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ABSTRACT

The subject of this thesis is the heterogeneous catalysis of the
hydrolysis of alkyl halides. A literature survey of this topic and of
‘the heterogeneous catalysis of the hydrolysis of c(-halé-acids showed that
no systematic study of the phenomenon had previously been undertaken. It
also indicated that heterogeneous catalysis of the reaction was only sig-
nificant in aqueous solutions. The present work consisted of two parts,
First, a semi-quantitative study was made of the catalysis of the hydro-
lysis of ethyl iodide in water by silver nitrate in the presence of a wide
range of solids. The hydrolysis was also carried out using Hggt Hg2+9 Pb2+9
and T1" nitrates in the presence of a series of insoluble iodides. For
these studies a reaction vessel was designed and built. The effectiveness
of the catalysts used has been correlated with the type of complex formed

between the reactants and the surface in terms of Pearson's theory of hard

and soft acids and bases.

Second, a quantitative study was made of the reaction between silver
nitrate and ethyl iodide on a silver iodide surface in water. Initially,
the rotating disc technique was used and a second cell was designed and
built. However, this work showed that the reaction was surféce coﬁtrolled9
and so the disc was abandoﬁed; and a study of the reaction using silver
iodide powder was undertaken. The surface area of the powder and the adsorp-
tion isotherms of the reactants on it were also measured. The results were
interpreted in terms of a Langmuir-Hinshelwood mechanism for the surface

reaction.
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Chapter 1

INTRODUCTION

Berzelius? in 1835, was the first chemist to use the term catalysis,
in connection with a number of previously unrelated observations. In
these observations, the nature of the reaction was influenced by the pre-
sen&é éf a substance which was itself unchanged by the process. Since
then, catalysis has come to be defined as "the influence on the velocity
of a reaction of a substance added to the reaction, the substance itself
being chemically unchanged at the end of the reacti'on".2 This is a vefy
broad definition, and allows for non-homogeneity of the‘reaction phase,

" acceleration and retardation of the velocity, and change in the physicai

state of the catalyst during a reaction.

Much work has been done on homogeneous catalysis in solution 2 (eog.
acid-base catalysis of various organic reactions) and on heterogeneous

? However, remarkably little work has been

catalysis in the gas phase.
done on heterogeneous catalysis by solids in solution, in spite of the
fact that heterogeneous catalysis in the liquid phase is widely used in
industry, in such processes as catalytic hydrogenation. The industrial
approach to the problem seems to be by rule of thumb and "if it works,
use it"., Very little has been done to understand why "it" is effective.
Similarly, in more academic climes, if a heterogeneous catalytic pheno-

menon is encountered in a solution kinetic study, it has usually been side-

stepped in some way - seemingly being a hindrance to the study in hand.



There is, therefore, a great deal to be done in this field before it

reaches a state of advancement similar to that reachgd in the other

fields mentioned above..

GENERAL THEORY OF HETEROGENEOUS REACTIONS IN SOLUTION

The overall reaction occurring at a solid/solution interface’ invol-

3

ves five individual steps:

(i) Transport of reactant species to the interface
(ii) Adsorption on to the solid surface

(iii) Reaction at the surface

(iv) Desorption of products from the surface

(v) Transport of products from the interface

Any one of these may control the overall rate of reaction, by being
the slowest. If the transport processes (i) and (v) are slower than the
surface processes (ii), (iii), and (iv), then the reaction is said to be
transport, or diffusion controlled. If, however, one of the surface pro-
cesses is the slowest, the reaction is said to be surface controlled.
Reactions of intermediate type occur when the rates of the two types of

process are similar.

Transport Control

If, at a given point in a solution, the velocity components parallel
to the x, y, and z axes are W, v, and w, reSpectively, then the rate of

change of concentration at that point is given by

2¢ =D %§é— —eggzi + }iéi— - lbzéfénf V;égiyt3;§§ 11
s Nt dp 227 \ > ¥y >z



ZC Db is the sum of the rate of change due to diffusion and to convection.

