determined by the electrochemical reversibility of the couple
on that metal. Some preliminary experiments done by Spiro25

to test this proposal showed that the reactions below

3

2‘Fe(CN)63— + 3I —_— 2_Fe(CN)64- + 1

2Fe (III) + 3I  —————> 2Fe(II) + 13"

are catalysed by platinum in agreement with Waindzz, the
former being catalysed also by ruthenium, rhodium, iridium,
palladium and gold; whilst no appreciable catalysis by platinum

was noted for the process

2- - 2~ -
8208 + 3I _— 2SO4 + I3
This observation would appear reasonable in view of the

082—/5042- couple16'17

26,19

known irreversibility of the S
26,29

; the couples
26,28

2

12/1’, Fe(CN)63-/Fe(CN)6 4', and Fe(III)/Fe(II)

being electrochemically reversible.

The difficulty involved in distinguishing between electron-,.

atom-, or group-transfer both in reactions including exchange
between two valency étates in solution and in some reactions

of the type given below has been much discussed. This has led
to a study of the heterogeneous catalysis of inorganic reactions,

which have been formulated as electron-transfer reactions.
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The work described in this thesis is on the reactions
outlined below, kinetics of which have been studied in the

presence of platinum and also without it.

1. . The reaction between cyanoferrate(III) and iodide

2 Fe(CN)63_ + 31 — 2‘Fe(CN)64—4 + I3

~

2 Fe(CN)63' + 31" £t~ > Fe(CN)64' + I,

_— 3
2. The reaction between iron(III) and iodide
| 2Fe(III) + 310 —= 2Fe(II) + I
- Pt -
2Fe (IITI) + 3T ——== 2Fe(II) + I
-— 3
2Fe (ITI)SO,T + 31 —== 2Fe(II)SO, + I.
4 —~—— 4 3
2Fe(III)so4+ + 317 & 2Fe (II)SO, + 13'
3. The reaction between tris (dipyridyl)iron(III) and

iodide

2 Fe(dipy) > + 317 —= 2 Fe(dipy)32+ 1,

. 3+ - _Pt . 2+
2 Fe(dlpy)3 + 3I 2 Fe(dlpy)3 + 13
4. The reaction between cerium(IV) and thallium(I) in nitric
acid, in sulphuric acid and in perchloric acid media with and

without the presence of platinum metal.

5. The reaction of peroxodisulphate with oxalateion in the

presence of silver(I) as a catalyst

2- 2-  AqT 2-
$,05°7 + C,0, A9 250,“7 + 2co0,

and in the presence of silver(I) and platinum as a catalyst

+
2- 2- Ag + Pt_ 2-
280,

+ 2CO2
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The kinetics of the reaction between tris(dipyridyl)-
iron(III) and iodide have not been investigated before either
homogeneously or heterogeneously. The main aim to study this
reaction was to investigate the effect, if any, of platinum
on the rate of the reaction. But it was found that the rate
.i1s unaffected When the platinum surface was made available
to the reaction mixture. As has already been said that this
reaction has not been studied before, it seemed desirable
to study the reaction homogeneously. The reaction between
cerium(IV) and thallium(I) catalysed by platinum in three
different acidic media has also not been investigated properly.
before except that Schaffer29 briefly remarks that this
reaction is catalysed by platinum at room temperature, but
no experimental work has been published to substantiate his

statement.

The reaction between hexacYanoferrate(III) and iodide

in aqueous solution and its heterogeneous catalysis by

platinum

The kinetics of the reaction between cyanoferrate(III)

and iodide in aqueous media, with or without the deliberate
addition of other ions have been examined by several

workers?o'3l’32’33’34'35'36'37’41’42 The heterogeneous reaction

has been studied by Waindzz, Just34 and Spiro25 and the process
has been the subject of speculation by Adamso£? -When potassiuﬁ
ferriéyanide and potassium iodide react in neutral aqueous
solution, hexacyanoferrate (II) and free iodine are gradually
produced. Conversely, a solution of iodine in potassium iodide

oxidises ferrocyanide to ferricyanide. 1In both cases a definite

state of equilibrium is attained, which may be expressed by
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the reaction

.
2K3Fe(CN)6 + 3KI 2K4Fe(CN)6 + KI3

A préliminary set of experiments done by Donnan and le Rossignol33
in which the -amount of free iodine as (I,, IB—) WAS estimated
by rapid titration of the cooled, diluted reaction mixture,
‘showed that equilibrium could be approached from either side.
Ruppgnﬁischiedt39have shown that hexacyanoferrate(II) can be
estimated by oxidation to hexacyanoferrate(III) in the presence
of excess iodine and titration of the excess of iodine by
thiosulphate after a certain interval of time (1/4 to 1 hour).
The existence of the reverse reaction was noticed by Donnan and
le Rossignol33 when they observed that after the end point with
thiosulphate has been reached, free iodine soon reappears in
the solution, owing to interaction between the hexocyano-
ferrate (III) and iodide. The velocity of this reaction
" diminishes rapidly with deérease of the iodide concentration.
Possibly, therefore, the reverse reaction escaped the attention
of RuppzﬂuiSchiedt§9 owing to the employment of less concentrated
iodine solutions. The fact that practically compiete oxidation
of the hexacyanoferrate (II) to hexacyanoferrate(III) can be
.obtainea is due to the excess of free iodine as (I3_) in the
solution employed. |

Looking at the reaction from an ionic point of view we
may write it simply as follows, since all the salts occurring
in the reaction are highly dissociated.

2'Fe(CN)63' + 31 @ — 2Fe(CN)64_.’ + I3
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In this we will neglect ion pairing between K+ and
" the cyanoferrates for the present.

Electrode potentials give some information about whether
a reaction will proceed to any observable extent or not, but
the redox potentials of the systeﬁ do not give any information
as to the velocity of the reaction. 1In some cases where the
reaction is extremely slow the presence of a catalyst is
necessary in order that an energetically favoured reaction may
proceed with reasonable velocity. But redox potentials are
one of the most important factors which enable one to predict
which ion will oxidise or reduce other ions. From this one
can get information about the magnitude of the equilibrium
constant of the redox reaction. Considering the standard

redox potential of the system
3- - 4~
Fe (CN) + e —— Fe(CN)
6 -~ 6

‘we see that the value of the redox potential rapidly varies
with ionic strength, particularly at low values of pu. It is
about 0.36 volt at p = 0, but about 0.44 volt at p = 1. The
standard redox potential of the system %12 + e —> I is
0.54 volt. There is a difference of about 0.10 volt between
these potentials, indicating that ferrocyanide will tend to
be oxidised by iodine to an equilibrium position well over
towards products.

Using IUPAC convention that electrode potentials are

referred to as reduction processes,

E = E° - (0.059/ ) log ([products]/[Reactants])

becomes E = E° + (0.059/,) log ([ox]/[red]) '
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where 0.059 is a temperature variable factor appropriate to
about ZSOC, and [X] strictly refers to the activity of
species X. |

Taking the example quoted to involve two electrons,
then at a normal working value for p so

E(I,/I7) = 0.54 + (0.059/2)log I, / I 2,

E(Feic)/ (Feoc) = 0.44 + (0.059/2)log[Feic]?/[Feoc]?

1 %/ Feoc 2 1, = 0.10 x 2/0.059 = 3.40

. log Feic 2

The equilibrium constant for the two electron change~a< 2500

or for iI. + Fe (CN) C Fe (CN) 3-
272 6 —~—— 6

K450
if p is such that Ee-Fe(CN)GB-/Fe(CN)64_ = 0.44 -volt.

In the system

Fe(CN)6 + KI

3 4 3

2K Fe(CN)6 + 3KI :;:iz 2K
the value of the equilibrium constant is heavily dependent
upon ionic strength, p, because of the highly charged nature
of some ions.

The unfavourable equilibrium constant for the reaction
considering iodide and ferrocyanide to be the reactants means
an accompanying unfavourable freé energy change and therefore
in principle it might be that the free energy of activation is
sufficiently high to make the rate of the reaction inconveniently
slow for observation of its kinetics in this direction.
Certainly the rate of the reverseshould be greater, and
therefore may be mofe convenient to observe. Va;ious papers

have been published on the kineti¢s and equilibrium of the

reaction between hexacyanoferrate (III) and potassium iodide.
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In the work done by Donnan and le Rossignol33,

Just34, Wagner35 and von Kiss36, the kinetics of the reaction
starting from iodide were followed by using the consumption
technique adopted by Harcourt and Esson40 which consists of
adding starch and measured amounts of thiosulphate and noting
the time of each re-appearance of the blue colour. The
advantage of this technique is the continuous regeneration of
the iodide ion "as fast as it is converted" to iodine by
hexacyanoferrate (III) consequently keeﬁing the concentration
of iodide ions unchanged throughout the course of the reaction
and the concentration of the iodine at zero. The effectiveness
of this teéhnique lies in the fact that it prevents the reverse
_ process from interfering.

The first systematic study of the reaction done by
Donnan and le Rossignol33 found the overall order of the
reaction to be five. They measured the rates of the reaction
‘with various initial concentrations of hexacyanoferrate (III),
(co),.0.0125 to 0.05 mol dm_3; and a constant concentration
of potassium iodide (0.5 mol dm-3). On calculating the rate‘
‘constant from the results for each experiment, the wvalues .
obtained for k1 = t_l in (co/ct) were found to decrease

progressively with increasing time, but those for k2 = t-1

-1
t

that the reaction was of second order with respect to

(c - co-l) remained roughly constant, so they deduced‘

hexacyanoferrate (III), as may be seen from the following

typical experiment.
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c, = [Fe(CN)63-] = 0.025 mol dm 3
[17] = 0.5 mol dm >
10 c, t | 103 k, 103 k,
- mol dm™3 min min~ 1 dm3 mol™ ! min~?!
2.255 472 21.9 2.82
2.000 11.00 19.8 2.71
1.760 18.97 18.5 2.68
1.516 29.21 17.1 2.70
1.269 43.18 15.8 2.72

1.023 63.55 ' 14.9 2.75

A puzzling feature concerning the second order rate
constant k2 was that it tended to decrease with increasing
initial concentration of hexacyanoferrate(III) as may be

seen from the following results.

[Fe(CN)63"]
3

0.05 0.025 0.0125

mol dm

k) 0.00156 0.00272 0.00472

dm3 mol-1 min-l

Donnan and le Rossignoi3tried to explain these results
on the basis of some factor which remains constant during a
particular experiment, but which varies from one experiment
to another. On factor which satisfies this condition is the
total concentration of hexécyanoferrate(II) plus hexacyano-

ferrate (III) ions.
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Consider the reaction involving [I ] = 0.50 mol dm-34
and [Fe(CN)63—] = 0.050 mol dm-3. It was found that the

value of the velocity coefficient k, was 0.00156, as

2
calculated for a point when the reaction had proceeded to

about half-way,whereas starting with 0.025 mol dm-3
hexacyanoferrate(III) the value of 0.00272 was obtained for

this constant.

When the initial cdncentrationsof both hexacyanoferrate (II)
and hexcyanoferrate (III)were 0.025 mol dm-3 the coefficient |
was 0.00151, which is in very close agreement with the mean
value 0.00156 calculated in the first case.

The only permissible conclusion obtainable in 1903
from the above results was that the velocity coefficient is a
function of the total ferro-plus ferri-cyanide concentration.

The puzzling feature at that time about the variation of k2
from one series of measurements to another was explained

by the assumption that hexacyanoferrate(III) and hexacyano-
ferrate(II) ions partially dissociate in solution. Such
dissociation in 1903 was regarded as of the "explosive"
rather than a step wise kind. Donnan and le Rossignol33
studied the effect of varying the iodide concentration whilst

keeping the hexacyanoferrate (III) concentration constant.

They applied the Noyes-Var't Hoff formula
n=1+ log(tl/tz)/log(cz/cl)

and found that the order of reaction with respect to iodide

ion appeared to be three.
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Useful information about this reaction was presented
by Just34. His observationslon the velocity of the reaction
when different potassium salts were added are important
although he also sugéested that the undissociated hexacyano-
ferrate(III) might be the actual reactant.

In an investigation maae by Bockman and Sandved37
the reaction was followed colourimetriqally at 20°C in a
salt-buffer solution. When the concentration of iodide ion
in the salt solution was greater than 0.04 mol dm-3 the
reaction appeared to follow third order kinetics but when
the iodide's concentration was decreased from 0.04 mol dm_3
towards 0.0005 mol dm_3 the reaction continually approached

one showing second order kinetics. They found that reducing
the concentration of hexacyanéferrate(III) had no corresponding
effect on the order of the reaction.

From some of the Sandved37 observations it seems
that there was a faulty spéctrophotometer being used,
absorption bands were reported for solu£ions of compounds
like thiosulphate which all other observers regard as
transparent in the visible region.

The influence of neﬁtral salts on the rate of
‘reaction was studied by Friedman and Anderson32 and
comparative rates were obtained with and without the addition
of KCl;‘NaCl, KNO3 and NaNO3 in one-, two- and three mol dm-3
solutions, with [Fe(CN)63_] equal to 0.20 mol dm 5. The
acceleration of the reaction was proportional to the salt‘

concentration and was greater for k' than for Na' and
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3 .

above was discussed by the authors without realisation of

greater for Cl~ than for NO Much of the work mentioned
the effect of ionic strength upon multi—charged.ion-
association, or upon rate constants for the earlier studies.

In an investigation made by Abdul Majid and Hdwlett41’70
it was shown that the reaction normally observed is a cation-
catalysed process, each cationhaving a specific catalytic
effect. The rate is normally observed in a region of
concentration in which the general ionic strength effect is
relatively small..

The mechanism suggested by them for}the major reaction
path is: |

k¥ o+ Fe(CN)63' — KFe(CN)GZ_

I + KFe(CN)62— _— IKFe(CN)63—

I~ o+ IKFe(CN)63- —_— I+ KFe(CN)63'

—-— 2

]
+

Fe(CN)63' — I, + Fe(CN)64'

with other cations being able to replace K+.

The kinetic form obtained,

Rate = k[cation] [Fe(CN) >T]1[17]°
quantitatively accounts for not only the results reported
by these authors but also for a great deal of the earlier
published results of Donnan and le Rossignol33 and of

von Kiss36. .
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In recent years more research has been done on catalysed
electron-transfer reactions. Waiéﬁzhas reported that charcoal
and platinum black increase the rate of the reaction and she
suggested that the catalyst acts as a conductor of electrons.

Abdul Majid and Howlett41 also showed that while mere
increase in surface/volume ratio with silica or glass had no
effect upon the rate, the addition of powdered graphite had
a linear accelerating effec£ up to at least a three-fold
increase in reaction rate. Spiro25 reborted that the ferri-
cfanide-iodide reaction proceeds more rapidly on the surface
of platinum than in the bulk solution confirming Just's34
earlier observation. Spiro25 suggests that the reductant
and oxidant are adsorbed on the metal surface and in turn
the metal provides a path for the electron transfer, as
shown in the figure 1. Little catalysis should occur if the
oxidant withdraws an electron slowly.

15'7lhave also investigated the effect

Spiro and Ravno
.of temperature upon the catalysis, they found that the effect
on the rate of adding 114 cm2 platinum foil was much more
pronounced at 0°C than at 25°C, and that the catalysis is at
least partly diffusion-controlled.

Such observations that redox reactions vary in rate
in the presence of electrical conductors imply that results
obtained by methods invdlving metallic surfaces should be

examined critically for the presence of a heterogeneous

component.
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In the present work the effect of platinum in the
presence of other salts such as potassium nitrate, on the
rate of reaction has been re-investigated and similar general
results to those obtained by Waindzz, and by Spiro25 have
been obtained. The heterogeneous kinetics have been studied
at different experimental conditions as can be seen in the
experimental part of this thesis. The rate of the reaction
was found to be slow in the bulk solution but increased when
“the platinum surface was made available. The heterogeneous
rate of reaction is found to be affected by the néture of

-the cation, and by its concentration.

The reaction between iron(III) and iodide and its heterogeneous

catalysis by platinum

Some previous work on the kinetics of the homogeneous..
reaction between ferric and iodide ions has been carried out
either at varying ionic strength or in the presence of a
high concentration of chloride when ferric ions are largely
converted’into various [FeClm3-m] complexes; but considerable
uncertainty arises in the interpretation of such results.

The first kinetic measurements of this reaction weie
made by Schurakew43 who concluded that the. reaction was of
first order with respect to ferric ion and of second order
with reépect to iodide; a conclusion still regarded as
essentially correct. |

Sasaki44 investigated the reaction extensively in
the presence of 2.0 mol dm"3 sodium chloride. Later work on

the composition of solutions containing ferric and chloride ions
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done by Rabinowitch and Stockmeyer45 shows that in Sasaki's44

work the iodide ion must have been reacting predominantly
with a mixture of the various chloro -complexes mentioned
above rather than with simple aquated ferric ions. Under
conditions where iodide ion predominantly reacts with various

(FeII

I(Hzo)nClm) species instead of reacting with the aquo-
ferric ion, the reaction was found to be of the first order
with respect to ferric ion, and between first and second order
with respect to iodide, and it was retarded by ferrous ions,
(presumably present as chloro-complexes also).

Wagner35 also carried out reactions in the presence of

excess of chloride ion (1.50 mol am™3

KCl) and agreed with
Sasaki's44 observation that the retardation by ferrous ion
should be represented by writing a denominator of the rate

expression in the form
1+ x[re?Ty/re3t

This he explained in terms of competition between ferric and
ferrous ions for reaction with Iz-.

re3t 4 1,7 —— re?t 4 I,

re?t 4 1,” —— re3t + 217

(One can, of course, criticise the latter written as a one step‘
process, because the reverse is termolecular, and involves the
main reactants). Kiss and Bossanyi46 avoided the complication
of a high concentration of chloride, but allowed the hydrogen
ion concentration and the ionic strength to vary during

investigation of the order of reaction. They concluded that
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the relationship

initial rate = k[Fe3+][I-]2
was closely obeyed if hydrolysed ferric ion was assumed to be
unreactive and ailoWance was made for the variation of k with

the ionic strength by means of the equation
log,,k = log, k- 2.0 pk
10 1070 )

Their point about hydrolysed Fe(III) ions has turned out to

be quite significant. This procedure, however, does not
establish the kinetics of the reaction with any certainty.
Moreover, as was pointed out by Fudge and Sykes47, a mistake
appears to have beén made in the derivation of above equation
because Brtnsted's theory of the primary salt effect in dilute

‘solution gives

. loglok = logloko- 5.0 p%

This implies that the corrections made to the observed rate by
Kiss and Bossanyi46, were only two-fifths of what they should
have been. Even if the ‘above equation were used,Ano guantitative
conclusion could be drawn from these data; the ionic strength‘
ranged from ,0.01 to 0.12 and was thus too high for the Debye-
Huckel limiting law to be obeyed accurately by triply charged
ions.

Fudge and Sykes47 were careful to maintain a constant
ionic strength and to use ferric ion when present mainly in
its simply hydrated form without appreciable complex formation.
According‘to them the main features of the dependence of the
rate of reaction on the various concentrations can be represented

by the expression
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Rate = k, [Fe>*] [1']?(1 + k2[Fe2+]/[Fe3+])

which in essence agrees with the earlier conclusions, but

which rests on better evidence. They also concluded that the
reactionvprobably occurs through the intermediates Fe12+ and Iz_,
according to the following sequence

Fed3t 4 17 —— 5 Fer?t
FeI2+ + I —s Fe2+ + I2-
Fe3t 4 1,” —— Fet 4+ I,

Fudge and Sykes47 commented that the reduction of ferric
ion presents two main features of fundamental kinetic interest.
The stoichiometry of the reaction is very simple which suggests
that this system might well afford a favourable opportunity of
determining the detailed mechanism of an electron-transfer
reaction. Secondly ferric ion has a great tendency of forming
complexes with a wide variety of anions and this. provides the
"possibility of investigating the influence of such factors.

15,71

Spiro and Ravno measured the rate of this reaction

in the presence of platinum and also in the absence of platinum

3 3

using 0.01 mol dm~ [Fe3+] and 0.01 mol dm ~ [I ]. The initial

rate of loss of [Fe3+] in the homogeneous reaction was

1.80 x 107> mol dm~ > min~! at 0°C whereas in the presence of

114 cn® of platinum foil the rate was 15 x 1072 mol dm~> min~t.
Waind22 has also reported that the ferric-iodide reaction
is catalysed by platinum black and it is not catalysed by
charcoal.
The homogeneous reaction between ferric and iodide ions
is also known to be retarded by chloride, bromide, nitrate and
48

sulphate ions at constant ionic strength from the work of Sykes ~,

It is expected theoretically that at arelatively low concentration
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of anion, each of the added anions 'X' will displace water
from the ferric ion to form an inactive or less active complex
of the type FeX2+ (if 'X'" is of unit charge). This supposition

is verified for hydroxyl ions, since the equilibrium constants

for the formation of FeOH2+ may be evaluated from the kinetic

results in reasonable agreement with independent determinations.