A quantitative approximation to this equation is given by Nernst

diffusion theoryo5

Consider a well stirred solution, the bulk concen-
tration of which is constant. At the solid surface in contact with this
solution, there is a thin layer of thickness;g, which acts as if it
adhere$ to the surface and through which molecules and ions must diffuse
ifvtﬁéybére to get to the surface. This is kﬁown asrthe‘Nerﬁsﬁ diffﬁéion

layer, or Nernst film,

For a s0lid of surface area A, in contact with a volume V of solu-

tion, of concentration ¢, Fick's First Law leads to

- de = DA de
ot ¥ ay 1.2

where dc/dy is the concentration gradient normal to the surface, and
D is the diffusion coefficient of the solute. Assuming a linear concen-

tration gradient through the Nernst film at the surface

.de = (¢ - c1)
- — 1.3
dy 8

where é} is the concentration of the solute at the surface. Thus,

- d = Dao(e- c;) 1.4
dt v

Diffusion control therefore acts effectively as a first order reaction

" with a rate constant k = DA/V§ . Nernst assumed that ¢, = 0O, giving
- d = Dig

dt 5 1.5



This is reasonable if the surface reaction is fast compared with the rate
of diffusion. Thus transport control can be distinguished from surface
control by the dependence of its rate on the value of § s and therefore

on the speed of stirring in the solution.

Although the Nernsttreatment is only an approximate one, its central
teﬁet, that there exists a concentration gradient in the region of the
solution adjacent to and adhering to the solid surface, is sound6. The
properties and the extent of this region in any system are determined by |
the diffusion coefficient of the solute, the viscosity of the solution,’

and the nature of the fluid flOWe7

In 1942 Levich8 solved equation 1.1 for the case of a flat hori-
zontal disc rotating about an axis vertical to its plane in an infinite

body of liquid. This solution gave a value for § of
3 2
& = 1805 (DAF (VW 1.6

whereN is the kinematic viscosity (cm*sec:'), and & is the angular velo-
city of rotation of the disc (rad.secl! ). The theory behind this equa-
tion is discussgd more fully in Part II of fhe thesis. It can be seen
that if the reaction is transport controlled its rate will be proportional
to.the square root of the velocity of rotation of the disc, and the tech-
nique is therefore of use in determining the rate controlling step of a

heterogeneous reaction.

9

Surface Control

The surface control of a reaction may involve any of the three indi-

vidual steps (ii), (iii), and (iv) referred to on page 2. Steps (iii) and



(iv) are usually regarded as a single step-reaction on the surface giving

desorbed productse.

A general mathematical treatmeﬁt of the surface control of a hete-
rogeneous reaction in solution has not, to the writer's knowledge,been
puﬁlished. This is presumably because very few solution reactions have
been studied, and most of these are transport controlled, For the reac-
tion of gases at a surface, however, the mathematical analysis is well
esfablishedgaénd has been very successful in explaining the observed kine-
ti;s in many cases. Since the two types of system are very similar, the
gaé phase treatment will now be briefly considered.

-Two distinct models for the reaction between two gases at a surface
have been presented. The first, proﬁosed by Langmilg and Hinshelwoogq,

assumes that the reaction of two molecules, A and B, at a surface can be

represented:
A B ‘;A‘ -lB [ [
{ ( adsorption | | P
A+ B+ =SS~ —m> -S-—S-“'%-S--S—H =3==S~ + products
activated
complex

whére S is an adsorption site on the surface. It should be stressed that
both A and B are adsorbed before reaction occurs = pfeéumably on adjacent
sitess The second mechanism, proposed by Ridealzz_assupes that only one
of the reactants is adsorbed on the surface, and that another reacts from

the bulk phase., This can be respesented:

B A\"‘B

I [ I
A+ =S= 2 -8 —> -S-  + products

activated
complex

It is obviously important to distinguish between these two, possibilities



in the elucidation of the mechanism of a reaction at a surface: This

i

can be done by a consideration of the kinetic sequences of the two

mechanisms. Since a full treatment is presented elsewhere %M

only
the basic rate equations will be given here,
Langmuir—Hinshelwood Mechanism

The rate of the reaction occurring at the surface is assumed to be

given by:

v = kC,Cph ‘- 1.7

where Ci is the surface concentration of i molecules and A is the surface
area.
or, in terms of the fraction of the surface covered,€§ by

W = koeAeB A , ’ "8
where 63; is the fraction of surface covered by i molecules

Rideal Mechanism
The rate of reaction is assumed to be given by:

v = kK ¢, o, A - 14
where CB is the éurface concentration as above. Ckis the bulk concen-
tration of A molecules.

In terms of the fraction of the surface covered, e ’

v = kK @;c, A o .10
The form of equations 1.7 = 1.10, when expressed in terms of the bulk
concentrations of A and B; depend on the types of expressibn assumed for
Gi andE%Bo It should be noted, however, that as the bulk concentrations
of A and B increase, GBA andé)B will tend to a maximum (on the Langmuir

adsorption model €© = 1 for a fully covered surface).,  When this point



is reached, the rate of reaction will become independen% qf the change
of the bulk concentrations of A and B for the Langmuir—Hiﬁshelwood
mechanism (equation 1.8) and of the change of the bulk concentration
of B molecules for the Rideal mechanism (equation 1.10), i.e. the
reaction will tend to zero order with respect to these reactants.

The development of equation. 1.8 will be considered in Chapter 6.

Redox Reactions

To date, the only general theory of heterogeneous catalysis in
solution to be put forward concerns the catalysis by metals of redox
14

reactions in solution of the general type:

— : :
0x1 + Red2 ——— Red1 + Ox2 1.11

e.g: 20t + 2Br~ —— 2C&" + Br,

With only one definite exception the results, for about 80 reactions,
fit the hypothesis that the metal is acting as a simple electron
conductor and that the current density-voltage curves of the couples
concerned are roughly additive. The extent of catalysis of this type
of reaction can therefore be predicted from a knowledge of the electro-

chemical properties of the couples concerned.

THE SOLVOLYSIS OF HALOGEN-SUBSTITUTED COMPOUNDS1Sa

The heterogeneous catalysis of substitution reactions in sclution
has not, so far, been investigated Systematically.l There are, however,
many reports of heterogeneous catalysis in the 1iterature36 mainly in

connection with the solvolysis of alkyl halides and halo-acids. The



solvolysis of a typical alkyl halide in the presence of a wide variety of

solids was therefore selected for study.

The solvolysis of organic compounds containing halogen atoms is a

17

substitution process ' of the general type:

R-X+Y — R -Y + X 1.12
For example:

RC1 + H20-——~aa ROH + HC1

RCl + OEt——> ROEt + C1~

where R is an alkyl group

Ingold & Hughe518 proposed that there were two possible mechanisms,
Sn1 and Sw2. The S~ signifies Substitution Nucleophilic, since the pro-
cess is essentially that of one, electron rich, nucleophile replacing ano-
ther at the seat of substitution. The letters 1 and 2 refer to the number
of molecules taking part in the rate-determining step. The mechanisms are

as follows:

S§2 This involves two molecules simultaneously undergoing a covalency
change and can be represented:

YrNR f?x-—-—-——a Y¥-R +X 1.13
where the curved arrows indicate the. transfer of an electron pair'in the
making or-brqéking_of,a covalent bond.. Ip the transition state, the

bonds are described by”Ingo‘ld‘15a as being partial and partially ionic,
differing in length and polarity from the fully formed bonds.
The concurrence of the:covalency changes is a major factor in the

facilitation of a reaction of this type, since very high activation

energies would be necessary otherwises



SN1  This mechanism involves two stages: a slow heterolysis of the
substituted compound followed by a rapid combination of the carbonium
ion formed with the substituting agent. The reaction is therefore

unimolecular and can be represented generally:

r Vg _slowy g+, oy 101k
Ngr _fasty 4 o 1.1

The ionisation is assumed to proceed through a transition state involving

. 18e
a stretched partial bond, and partial charge transfer.