2+
4 3

were assigned preliminary values of 1.50 x 104 and '10' both
3

Equilibrium constants for the formation of FeSO + and FeNO

in units of dm mol-1 respectively at zero ionic strength at

18°¢ by Sykes48 from the diminution of the homogeneous rate of

Fe3+/I- in the presence of the respective anions.

48

However, the work of Sykes shows that neither chloride

nor bromide is as strong an inhibitor as predicted from

published data on fheirAassociation with ferric ions, an
observation which can, of course, also be interpreted to mean
that the chloro- and bromo- complexes are significantly reactive,
a conclusion in agreement with Sasaki's44 work.

In the present work it is also observed that sulphate

" has the strongest retarding effect on the rate of the reaction

and therefore this pre-equilibrium

3+ 2=

Fe + SO —>~ reso. T

4 e 4
has also been taken into account for the Fe3+/I- reaction in
the presence of both sulphate ions and platinum at different
temperatures.

It would appear that large changes may occur in the rate

of an ionic reaction if one of the reactants associates

specifically with an ion of the opposite sign. As will be
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emphasised later however, different kinds of reaction mechanism
can lead Fe(OH)2+ for example to be either much more reactive

. 3+ . .
_or much less reactive than Fe in redox reactions.

The reaction between cerium(IV) and thallium(I) and its

heterogeneous catalysis by platinum

The reaction between cerium(IV) and thallium(I) is of
interest because it involves an oxidizing agent which can accept
only one electron and a reducing agent which dées not have a
stable or unreactive oxidation state corresponding to the loss
of one electron. Indeed Shaffer's29 postulate of equivalent
oxidation change in oxidation-reduction reactions was partially
based upon the slow rate of this reaction.

Ceric-cerous sulphates and thallous-thallic sulphates are
known to be reversible; electromotively active couples, both
the oxidant and reductant being almost instantly reactive with
many substances in say 1.0 mol dm—3 sulphuric acid solution at
room temperature. If a half cell is made of each couple in
any finite ratio, using platinum electrodes, the potential
difference between them is promptly registered and corresponds

with that expected from their recorded redox potentials.
(r13*/11% 1.25 vo1t)t?, (ce?t/ce3t 1.70 voit)??

It is perhaps therefore surprising to find that when ceric
sulphate and thallous sulphate are mixed in 1.0 mol dm"3 sulphuric
acid, there is virtually no reaction, even on boiling. At 25%
thé‘half period is certainly in excess of one thousand hours.

The observed potential difference indicates the thermodynamic
possibility of reaction, and the actual performance of work when

separated, but when together reaction fails to take place.
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Mellor's treatise (vol.v, p.662) even cites the existence of

a stable double salt of thallous ceric sulphate 2T12504

Thus not only are the species unreactive in concentrated

Ce(SO4)2.

solution while this substance is being prepared, but electron
exchange does not occur in the close confines of the solid
state either. A possible explanation of this unreactivity is
that oxiéation of thallous ion requires the loss of two electrons
-(T12+being unknown as a stable species) while ceric ion can
accept only one, (Ce2+ being unknown).

The above observations refer to sulphuric acid media,
and it is known that cerium(IV) complexes strongly with
sulphate49, but in the present work the same unreactivity in
the homogeneous state has been_observed in wholly nitric
acid media.

Shaffer29 reports that the addition of MnSO4
(0.001 mol dm_3) to a mixture of ceric and thallous sulphates
in sulphate so catalyses the reaction that the half-period is
about one hour, but no quantitative results seem to have been
published to prove this point. The reaction between ceric
ion and thallous ion forms the basis of Shaffer's?’ equivalent
change hypothesis, but it is surprising to note that no one
has published much detail on the kinetics of this reaction.

Krishna and Sinha50

reported that the reaction between
cerium(IV) and thallium(I) is powerfully catalysed by

platinic chloride and some detailed homogenéous kinetics have
been reported by Dorfman and Gryder51 in nitric acid media at

one temperature)53.90°C.
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te

A Survey oleiterature shows that up till now nobody
has reported the kinetics of this reaction in the presence
of platinum except for the brief remark by Shaffer29 that
platinum black rapidly catalyses the reaction. So it was

decided to examine this reaction in the presence of platinum

metal in three different acidic media.

1. 2Ce(IV) + T1(I) ————> 2Ce(III) + T1(III)
2Ce(IV) + TI(I) —-2E5—» 2Ce(III) + T1(III)
in 6.0 mol dm > HNO,.

2. 2Ce (IV) - + T1(I) ———> 2Ce(III) + T1(III)
2Ce(IV) + T1(I) —-25—» 2Ce(III) + T1(III)
in 0.50 mol dm > H,S0,.

3. 2Ce (IV) + TL1(I) ———> 2Ce(III) + T1(III)
2Ce(IV) + TL(I) —2t > 2Ce(III) + T1(III)
in 1.0 mol dm™> HClO,.

4

The reaction of peroxodisulphate with oxalate ion:

1. In the presence of silver(I) as a catalyst.

2. With silver(I) and platinum as a catalyst.

The peroxodisulphate ion is one of the strongest oxidising
agents known in aqueous solution. The standard reduction
potential for the reaction

- 2- 2~
2e + 8208 —_— ZSO4

'is estimated to be +2.01 voltslg. Reactions involving the

82082- ion, however, are often slow at ordinary temperatures,
but the addition of a catalyst renders the reaction fast

enough to be studied kinetically at room temperature53. The
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catalyst which has been studied most widely in this respect
is silver(I) ion54'55'56’57. Some work has also been done
on reactionsinvolving peroxodisulphate ion using copper (II)
as catalyst58’59'6o. "Other catalysts have also been
examined to see if they effect the decomposition of

peroxodisulphate61

because many oxidations by this ion seem
to occur as a secondary effect following its decomposition.
The reaction of the peroxodisulphate ion will be taken as
an example of a per-acid oxidant,

House53 has classified peroxodisulphate oxidation as

(a) silver ion-catalysed reactions.
2- 2- +
-d[5208 ]/t = k2[3208 1[ag ]

where the rate is proportional to the first power both of
the peroxodisulphate ion concentration and of the silver ion
concentration. It has been suggested that these reactions

have the common rate determining step

AgT 4+ 82082" — > a7t & 25042'

or that a 1:1 complex transfers one electron forming Ag2+..

(b) First order un-catalysed oxidations which have as

‘initial step

- k -
52082 _—1 250,

for which the rate of decomposition is

2- _ 2-
-d[5,0,°71/at = k [5,04°71,

This is followed by reaction of SO4- with the reductant.

Coming on to the point of a relationship between
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electrode potentials and catalysis, if the electrode potential
of at least one pair is slowly established then catalysis by
metal is not normally expected.

Spiro25 repérted that no appreciable catalysis took
place with platinum or mercury for the reaction

2- - 2 -
5,047 + 317 —— 250,°7 + 1,7

and he explained this result on the hypothesis that even if
iodide ions and oxidant ions are adsorbed on the metal

. surface little catalysis can occur by passing electrons through
the metal when the oxidant ion withdraws electrons very slowly,

and this seems to be the case with peroxodisulphate as is

shown by the electro-chemical irreversibility of the 52082—/8042—

couplel6'l7. This is the case when there is no silver (I)

ion present. But it was felt that (a) it might not still be

so when silver(I) is added to the peroxodisulphate solution

2~
8

might provide another test of the idea of a relationship

(820 + Ag+) or that (b) the silver(I) catalysed reactions
between electrode potential reversibility and metal catalyéis.
The rate determining step in silver (I) catalysed reactions of
peroxodisulphate still involves peroxodisulphate, but does not
involve ﬁhe reductant. If we assume that Ag(I)/Ag(III) would
set up a rapidly reversible potential (and such metal ion
electrodes do) then one is again testing whether or not
peroxodisulphate will accept an electron rapidly.

The best example which can be cited here is the

60,62,63,64,65,66,67,69 Oxalate ion

oxidation of oxalate ion.
is an exception. Its oxidation by peroxodisulphate, which

proceeds according to the reaction
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2- 2- AqT 2-
5,04 + C,0, —29 > 250,%7 + 2co,

is catalysed by silver(I) ion and the rate is from four
hundred to four thousand times as fast as the rate for some

other reducing agents (such as Cr3+, Mn2+, hydrazine and

Ce3+).
The purpose of the present investigation was to study
the effect, if any, of platinum surface on the rate of the

reaction below in the presence of silver(I) ion.

+
2~ 2- A 2-
5,04° + C,0, 29 5 250, + 2c0,

+
s.0.%" &+ czo42' A9 +*PE 950 27 4 200

278 4 2

Oxalate was selected as a reductant, because at ordinary
temperature and in the absence of metal ion catalysts the
reaction has been found to be very slow,68.and the rate of
iuncatalysed reaction has been measured in the temperature

range 45° - 70%%.



PART ONE

CHAPTER ONE

The Reaction between Hexacyanoferrate(III) and

Iodide in Aqueous Solution and its Heterogeneous

Catalysié by Platinum

48.
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SECTION 1

EXPERIMENTAL

1. Materials

All reagents used in these investigations were of
"Analar" grade. Stock solutions were prepared of potassium
ferricyanide, potassium iodide and phosphate buffer. A trace
of alkali was added to the potassium ferricyénide solution to
help its stability. Potassium ferricyanide solutions were
rejected after every four days. Sodium thiosulphate solutions
were obtained from Analar crystals dissolved in distilled water
and they were filtered to remove any colloidal sulphur particles.
The concentration wés then checked iodometrically. Phosphate
buffer was nominally of pH 6.8 and contained 0.067 mol dm-3
of disodium hydrogen phosphate and potassium dihydrogen phosphate.
This was used in all the experiments. Although it has been
shown that the Fe(CN)63_ /4I—, reaction has a rate which is
independent of pH over a wide range, the iodine/thiosulphate
method of analysis is only fully satisfactory between about
pH 4.5 and pH 8.

A dilute buffer was used so as to minimise effects 6f

the added ions because the homogeneous reaction is known to

be catalysed by some specific ions.

2. Experimental Technique

This reaction has been studied (almost exclusively) in

homogeneous aqueous solution several times beforegg'gé'gg’zi'zg'
. [ 4 14 14 ’

usually using the method of continuous addition of thiosulphate
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.as iodinéyappears. This method was adopted, and depends in
principle on the rate of consumption of thiosulphate ions by

(or I

the liberated I ") from the reaction being studied.

2 3

For detecting the equivalence points in these titrations
'Iotect' was used as an indicator. Experiments using Iotect
indicator showed accurately reproducible results and this
method was easily applicable at all concentrations of
ferricyanide and iQnic strengths investigated.

The total volume of the reaction mixture in most of the
experiments was 60 cm3, but in some experiments it was 220 cm3i.
small additions of thiosulphate (typically 8 to 10 additions
of 0.01 or 0.02 cm3) making no appreciable difference to this.
Except where specifically stated to the contrary, 60 cm3 is
the volume of all the reaction mixtures.

Normal experimental procedure apart from the provision of
catalytic surface was to thermostat measured volumes of
potassium ferricyanide solution and of potassium iodide plus
indicator with any necessary additives separately for 20 minutes.
Using an Agla microsyringe a measured quantity (typically 0.01
or 0.02 cm3) of thiosulphate solution (often 1.0 mol dm—3)~was
added to the iodide and the two reagents were mixed rapidly
and stirred continuously in the thermostat. I2 (or 13-) reacts
at a very high rate with 82032_ and with the indicator SO
that when the 12 liberated exceeds the thiosulphate added its

presence is visually obvious immediately. The time is noted

when free iodine makes its appearance as indicated by the
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ucolour of the Iotect compound, and a further measured

. addition of thiosulphate made immediately. Repetition of
this procedure allowed the course of the reaction to be
followed. A platinum surface was'inserted into the reaction
mixture when required by gripping pieces of platinum metal,
0.0025 cm thick by approximately 2.5 cm square, vertically
in a glass holder which could be rotated at constant speed
in the reaction mixture by a variable speed stirrer. The

. platinum was invariably‘completely immersed in the reaction
mixture which only just covered the platinum surface. One,
two or four pieces of platinum were used in the stirrer
holder so that areas of about 12, 24 and 49 cm2 (all
accurately determined) were usea in different experiments.

The stirrer plus platinum was thermostatted in one of the

solutions before addition of the other reagent. The platinum

was cleaned in concentrated hydrochloric acid between experiments,

and stored in acidified distilled water after being used.

Details of two typical experiments are given below.
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Table 3
Detail of two typical experiments
3 -
[I1]

Using 60 cm® of 0.060 mol dm > [Fe(CN) > ], 0.080 mol dm_
3

at pH 6.8 in the presence of 23.4 cm? Pt;[K+]= 0.390 mol dm

A at 10.0°C B at 20.0°C
Time Titre of Time - Titre of
(min sec) 1.0 mol dm-3 (min sec) 1.0 mol dm“3
[32032_] (cm) [82032-1 (cm)
1 6.05 0.01 4.45 0.01
. 12.55 0.02 10.45 0.02
20.15 0.03° 17.05 0.03
27.45 0.04 23.20 0.04
35.30 0.05 30.15 0.05
43.10 0.06 36.58 0.06
51.25 0.07 43.40 0.07
60.05 0.08 50.55 0.08
68.45 0.09 58.25 | 0.09
77.35 ~0.10 66.15 0.10
I.R. = 1.5, x 107% mol min™! |[I.Rr. = 1.7, % 107% mol min™1

The time to the initial reading (here at 0.01 cm3) is
variable and may involve minute aerial oxidation of iodide
during thermostatting. This timing is wvirtually ignored in

deducing the initial rates (see also later).
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SECTION 2

Initial Consideration of the Results

At the outset it was hoped that closely defined
numerical information about the rate of any heterogeneous
reaction caused by platinum would be obtained. Although
individual reactions cpuld be repeated on the same day to
a satisfactory accuracy (see Table 4 for an example showing
both the repeatability of an uncatalysed and of a catalysed
reaction), the overall definition sought could not be
obtained. It will be seen that this is probably.due to
two causes:- ' |

(a) A progressive change in the nature of the platinum
surface as shown by the photograph taken by the electron
microscope of an unused platinum surface and a used surface
at two different magnifications. A similar observation by

=71

Ravno has also shown that the state of the platinum surface

does influence the observed heterogeneous rate, and

(b) The fact that the surface reaction is at least

partially diffusion-controlled.
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THE EFFECT OF STATE OF PLATINUM SURFACE ON THE HETEROGENEOUS
RATE OF REACTION

The most important observation is about the state of the
platinum surface which does influence the heterogeneous rate.
As has already been said, kinetic runs performed on the
same day could be repeated to a satisfactory accuracy. Any
further experiments carried out later yielded gradually
lower heterogeneous rates. To check this an experiment was
carried out having the same concentration (but different
reaction mixture volume) to an experiment which was done quite
early in this work. There was a lapse of more than a year
between these runs, the platinum being an 'old' sample in

the second experiment. The results obtained are as follows.

Table 5
3- - | 6
o) [Fe (CN) ] [T ] Pt 10" x I.R.

Te &3 -3 2 .

mol dm mol dm Area cm mol min

10.0 0.025 0.250 0 5.86*
10.0 0.025 0.250 . 0 6.19()

*

10.0 : 0.025 0.250 - 23.4 21.56-
10.0 0.025 0.250 23.4 7.61(D

Early experiments

C)Later experiments

These results clearly show that the homogeneous rate
is nearly the same, but the heterogeneous rate is much reduced
using the aged platinum.v This lower heterogengous rate suggests
that a great emphasis ought to be put on the nature of the

changes that the platinum surface undergoes during the period
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Unused Pt surface screen mag.
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Figure 3

Used Pt surface screen mag.

Used Pt surface screen mag.
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of carrying out the experiments. The change in the appearance
of the surface is shown by the electron microscope photographs
~in Figures 2 and 3.

There is also the point that for many of the experimental
conditions which it was thought worth investigating, the
homogeneous reaction is a large fraction of the total. This was
minimised by'working at low temperatures. Here there was a
dilemma as to what to accept for the homogeneéus rate. The

kinetics of the homogeneous reaction have been examined several

. 30,31,32,33,34,35
timesse 39.38,41,42

a selection of uncatalysed reactions was examined throughout the

with rather different results. Accordingly,

‘investigation, using conditions also used in some of the catalysed
Areactions. These are collected together in Table 6.

It must be remembered that these are all individual
experiments, but it is clear that approximately the rates are
similar to those reported by Abdul Majid and Howlett41. If one
therefore accepts their kinetic form, namely,

Rate = k4[K+][Fe(CN)63—][I_]2
the rate constants (k4) of Table 6 are obtained. These rate
constants are similar but not identical to the average results
obtained by Abdul Ma3jid?1’7%, However, it is clear that the
kinetic form, and approximately the‘rate constants and activation
energy are consistent with this particular earlier investigation.
Since the detection of the appearance of 12 in the runs is
somewhat subjective, and further that the .derivation of initial
rates data is not absolutely unambiguous, it seemed better to
ﬁse rate constants for the homogeneous reaction determined here

for calculating the homogeneous component of the total reaction

in heterogeneous cases.
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SECTION 3

Method of Determination of Initial Rates

A variety of methods is available and several were

compared.

1. The total volume of thiosulphate added may be plotted

versus time and a tangent drawn at the origin.

2. The experimental points can be fitted to a best assumed
equation, e.qg.,
Volume of thiosulphate = A + Bt + Ctzswhence the
differential at t = 0 is then B, which is directly

proportional to the initial rate.

3. Differences, At, between readings can be found, plotted
against the mid point of the volume interval, Av, to which

they refer and extrapolated to v = 0.

4. Since the experimental technique used maintained a constant
[K+] and [I_], each set of results for the homogeneous reaction
could be regarded as a first order reaction in [Fe(CN)63-],
k calculated and hence initial rate deduced. The virtual
complete removal of [I2] means that the reverse reacﬁion is
negligible.

In a typical experiment [Fe(CN)63-] was initially
0.025 mol dm;3, so that 60 cm> of solution contain
1.5 x 10'_3 mol of this reactant. The total addition of

0.1 or 0.2 cm3 of 1.0 mol dm_3 thiosulphate was usually

4 4

followed in 10 separate additions so that 10 °~ or 2 x 10 ~ mol

of Fe(CN)g- had reacted during the observations, i.e. typically
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about 10%; though both more and less in éome cases. Most
of the volunm382C§2—versus time curves were slightly curved;
and, in geﬁeral, methods 1, 3 and 4 were found to be useful
in smoothing the individual readings to obtain initial rates.
It may, however, be noted that the first reading recorded
(at say 0.01 cm3 thiosulphate used) was seldom in agreement
with the other readings because perhaps of traces of
atmospheric oxidation of [I—] in the stock solutién.

The results of the homogeneous reactions studied may be

summarised as (Figure 4)

4

corresponding to an activation energy of 37 kJ mol-l, whereas

log_ k, = 12.8 - 4440/T

Spiro and RavnES15 report E ”R% 35 kJ mol_1 on the basis of two

runs. Abdul Majid and Howlettt? report E RY 34 kJ mol L.

The smoothed rate constants calculated from this formula

41,70 at the lower

end of the temperature range, e.dg., 0.0558 dm9 mol-3 min”1

41,70

are closely similar to those of Abdul Majid
at 10.0°C whereas Abdul Majid's result is 0.0554; but
the rate constants are higher at higher temperatures, e.qg.
0.158 at 30.0°C compared with 0.144.

The present smoothed rate constants are used here to
calculate the homogeneous component of total reactions in
order to deduce the heterogeneous component.

The heterogeneous results are mostly reported in
chronologically obtained groups for reasons which have

already been hinted at.



The effect of temperature and extent of surface upon the
heterogeneous component

An initial set was performed to examine the effect of
temperature and extent of surface upon the heterogeneous

component. These results are summarised in Table 7.

Table 7

[Fe(CN) >7] = 0.0250 mol am >
[17] = 0.250 mol dm 3
ixhy = 0.328 mol dm >
pH = 6.8

Total volume of reaction mixture = 60 cm3

e Area_ Pt lO6 X obs 106 calc 106 Het 107Het rate/
' cm I.R. _ Homo rate rate -y Area -2
mol min mol min-l mol min mol min~lecm
10.0 12.9 3.76 1.72 ' 2.04 1.58
10.0 ) 25.4 5.88 1.72 4.16 1.63
15.0 12.9 4.16 2.27 1.89 1.47
20.0 12.9 4.34 2.95 1.39 1.08
25.0  12.9 4.61 3.78 1.8, 1.4,
30.0 12.9 6.37 4,86 1.51 1.17
30.0 12.9 C6.12 4.86 1.2, 0.94

Thus these initial experimenfs appeared to show that

(a) There is an appreciable heterogeneous. component.

(b) The heterogeneous rate is directly proportional
to the surface area of platinum available.

(c) The rate falls slowly with rise in temperature.
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However, this set was actually accomplished starting
from clean platinum and was interspersed with homogeneous
runs.
A set was therefore run in quick succession to examine
the temperature effect - as shown in Table 8, with concentrations
édjusted from the experiments reported in Table 7 so as to

emphasize the heterogeneous part of the reaction

Table 38

0.025 mol dm °

I

[Fe(eN) >7)

[17] = 0.0500 mol dm >
k] - 0.127 mol dm~3
PH = 6.8

Area Pt = 23.4 cm2

Total volume of reaction mixture = 60 cm3

¢ 107 X I.R. 107 X calc 107 X Het rate 108 Het rate/
mol min~1 Homo rate Area
mol min—1
10.0 5.0 0.27 4.73 2.02
20.0 | 7.04 0.47 6.56 2.80
30.0 7.53 0.75 6.78 2.90
40.0 8.76 1.20 7.56 3.23

Here is a slight rise in rate with rise in temperature, but
essentially the variation with temperature is very small.

A set was now similarly run in rapid succession to
examine the effects of variation in concentration of the two

- - + .
main reactants. [I ] and [Fe(CN)63 ], [K'] being maintained by



addition of potassium nitrate.

together in Table 9.

: 650

These results are collected

A low temperature was preferred for this

‘'work to minimise the homogeneous component.

Table

9

Variation of heterogeneous rate with concentration

of ferricyanide and iodide ion at constant [K+]

All runs carried out at 10.0°C at PH 6.8 with

[K+] = 0.328 mol cilm-'3 and using 24.0 cm2 of platinum in 60 cm3
solution.
- 3- 6 6 6
(1 1_5 [Fe(CN)6 ] 10° x obs 10" x calc Het rate
mol dm - Initial rate Homo rate . =1
mol dm mol min~ ol min~ L mol min

0.200 0.0250 5.10 1.10 4.00
0.100 0.0250 2.5o 0.27 2.23
0.050 0.0250 1.12 0.07 1.05
0.250 0.0200 4.66 1.37 3.29
0.250 0.0100 / 3.03 0.69 2.34
0.250 0.0050 1.58 0.34 1.24

The implication from these results is that the rate of the

heterogeneous reaction appears to be close to first order in

iodide, but a little lower than first order in cyanoferrate(III)

ion - in fact the apparent order with respect to Fe(CN)6

is about 0.7.. (See Figures 5 and 6).

3=

However, making the approximation that the rate of the

heterogeneous reaction is directly proportional to the surface

areaov[I_] and [Fe(CN)63-] it is apparent that the result for



6 + log10 Het rate

0-4 -
0.2 =
0 prese

Figure 5

1.0 1.5

3 + loglo[Fe(CN)B_]

66.



6 + logld Het rate

0.8

Figure 6

67.

1.0 1.5

2+ 1og10[1']
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10.0°C from Table 8 in whicﬁ [K+] was lower than that used in
the runs reported in Table 9, is apparently low in rate.

| In another set carried out [K+] was not maintained
constant by the addition of potassium nitrate. A low temperature
was preferred for this work in order to minimise the homogeneous
component. Both sets of results are collected in Table 10 for

comparison. Table 10

All experiments carried out at 10.0°C at PH 6.8
using 24.5 cm2 of Pt for Set A and 24.0 cm2 for
Set B; in GOcm3 of solution.

SET A .
[I-]_3 [Fe(CN)63f] '_[K+]_3 106 X obs 106>{calc 106 X Het
mol = mol dm I.R. Homo I.R. . I.R.
mol dm Lo=1 . - .. =1
mol min mol min mol min
0.200 0.0250 0.278 4.8 0.92 3.8,
0.100 0.0250 0.178 1.99 0.15 1.84
0.050 0.0250 0.128 0.6, ' 0.03 0.6,
SET B
(177 [Fe(CN)63—] (k1 10°% x obs 10° xcale 10° xmHet
mol dm—3 mol dm_3 mol dm‘-3 I.R._ Homo I'%& I.R. -1
mol min mol min mol min
0.200 0.0250 0.328 5.1O 1.10 4.00
0.100 0.0250 . 0.328 2.50 0.27 2.23
0.050 0.0250 0.328 1.12 0.07 1.05

After making some allowance for individual experimental
error it can be argued that these two sets would be consistent
with the folloWing interpretation. The rate of the heterogeneous

reaction is affected by the presence of [K+] in addition to
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those of I  and Fe(CN)63‘ . The last experiment in
each series of Table 10 makes this point particularly.

In a later set of experiments a study of the effect
of [K+] was extended to higher values, by determining
hetefogeneous rates at three different [K+] values, at each

of three temperatures, as shown in Table 11.

Table 11

The effect of temperature variation and variation

of [K+] upon the heterogeneous rate

Runs carried out at pH 6.8 using 60 cm3 of solution

containing 0.060 mol dm > [Fe(CN) > ], 0.080 mol dm > [I7]

and 23.4 cm2 Pt.

¢ [K+] -3 10 obs I.R. 10° calc 10° Het rate
mol dm mol min t Homo rate mol min~
mol min
10.0 0.265 1.00 0.34 0.66
10.0 0.390 1.50 0.50 ' 1.00
10.0 0.515 1.95 0.66 1.29
20.0 0.265 1.20 0.58 0.62
20.0 0.390 1.76 0.86 0.90
20.0 0.515 A2.12 1.14 0.98
30.0 . 0.265 1.6 0.96 0.74
30.0 0.390 2.30 . 1.42 0.88

30.0 0.515 2.8, 1.87 0.95
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Treated on their own this set confirm that there is
little temperature variation in the heterogeneous component
‘of the rate. They also show again that the heterogeneous rate
does increase with [K+]. This set however is generally slower
than would be expected from the earlier results and therefore

again demonstrated a slowing down of the heterogeneous rate

with age of the platinum catalyst.

The effect of variation in concentration of K" upon the

heterogeneous rate

Finally, in order to further examine the effect of
[K+] another isolated series of reactions was attempted in
which [K+1 was varied by the addition of potassium nitrate,
as shown in Table 12. 1In order to test hypotheses about the
nature of the heterogeneous reaction some furthér experiments
with more extreme concentrations were desirable. However,
this set involves an extra point of interpretation. Up till
now the kinetic form for the homogeneous reaction could be
safely assumed because conditions, particularly those of
[K+] have been within those for which the homogeneous kinetics
were investigated by Abdul Majid and Howlett41. In the present
set~[K+] ranges well outside those used earlier;and it seems
of doubtful value to assume that the rate of the homogeneous
reaction between I and Fe(CN)63_ will continue to be
directly proportional to this counter-ion ad infinitum because
for example ion-pairing would eventually tend towards a limit.
Hence in this particular set the corresponding homogeneous
rates have been determined for all the experimen;s carried out

at 250C although calculated values were still suitable for

the runs at 10°cC.
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Table 12
- 3- + 6 6
“pO¢ [ I ] [Fe(CN)6 ] [K'] Area Pt 10 xI.R 10 xHet
-3 -3 -3 2 - t
mol dm mol dm 1 drn in~1 rate - _
mo n cm mol min mol min 1
25.0 0.200  0.0750 0.427 0 7.4
25.0 0.200 ' 0.0750  0.427 0 7.3
. ‘ 2.0
25.0 0.200 0.0750 0.427 23.4 9.3
25.0 0.200 0.0750 0.427 23.4 9.4
25.0 0.200 0.0750 1.052 0 19
25.0 0.200 0.0750 1.052 0o 19
25.0 0.200 0.0750 1.052  23.4 23 4
25.0 0.200 0.0750 1.052 23.4 23
25.0 0.200 0.0750 1.468 0 27
25.0 0.200 0.0750 1.468 0 27
25.0 0.200 0.0750 1.468 23.4 34 8
25.0 0.200 0.0750 1.468 23.4 36
10.0 0.250 0.0100 0.432 0 0.90(calc)
2.76
10.0 0.250 0.0100 0.432 23.4 3.66 :
10.0 0.250 0.0100 0.657 0 1.37(calc)
2.95
10.0 0.250 0.0100 0.657 23.4 4.32
The heterogeneous reaction carried out by Spiro and
Ravnb15 can be compared with the experiments here because the

. + ..
concentrations of reactants and of K are similar. The surface

area of platinum used is different.

In Table 13 the comparison is made between similar

experiments reported here, and those of Spiro and Ravnbls.
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It should be noted that the runs of Table 12 carried
out at 25°C are rather fast for accurate kinetic work using

40 put the general picture is

the Harcouft-Esson technique
clear - the rate is definitely enhanced by [K+].

This observétion may be an aid to understanding both-
the heterogeneous and the homogeneous mechanisms. Both
components are separately affected by the presence of [K+].

The fact that the rate of the homogeneous reaction
is directly proportional to [K+]is evidence that an ion pair,
most probably K+....Fe(CN)63— is involved in the rate
determining step. The use of the potassium ion, however, is
not aetermined. It might merely facilitate approach of [I™]
by lessening the electrostatic repulsion between the anions.
Additionally, however, the potassium ion might provide a low
lying empty orbital as an electron-route to aid the
homogeneous redox process. The fact that the heterogeneous
reaction also has a rate dependent upon [K+] suggests that an
ion pair involving .K+ may be an important species in the
exchange of an electron with the platinum. The most commonly
occurring ion pair in these solutions is of course
k... Fe(cm) 7.

The equilibrium constant for formation of ‘this ion

pair is about 20 dm+3 mol_l at zero ionic strength at
25.0°C.72 AH for this association has not been reported, but

other similar ones which are known are small. Over the
relatively small temperature interval of interest to us let

us assume that this equilibrium constant is unvarying.
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In the experiments conducted here the ionic strength
is far from zero. A crude idea of the effective concentration-
equilibrium constant can be gained by assuming that even as high
as p = 0.5 moi dm“3 an activity-coefficient (f) is given by

2

5 5
=log f= 0.52" (n°/(1 + p?) = 0.25p)

where Z is the charge on that ion, so that
1og'iKC = 1.3 = 3 (u%/(l + p%) - 0.25p)
Taking an average experimental value of pR”? 0.3 to

0.35

3 1

K, ~ 3 am® mol”
With this value the concentration of K+....Fe(CN)63- and of
'free"Fe(CN)63_ can be estimated for all experiments.

Applying this to the experiments reported in Table 11, the

corresponding concentrations in mol dm 3 are given in

Table 14.
Table 14
(k"] nominal 0.265 0.390 0.515
[Fe(cN) °7] nominal 0.0800 0.0800 0.0800
[Fe(CN)63_] free 0.0571 0.0489 0.0446
+ 3~
[K*....Fe(cn) 77 0.0229 0.0311 0.0354

3-
Thus observed rates increase as free [Fe(CN)6 ]

decreases but as the concentration of ion-pair increases.
Further by dividing the heterogeneous rates of Table 11
by these estimated ion-pair concentrations avefage results are

obtained as shown in Table 15.
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Table 15
+ B
K
[ 13 10° Het rate /[ion pair]
mol dm =3 in"
dn min
0.265 ' 28
0.390 ' ' 28
0.515 - 29

Because of the constancyrof the last column of Table 15
the experiments are consistent with K+;...Fe(CN)63_ being one
species_involved in exchanging electrons with the electrode.
The 'free' cyanoferrate(III) ipn must be presumed to be less
efficient at this process. Such a conclusion might have wide
implications for kinetic and electrochemical considerations.

A brief investigation of one consistency test for thé
idea has been made. If the presence of a counter ion with the
cyanoferrate(III) ion is very important then by changing the
nature of the coqnter—ion two effects might affect the rate
of electron transfer. Firstly, the association equilibrium
constant leading to.the ion-pair will be different and '
secondly the efficiency of the electron path through the
orbitals of the counter-ion might be quite different.

In a preliminary experiment a basic reaction mixture

3 0f 0.0600 mol am™3 K,Fe(CN) . and

consisting of 220 cm
0.0800 mol dm_3 KI, buffered to pH 6.8 was allowed to react

at lO.OOC in contact with 23.4 cm2 Pt under various conditions.

[
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3

This mixture in the presence of 0.262 mol dm - of [K+] had

a total initial rate of 2.0. x 10~ ° mol min~l.

0
When potassium nitrate was added to make [K+]= 0.397

6 -1

mol dm 3, the total initial rate was 2.9 X 10" ° mol min .

6

Of this increase 0.61 x 10_6 mol min—1 is a calculated
increase of the homogeneous rate so that the heterogeneous rate

increased by an estimated 0.35 X 10_6 mol min_l.

But when a similar addition of sodium nitrate was

made to the initial solution so that [K+] = 0.262 mol dm_3

and [Na*] = 0.130 mol dm 3

2.7, x 107% mol min~!. Some 0.31 x 10°° mol min ! is the

the total initial rate was

expected increase in the homogeneous rate due to extra [Na+]

leaving 0.39 x 10_6 mol min—l'as the increase in heterogeneous
rate. | |

The difference between 0.35 and 0.39 x 10-6 mol min_l
is not significant so that the following improved test was

attempted, and is summarised in Table 16.

Table 16

The effect of cation on the heterogeneous reaction rate

Reaction mixture containing 0.0200 mol dm_3 K3Fe(CN)6

and 0.250 mol dm > [I”] of total volume 120 cms. pPH 6.8

. + +
and T = 10.0°C. 'The iodide counter-ion was [K'], [Na'l],
and [Li+] in separate experiments, and in each case the
initial rate was determined for the homogeneous process and

in the presence of 25.4 cm2 of Pt.

The results were as follows.
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Main lO6 x I.R. Homo 106 x I.R. 106 X Het
Cation mol min-l CatalySf? ComponeE§
mol min mol min
.+
Li 1.30 , 1.41 0.11
Nat 1.72 2.14 0.42
k't 3.25 3.95 0.70

First one should notice in Table 16 that the homogeneous
rate is, in each case approximately that expected from the
effects of [Li+] etc., réported by Abdul Majid and Howlett{l.
It is clear, however, that the nature of the cation also
affects the rate of the‘heterogeneous component. The relative
accuracy of the figures in the last column may be poor, but
the general conclusion is of considerable interest.

The extent of ion-pairing of these differént cations with
[Fe(CN)63_] probably varies less than the estimated variation
in heterogeneous component caused by each cation, so that the
cation would appear to be acting as a path for the transfer
of an electrdn. Such a conclusion would have electrochemical
as well as kinetic implications.

The understanding of heterogeneous reactions, irrespective
of whether or not they are redox processes has developed

73 which

generally from Nernst's general diffusion theory
states that the velocity with which solutes diffuse through a
static layer of solution close to the surface may have a

controlling influence upon the rate.
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Amongst the followers of Nernst73 who soon produced

experimental evidence in4support of the theory was van Name74.

In one of a series of papers75’76’77'78

he concluded that in

one way three types of heterogeneous reaction are conceivable.
(1) A chemical reaction at the surface of rate much faster

than the rate of diffusion to that surface. The slow step,
diffusion, would therefore be rate controlling, and concentration
gradient (s) would be set up in the 'diffusion layer’.

(2) A chemical reaction at the surface of rate much slower than
the rate of diffusion. The chemical process here is rate
determining.

(3) A chemical reaction at the surface of comparable rate to
that of the accompanying diffusion processes, so that neither

is completely rate determining.

One difference between (1) and (3) would be that the
concentration gradient in the diffusion layer would lead to
zero concentration of one reactant at the surface in (1), but
to a finite concentration at the surface in (3).

Many of the reactions which have been studied and
regarded as examples of these cases have been redox in
character, a particular one which used an experimental set-
up probably similar to that used in the present investigation
being that of.Riddiford and Bircumshaw79 in which thin sheets
of zinc were rotated in a glass holder in solution of iodine.

73 view that diffusion is the sole

Although Nernst's
process bringing reactants to a surface has been modified

over the years, it is difficult to deny that diffusion is

.
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important, and indeed there have been many simple proofs
published that, in reacting mixtures layers of solution
exist close to surfaces in which the concentrations are
different from that in the bulk solution. As an example
may be mentioned80 the observation of a pink layer on the
surface of a érystal of barium hydroxide dissolving in a
stirred solution of dilute acid containing phenolphthalein.

Estimates of the thickness of the diffusion layer in.
stirred systems at room temperatures tend to give values
around 10 >cm.

Assume that in the present case the rate of the chemical
reaction in the surface depends upon the simultaneous presence
of iodide and of some cyanoferrate(III) ions at the surface,
electron transport being wvirtually instantaneous. If an
electron were transferred the cyanoferrate product is (apart
from possible ion-pairing) the final product. The other
immediate material is an iodine atom. We are therefore also
assuming that the dimerisation of this initial product does
not interfere with the overall kinetics.

By implication we are most likely to be considering
van Name's case (1)74’75'76’77’78. Suppose diffusion is
all important in .mass transport. Let the thickness of the
diffusion layer be § cm, the area of platinum be A<xn2, and

3 3

¢, mol cm ° I and ¢, mol cm

of Vv cm3.

Fe(CN)63- be present in a total
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Write Fick's law of diffusion81 as

1/A . dn/dt = D dc/dx

where D is a diffusion coefficient, n is the number of
mol of species, x the coordinate along which concentration
varies; i.e. perpendicular to the surface here.

If one were aealing with the situation where a combination
of reactant concentrations and diffusion coefficients were
such that the reactants were supplied to the surface at
equal rates then the observed rate of reaction would be
determined by the product of two terms of the kind 1A . dn/dt.

However in the majority of runs carried out in this work
iodide ‘is present in considerable excess. Thus whilst the
rate of diffusion of cyanoferrate(III) should be rate
determining, the difference in [I ] between the bulk and the
surface will be relatively small. Thus the rate of diffusion
of I will not be rate determining. Rate will be determined
by the product of two terms, one arising from diffusion of
cyanoferrate ions through the diffusion layer, the other
' arising from the rate of bombardment of iodide ions on a
given surface, almost as though it wére not a reactant.

This situation can be considered in various ways.

Firstly, consider the observed rate of reaction with

respect to cyanoferrate(III).

We have ch = n2
whence Vdc2 = dn2
e Vdcz/dt = dnz/dt

and inserting this into Fick's equation ‘

de,/dt ='~AD/V.dcz/dx’
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In terms of an assumed linear fall in [Fe(CN)63—],

c,, to zero through the diffusion layer we have

2'
dcz/dx = c2/6
so that
—dcz/dt = ADcz/VG

74,75,76,77,78

i.e. for van Name's case (1) the simplest theory

3—],

provided that D and § are independent constants at constant

predicts first order behaviour with respect to [Fe(CN)6

temperature. This has been questioned, but the experiments
carried out here were not designed to investigate such a -
relationship. However, it is clear that the present results

~ do conform to a heterogeneous reaction whose rate in mol min_l
is directly proportional to A.and independent of V. (i.e.
rate in mol dm'-:",min_l inversely proportional to V).

Secondly, it is of interest to calculate the rate at
which both iodide and cyanoferrate(III)‘collide with the
platinum surface, iodide being treated as merely an ion in
the solution with near constancy of concentration up to the
surface, cyanoferrate as diffusing through the diffusion layer.

Let us refer calculations to an experiment at 10.OOC'

3

employing 0.25 mol dm_3‘[I_], (c;) and 0.025 mol dm ° [Fe(CN)

6

(c2). The number of [I ] ions striking unit area of platinum

per second is (VRT/27mM)x number of [I ] ions per unit volume.
Thus assuming that tI-] is unhydrated so that its

relative mass is 127 and that the effective concentration at

the surface is (0.25 - [Fe(CN)63—]bulk) mol dn”>, i.e.