The energy of bond breaking is partially compensated by that of
solvation, and the activation energy is therefore less than it would be
without sclvation, Thus a suitable polar solvent is essential to the

mechanism,

The Kinetic Criteria_of Mechanism

Sn2 If the two reactants are present in small coﬁpérable concentrations,
the mechanism would be expected to lead to a second §rder rate equation:
Rate = k, [Y][Rx] 1.16

There are, however, a number of circumstances in which the rate may appear
to be first or én intermediate order. These inclﬁde one of the reactants
being in’a conéfdﬁf excess (if the subétituting agent'is,say, the solvent),
or preseﬁf as avcdmponent of a buffered equilibrium, or if the two.
reactants are not ionically independent (e.g., if they form ion pairs in

a non-polar solvent).

Sn1 The mechanism can also lead to first order kinetics, with the

overall rate equal to the rate of heterolysis:

Rate = Lk, [RX] | 1,17



[0

This only occurs when the rate of recombination of the ions is negligible
compared with the rate of combination with the substituting agent - when
the latter is in large excess (e.g., as solvent). Generally, these two

rates are comparable and the rate law is of the form:

Rate = RX ‘
@ +°<[X],[Y]) 1.18

where & is the ratio of the specific rates of carbonium ion combination
with X and Yo When & is large 1.18 simplifies to:

Rate = k' [RxJl¥] 1.19
Cx3d

If, in some way, EX] is kept constant
Rate = k' [Rx][Y] 1.20

and second order kinetics result.

Some Consequences of the Sn1 and SN2 Mechanisms

The detailed consequences of the above mechanisms have been dealt

with fully elsewhere15b

, and will not be recounted here. With reference
to the system which is the subject of this thesis, the following points

are relevant.

The more electron-releasing the alkyl substituent, the ﬁore likely
the mechanism is to Be Sn1, since ionisation is the key factor. The
electrons are released by the inductive effect and the order of the
intensity of the effect for alkyl radicals is

Me { Bt ~» n - Pr and high homologues
and - for branched chain molecules

Me < Bt € iso-Pr { %t - Bu
Thus, one would expect Me and Et and other primary alkyl halides to be

more susceptible to attack under an SN2 mechanism, and iso-Pr, t-Bu, and



other secondary and teptiary alkyl halides to be more readily ionised,
and to react by an Sn1 route. Although there is no sharply defined point
at which one mechanism gives way to the other, these predictions have

19, 20, 21
been found to be largely true for the systems examined.

From the above, it can be seen that the effect of introducing a
carboxXylate ion substituent into the molecule concerned, would be to
increase the tendency to follow the Sn1 mechanism, This is because 00;
is an electron repelling group and will therefore facilitate the heterolysis.
Experimental evidence relating to the solvolysis in water or agqueous

alcohol of o-halogeno-acylate ions appears to support this hypothesis.22'23

The . solvent also plays an important part in the determination of the
mechanisme. As the solvent becomes more polar, the tendency of the
reaction to occur by the SnN1 route increases since the ions formed are more
easily solvated and therefore more stable. Formic acid is outstanding in
this respect, and will promoteunimolecular reaction even of primary alkyl
halides, while water, aqueous ethanol, agueous acetone, dry ethanol, and

dry acetone are successively less ionising.

The substituting agent also plays a part in the determination of the
reaction mechanism. In general, the more nucleophilic the substituting
agent, the more likely the reaction is to go by the Sn2 route. This
effect can be used to distinguish the two mechanisms, since the rate of an
SN2 reaction will be dependent on the nucleophilicity of the substituting

agent, whereas the rate of a SN1 reaction will not.



Electrophilic Reagents

The Sn1 heterolysis of an alkyl halide is followed by the solvation
and stabilisation of both ions. There are, however, electrophilic
feagents which can attract and combine with the displaced group, leaving
the carbonium ion to react with the substituting agent. Among such
reagents are metal ions, in particular silver and mercuric ions:

R=X+Ag"— R AgX (. 1.2

RP+ Yy — Rr-Y 1.22

2k, 25, 26, 27,28
Kinetic investigations have shown that the rate-determining step of all these

reactions involves the alkyl halide and the silver ion.