0.225 mol dm-3, the number of collisions of iodide ions with

1 cm2 s-1 at T = IOOC

3-

1.
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2 - _
= 6.023 x 10°3 x 107! x 0.225 /8,314 XK 2837(6.28 % 0.127)

= 7.4 x 1023,

via Fick's law8l and assuming that the diffusion coefficient
D, for [Fe(CN)63-] can be calculated from D = XRT/F2 in
which the equivalent condﬁctance, A , has arbitrarily been
taken as the value.at'infinite dilution at this temperature,
viz 70 ohm-l cm2, the number of cyanoferrate(III) ions which
strike 1 cm2 of surface per second if §= 0.001 cm

23 5

6.023 x 10
7
2.7 x 10 -

x 0.025 x 1000 x 1.78 x 10

I

This figure will be a high estimate because the diffusion
coefficient used will be larger than the true value possibly
by a factor of 4 or so. In Table 5 it is seen that the fast

heterogeneous rate using the above conditions and a fairly

new Pt surface is 21.6 x 10-6 mol min-l; i.e.

6 -1

X 6.02 x 1023 / 23.4 x 60 ions cm_2 S

= 9.3 X 1015 ions cm-2 s_1

21.6 x 10

Moelwyn—Hughe582 has collected some results which show that
the. calculated rates are frequently 105 timeé the observed
rates - a fact borne out here. |

Now it is clear from the experimental work that the
apparent activaﬁién energy for the heterogeneous reaction
between I and Fe(CN)GB— is considerably less than that
for the homogeneous reaction. In the absence of any activation
~required once the ions meet at the surface, a diffusion-
controlled heterogeneous reaction at a liquid/solid interface
would be expected to have a temperature coefficient similar

to that of diffusion i.e about 2% K_l. The results in



83.

Tables 7 and 8 indicate a temperature coefficient probably
lower than this - a characteristic of some reaction where
'D and § are not independent. All one can say is that the
apparent activation energy is roughly consistent with that
expected for a diffusion-controlled reaction.

Of greater significance is the fact that the diffusionl
layer will .diminish if any forced agitation aids natural
diffusion. Stirring'is the agitation most frequently employed.
The mathematical calculation of the effect of rate of stirring
on § is very complex and has been shown to depend upon the
geometry of the system. However, with both rotated sheets
and discs rotated in the solution rates of reaction have been
observed to vary approximately as angular velocity raised
to a power of 0.5 - 0.7.

In all the experiments reported here up to this section
the stirring has been carried out at a constant value of
190 rev min—l. In aifew scattered experiments rate was
measured in both unstirred mixtures and in mixtures stirred
at different speeds.

The results were as follows:

SET A
Conditions, 30.0°C pH 6.8, 0.0250 mol dm - [Fe(CN)GB-]
0.25 mol dm 3 [I7], 0.328 mol dm > [K'] total volume 60 cm>.

Initial rate of homogeneous reaction (mean of 3)

4.63 X 10-6 mol min'-l

Initial rate with 12.9 cm3 Pt, 190 rev min-1 stirring

6.0 x 10-6 mol rnin-1

3

Initial rate with 12.9 cm> Pt, 800 rev min | stirring

6.8 x 1076 mol min-l
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SET B

3 3

[I7], 0.0250 mol dm

[ +] otal volume 60 cm3.

Conditions10.0°C, pH 6.8, 0.150 mol dm

[Fe(CN) 7] 0.228 mol dm >

Calculated initial rate of homogeneous reaction
0.43 x 10—6 mol min-1
2 -
Initial rate with 23.4 cm Pt, 190 rev min ! stirring ‘

1.8 x 10-6 mol min-1
2 -6

Initial rate with 23.4 cm™ Pt, 800 rev min—1 2.35 x 10

mol min_l

SET C

3 3

Conditions, 25.0°C, pH 6.8, 0.114 mol dm
3

[I] , 0.0114 'mol dm

3

[Fe(CN)GB_], 0.149 mol dm [K+], total volume 220 cm”.

Calculated initial rate of homogeneous reaction

0.58 x 10~° mol min~}

Initial rate with 49 cm2 Pt, no stirring¥*
1.25 x 10~ % mol min~?!
Initial rate with 49 cm2 Pt, 800 rev min“1 stirring i
{
[
i

1.75 x 10°% mol min~ !

* .
No stirring except at each moment of addition of thiosulphate.

As is commonly observed with heterogeneous processes
thought to be at least partly diffusion controlled, rate
increases with rate of stirring but rises less than

proportionally to the rate of stirring.
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(b)

PART ONE

CHAPTER TWO

The Reaction between Iron(III) and Iodide and

its Heterogeneous .Catalysis by Platinum

The Reaction between Sulphato-iron(III) and

Jodide and its Heterogeneous Catalysis by Platinum

85.
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EXPERIMENTAL

1. Materials

| All reagents used in this investigation were initially
of 'Analar' grade except ferric nitrate. Potassium iodide was
used directly as the 'Analar' reagent. Sodium thiosulphate
solutions wecre prepared from 'Analar' crystals dissolved in
distilled water and filtered to remove any colloidal sulphur

particles. Concentration of 82032_ was checked iodometrically.

2. Experimecntal Technique

Ferric solutions were prepared from the nitrate,
nitric acid being used to contro% the hydrogen ion concentration.
The ekact concentration of Fe(III) was determined by using
standard permanganate solution. Essentially the same kind of
technique was used to follow Fe(III)/I_ as has already been
described for the Fe(CN)GB-/I_ system. However, minor
modifications were necessary. In the previous work thio-
sulphate was added initially and the time required for the
liberation of iodine was determined. This was avoided in
the present case because under those conditions some thio-

83

sulphate may react with ferric ions, although it is known

that Fe(III)/Szo 2= is a slower reaction than Fe(III)/I .

3
Therefore -in order to study the Fe(III)/I reaction
a slight excess of thiosulphate was quickly and quantitatively
added after the reaction had been occurring for a few
minutes and the time at which the iodine reappeared was noted.
Aftér several successive additions the initial rate wa§

determined by extrapolation to t = 0. There is, of course,

negligible reversibility in the Fe(III)/I reaction so that
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the presence of minute concentrations of iodine early on
is not significant.

The rates were measured in the presence and absence of
platinum. The homogeneous (or blank) solutions and those
containing platinum foil were examined under idgntical
ekperimental conditions, both being agitated at a constant rate
with a glass stirrer. Platinum surfaces having areas of
25.4 cm2 or 49 cm2 were supported by the stirrer in the
catalysed runs. The volume of solution used was 110 or 120 cm3.
The bright platinum pieces were cleaned in concentrated hydrochloric
acid énd distilled water between experiments, and were storeé in
acidified distilled water after being used.

Two typical experiments both uncatalysed and catalysed
-are shown in Table 17.

Before moving on to the actual experimental work on the
Fe (III)/1 reaction, it is convenient at this stage to consider
the equilibria involving Fe(III) which exist in the experimental
solutions, and the considerations are extended to include later
experimental conditions in which sulphate ions are added. 1In
these systems there are three main relevant pre-equilibria set

up before the reactants are mixed.

1. Fe3t + 5o —> Fe(oH)?t + H.0Y XK. A 0.003 mol dm >
A — 3 1 ™
3+ 2- + 3 -1
2. Fe .+ SO, — FeSO, K, A7 1000 dm™ mol
3 -1
- - ~J,
3. g.ot + 50,27 —> HSO, + H.O Ky & 60 dm” mol
3 4 ~ 4 2

(The hydration sphere of Fe(III) has been ignored in these

equations).
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Table 17
. 3+ - .
Typical Fe™ / 1 experiments

3 3

1 = 5.0°, using 120 cm> of 0.00458 mol dm™3 [Fe>*],0.00151 mol dm >,
[I-], [H+] = 0.00833 mol dm_3. Added sodium thiosulphate

is 0.100 mol dm >

(A) Blank run (B) with 49 cm2 Pt

?ime Titre of 3 ?ime Titre of 3 ;
(min-sec) Na28203 (cm™) (min-sec) Na25203 (cm™) !
4.15 - 0.01 3.05 - 0.01 3
8.15 © 0.02 6.05 0.02 |
12.40 0.03 9.15 0.03 ;
17.20 0.04 12.25 0.04 |

22.10 0.05 15.45 0.05
27.05 0.06 . 19.25 0.06 :
32.10 0.07 23.05 0.07 i
37.30 - 0.08 1 27.00 0.08 |
|
I.R. = 2.2, x 107/ mol min~ I.R. = 3.6, x 1077 mol min~?! '
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Considering the first equilibrium and assigning K1
to the reaction, a general value for equilibrium constants
involving ionic species in aqueous solutions may be obtained

if the activity coefficient of an ion is assumed to vary with

ionic strength, p, according to

“log  f; = 22,2 1 i + Bp®)- cp)
where A may be given its 'theoretical' Debye-Hickel value,
Zi is the numerical ionic charge, B is sometimes taken as
unity and C (except when hydrogen ion is involved) often
seems to be aboqt 0.25 for a best fit to experimental daéa,
if p is in units of mol dm_3.

Many published resulté for K, are listed in Stability

1
constants of metal ion complexes, Chemical Society Special

Publication No.l7.

The results at 25°C are well fitted by the expression -

log K, = =2.29 - 2.03 p%/(l + p%

1 ) + 0.5 p

where it is seen that B =1 and C = 0.25. The same form
(with A but not B or C adjusted for temperature) has therefore
been fitted to results at other temperatures and values

deduced as set out below.

at 1°c log K1 = -2.965 - 1.955 u%/(l + p%) + 0.5 p
=0 - - % %
at 5°C 1log K1 = =-2.845 1.965 p*/(1 + n?) + 0.5 p
at 10°c log K1 = -2,70 - 1.98 p%/(i + p%) + 0.5 p
o - - % %
at 15°C log K, = -2.56 2 p4/(1 + p%) + 0.5 p
o. _ % X :
at 20 C log Kl = =2.42 - 2.02 p?/(1 + p°) + 0.5 p

1

From these we get the value of AHRARYJ 44 kJ -mol” * at low

values of the ionic strength ().
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A similar treatment for K suggests that here B and C

2
in the logfi expression need to assume values different

from those suggested by Davies84 in order to find a best

account for the data.

Considering the second equilibrium and assigning K2

to the reaction
+ ‘ -
(2) rFet 4+ 50,27 — Feso,’
- 4 ~— 4
At 25 °c the various results are fitted by the expression

log K '554.15 -6.1 p%/(l + 1.64 u%) + 0.3 i

2
40 ' _ b 5
at -1 C . log K2 =.3.75 5.87 p°/(1 + 1.64) p°) + 0.3 p
v o _ _ % % _
at 5°C log K2 = 3,82 5.9 p*/(1 + 1.64 p*) +:0.3 p
at 10°C 1log Kz.f 3.91 5.945 p*/(1 + 1.64 p°) + 0.3 p
o _ _ 5 %
at 15°C 1log K2 = 3.99 6 u/(1 + 1.64 p°) + 0.3 p
o : 5 - %
at 20°C log K2 = 4.06 - 6.05 p°/(1 + 1.64 pn°) + 0.3 p
whence the value of AH = 26 kJ mol_l.

Finally considering the third equilibrium and

assigning K3 to the reaction:

2- + -
(3) $0,°7 + Hy0' —> HSO, + H,0

it is found that the constant C is best equated to zero

to account for the'results:

%

; .
at 25°C log K, = 1.99 - 2.03 p?/(1 + 1.8 p?)

3

and hence
' % %
1.70 = 1.955 p/(1 + 1.8 p*)

%

at 1OC log K3

X

i

at 5°C 1log K 1.75 - 1.965 p*/(1 + 1.8 p*?)

3

%

1.815 - 1.98 p%/(l + 1.8 pf)

at 10°¢ log Ky
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‘ N .
at 15°C log K 1.875 = 2 p4/(1 + 1.8 u%)

3
o _ - . %
at 20°C 1log K3 1.93 2.02 p°/(1 + 1.8 p*)
whence AH = 19 kJ mol ‘.

In addition to these pre-equilibria, of course, once
the reaction mixture is prepared there will be appreciable
complexation between Fe(III) and 1. Thernly reported value
' 1

for this equilibrium constant is 20 dm3 mol © at 25°C and

W = 0.09, corresponding to about 80 dm> mol ! at p = 0.

~i.e. assigning K4 to the association

Fe3t 4+ 17 — N per?t
I =

.if there were no temperature variation one might assume

log K,:= 1.92 - 3.04 u%/(l + u%) + 0.75 p

4.
under all experiméntal conditions.

‘However; the corresponding formation reactions of
mono chloro and mono bromo complexes are reported to have
temperature coefficients.corresponding approximately to
AH = 20 kJ mol™t so that perhaps a more realistic set of values

for K, would be

4
o _ . y %
at-1°C log K4 = 1.61 - 2.93 p*/(1 + p°) + 0.75 p
o o _ % 5
at 5°C log K, = 1.67 2.95 p?/(1 + p*) + 0.75 p
at 10°C 1log K4 = 1,74 = 2,97 p*/(1 + p°) + 0.75 p

at 15°¢ log K4 = 1.80 - 3.00/u%/(1 + p%) + 0.75 p

%/(1 + u%) + 0.75 p

at 20°c log K, = 1.86

4 3.03 p

Whilst this last equilibrium can be regarded as part

of the mechanism of the homogeneous reaction, it affects
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theoretically the concentration of each kind of Fe(III)
containing species which can strike the platinum surface
- and contribute to the heterogeneous reaction.

However, in practice here, this correction has not
been felt justified because (see later) with the concentrations
typically used for the experimental work, the concentrations

IIT I2+

calculated for Fe are very low.

EXPERIMENTAL WORK ON THE Fe(III)—I_ REACTION

Despite a moderate amount of reported study on the
homogeneous reaction, so that the importance of knowledge
of and control ocf [H+], ionic strength and the presence of
other anions has become recognised, the temperature coefficient
of the rate constant has not been recorded. Accordingly, in
ordef to be able to deduce the heterogeneous component of the
total process at various tempefatures it was necessary for the
homogeneous rate to be determined over a range of temperatures.

In preliminary experiments, studying the same reaction
mixture under both homogeneous and heterogeneous conditions,
a feature already familiar in the Fe(CN)63_/I— reaction was
encountered. A first set of experiments was conducted using
25 cm2 of platinum which was already aged by long use with
Fe(CN)63m/I_ mixtures. Rather low heterogeneous rates were
found, the homogeneous rate being dominant. A second set in
which the surface was increased to 49 cm2 using the aged
surface plus some extra lightly used platinum produced
considerably increased heterogeneous rates = much more than

twice those of the first set.
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- This again implies that heterogeneous rates will be subject

to some uncertainty. However, those reported here were all

' _obtained using the same partially aged platinum surface over

a period of a few weeks.

Another difficulty in dealing with this reaction
quantitatively 1is the fact that perusal of the results of
earlier workers shows that there clearly are difficulties in
determining accurately meaningful rates or rate constants for
the homogeneous reaction. Thus although Fudge and Sykes47
realised (and partly established) how important the.control
of the ionic content of the reacting solution is, the resﬁlts
reported do not appear to approach ideal quantitative agreement.
These authors do not in fact quote a numerical value for the
rate constant for the main initial prdcess (their kl), although
values can be calculated from the reported experiments.
Presumably the selected results given in the paper are not
the most discordant ones,.but, for example, if one regards

the ‘initial rate as being due merely to the made-up concentrations

of Fe (NO
3+
e

3)3 and KI via a third order process, first order in

and second order in I , then their results at 19°C and
6

F

mol_zmin.—1

p = 0.0673 yield a mean rate constant of about 1340 dm
but with a spread of *10%.

Although ;s we shall see some of this apparent error
can be accounted for, it means that one should anticipate that
difficulties may be encountered in obtaining accurate results
for the heterogeheous rates since these are the differences

between two rates, both of which in the present work are large

compared with the difference.
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Two different sets of experiments, nominally starting

from identical conditions were carried out both homogeneously

2 3 3

mol dm
3

and heterogeneously with 49 cm® Pt, using 4.58 x 10

(Fe3%7, 1.51 x 1073 mol am™3

[17], 8.33 x 10™° mol am > [u'],
p = 0.037. Mean initial rates found with 120 cm3 of solution
are recorded in Table 18. The initial rates are means of two
séparate runs except for the asterisked result which is a

single determination.

Table 18

The effect of temperature on the homogeneous

and heterogeneous rates of reaction

e v107 Homogengogs 107 I.R. wiEh Pt 107 Heterogeneous
I.R. (mol min l) .(mol min l) I.R. (mol min_l)
1.0 1.16 2.47 1.3
5.0 2.24 3.61 1.4
10.0 4.36 7.4 3.0
15.0 9.8 15.4%* 5.6

The homogeneous rates correspond to an apparent
activation energy of 96 kJ mol_l and the heterogeneous rates

correspond to an apparent activation energy in the region of

1,(See.Figure 7).

50 kJ mol

Although one could, at this stage compare an extrapolated
rate constant from these results for the homogeneous rate with
those of Fudge and Sykeéraand the answers are of a similar order
of magnitude) it is not really profitable to do so before

conducting a more detailed analysis of the content of the

solutions.
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1 1 ]
3.5 3.6 3.7
3
10 /T
Fig. 7. Variation of homogeneous rate with

temperature.
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47
Let us consider Fudge and Sykes' results for the

homogeneous reaction in the light of the pre-equilibria
mentioned earlier, notably that of the hydrolysis of Fe3+(aq),
but additionally considering the association constant for

Fe3t 4+ NO.T —> Feno. 2t
3 — 3

which Fudge and Sykes themselves deduced to have a value of

3 1

about 7 dm> mol

at their working ionic strength. No temperature
variation is available for this equilibrium constant. Let us
assume none, but there must be a variation with ionic strength.

The form of this variation has therefore been assumed to be |

log K %

= log K4(0) - 3 u%/(l + pu°) +0.75 p

4(p)
. . 47 )
Consider two experiments of Fudge and Sykes carried out
3+ 3 -
[T ]o =
¢ [HNO;] =9 x 1073 mol dm™3 and p is maintained
3

at 0.0673 mol dm - by addition of 1.83 x 10 2 mol dm~ KNO, -

at 19°C in which (A), [Fe
3

]o = 6.06 x 10—3 mol dm~

3.64 x 10—3 mol dm

By recalculation here the initial rate (-d[Fe(III)]/dt)=

1.17 x 10-4 mol dm_3 min-l. . The initial third order rate

constant is therefore 1330 dm® mol™ 2 min l.

In (B), [Fe3+]o = 3.03 x 10_3 mol dm-3

P [T, =
3 3 ‘

7.27 x 1073 mol dm”3, [mNO,] = 9 x 1073 mol am~3, and

2

g = 0.0673 mol dm™3 with 3.28 x 102 mol am™3 KNO.. As in A,

3
the initial rate is deduced to be 42.3 x 10~ 2 mol dm > min 1,

whence k1 = 1450 dm6 mol-'2 min—l.

48
One can take note that Fudge and Sykes report that

(a) rate falls rapidly as [H+] tends towards zero and

(b) NO3- has a slight retardant effect; and

crudely interpret these observations to imply that the rate of
2+ 2+

homogeneous reaction of FeOH and of FeNO3 with I~ are

insignificant compared with that of Fe3+(aq).
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A little experience soon leads to a fairly rapid method
of deducing the concentrations of these three Fe(III) species
by guessing initially the probable real ionic strength after
-ion-pairing or complexation has taken place to equilibrium.

Thus with experiment (A) of Fudge and Sykegz 'assigning'
true ionié strength = 0.062 mol dm"3 so that Ky (i.e.
k(Feon??) = 1og™! (-2.45 - 0.402 + 0.031) = 0.00151 mol dm .
This alone implies some 85% of ([Fe3+(aq)] + [FeOH2+]) is

+
[Fegl(aq)]. Hence [FeNO32+] can initially be estimated at

7%x0.85%6.06%10 3 x (0.009+0.0183+0.0186) = 1.64x10_ 3 mol dm 3;

and therefore better as
7 x 0.85 x 4.42 x 10> x (0.0455-0.0016) = 1.15 x 10 > mol dm >.

Hence [FeOH2+] is given approximately by

1.51 x 1073 = [FeOH?T](0.009 + [Feou®'])/(4.89 x 10 3-[Feon®*]
i.e. initial values are [FeOH2+] = 6.6 X 10_4 mol dm_3
(Fe3tag] = 4.25 x 1072 mol dm™3
a check on these figures reveals p = 0.063
K, = 0.00150
K4='6.1

Repeating with p = 0.063 so that K1= 0.001505 a more

consistent set is seen to be

[FeOH2+] = 6.4 x 10m4 mol dm_3
(Fe3¥(aq)] = 4.12 x 107> mol dm™>
[FeNO32+] = 1.3 x 10”2 mol dm™3
Corresponding to p = 0.063
K, = 0.00150
K4 = 7.0

Clearly no further iteration is needed. !
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A similar treatment with experiment (B) of Fudge and
sykes leads to '

[Feor®*] = 3.4 x 107 mol am™3
[Fe>*(aq)]= 2.09 x 1073 mol dm™3
[FeN0.**] = 6.0 x 107* mol am™

Several points could be made with these figures. If one
assumes that Fe3+(aq) is the only effective Fe(III) reactant
then kl(true) calculated from 5
Initial rate = kl(true)[Fe3+(aq)]o[I-jO

Cis (A) 2140 dm® mol 2 min~?

(B) 2100 dm6 mol_2 min
The disagreement between the initially calculated kl values is
considerably reduced - and pérhapstheresult is a compliment
to the work of Fudge and Sykes.

From a practical point of view, the claimed first order
nature of the reaction in Fe(III) énd second order in I is based
ﬁpon the cruder calculations of the’effects of alterations in
gross [Fe(III)] upon the rate. Perhaps the effects of KNO3 and

HNO3 are fortuitously low in the experimental range investigated.

The mere fact that use of the equation

Rate = kl(true)[Fe3+(aq)][I_]2
or 'corrected' values for [Fe3+] produces good agreement for
kl(true) from rather different starting conceﬁtrations. (A) and
(B) is good evidence for the correctness of the order deduced
from 'uncorrected' concentrations.
However, it is clear that the presence of much added nitrate
or hydrogen ion makes it difficult to compare gross rates with

4 d 71 and 94
those of other workers. '®tr#2s46,47 an
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So, next let us examine thé present homogeneous results
given in Table 18 from the same point of view. The method
of calculation has already been set out under consideration
of Fudge and Sykeg7I experiments (A) and (B)-.

A consistent set of p(true) values, equilibrium constants,
corrected concentrations of Fe(III) species and kl(true) values

is listed in Table 19. To calculate kl(true) it is necessary
3

to remember that the rates of Table 18 refer to 120 cm” of
reactant mixture.

Table 19
Temperature (°c) 1.0 5.0 10.0 15.0
u(true) (mol dm™3) 0.035- 0.035 0.035 0.0345
K, (mol dm ) 0.00056 0.00073 0.00101  0.00139
K, (an® mo1™h) 9.0 9.0 9.0 - 9.0
10°[Fe?* (aq) ] (mol am™)  3.64 3.59 3.50 3.40
104[FeOH2+]o(mol am™3) 2.4 3.0 4.1 5.3
104[FeN032+]o(mol dm~3) 7.0 6.9 6.7 6.5
k, (true) (dm® mol”? min~1) 116 228 455 1050

The kl(true) values also lead to an activation energy
of 96 kJ mol—l for. the homogeneous reaction between Fe3+(aq)
and I-; and hence an extrapolation may be made to 19°C and
ZOOC, at which temperature values for kl(true) are deduced
to be 1660 and 1900 dm6 mol_2 min-l respectively. These refer

to a different ionic strength from the results of Fudge and

Sykeéygut are seen to be in rough agreement with them.
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Now let us consider two other sets of reactions
carried out to examine the effect of variation in concentrations
5f reactants upon both the homogeneous and more particularly
the heterogeneous reaction. Table 20 shows a set carried
out at ZOOC, using 120 cm3 of reactant mixture which in every
case contained 0.00833 mol dmm3 HNO3. The concentrations
quoted are initial nominal (i.e. made-up) values.

In Table 21 is reported a set carried out at 1.0°C
3

HNO,.

using 120 cm3 of reactants containing 0.00833 mol dm 3

Some runs have added KNO3‘as may be seen from column 3.
In general the homogeneous rates of Table 21 were
very slow and, for example, those in the third row, although

attemptedly measured, were so slow that no accurate figures

could be obtained. Accordingly the results for the homogeneous
rate in all but the first line are calculated figures, obtained
by using the reliable figuré in the first row and assuming the
third order form of the kinetics.

The homogeneous results of Table 20 can be treated in
a manner analogous to thoge in Table 18. The resulting
calculated figures are given in Table 22 in the same order as
in Table 20.

The mean kl(true) value is 2030 dmé mol—2 min—1 at
ZOOC, compared with the extrapolated value of 1900 obtained
earlier. The reasonable agreement of all fhe kl(true) values
emphasises that the initial kinetics really are of third order.

Also of interest is the fact that the last columns of
Table 20 and 21 may also be used to demonstrate the nature of

the variation of the heterogeneous rate with concentrations and

with temperature. (See Figures 8 and 9 atlgc)
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The values qubted for the heterogeneous rates have
usually been quoted only to one significant figure, because
"as hinted at various times the accuracy obtainable in *
deriving these figures is not expected to be high.

Both sets of experiments listed in Tables 20 and 21 yield
results which are approximately in agreement with the hetero-
geneous reaction having a rate proportional to [Fe(III)][I ].

Thus the values of Table 20 may be expressed as
Initial heterogeneous rate/[Fe(III)][I ]

when the successive experiments yield figures of 0.105, 0.071,
0.084, 0.112, 0.106 and 0.096 (mean 0.096) dm® mol™} min~! at
20.0°C under the conditions of the experiments.

The results of Table 21 ﬁay similarly be expressed as
the values 0;019, 0.032, 0.032, 0.025, 0.039 (mean 0.029)
dm6 mol--1 min-l at 1.0°c.

It is clear that the rather wide spreadsof these figures
make it impossible to decide from this evidence which Fe (III)
species is, or are responsible for the heterogeneous reaction.

The two sets of results do, again, however, indicate
that the heterogeneous reaction has a significant temperature
.coefficient. The two mean figures obtained above indicate an
activation energy of about 43 kJ mol™t, Coupling this with the
estimate obtained from Table 18, one sees that the activation
energy appears to be in the region of 45 kJ mol-l.

In view of the fact that the Fe(CN)63f/I- reaction had
a heterogeneous component whose activation energy was not far from

~that expected from the temperature coefficient of diffusion,

this present result may be surprising.
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However, it will be remembered that with the
Fe(CN)63_/I_ reaction one could argue that the homogeneous
reaction seems to involve an electron path through the orbitals
of a éounter ion, and the effect of counter-ions on the rate
of the heterogeneous reaction was consistent with this.
Homogeneous reactions involving electron transfer with Fe(III)
species have been the subject of many studies. When the reaction
is merely one of electron-exchange (i.e. not like the homogeneous
mechanism for Fe3+/I—) the rate constant for the FeOH2+ species
is much higher than tha£ for the Fe3+(aq) species. For
example, for the electron exchange of Fe(II) and Fe(III) at
OOC, the bimolecular rate constants are approximately
103 dm3 mol—1 s_1 for Fe2+/FeOH2+ and 1 dm3 mol_1 s‘-1 for
Fe2+/Fe3+(aq).

If this feature of the reactivity of FeOH2+ is
significant in the present context, it is first seen from the
calculations of Table 19 and 22 that [FeOH?T]/[Fe3¥(aq)] is
in the region of 0.1. If the rate constant for the heterogeneous
reaction of FeOH2+ accepting an electron from the platinum
surface were 1000 times greater than for'the corresponding -
step with Fe3+(aq) then 99% of the total reaction could be
involving this species.

It is therefore significant that the compilation of
K1 values given earlier shows that AH for FeOH2+ production
from Fe;+(aq) has a value of 44 kJ mol-l. A possible conclusion
is therefore that the observed apparent activation energy
for the heterogeneous Fe(III)/I_ reaction is largely due to

FeOH2+ being the dominant Fe(III) species involved in the

heterogeneous reaction.
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As a test of this hypothesis experiments were conducted

both homogeneously and heterogeneously at 5°¢C using

3 3 3

[17]
but at different acidities so that the ratio of [Fe3+]/[FeOH

9.57 x 10_3 mol dm mol dm

[Fe(III)] and 1.53 x 10

2+]

is varied.
Calculated consistent conditions initially present in

these solutions are given in Table 23.

Table 23
I ' IT

(Fe3¥] (mol am™3) 6.63 x 10° 7.08 x 103
[FeOH?¥] (mol dm™3) 1.41 x 1073 0.50 x 103
[Fen0,**] (mol dm™>) 1.53 x 1073 1.99 x 1072
(7] (mol dm™3) 3.07 x 1073 8.83 x 107>
(v0, 7] (mol dm™3) 0.02884 0.03505

L (mol dm”3) 0.053 0.060
K, (mol dam >) 6.53 x 10 ° 6.24 x 10”4
K, (an® mo1l™l) 8.0 8.0

The initial homogeneous rates would therefore be expected

. +. .
to show the more acidic one faster by some 7 % if [Fe3 ] is the

sole significantly effective oxidant. The experimental result

3 of reactant the more acidic run with

7

was that with 120 cm

initial rate 3.4, x 10 ' mol min—l was some 18% faster.

9
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The heterogeneous rate (i.e. total initial rate minus
homogeneous initial rate) in the more acid solution would be
about one third of the other experiment if Fe(OH)2+ were the
sole effective reactant in the heterogeneous case.

| In fact the initial heterogeneous rates were
2.0 x 10_7 mol m:'_Ln_l in the less acid solution, and
1.5 x 10—7 mol min-1 in the more acidic solution; i.e. although
gqualitatively in agreement that the heterogeneous rate rises

2+

with [FeOH”™ ], quantitatively one cannot say that the whole

of the heterogeneous reéction is due to [Fe(OH)2+]. However
part of the apparent activation energy may arise from changes
in [FeOH2+] with temperature. Part, some 20 kJ mol_% would

of course be expected to arise from the temperature coefficient
of viscosity of the medium. It would need considerably more
analysis to sort out any differential effect on rates caused

by [FeNO 2+] which also varied in these experiments.

3
In continuing a study of the possibilities of catalysis

by platinum metal 6f Fe (III) reactions with iodide, it was

noted that Fe(CN6)3+is a low spin complex whose reaction with

I~ has a slightly unfavourable free energy change, whereas
Fe(H20)63+ and Fe(OH)2+(aq) are both high spin complexes having
favourable free energy changes for their corresponding reactions
with iodide. It would seem that probably both Fe(CN)63" and
Fe(H20)63+ can react at significant rates with I both in the

. +
homogeneous phase and when heterogeneously assisted; Fe(OH)2

however may well be more suited to the heterogeneous reaction.
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It then seemed that the species FeSO4+(aq) would be an
interesting one to examine. The nature of this species is
" not entirely clear. Reference to the work of some authors
finds it classed as an ion-pair, although othégéslégard it
as a complex. It is of course conceivable that in any particular
case significant amounts of two essentially different species,
an ion pair in which water molecules separate Fe(III) and

SO4 "and another in which Fe-0-S links are present, both
exist in equilibrium. 1If FeSO4+(aq) is mainly an ion-pair this
would constitute a different type of Fe(III) oxidant. However
many of the arguments one can adduce by 'analogy', ( a few of
which were made by WilLb?% would seem to support the idéa that
the speéies is essentially a complex.

Fe (IIT) has good affinity for coordination by the oxygen
of ligands as evidenced when the ligand is water, phosphate,
oxalate and B-diketones etc; and sulphate, like some ligands
in this list, is at least capable of being bidentate, though
not as e;sily as oxalate.

1

The enthalpy and entropy changes 26 kJ mol * and

160 JK 1 -1

mol respectively accompanying FeSO4+ formation are
both positive, and for this type of reaction have been regarded
as large. It has been argued that mere ion-pairing is unlikely
to account for thése figures, whéreas dehydration of both

Fe3+(aq) and SO 2-(aq) together with the formation of one

4
or more new links is a reasonable interpretation of these
quantities. Although it is conceded that this is a reasonable

conclusion one can note that corresponding figures such as

- 3+
those for association of SO42 with CO(NHB)G . and for
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association of [Br- ] with Oo(NH3)63+ where ion-pairing
_is all that can be reasonably considered, are AH = 1.6 kJ mol_l,
5S = 70 3 mol ! K! and AH = 12 kI mol”™!, AS = 84 J K mol”l.
The AH figures fbr these two exampiesare somewhat contradictory
and the AS figures would perhaps suggest that FeSO4+ should
be regarded as an ion-pair.

The spectrum of FeSO4+ has a broad band centred at
305 nm of ¢ /=~ 2000 dm> mol ™! cm !, This is at least consisteht.
in position and intensity with that expected for a ds species
undergoing charge transfer, and:the band is usually described
as being of charge transfer type. It is hard to reconcile
a band of this ihtensity with an ion-pair, when one remembers
for example that the ion—pairiné of cations with Fe(CN)63-
produces no detectable spectral changes.

Thus although the possible existence of an ion-pair
cannot be ruled out it is probable that FeSO4+ is mainly a
complex.

Sulphate is reported85 to have only a small effect upon
the redox potential for the Fe(III)/Fe(II) system, the value
of +0.73 V in 1 mol dm > HC10, changing to +0.69 V in
3 H2804.

The fact that it was already known that FeSO4+ reacts

1 mol dm

very siowly with I  in the homogeneous phase made it appear
useful to carry out a preliminary investigation of the effect
of platinum upon this reaction. Perhaps one final point should

<4

be made about the effects of the nature of FeSO4 Fudge

47 .
and Sykes' work drew attention to the fact, here confirmed,
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that to a first approximation for the homogeneous reaction

3+(aq) is kinetically significant

- whereas the rates of reaction with FeOH2+, FeNO 2+

between Fe(III) and I , Fe
+
3 and FeSO4

are insignificant. The OH and the 5042_ species are regarded
as coordinating ligands, but a reasonable expectation about
FeNO32+ is that it is an ion-pair because of the poor
coordinating power of the nitrate ion. 'However, the difference
of nature (if it exists) between an ion--paired Fe(IiI) species
and a complex Fe(III) species has not produced kinetic effects -
hence one could not expect to‘use simple kinetic results as
evidence for distinguishing these two types of potential
reactant. Distinction between them might be‘inferred on entropy
or enthalpy grounds as said eérlier, but conceivably another
line of evidence might be obtained if the variation in
equilibrium constant for formation of one of these ion pairs/
complexes were studied as a function of pressure, because the
volume change accompanying product formation would be expected
to be greater for the complexation with its 'squeezing out'

of water from a bound state to a hydrogen bonded state in

the bulk solution, than for the ion-pairing where AV might

be near zero.

THE EFFECT .OF SULPHATE ION ON THE HETEROGENEOUS
RATE OF REACTION

Consider a set 6f experiments in which the nominal
make-up of the 120 cm3 of solution was identical at
4.16 x 1073 mol am™3 [re3*], 1.37 x 1073 3 117y,

3 3 2 3 [8042-

" and K+, and in which the temperature was varied

mol dm

mol dm~

mol dm ], other

8.33 x 10~ Et1, 1.66 x 10°

ions being NO3

from lOC to 250C.
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Taking into account the formation of FeOH2+, FeNO32+

o _
and FeSO4 ( as well as HSO4 ) the equilibrium constants K

-K2, K, and K4, and the ionic contents of the solutions are

estimated to be as seen in Table 24 at the commencement of

ll

each kinetic run. All figures in Table 24 are in mol dm-3

units.
Table 24
7°c K K K K
H 1 2 3 4
1.0 0.055 4.9 x 1074 590 24 8.0
5.0 0.054 6.5 x 10 4 710 27 8.0
10.0 0.053 9.0 x 104 840 31 8.0
15.0 0.053 1.05 x.10°3 1010 36 8.0
20.0 0.052 1.64 x 1073 1260 40 8.0
25.0 0.052 2.3 x 1073 1440 46 8.0
T°¢ 10° [FeSO4+] 10%1Fe3™] 102 [Feon®] 105[FeNO32+]
1.0 3.54 5.1 4 7
5.0 3.59 4.5 5 7"
10.0 | 3.65 3.9 6 6
15.0 3.71° 3.3 .7 5
20.0 ' 3.74 2.9 8 4

25.0 ~ 3.78 2.5 10 3




114.

It is immediately apparent that althoughlthe acidity
and the ionic strength have deliberately been kept as low
"as conveniently possible, in excess of 85% of the Fe(III) is
estimated to be present as FeSO +. Any formation of Fe (SO

4
has been ignored although this might account for something

a2

approaching 10% of [FeSO4+].
However, if FeSO4+, FeOH2+ and FeN032+ are relatively
inactive in reacting homogeneously with iodide it is clear

that since the concentrations of Fe3

+(aq) ére lower by a power
of 10 than those used earlier in the absence of sulphate, the
homogeneous rate is expected to be very slow. Indeed at tﬁe
lower temperatures the homogeneous rates were immeasurably
slow using the present technique, and no reliable homogeneous
rates could be found except at 20°C and 250C.

Table 25 lists the observed initial rates obtained

using the concentrations given earlier in Table 24.

Table 25
7 7 7
ToC 10" Homogeneous I.R. 10  1I.R. 10" Heterogeneous I.R.
mol min~ (Homo & Het& mol min~ 1
using 4glcnl Pt
mol min
1.0 v - 1.1
5.0 - 1.9
10.0 - 2.5
15.0 - 4.25
20.0 1.3 7.4 6.1

25.0 2.0 7.8 5.8
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An unusual feature of the catalysed reactions here was
that in all of them there was a relatively long interval before
the first reading in each experiment. 1In virtually all
experiments carried out up till now (homogeneous or hetero-

3 of

geneéus) the initial timing after addition of say 0.01 cm
thiosulphate to the mixture to the first appearance of a blue
colour tends to be slightly less than is consistent witﬁ
subsequent timings. This is regarded as accounted for by
slight aerial oxidation of I  during thermal equilibration.
Howevér, to excmplify the observation made here, at 5°¢ the

3 of

intervals for the first five additions of 0.01 cm
0.102 mol dm_3 thiosulphate were 7 min 45 sec., 5.35, 6.15,
6.35, 6.40 respectively. Although in all the present work in
the first timing was invariably neglected, this unexplained
anomaly was very noticeable.

First let us compare the observed homogeneous rates
with those calculated in accordance with the expectation given
above and taking into account the rates given in Table 18.

A direct extrapolation of the initial rates in Table 18 would
suggest that the presently determined such rates should be 1.7

7

and 3.0 x 10/ mol m:‘Ln"1 at 20O and 25°C respectively. However,

the jionic strength is higher in the present set and if one were

to correct the rates via

¥

g ) + 1.0 p

/(1 +.u!5

then 1.5 and 2.6 x10_ mol min~! respectively would be anticipated.

log k = log ko -5 p

In view of all the uncertainties in the calculations the observed
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homogeneous rates are moderately well in agreement with these
calculated expectations. Accordingly a consistent set of

. heterogeneous rates was deduced as follows given in Table 26.

Table 26
TOC 107 Homogeng?us I.R. 107 Heterogeneous I.R.
mol min mol min-l
1.0 (0.1) 1.0
5.0 (0.2) : -' 1.7
10.0 | (0.4) ) 2.1
15.0 (0.7) 3.55
20.0 7 ' 1.3 6.1
25.0 : 2.0 7 5.8

(Homogeneous initial rates in parentheses are the calculated

rates).
Clearly under these conditions a catalysed heterogeneous
reaction is observable. Further a comparison with the
heterogeneous rates of Table 18 and considering : the fact that

3+

the concentrations of Fe and FeOH2+ have been reduced by a

factor of about 10, shows that (if the heterogeneous rates of
Fe;+ and FeOH2+ with I are first order in Fe(III)) most of the
presently observed heterogeneous rate is due to FeSO4+.
Further this heterogeneous reaction of FeSO4+ with I has an
appreciable temperature coefficient. Since we have not

3+ 2+

established the relative importances of Fe and FeOH in the

heterogeneous reaction it is not possible to be precise about
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this temperature coefficient, but it appears to be lower
than that in the absence of sulphate.

Other sets of experiments were carried out with this

2=
4

concentration was reduced. This leads to appreciable amounts

system but in an attempt to keep ionic strengths low the SO

of uncomplexed Fe3+ and makes detailed analysis of the results
of less use. llowever, this system may repay further study
because the heterogeneous component is higher than that in the
other reactions so far studied here. The difficulty of
interpretation is to feel confident that FeSO + rather than

4
Fe3+ or Fe(SO4); is producing the dominant effect.

A

The spectra of acidic solution of Fe(III) in the presence
-1
and absence of sulphate from (30,000 to 40,000 cm 7)

The spectra of acidic solutionsof Fe(III) in the
presence and absence of sulphatehave been reported several times,
notably by Whiteker and Davidson®® and also by Willix®’.

The acidity must be fairly high to prevent excessive
hydrolysis to FeOH2+ which has a considerably different

spectrum from Fe3+aq. In particular FeOH2+ has a band of

moderate intensity e &4 2000, with a maximum near 300 nm,

i.e. probably similar in both these characteristics to FeSO4+
and Fe(so4);. The requirement of considerable concentrations
of HClO4, HNO3 or HZSO4 means that some uncertainty exists in

the spectrum at wavelengths below about 260 nm, because the
acidsalso begin to absorb and are present in some 1000-fold

excess over Fe(III). Probabiy for this reason none of the



118.

reporters quoted give spectra below 260 nm. This may be

86,87

mis leading because in references the absorbance due

" to Fe3+aq is shown still rising rapidly oﬁ going through
260 nm towards lower wavelengths. Although little serious
quantitative work has been carried out here, it is reported
because firstly the general features already known86’87 are
repeated and secondly the spectra are carried to wavelengths
of about 240 nm before severe absorption causes lack of
confidence.

The spectra have been observed at 10°C, 20°c and 30°%

4 3

for a solution containing 3.87 x 10 ° mol dm

0.10 mol dm—3 HNO3. To this, making no attempt to maintain

Fe(NO3) in

constant ionic strength, was added KZSO4 in increments up to
0.10 mol dm >.

The spectrum of‘Fe3+aq without added sulphate shows no
peak or shoulder in the region of 300 nm (33000 cm-l) so that
hydrolysis is suppressed. The form of the absorption curve
follows that reported earlier at wavelengths down to 260 nm but
here we see that a maximum of absorption occurs at about

1

39600 cm — (253 nm) with & = 4000.

The general similarity to the earlier work - viz a new

1 (308 nm) in the presence of

absorption near 32500 cm’
sulphate, and the non-existence of a good isosbesticpoint
(although one is approached with low concentration of sulphate

near 275 nm) made one feel confident that the earlier estimations

of the association constant for

NN FeSO +
4 ~ 4 .

were sufficiently good for the present purpose.

Fe3+aq + SO
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The spectra observed with the solution at 20°C are
shown in Figurel0 . Each spectrum is relative to that of
a solution containing the same concentration of nitric aciad

and potassium sulphate, but no iron.
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1.8 +
]-.61
1.41
1.27
6
1.0 4 5
4
0.8]
3
0.6 < 2
0.419 '
0.2+
1
40000 37500 _, 35000 32500
: cm
Figure 10, U.v. spectra of reactant mixtures, all containing

4 3 3

3.87 x 10 ° mol dm ~ Fe(NO and 0.10 mol dm

33

- HNO, at 2OOC; the potaséium sulphate concentrations

3 —
1, 0; 2, 0.004 mol dm™3; 3, 0.008 mol dm °;

4, 0.02 mol dm~>; 5, 0.04 mol dm 3; 6, 0.10 mol dm

3

5

3
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PART TWO

CHAPTER THREE

The Reaction between Tris(Dipyridyl)Iron(IIT)

and Iodide




122,

THE REACTION BETWEEN TRIS (DIPYRIDYL)IRON(III)
AND IODIDE

The standard electrode potential for the system
[Fe(dipy)3]3+/[Fe(dipy)3]2+ is about 1.06\3’92 so that the
trivalent ion has the thermodynamic power to oxidise iodide
'completely' to iodine. The complex of dipyridyl with Fe(II )
is more stable than that with Fe(III). Thus the overall

concentration formation constant§8
. 2+ .
By = [Fe(aipy); '1/[Fe**) [aipy]?

is about 1017 whereas 83 for the Fe(III) case is about 1011,

9

both expressed in dm mol_3 units.

EXPERIMENTAL

MATERIALS

All reagents used in these investigations were of
Analar' grade. Ferric nitrate solutiéns were standardised?
againstastandard potassium permanganate solution. 2,2'-
dipyridyl and potassium iodide were also used directly as the
'Analar' reagent. Dipyridyl solution, added to the ferric
nitrate solution was in eight-fold excess, compared with the
concentration of Fe(III). This was done to ensure that "all"
the iron(III) had been converted into the iron(III)dipyridyl
complex. For examéle, in the typical experimental run gquoted
in Table 29, Fe(III) added was 2.80 x 10~% mol dm™3 ana

4

[dipyridyl] added was about 20 x 10 ° mol dm-3, hence uncomplexed

7 mol dm-3, i.e. less than

Fe(III) is estimated at about 1 x 10
0.1% of the total. Since 83 for the Fe(II) compound is about

six powers of ten higher than that for the Fe(III) compound,
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there is, of course, no release of Fe2+aq as reaction takes

3

place, all Fe(II) is complexed. Nitric acid (0.001 mol dm ~)

was used throughout the work. Other reagents were prepared

as necessary.

EXPERIMENTAL TECHNIQUE

SPECTROPHOTOMETRIC METHOD

This method depends in principle on measuring the rate
of formation of tris(dipyridyl)iron(II) ion during the course
of the reaction. Tris(dipyridyl)iron(II) absorbs strongly in
the visible region at anelengths in the region of 520 nm.
The absorbance of tris(dipYridyl)iron(II) was measured over
the wavelength range between 420 nm aﬁd 560 nm with the
following typical results in two separate determinations,
as shown in Table 27.

Table 27 shows that a standardised wavelength of
520 nm gives.the maximum absorbance and it was used throughout
the experimental work. The broad maximum in this spectral
region is also an advantage.

The absorbances of‘tris(dipyridyl)iron(III) and of
iodine were also measured over the wavelength range between .
420 nm to 560 nm and gave the following results. It was
found that these absorb much more weakly at-this wavelenéth
as shown in Table 28.

From the point of view of a reaction, [Fe(III)(dipy)B]
and 12 present different problems.

Iodine and tris(dipYridyl)iron(II) ion are produced

in a molar ratio 1:2 starting from nominally zero concentrations
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at t = 0. Thus changes in absorbance due to these products
are in the ratio 8700 : 70 i.e. 99.2% of the rise in A is due
" to divalent iron production. |

Tris(dipyridyl)iron(III) ion is present initially in
reasonable concentration, so yielding a small initial absorbance,
but this falls during reaction. Its contribution alone,mole
for mole with divalent iron production would lead to a 2%
diminution in overall rise in absorbance, calculated for Fe(II)
production. Putting all this together if the absorbance change
is taken to be all due to Fe(II)(dipy)3 o production there
will be approximately a 1% error in concentrations calculafed.
This has been ignored.

The total volumé of the reaction mixture in most of
the experiments was about 140 cm3. The two reactants were
separately thermostatted to attain thermal equilibrium. The
reaction was started by mixing the reactants as follows:
contents of flask (X) containing tris(dipyridyl)iron (III)
were added into (Y) containing potassium iodide, then back to
(X), and the clock was started at the intermediate point.

Samples were withdrawn once every few minutes, not;ng
the time at which the optical density at 520 nm was read for
each undiluted sample. The molar extinction coefficient was
taken to be 8700 am3 molm1 cm_l. This value is the mean of
several determinations like those given in Table 27 and it

is consistent with the results reported by Baxendalesg,

90, and by Christmasgl. First is shown

George and Krumholz
in Table 29 some typical results of spectrophotometric
experiments showing also the repeatability of rate measurement

at two different temperatures.
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Table 29
[Fe(aipy)°*] = 2.757 x 107* mol am™>
- -2 -3
[T ]O = 4,993 x 10 mol dm
i3 = 0.025
Lo = 5.,0°
Absorbance readings at 520 nm
Time in seconds lst Attempt Repeat
A | A
175 0.061 0.061
285 0.065 ~, 0.065
408 0.070 0.071
515 0.074 0.074
640 0.078 0.079
755 0.082 0.083
895 '0.087 0.087
1010 0.092 0.092

-9

I.R. = 4.2 x 10~2 mol am™> s7!



[Fe(dipy)33+]'
[17]

B

o]

Table 30

2.757 x 10" % mol dm"~

4.993 x 102 mol dm~

0.025

30.0°C

Absorbance readings at 520 nm

3

3

128.

Time in secbnds 1st Attempt Repeat \
| A A
95 0.129 0.129
185 0.158 0.156
250 0.181 0.181
305 0.202 0.203
375 0.226 0.228
440 0.247 0.248
505 0.269 0.269
580 0.295 0.296
I.R. = 4.3, x 10°° mol am > s !
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For both the sets of results in Tables 29 and 30 complete
reaction would correspond to an absorbance of about 2.4 so that
about 1.5% of reaction has been followed in Table 29 and about
8% in Table 30. With the faster reactions there.is probably an
absolute error in the timing of zero, but the reaction rate is
so nearly constant over the period follbwed that only second

order errors arise from this cause.

THE EFFECT OF ATMOSPHERIC OXYGEN

For the establishment of a suitable environment for carrying
out kinetic work, it is important to study the effect of
dissolved gases in the solution. Thus it is important to examine
the effect of oxygen. In experiments now reported O2 was bubbled
through the iodide and tris(dipyridyl)iron(III) solutions for
half an hour before mixing, and the gas flow was continued
gently during the kinetic run.

For comparison between the above rate'and that in the
presence of an inert gas, the experiment was repeated with
nitrogen. It can be seen from the results given in Table 31
that slight acceleration over ungassed solutions occurs in the
experiment with nitrogen but there is no appreciable effect 
over ungassed solution in the experiments with oxygen.

This result might be explained thus:- most inorganic salts
dissolved in water increase the surface tension of the solution,
causing the concentration of the reactants on the surface of
the bubbles to be less than that in the bulk of the solution.

As a consequence of this negative absorption, the rate of

reaction increases.
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Table 31

Comparison of reaction rates in the absence

and presence of a stream of oxygen and nitrogen

bubbles
o) ST -4 -3
[Fe(dlpy)3 ]O constant, about 3 x 10 mol dm
[I ]o constant, about 3 x 10 2 mol am”3
T = 20.0°%
Absorbance measurements at 520 nm
Ungassed With Oxygen With Nitrogen
Time (s) A Time (s) ~ A Time (s) A
105 0.105 105 0.110 110 0.116
165 0.131 160 0.130 170 0.148
225 0.151 - 225 0.153 225 0.160
280 0.169 280 | 0.172 ’ 275 0.178
330 0.189 330 ©0.191 345 0.201
400 0.210 395 0.208 400 0.222
455 0.227 455 0.228 455 0.238
520 0.249 515 0.250 520 0.257
*
39.5 39.2 41

* The last line gives the initial rates of formation of

[Fe(dipy)33+] in nanomoles per dm3 per second.

o
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STABILITY OF TRIS(DIPYRIDYL)IRON(II)

The method being used to follow the reaction depends upon
the long-term constancy of intensity of abéorption by the product
of the reaction. This was checked in various media as follows:

A solution of tris(dipyridyl)iron(II) was prepared having

3

an optical density®) 1.0. Then 5 cm” of this solution was mixed

with 5 cm3 of

(a) Phosphate buffer " pH 6.80
(b) Phthalafe buffer. pH 4.01
(c) 0.001 mel dm > HNO,  pH 3
(d) 0.001 mol dm > NaOH  pH 11

respectively, and then the optical density was measured at

20.0°% immediately and then again after 60 minutes.

pPH 6.8 pH 4.01 pH 3 pH 11
Time A Time A Time A Time A
0 0.513 0 0.518 0 0.512 0 0.512
60 min 0.512 | 60 min 0.518 [60min 0.512 |60 min 0.512

These results clearly show the stability of [Fe(dipy)32+]
over periods of time longer then any used in the subsequent

kinetic measurements.
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MEDIUM EFFECT ON THE RATE OF REACTION

A general effect of solvent on the reaction rate arises
from changing the dielectric constant. For reaction between ions
of likc charges, coulombic repulsive forces would increase with
a decrease in the dielectric constant of the solvent, thus
increasing the energy of activation of the reaction. On the
other hand in a reaction between ions of unlike charge,
coulombic attractive forces would increase with a decrease in
the dielectric constant of the solvent thus decreasing the
enerqgy of activation of reaction.

A set of experiments was carried out at 25°¢ using

4 mol dmm3

approximately 2.8 x 10 [Fe(dipy)3$+] and
2 x 10_2 mol dm“3 [I_] in which in successive experiments
iqcreasing amounts of acetone were added to the initially wholly
aqueous solution. These additions progressively lower the
dielectric constant of the solution.

The detailed results are set out in Table 32.

It is therefore found that lowering the dielectric constant
the medium tends to increase the rate of reaction between
tris(dipyridyl)iron(III) and iodide ion as can be seen in
Table 32 when different quantities of acetone are added.

These results although consistent and clearly
in qualitative agreement with the fact that a reaction involving
ions of opposite sign apparently goes faster as the dielectric
constant is loWered, are somewhat surprising - a virtual
doubling of rate for a very modest change in dielectric constant.
Accordingly a check was made upon the extinction coefficient

of Fe(dipy)32+ in dilute aqueous solutions of acetone as

shown in Table 33.
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It is seen that although a small part of the
apparent increase in rate as acetone is added is due to
" a slight enhancement of the extinction.coefficient, the
rise in rate with lowering of dieléectric constant is still

real and large.

THE EFFECT OF TEMPERATURE ON REACTION RATE

For a reaction to take place, the reactant species must
be in an activated state, and there exists a thermodynamic
equilibrium between normal and activated species. Rise in
temperature increases the proportion of active species.

The rate at which tris(dipyridyl)iron(III) reacts

© 20.0°, 25.0° and 30.0° was

with [I7] at 5.0°, 10.0°, 15.5
measuréd for each run, keeping the concentrations of reactants
constant.

These single results (corresponding to p = 0.052) fit
quite a good Arrhenius plot and correspond to an activation

energy of 66 kJ molfl. The individual observations are

collected in Table 34. (See Figure 11).

The effect of platinum on the rate of reaction

The primary aim of the present work was to observe fhe
existence and characteristics of platinum-catalysed redox
reactions. A few experiments were carried out examining the
effect of the presence of 49 cm2 ofbplatinum in 140 cm3 of
reactants compared with similar runs in which no platinum was
present. In view of the experience of earlier work these

runs were mostly done at lower tempefatures to emphasise the

heterogeneous component of the rate. All runs gave the same
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general conclusion, two typical pairs being set out in
Tables 35 and 3¢ and these two results show that under
‘conditions where the homogeneous rate is low there is no
detectable heterogeneous rate. 1In no run could any surface
catalysed reaction be measured.

This ther constitutes one conclusion in this chapter =
that althouah the two half cell reactions involved here are
both reversible at platinum electrodes, platinum catalyses
the electron exchange to a negligible degree, in comparison
with the homogeneous rate.

The opportunity has been taken, however, to examine Ehe

kinetics of the homgeneous reaction which have not been reported

elsewpere.
Table 35
[Fe(dipy)33+] = 2.367 x 10~ % mol am™3
[T7] = 5.00 x 10°3 mol dm 3
T = 1.0°%
Absorbance readings at 520 nm
Blank run Run with 49 cm2 Pt
Time (s) A . Time (s) A
320 0.053 320 0.053
595 0.055 595 0.055
810 0.056 810 ~0.057
1045 : 0.057 1045 | 0.058
1290 0.058 1290 0.059
1520 0.059 1520 . 0.060
1765 0.060 1765 0.061
2010 0.061 2010 0.062
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Table 36
[Fe(dipyfgﬁ = 2,757 x 10”2 mol am™3
| [I7] = 4.993 x 1072 mol dm 3
T = 5.0°%
n = 0.052
Absorbance readings at 520 nm
Blank run ‘ ' Run with 49 cm2 Pt
Time (s) A Time (s) A
175 0.061 | 175 10.061
285 0.065 - 286 0.065
408 0.070 409 0.070
515 0.074 ' 515 -~ 0.074
640 0.078 641 0.078
756 0.082 756 0.082
895 0.086 ‘ 894 0.086
1010 0.090 1010 0.090

Investigations of the order of the reaction

The order of reaction with respect to the obvious
reactants, Fe(dipy)33+ and I , was next investigated. 1In such
a study there are conflicting interests. Particularly since a
highly charged reactant is involved it was desirable to keep
the ionic strength low. However, since two reactants of different
charges are being supplied, one as a trivalent nitrate, the
other as the potassiumsalt, if the concentration of one such

reactant is varied it is difficult to maintain constancy of
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both ionic strength and counter-ion concentrations. Both
ionic strength and counter-ions might affect the rate.

In an initial set of experiments, the total ionic
strength was sometimes supplied merely by the reactants,
sometimes made up to a constant figure by means of added
potassium nitrate.

Table 37 lists the conditions and initial rates
observed at three different ionic strengths, in experiments
carried out at 20°cC.

These results do not lead to an absolutely clear-cut
conclusion. The ordef of reaction with respect to Fe(dipy)33+
is clearly 1 as comparison of rows 4 and 5, 9 and 10 of
Teble 37 show. The order with respect to I seems méar
one, but there is a tendency fbr runs starting from high
'values of [I—] to have higher wvalues of the second order
rate constant. Reference back to Table 34 shows the same
effect in a different set of experiments. However, the
final column of Table 37 shows that the reaction does not
display simple second order behaviour in I~ so the order
appears to be slightly over one in 1.

Perhaps more surprising is that the rate «of reaction
does not appear to be verf sensitive to changes in ionic
strength. There may be evidence for a slight fall in rate
constant as p increases. Ignoring the one result with

high [I—]o' the average second order rate constants from

Table 37 are as in Table 38.
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Table 38

-3 -3
v 10 k2 10 kz(calc)
0.013 1.01 (1.01)
0.033 0.93 0.73
0.053 0.76 0.60

Qualitatively the second order rate constant falls as
B rises, as would be expected for a reaction involving oppositely
charged ions, but the last column of Table 38 shows that perhaps
it does not fall as rapidly as might be expected theoretically.

Thus if the rate controlling step were

X3+ + v : XY2+ r.d.s.
N
and if at these relatively low ionic strengths each ionic

activity coefficient were given by

2 %

-log fi = AZi {p/(1 + u%) - 0.25 p}

then, relative to the results at p = 0.013, the anticipated
rate constants at p = 0.033 and 0.053 are as given in

Table 38 under kz(calc). Of course, with a highly charged ion
participating, theoretical arguments may not be expected to be
followed tb the accuracy given above beyond about p = 0.01,

but perhaps the very large size of the Fe(III) species is not

taken into account. Whereas ions like Fe(H20)63+ and Fe(CN)63-
-10

may have radii in the region of 4 x 10 m and therefore a

volume of about 2.7 X 1528n9

=10

' Fe(dipy)33+ has a radius of

about 8 x 10 m and therefore eight times the volume of the
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other ions in which to dispose of the same charge. Any effect
related to charge density will be éonsiderM%Treduced in the
case of tris(dipyridyl) iron (III). |

In pursuing consideration of the variation of rate
with ionic content of the solution, the rate has been observed
in the presence of Kzso4 and MgkNO3)2.
although it is highly charged, Fe(dipy)33+ has a charge density

It has been argued that

much lower than that normally observed for common triply charged
ions. Fe(dipy)33+ might therefore be expected to associate

only weakly with nitrate to form ion-pairs, although perhaps
more strongly with the divalent ion sulphate. Any such \
ion-pairs may then have a different reactivity towards iodide

in comparison with 'free' species.

Consider then the experiments with potassium sulphate
carried out at 20°C and about b= 0.1.v From Table 38 one
would expect a second order rate constant of about 0.63 x 10-3
under these conditions in the absence of sulphate.

The observations are set out in Table 39.

The sulphate experiments are thus consistent with
removal of the iron(III) reactant by formation of some less
reactive ion-pair.

If one were to assume that the ion-pair is completely
unreactive compéred to free Fe(dipy)§+ then an association
constant for the species [Fe(dipy)3....SO4]+ could be deduced
relevant to p_RY 0.1. |

In fact the association constants calculated this way

from the two experiments are not in very good agreement.
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1440

The effect of sulphate ion on the rate of reaction

[Fe(dipy)33+] = 3.67 x 10 % mol dm~ >
[I7] = 3.00 x 10%mol dm >
[so42'} =1.99 x 10°% mol dm > [so42’] = 7.99 x 10'? mol dm >
Time (seconds) A Time (seconds) A
155 - 0.118 155 0.123
255 1 0.123 280 0.129
385 0.129 400 0.133
. 505 0.134 520 0.137
630 0.139 645 0.141
750 0.144 765 0.145
880 0.150 880 0.149
1000 0.156 1010 0.153
I.R. 3 o1
(n mol .dm s ) 5.2 4.0
103 k, (dm> mol” ! s7Y) 0.47 0.36 .
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Thus if k, in the absence of so42' is
0.63 x 10_3 dm3 mol_1 s—1 then 0.47 and 0.36 respectively
imply that [Fe(dipy)33+]O has fallen from 3.67 x 10—4 to

2.74 x 10~ % and 2.10 x 104 mol am 3.

Hence the association constants would be

0.93 x 10”4 d 1.57 x 102
=2 -z an =2 pay.}
1.98 x 10 x 2.74 x 10 7.98 x 10 x 2.10 x 10
= 17 and 9 dm3 mol-l

Further analysis of these two particular experiments
méy not be justified, but in principle one could account . for
the observed results if the ion pair is not completely inactive,
but has a reduced reactivity compared with Fe(dipy)33+.‘
For example, the results are gbnsistent with an association

constant for

2-

Fe(dipy)33+ + S0,

—— Ion-pair
<

of 42 dm3 mol_1 and a rate constant for the ion pair reacting

3 mol-1 s-l, rather less than

with iodide of 2.8 x 10™% dm
half the rate constant 6.3 x 10_4 for the free Fe(III) species.
Such an association constant is not unreasonable.

A somewhat similar effect to that of sulphate
deactivating tris(dipyridyl)iron(III) might be expected by
adding a multi-§alent cation to ion-pair with, and perhaps
therefore deactivate, iodide.

Some experiments were carried out adding magnesium

nitrate to reaction mixtures as shown in Table 40.
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Table 40
[Fe(dipy),>*] = 2.07 x 107% mol am™3
[I] = 2.19 x 10°2 mol dm 3
™c = 20.0%
g (N0y) T 0.0487 0.0775 0.155
(mol dm 7) T(s) A T(s) A T(s) A
165 0.061 165 0.074 170 0.084
270 0.065 270 0.078 265 0.087
385 0.069 390 0.082 390 0.090
510 0.074 505 0.085 510 0.092
630 0.078 630 0.088 636 0.095
750 0.082 750 0.092 750 0.098
870 0.086 1870 0.096 870 0.100
990 0.090 990 0.100 990 0.102
1110 0.094 - - - -
1230 0.098 - - - -
I.R.
nmoldm-3s_1 4.0 .5 2.8

The second order rate constant falls as [Mg(NO3)2] increases,

but this seems to be mainly an ionic strength effect and there

seems little evidence for deactivation of iodide from these

experiments.
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REACTION MECHANISM

We are dealingwith a reaction which is between
dissimilarly charged ions, one of which is highly charged.
Fe(dipy)33+ and 1~

The possible first step is some kind of ion association.

K
3+ + I — I [FeIIIdipy3....I]2+

FeIIIdipy3

which may be in competition with other ion pairings, e.gq.

III,. 3+ - 2 - IIT.. ‘ 2+
Fe dipy, + NO3 —— [Fe dlpy3....N03]

[FeIIIdiPY;;....I]Z+ might react in three possible ways

(a) [FeIIIdipy3....I]2+ [FeIIdipy3]2+ + 1°

—_—

[FeII dipy3]2+ + I,

————p

(b) [FeIIIdipy3....I]2+ + 17

17 0+ 1

11T, .. 2+ - I..
(c) [Fe (dlpy)3...I] + I [Fe dlpy3 5

The (a) 1°, (b) I,” or (c) [Fe'aipy,]*

ITI

could then react quickly
either with another IO (a) or [Fe (dipy)gﬁ (b and ¢) to lead
to the observed products.

Kinetically it would not be easy to distinguish between

(b and c¢) but (a) has different kinetic implications from (b)

and (c¢). Neglecting anion and ionic strength effects then -
Felll 3% L 17— [FeIII.....I]2+ and
D
ITT 2+
[Fe eessI]™ slow products
' . . . : I1I -
lead to a reaction which should be first order in Fe and I ;
whereas with [FeIII,,__I]2+ + I slow productsy
. . . - . . IIT. .
the reaction is second order in I , first order in Fe One is

not saying here that the reaction rate will be proportional to
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-2 ITI 2+
[T ]O because the ion-pair Fe P | may be (a) an

appreciable fraction of the FeIII, and (b) of longer, more

stable existence than a mere transition state. It may be a
real 'intermediate'. If the equilibrium constant for

3+ - K -
[FeIIIdipy3] + I SRTEN [FeIIIdipy3....I ]2+

is low so that 1little of the FeIII is present in ion paired form,

then the kinetics would be simple, because [intermediate]=

T I +
Kl[FeIII(dlpy)3: 1[1”] where [FeITI(dipy)33 ] refers to

equilibrium conditions but this would be virtually the same
as the initial made-up conditions. So one would get clear
first order in both reagents, or clear first order in one and

second order in I .

.
However, if K1 is large, then most of the Fe‘II is ’

present in ion-paired form. This means that the total [ion-

paired form] is almost directly proportional to the FeIII put

in but is virtually independent of 1 put in, because on
doubling the [I ] little more ion paired form can be produced.

If K1 were of intermediate value one could get intermediate

kinetics.

Considering likely magnitudes for Kl and also for K2
3 \ 3+

all in dm mol_l units, we note that [FeIIIdipy3] is a

large ion. Its surface charge density will not be high so it
might not ion pair as well as compact ions. Literature values
indicate K2 values of about 0.5 for nitrate with La3+ or Fe3+,

and 0.05 with Co(NH3)63+.
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Considering I complexes, the FeIII....I- complex
_ has a Kl value of 20 - 70 while for Co(NH3)63+ Kl‘RJ 30 and
for Coen33+ K, ~) 10.

Br complexes give similar K, values, so we might.

1
anticipate Kl to be about 20.

In tYpical experiments .[I ] /% 3 x 10-2 and
[Fe(dipy)éﬁ ~ 3 x 10 % mol dan” 3.

If K were taken as the zero ionic strength value

1
then
20 = [complex]
[3x10%-¢c103 x 1074
1.8 x 1074 ' -4 -3
- 1€ = [complex] = 1.1 x 10 mol dm ~.
Thus quite an appreciable fraction of the FeIII dipy33+

is ion-paired with I .

The setting up of the ion-pairing egquilibrium will °
be very fast.

Then for

Fe + I — Fe.....I
—

Fe...I slow products
—
Rate = k[Fe......I]

[Fe....I] Y(Fe....I)

= 20 (may be) or K, in general

- 1
[Fel Y(pey T y(17)
Y(re) V(1)

So k[Fe....I] Y (ro 1)

It

Rate = k K, [Fe][I ]

[T ]eq = [I ]o very closely

but [Fe]eq is very different from what was put in.
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Perhaps it will be better to express [Fe.....I]
in terms of [Fe]o. |

Since [Fe....I] = [Fe]o - [Fe]eq

and
- [Fe - I] v _
[Feloq _ (Fe - I)
K01 Yipey Y(17)
So IFe - I] = [Fe]o
1 + Z(Fe....I)
KT Ypey Y(17)
So rate (a) = k[FeIIIdipy3]

1+ Y(Fe....I) \
K, [I]

Y(re) Y(17)
Under conditions where the activity coefficients
cancel out and where (K1 [I--])-l is large compared with 1,

this of course simplifies to
= . 3+ -
Rate = k, [Fe(dipy),~ ][I ]

If the complex reacts with I~ as in (b) or (¢) then

rate = K [FeIIIdipy3][I—] Y(Fe....I) Y(17)

L+ Y(re dipy, - I) Y(Fe....I....I)

Kl[I ] Y(Fe) Y(i-)

Similarly, under the conditions mentioned above, this simplifies

to
2

Rate = k3[Fe(dipy)33+][I']

To consider these two rate possibilities more

realistically firstly Kl will fall from its (assumed) value

appropriate to zero ionic strength, and the activity coefficient
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of multivalent species will fall faster than those of
univalent ions as ionic strength rises to the experimental
conditions.

Considering rate (a) this means that the term
Kl[I-]Y(Fe) falls appreciably, relative to y(Fe....I)/y(I ).
Thus the composite term in the denominator of rate (a) should
be well over unity and the kinetics fcr this model should
approximate to second order overall, first order in each
component. At first sight this appears to be consistent with
the experimental resulﬁs. However; any discrepancy from these
simple kinetics sHould be in the direction of an order of
reaction with respect to iodide of less than one. What seems
to have been ob§erved is an order with respect to iodide of
slightly over one.

It cannot ke claimed that the mechanistic problem has
been solved but there seems a likelihood on balance that the
meéhanism (b) or (c) is more probable. These lead to kinetics
of first order in Fe(dipy)33+ and first to second order in I .
Further, of course, this would explain the present reaction on

the same basic mechanism as for other Fe(III)——I- reactions.



PART TWO

CHAPTER FOUR

The Reaction Between Cerium(IV) and Thallium(I)

in Nitric Acid, in Sulphuric Acid and in

Perchloric Acid Media with and without the

Presence of Platinum Metal

152.
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The heterogeneous reéaction between cerium(IV) and thallium(I)

in the presence of platinum

The heterogeneous reaction between cerium(IV) and
thallium(I) in the presence of platinum has not bheen investigated
in detail acccrding to a survey of the literature. This reaction
forms the basis of Shaffer'én;quivalence charge hypcthesis .
Shaffeéﬁ%riefly rcmarks that this reaction is catalysed by
platinum at rooum temperature, but no experimental work has keen
published to substantiate his results. So it was decided to
see the effect of platinum on the rate of this reaction in
different acidic media, such as sulphuric acid, nitric acid
and perchloric acid in stroﬁgly acid conditions where T1(I)
may well be merely hvdrated (and unhydrolyzed) but Ce(IV) can
be present as sulphato-complexes or can react with nitrogen
containing species or may be present as [CeIYaq] respectively.

Sco reaction in sulphuric acid, nitric acid and perchloric acid
might be all different which will be an unusual feature. The
actual results can be seen later in the experimental part of

this section.

METHOD AND MATERIALS

1. Preparation and Analysis of Stock Solutions

Cerium(IV) stock solutions were prepared by dissolving
freshly precipitated cerium(IV) hydroxide in nitric or perchloric
acid. The cerium(IV) hydroxide was prepared by dissolving
ammonium hexa nitrato cerate(IV) and precipitating with ammonium
hydroxide. The hydroxide was washed with distilled water until
it was free of ammonia. 1In the case of sulphuric'acid media,

ceric sulphate marked low in rare earths was employed throughout
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all the experiments. The cerium(IV) concentrations were
determined by titration with standard ferrous sulphate to
‘an orthophenanthroline ferrous sulphate end-point.

Thallium(I) stock solutions were prepared by dissolving
a weighed quantity of (a) thallium(I) carbonate of (b) thallium(I)
sﬁlphate in the respective acids (nitric acid, and perchloric
acid) for (a) and sulphuric acid for (b)). The concentration
of thallium(I) was determined gravimetrically by precipitating
thallous ion as thallous chromate followed by drying and
weighing in a sintered glass crucible.

All the acids employed were of 'ANALAR' grade.

2. Preparation and Analysis of Reaction Mixtures

Reaction mixtures were prepared in volumetric flasks
from stock solutions which had been immersed in a constant
temperature bath for one hour before mixing. Samples were
pipetted from the reaction mixture at different measured time
intervals, transferred into 50 cm3 of ice-cold 1.0 mol dm—3
sulphuric acid or to 50 cm3 of distilled water in case of
experiments where sulphuric acid or perchloric acid was already
present in the reaction medium. This mixture was then analyzed
immediately by titration of the cerium(IV) with standard
ferrous sulphate po an orthophenanthroline ferrous sulphate
end point which changes sharply from green to red. Any
reduction of thallium(III) is negligible as shown by the
experiments in which the cerium(IV) determined agreed with that
added. The presence of thallium(I) and/or thallium(III) make

virtually no difference to the titration if it is done rapidly

as shown in Table 41.
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Table 41
Each titration involves the use of 10.0 cm3
of Ce(IV) solution against 0.0250 mol dm > Fe(II)
3

Conditions

Titre of Fe(II) (cm™)

Direct at room temperature 24.48
Repeat 24.52
(.°. [Ce(IV)] = 0.0612 mol dm 2)

10 cm3 Ce(IV) added to ice

plus dilute sto4 24.41
lOcm3 Ce(IV) added to 10 cm3

0.1 mol dm > T1(I) + ice + 24.33
dilute HZSO4

Repeat, with wait of

15 min. before 24.06
titration

10 cm3 Ce(IV) + 0.11 g

(NH4)3 TlCl6.2H20 + ice 24.31
+ dilute HZSO4




The reaction of cerium(IV) and thallium(I) in 6.0 mol dm_3

nitric acid

The reaction of cerium(IV) and thallium(I) was first
studied in nitric acid solution. Since Dorfman and Gryder51
have previously reported homogeneous studies at 53.9°C,
initially éome corresponding experiments wefe carried out.
Dorfman and Grydesrl deduced that under these conditions,
cerium(IV) exists partially in monomeric form, partly

dimerized, and that the slow homogeneous process consists of

a second order reaction between monomeric cerium(IV) and

156.

thallium(I) complicated by a parallel reaction involving Cé(IV)

reacting with OH—, to yield OH radicals which then react with
T1(I). Either the direct Ce(IV)/T1(I) or the competitive

parallel reaction lead to T1(II), which then reacts with

further Ce(IV) giving final products. There are thus two rate

determining steps via the alternative ways to Tl(iI). The

. 51
total rate of reaction was expressed by Dorfman and Gryder

as

Rate = kl[Ce(IV)] +]<5 [Ce(IV)]([T1(T1)]

They deduced approximate values for the equilibrium constants

and for the rate constant at this temperature.

K(Ce(IV) dimerization) = 20 dm> mol !

3 1

2 dm” mol

K (Ce(IV),’Ce(III) dimerization)
The two runs carried out here and listed in Tables 42 and 43

show that the reaction is slow and fairly repeatable. 1If

51 -
Dorfman and Gryder's constants k; = 0.055 hr 1 and

3

k. = 1.4 dm mol_1 hr 1 are used, the calculated initial rate

5
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3 3

is 5.1 x 10 ~ mol dm hr—l at 53.9°C. Although agreement

is not perfect with the present run at SOOCvthere is, consistency
that the rate is very slow (especially compared with the’

. heterogeneous reaction reported later).

The reaction was also followed at 30,5 ©C in order

to obtain later some idea of the variation in heterogeneous

rate as temperature varies.

The reaction of cerium(IV) and thallium(I) in the presence

of platinum

The reaction was also studied in the presence of 49 cm2

of platinum, this being rotated in the solution throughout
the reaction Catalysis is very obvious at 30.5°C;for example
rate is more than 10 times as gteat in the heterogeneous case
than in the corresponding homogeneous reaction.

Heterogeneous rates are reported for 5.50C, 20.OOC,

30.5°C and 50.1°C.

Tables 44 and 45 show the obtained results. A large fraction
of the reaction is heterogeneous:in fact over 90% at the
iower temperatures investigated.

By subtracting the homogeneous rate from the rate
observea'in the presence of platinum tﬁe heterogeneous rate

in these experiments can be expressed as approximately

9.0 x 1078 mol am™3 ™! at 30.5°C and 11.2 x 108 mol am~ 3 s~}

at 50.1°.

Perhaps it is more realistic to record these in terms

of mol s_l in which case the figures for 3.1 x lsz mol dm-3

2 3 2

Ce(IV) and 7.86 x 10 “ mol dm ~ T1(I) in the presence of 49 cm
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6 1

platinum'become approximately 1.0 x 10°° mol s~ at 30.5°C

) 1

‘and 2.2 x 10 ° mol s

at 50.1°C. The heterogeneous rate
thus increases slightly with rise in temperature but with a
much lower apparent energy of activation than the homogeneous
reaction whose rate increases by a factor of five over the
same temperature‘interval.

Although it was difficult to follbw the rate of the
homogeneous reaction at lower temperature, the heterogeneous
reaction was also studied at 5.5°C and at 20.0°C. These are
reported in Table 45. Analysis of these results must be
postponed until the kinetics of the heterogeneous reaction
have been established but it is clear that the heterogeneous
reaction can be observed with ease in a temperature range
where the homogeneous reaction in the presence of nitric acid

is inconveniently slow - perhaps some 2% of that observed under

heterogeneous conditions with platinum present.

Order of reaction with respect to Ce(IV) and -T1(I) in
2
of

6 mol dm-3 nitric acid in the presence of 49 cm
platinum

A series of experiments was carried out at 30.5°C

varying the concentrations of Ce(IV) and T1(I) reactants. the

results of these experiments are collected in Table 46. 1In all

3

this series 49 cm2 of platinum were present in 300 cm™ of

3 and 10 cm3 samples

3

reaction mixture, [HNO3] = 6.0 mol dm

were withdrawn for titration with 0.025 mol dm Fe(II).
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Table 45

2

Low temperature kinetic runs using 49 cm” of platinum

in nitric acid solutions. 10 cm3 samples withdrawn and

titrated against 0.025 mol dm_3 Fe(II). Total reaction
mixture 200 cm>. [ENO;] = 6.0 mol dm™3
at 5.5°C at 20.0°C
[Ce(zv)] = 1.25 x 10°% mol dm™>  Ce(IV) = 1.54 x 102 mol dm 3
[T1(I)] = 6.29 x 10 % mol dm™ 3 T1(I) = .7.86 x 102 mol dm 3
Time (min-s) Titre (cm3) Time (min-s) Titre (cm3)
1.30 - 4.80 ’ 1.30 5.90
7.15 4.30 lO.QS 5.05
22.05 3.70 24.55 4.00
42.07 3.00 45.00 2.80
65.00 ' 2.31 ' 69.45 1.85
90.10 1.78 89.55 1.15
120.00 _— 1.11

136.10 0.86
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' The last two columns of Table 46 need same explanation.

- The homogeneous reaction investigated in éome detail by
Dorfman and Grydei1 is approximately first order in each
reactant. Since the corrections for the homogeneous

component are only up to 10% these kinetics have been assumed
and applied proportionally to the actual observations reported
in Table 42. The results in the column labelled estimated
initial heterogeneous rate are thus obtained and clearly

do not represent a catalysed reaction which is first order

in both Ce(IV) and T1(I). Very approximately the rate is
first order in Ce(IV) but near 0.5 order in T1(I). The

final column gives 'k' values obtained by dividing the initial
heterogeneous rates by [Ce(IV)]tTl(I)]O'5 and indicate a

mean value of 2.5 x 10~ % an®*> mo170-° s-l-using 49 cm® of
platinum at 30.5°C. Because of the doubts expressed earlier
about the long term reproducibility of platinum surfaces

as catalytic agents the actual value of 'k' probably means
little but its relative constancy throughout these experiments
does indicate that the order of the heterogeneous reaction

is distinctly lowef than 1 for T1l(I), and in fact in the

region of 0.5 in nitric acid media.

The reaction of Ce(IV) and T1l(I) in sulphuric acid

| The reaction was next studied in sulpﬁuric acid media.
Here, in the absence of the metal catalyst little or no reaction
could be detected in the temperature range iﬂveStigated. In
itself this is interesting and confirms that either nitric
acid is vitally concerned in the reaction mechaﬁism when
nitric acid is present, or sulphuric acid acts as an inhibitor
(by complexation) for the reaction or that both these effects

occur as can be seen in Table 47.
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As the results in Tables 48(a) and 48 (b) show the
reaction rate'is.detectable in the presence of both
sulphuric acid and platinum, and that sulphuric acid
is a mild inhibitor.

The overall heterogeneous process does have a
significant temperature coefficient in this medium as shown
by comparison of the results at 20.4°c, 30.4°C and SO.loCl
This could of course be due in part to a temperature effect
. on the complexation of cerium(IV) with sulphate.
Considering the complexation of cerium(IV) with
- sulphate the equilibrium constants for this have been quoted
as K, = 2000 in 2 mol dm-3 HC10, at 25°C and K, = 3500,

1 4 1

, = 200, Ky = 20 at p = 2 made up with HClO, and NaClO,

at ZSOC. (Kl, K2 and K3 refer to succesive additions of
SO42‘ group to an assumed monomolecular Ce(IV) species).

K

In view of this extensive complexation the corresponding

figure of K, = 2 for

2
4

at p = 2 and 25°C means that T1(I) complexation can be

T1(I)ag + SO TlSO4-aq
ignored compared with that of Ce(IV).

Since the reaction rate under similar but homogeneous
conditions is virtually zero at these three temperatures, the
whole observed rates of Tables 48(a) and 48(b) can be
treated as the heterogeneous rate. As such it has a temperature
coefficient corresponding to an apparent activation energy

1

of 23 kJ mol ~. (See Figure 12).



loge(lo7 x Eet rate)
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3.0 3.2

Fig. 12 vVvariation

of heterogeneous rate with temperature.
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Table 48 (b)

Using the same conditions as in the duplicate runs at
30.4°C and 50.1°%

At T = 20.4°C

Time (min-s) Volume of Fe(II) used (cm3)

0.54 8.72

14.08 8.10

34.00 : 7.38

60.00 6.58

90.04 5.72
120.05 | 5.11
148:07 4.50
180.05 ' » 3.88

Initial rate = 0.78 x 10 ° mol an > s™%

Catalysed and uncatalysed runs as shown in Figures 13 and 1l4.
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V of Fe(II) cm3
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Fig.13 showing the catalysed and uncatalysed runs

in 0.50 mol dm > H,S0, at 30.4°C
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V of Fe(II) cm3

0t

3d Zma %%

uni yuetd

Fig. 14 showing the catalysed and uncatalysed runs

in 0.50 mol dm 3 H,S0, at 50.1°C
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The implication of the fall in rate as the sulphuric
acid concentration is raised is probably far more concerned
’with sulphate complexatioégthan change in acidity. Cerium(IV)
is more prone to complexation with sulphate than T1(I) and
vthe conclusion is presumably that the more highly sulphated
ceric species are less reactive at a platinum surface.

A crude interpretation of these results could take
into aécount the dissociation of sulphuric acid and the
first step of complexation of sulphate ion with Ce(IV) at
5#C. Theassociation cbnstagg of H' with so0,%”

4
units is about 90 at p = 0.25, 70 at p = 0.5, 50 at p = 1 and

in mol dm—3

40 at p = 2. No information is available about the variation.

of the first association constant of Ce(IV) with 8042- with
p or T. Let us assume it is 3000 dm3 mol_l.

The following sets of concentrations (all in mol dm-3
units) given in Table 50 correspond to the rapid establishment

of these equilibria in the solutions given in Table 49.

Table 50
[H,SO,] nominal  0.25 0.50 1.00 2.00.
[CeSO4]2+ 0.00879 0.00887 .  0.00894 0.00897
[Ce aq]?t 1 0.00031 0.00023 0.00016 0.00013
(50,1~ " 0.0095 0.013 . 0.019 0.024
[HS0," ], 0.231 0.478 0.972 1.967

[H+ ] 0.269 0.522 1.028 2.033
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Accepting the crudity of the assumptions made it
is significant that the trénd in [Ce aq]4+ in the above
figures is quite similar to the trend in initial rates
in Table 49 and the calcul ations therefore support the
idea that the sulphato complex is less reactive than the
hydrated Ce4+ ion. |

The variation of rate of the catalysed reaction has also
been determined as a function of the concentration of the
reactants. The results of these experimehts are given
in Tables 51 and 52.

The results obtained in the variation of rate with
change of [Ce(IV)]O are not very conclusive. The apparent
order 'I5>3 probably less than one, but of course the
results are complicated by the sulphate complexation.

For this reaction in the presence of sulphuric acid

however, the order with respect to thallium(I) is only

slightly less than one.
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The reaction of cerium(IV) and thallium(I) in

1.0 mol dm—3 perchloric acid

The reaction of cerium(IV) and thallium(I) was
also investigated in 1.0 mol dm—3 perchloric acid media. It
was found that the reaction proceeds very slowly homogeneously
at the temperature studied as shown in Table 53. On the
other hand the reaction is observable at the same temperature
when platinum is rotated in the reaction systém run as is
shown by the results in Table 54. The conclusion of all the
kinetic investigation is therefore that the heterogeneous
component is dominant. In the case of perchloric acid media
the platinum catalysed heterogeneous reaction rate is
temperature dependent. Based on just two experiments the
apparent activation energy is about 28 kJ mol-l.

Although identical reaction conditions have not been
used for study of the homogeneous rates in nitric and |
perchloric aéid it is clear that the reaction is slower in
perchloric acid. If the assumption is made that in both media
the species present are unhydrolysed (though may be partly
dimerised) and uncomplexed, then this observation means that
in the nitric acid media a substantial part of the reaction
proceeds through a reaction involving a species derived
from the nitric acid. The acid is not an inert medium.
Dorfman and Grydersl in fact considered this as one possibility
e.g. suggesting an electron transfer step between Ce(IV) and

NO -, but they had no evidence, such as that provided here,

3
for the occurrence of such a step, apart from the fact that
some rate determining step was taking place independently of

the concentration of T1(I) present.
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Table 53

Homogeneous reaction of cerium(IV) and thallium(I)
? HClo, at 50.1°C showing also the
repeatability of the results obtained.

in 1.0 mol dm

[Ce(IV)] = 1.33 x 1072 mol dm~3 10 cm’ samples withdrawn for
[TL(I)] = 4.00 x 102 mol dm > titration against
0.0250 mol dm Fe(II)
First Attempt : Repeat

Time Volume of Fe(II) Time Volume of Fe(II)
(min-s) used (cm3) (min-s) used (cm3)

0.45 5.30 ’ 0.45 5.30

10.02 5.28 10.03 5.28

22.00 5.24 22.00 5.24

47.00 5.21 47.00 5.22
- 70.06 5.18 70.07 5.18

94.00 5.15 94.01 . 5.14

120.10 5.12 120.11 5.10

Rate approximately ‘7..}':10“8 mol dm—3 s_l
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Heterogeneous reaction of cerium(IV) and thallium(I)

in 1.0 mol dm 3
2

presence of 49 cm™ Pt

HC10, at 30.0° and 50.1°C in the

[Ce(IV)] = 1.33 x 1072 mol dm > 10 cm® samples withdrawn for
[TL(I)] = 4.00 x 1072 mol gm~3 titration agaigst
-3 0.0250 mol dm Fe(II)
HClO4 = 1.0 mol dm
T = 30.0°C T = 50.1°C
Time Volume of Fe(II) Time Volume of Fe(II)
(min-s) used (cm3) (min=-s) used (cm3)
0.42 5.30 0.32 5.30
11.35 4.98 8.51 4.80
22.14 4.80 21.18 4.30
33.05 4.70 35.33 3.90
54.53 4.55 50.02 3.70
72.28 4.24 71.00 3.50
92.07 3.12
107.05 2.90
I.R.
‘mol am 3g7! 1.2 x 1078 2.4 % 107°
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Further experiments were not continued in perchloric
acid because it seems that the heterogeneous rate in this
medium is similar in rate to that in nitric acid media;

This is perhaps to be expected for reactions at a
platinum surface involving essentially only the hydrated

ions.



PART TWO

CHAPTER FIVE

The Reaction of Peroxodisulphate with Oxalate Ion

in the Presence of (a) Silver(I) as a Catalyst and

(b) Silver(I) and Platinum as a Catalyst

A)

181.
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A survey of the literature showed that up till now
nobody had attempted to ;ee the effect of platinum on the
rate of reactions involving (82082— + AgT) as an oxidant.
However; Spiréﬁ%as reported that no appreciable catalysis

took place with platinum or mercury for the reaction

2- - 2~ -

s,0 + 3I —_— 2S0 + I

278
He explained this result on the simple hypothesis that
iodide ions and oxidant ions may be adsorbed on the metal:
surface, and that electrons may be transferred between tpem
through the metal. Little catalysis can occur when the
oxidant ion withdraws electrons very slowly, and this is the
case with peroxodisulphate as is shown by the electrochemical
. S 2- 2-,16,17 .
irreversibility of the (5208 /SO4 ) couple. This is
probably the only reason why there is no catalysis in the
presence of platinum for this reaction. But it was thought
that it might not be the case when silver(I) is added to the
peroxodisulphate solution.
So it was attempted here to see the effect of platinum on
the rate of reaction involving peroxodisulphate in the
presence of silver(I) ions. Oxalate ion was selected as a
reductant. Its oxidatio%?by peroxodisulphate which proceeds

according to the equation

2- 2= 2- :
5,04°7 + C,0, —— 2s0,°7 + 2co0,

is catalysed by silver(I) ion and the rate is from four

hundred to four thousand times as fast as the rate for some
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other reducing agents such as Cr3+, Mn2+, hydrazine, and Ce3+.

The other reason which made us select oxalate as a reductant
was, because at ordinary temperature and in the absence of
metal ion catalysts the reaction has been foundAto be very
slow and the rate of the uncatalysed reaction has been

0 lo}

measured at temperatures of 450, €0, 60 and 69.7°C .

Experimental procedure

Standard solutions of the various reagents (sodium
oxalate, silver nitrate and potassium peroxodisulphate) were
preﬁared by dissolving weighed amounts of 'Analar' grade
reagents. Ordinary distilled water was used in both the
experiments carried out here.»'The desired volumes of water
and standard solutions were placed in a glass stoppered flask.
The flask was placed in the thermostat and allowed to reach
thermal equilibrium with it. The reaction mixture was
thoroughly mixed by repeated inversion and shaking.

Aliquot portions of the solution,usually 20 cm3 were
withdrawn at intervalswith a pipette, and analysed. One gram
of sodium hydrogen carbonate and 10 g of potassium iodide

3

were dissolved in about 50 cm™ of distilled water. 5 cm3

3

of 1 mol dm sulphuric acid was added, and the solution was

swirled. 20'cm3 of the reacting solution was added, iodine
being liberated by the peroxodisulphate. The walls of the
flask were rinsed with distilled water, the flask was

stoppered and placed in the dark for at least ten minutes

before titration with standard sodium thiosulphate solution.
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Results and rate measurements

Figurel5 shows the results of experiments on the rate
of oxidation of oxalate by peroxodisulphate in the presence
of sulphuric acid, with added silver nitrate as a catalyst

and silver nitrate and platinum as a catalyst.

Experiment No.l with only silver(I) as a catalyst.

_ -3 -3
K282O8 = 9.84 x 10 mol dm
Na.C.0, = 1.967 x 10~2 mol dm >
2-2%4 . m
- ' -5 -3
AgN03 = 6.55 x 10 mol dm
T = 45.0°
Total reaction mixture = 305_cm3

20 cm3 portions of the reaction mixture were withdrawn for

titration against 0.100 mol dm > [82032-]

Time (in min) Volume of [82032'] cm>
0 ‘ 3.93
15 3.64
30 3.38
45 3.26
60 | 3.00
75 2.80

7 3 -1

I.R. = 7.4 x 10/ mol dm ° s
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Experiment No.2 with silver(I) and platinum as a catalyst.

— -3 e =3
KZSZOS = 9,836 x 10 mol dm
Na,C.O0, = 1.967 x 10°2 mol dm >
Na,C,0, = . X mo m
_ -5 -3
AgNO3 = 6.55 x 10 mol dm
T = 45'007.C
Pt = U4Gom 3
Total reaction mixture = 305 cm

20 cm3 of the reaction mixture weré withdrawn for titration
3 2=

against 0.10 mol dm”~ [5203 ]

. . . 2- 3
Time (in min) Volume of [SZO3 ] cm

0 3.98

15 3.68

30 ' 3.42

45 _ 3.32

60 3.11

75 2.92

I.R. = 6.8 x 10_7 mol dm'-3 s‘-l

Both reactions follow quite good first order kinetics
in 32082_' The immediate conclusion which one can draw from
these two experiments is, that the rate of the reaction in
the presence of silver (I) ion is uncatalysed by the presence
of platinum. '

Despite the negative conclusion the result is of interest.
The lack of catalysis in the presence of Ag(I) also implies

that the 'direct' reaction was also uninfluenced. One would
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not have expected the 'direct' reaction (i.e. without Ag(I))
to be catalysed. The normal homogeneous mechanism for
reactions of peroxodisulphate which occur at this kind of

rate at about 600C is one involving dissociation of 82082- so
the rate determining step is not one involving electron
transfer. Catalysis would need to add a different mechanistic
pathway,ve.g. electron transport between oxalate and feroxo—
disulphate. Since the oxalate/carbon dioxide electrode is
itself an irreversible one, this alone would prevent catalysis
of the reaction in absence of Ag(I).

In the present system with Ag(I) present, the
homogeneous mechanism is thought to involve a rate determining
step of electron transfer from Ag(I) té 82082-. The Ag(I)/Ag(III) or
Ag(I)/Ag(II) electrode is almost certainly reversible, so
that the present observation is yet another confirmation that
it is the irreversibility of the 52082"/5042" elec;trod?v'v%z?ich

prevents solid metal catalysis of oxidations carried out by

peroxodisulphate.
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SOME GENERAL CONCLUSIONS

Many conclusions and interesting.pbints have been
made.as the individual experiments have been discussed.
These are not repeated at length here.

A disappointing feature established was the progressive
deterioration of the platinum surfaces used, as far as their
catalytic activity was concerned. This meant that quantitative
aspects of the present work could not be made as precisely as
had originally been hoped. Groups of experiments carried out
with a particular surface over a short period are compaéable,
but it has meant that after a mopth or more no confidence
could be felt in returning to add extra observations to earlier
ones in order to clarify some point. The alternative of using
fresh platinum surfaces for all experiments was not feasible
and, from the practical application point of view, somewhat
irrelevant.

The order of the heterogeﬁeous component of reactions with
respect to each reactant has always turned out to be one or
less; This is perhaps more interesting kinetically for
those reactions which involve higher orders when carried
out homogeneously, e.g. the reactions involving rate expressions
including [I—]ZL It is one piece of evidence that the
catalysis is by addition of an entirely different mechanism.

The fact that orders in the range 0.5 to 1 seem to turn
up frequently is significant particularly in view of the
similar conclusion recently reached theoretically from

9
electrochemical arguments by Spiro.
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One of the original aims of the study was to attempt
to find reactions which with only moderate areas of
platinum exposed to them would turn out to occur almost
exclusively via a heterogeneous catalyéed path. This
research has indeed provided some examples of this feature-
notably the Ce(IV)/T1(I) reaction.

Finally, this research has determined (or estimated) a
number of apparent activation energies for these platinum
catalysed reactions, usually for the first time. These
results may have some interesting implications."The
majority of results for these activation energies have been
a little over 20 kJ mol_l. This is of course the expected
regioh for feéctions under a large measure of diffusion
control. The one case detected here which involved a
significantly higher activation energy coula be interpreted
in terms of an extra heat of reaction term coming from a
pre-equilibrium providing the actual species diffusing to the
surface.

However, the general conclusion .is that normally in
these electron transfer reactions, disregarding any heat -
effects required to provide the reactants, no other significant
energy of activation terms are required other than that
involved in penetrating the solvent medium. At the most any
‘chemical' activation energy is considerabiy less than

1 so that the chemical changes accbmpanﬁxm;electron

20 kJ mol™
exchange are not rate determining. ' .
Let us suppose that this conclusion were to apply to an

electron exchange process involving no net free energy change

such as Fe(CN)63-/Fe(CN)64_. When such a reaction occurs
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homogeneously it is.often well established that activation _
energies well in excess of 20 kJ mol™ ! are involved and this

is largely ascribed to the fact that considerable reorganisation
of bond lengths is needed on passing from one species to the
other, a ground vibrational state pair of reactants cannot
instantaneously exchange an electron and produce g;ound state
products.

So let us consider such an electron exchange process
occurring at a metal surface. There would be an inconsistency
in arguments about energy if two reactants which are still
configutationally like their homogeneous state came into
contact with a surface and passed an electron between them
without the requirement of a reorganisational energy increment.

The reversibility of so many electrode systems makes it
fairly cértain that examples of this feature exists. If so
one conclusion could be that the metal-reactant interaction
is a considerable one, there is an adsorption which will
materially affect the structure of the adsorbed species, in
some way lowering the reorganisation required to accompany the
reaction. This cannot be physical adsorption.

Pursuing this a little further, perhaps those electrodes
which are poorly reversible are unable to produce sufficient
disturbance to the structures of the components of the couple
by adgorption to reduce the reorganisation activation energy
so that diffusion loses its control over the rate of the

electron exchange.
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APPENDIX
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Appendix on an abortive attempt to determine a
dimerisation equilibrium constant for Ce(IV) aqg spectro-

- photomefrically;

Dorfman and Grydeilinterpreted their kinetic
observations on the homogeneous reaction of cérium(IV) and
Athallium(I) at 53.9°C as impiying the presence of dimers
of Ce(IV) existing in equilibrium with monomers, and being
relatively ﬁnreactive. From their rate iaw they deduced a
'constant, K, for this supposed equilibrium.

An attempt has been made here to see whether an
equilibrium constant for this dimerisation could be determined
spectrophotometrically.

Suppose that in perchloric acid medium the sole

equilibrium producing spectrophotometric effects were

2Ce —  Ce K
<

1 2..-...
Let us designate the concentration and extinction coefficient

of Ce1 as m, and €,; and the corresponding’quantities for

1 1
Cej as m2 and €2
now m.,/m 2 - K
2771
at one wavelength A = m, €, + m,€,
‘ * s 0 00 (1)
. 2
= mlsl + K ml’az

The made-up concentration of nominal monomeric Ce(IV)

m. + 2 m

M .

1 2
= m + 2 K m,
whence m = {-1 + (1 + 8 KM)¥}/4K .
and m, = (M - ml)/z
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One way of solving these equations is to assume g value for
K so'that {-1 + (1 + 8 KM)%}/4K can be calculated for each
nominal made-up concentration ofVCe(IV). Call this supposed
function for my B, whence m, = (M - B)/2

Eg. (1) is then

A= Bel +(M - B)82/2

or

A/M = (B/M)(el -‘62/2) + e%/g

whence agraph of A/M versus B/M for a series of values of M

should be a straight line if K has been correctly chosen,' and

€ and 82 can be found from the graph, the intercept at B/M =0
being ¢, /and the gradient e, - ¢,/2.
2 2 1 2

Several sets of solutions were examined in an attempt
to obtained numbers which could be inserted into these
>equations. Figures 16and. 17 show two such sets of spectra,
obtained at 25.4°C and 52;4OC respectively. The absorption
of five‘dilutions of a stock solution of cerium(IV) perchlorate
in 1 mol dm_3 perchloric acid were compared with that cf the
perchloric acid alone in the reference beam at each temperature,
using 2 mm cells. The spectra were recorded over the range
200 to 500 nm.

One feature of the spectra is that the intensity of
absorption is definitely higher at 25.4°C over the whole of
the spectrum, but it is clear that absorption near 240 nm is
relatively more important at 52.4°C than it is at 25.4°C. This
suggested that a chénge in the spectra in the range used here

might yield the information sought. .
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L ] 1 1

200 250 300 350 400 _ 45
Wavelength (nm)

Fig. 16 Concentration cerium(IV) perchlorate mol dm
3 3

1. 1.444 x 10 °; 2. 1.806 x 10 °; 3. 2.167 x 10"

4. 2.528 x 1073 ; 5. 2.889 x 1077,

0

3

500

at 25.4°C.
3

.
’
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200 250 300 350 400 450 500
Wavelength (nm)

Figd7 Concentration cerium(IV) perchlorate mol dm-3 at

52.4°C. 1. 1.444 x 1073; 2. 1.806 x 1073,

3. 2,167 x 1073; 4. 2.528 x 1073; 5. 2.889 x 10~3
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However, on selecting absorbances at 220, 240, 250

and 310 nm because these wave (zmﬁiad seemed likely to give

1 2
could be found. A similar lack of ‘success attended other

useful information, no consistent results for e, and €

sets of observations.
The failure may be due to the accuracy required.
Absorbances were taken from a digital read-out, attached to

the spectrophotometer, to 0.001 units of A.

3 1

However let us suppose that K &% 20 dm mol . Under
our conditions of coﬁcentration, about 2 x 10_3 mol dm—3,
m A 1.86 x 107> and my”¥ 7 x 107 mol dm >, a 25-fold

difference in concentration, so that extreme accuracy would
have been needed to detect other than a linear variation in
absorbance with concentration at any one wavelength at one

temperature.

Improvements would be expectéd if more concentrated
solutions could be studied because the‘dimerisation would
be enhanced, leading to greater equality in the values of m,
and m, s but as is seen from the spectra, 2 mm cells represented
an approach to a limit of a reproducible short pathlength'and

the absorbances were already over unity - which again is
approaching an accuracy limit.

All one cén conclude is that if the postulated
equilibrium is spectrophotometrically active then the
equilibrium constant is not likely to be in the range 100 to
- 5000 dm3 mol_l, for otherwise the concentrations would have
been sufficiently similar for a result to be obtained. 1In all

3 1 '

_probability K is lower than 100 dm” mol -,
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