Heterogeneous Catalysis

It has been reported that in reactions of this latter type, the
silver halide formed, and the reagent silver oxide if used, catalyse the
reaction heterogeneously%u' 25’27‘I'he reaction taking place at the surface
has been pictured as an SN1 type reaction}6 the ionisation of the adsorbed
alkyl halide occurring with the aid of adsorbed silver ions. The reac-
tion is then completed by the uptake of an anion from solution.

B
However, little is really known about the rate-controlling process at the
surface, because the kinetics of the heterogeneous part of the reaction have
not been measured alone. It is not even known whether the reaction is

surface or transport controlled, nor is any information available about the

specificity of the catalyst.

The work reported in this thesis is an attempt to shed further light
on these questions. A review of the rather scattered observations on this

topic found in the literature is given in the next section.
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LITERATURE SURVEY

Two main classes of halogen substituted compounds have been studied
in relation to their solvolysis with silver salts. They are alkyl halides,
and - halo~acids. For the sake of convenience, they will be reviewed

separately,

Alky] Halides

Much of the work done has been of a rather fragmentary nature, and
the results have therefore been listed in Table 1.1 Some of the more

important items from this table will now be discussed.

Donnan and his co-workers%g’ 30, 31 studied the reaction of silver
nitrate with various alkyl iodides in alcoholic and aguecus alcoholic media.

They found that the main reactions occurring were:

RT + AgNO; + EEOH —> ROEL + Agl,y + HNO, 1.23
RI + AgN03 —_— RN03 + AgI(s) 102’4‘
RI + AgNQ3 + HZO —> ROH + AgI(s) + HNO3 1.25

1.23 was considered to be the main reaction occurring in alcahol, and 1,25
likewise in water, 1.24 occurred in both, and all three in water/ethanol
mixtures. The distribution of products in pure ethanol was

ROEY ¢ RN03== 70 : 30

and this was unaffected by the catalysis of the reaction by the ionic
nitrates°30
The calculated second order rate constant (kz) was found to increase

with increasing initial reactant concentrations (Co) in ethanol, according



TABLE 1.1

Ref,

Reactants

Solvent

Temp a

Auto-cat.,

Catalysis by

Method of

Order of

(°C) added solid measurement | reaction Remarks
29 AgNO3 + MeI, dry 2.5 | Not No solid Titration Pseudo-2nd The 2nd order rate con-
EtI. n-Prl ethanol stated added for Ag  ion stants depended on the in-
n—B&I isoiBuI itial concentration of the
iso-A;I } reactants, especially on
the silver nitrate.

30 AgNO3 + EtI " " " " Titrn. for " Addition of EtNO, had no
At & a* effect on rate. “Addition
igns of HNO_ retarded reaction

sllghtéy

30 " n " n n " " Addn. of Ca(NO_),increased

rate. Addn. é H NO in-
creased rate even more° It
was: concluded that reac-
tant was AgNO3 molecules
30 AgNO3 + EtI, Ag. EtOH u Not " n " Concluded from Ref. 1 that
MeI from 0:100 found products mvst catalyse
€ to 100:0 reaction but were unable
(v/v) to identify catalyst
31 Aglactate + L0:60 v/v 25 Not " " " 2nd order constants inde-
EtI HEO : EtOH found pendent of initial con=-

centrations.

1




TABLE 1.1

Solvent

Ref. Reactants Temp. | Auto-cat.| Catalysis by Method of Order of Remérks
(°C) added solid measurement | reaction
3 AgNO3 + EtI CHBCN 25 Uncertain| No solid Titrn. for | Pseudo- 2nd order constants
added + . 2nd depended on initial con-
Ag ion .
centration.,
31 AgNO3 + CHI3 EtOH " Not " " " Remarks as for Ref. 1,
found
2k | AgNOy + MeI H0 26 Not I x 1070 " 2nd order
stated molar Agl const. calc,
) " Large effect
2l " " EtOH " " I x 10 molar
Agl. Not as
large as in
water.
52 | AgNOg + Bl MeOH/EtOH Not No solid 2nd order
found added.

=1




TABLE 1.1

N

Ref.; Reactants Solvent Tgmpo Auto-cat.| Catalysis by Method of Order of Remarks .
: ' ‘ ("c) added solid Measurement |Reaction
33 | AgNO3 + MeI, CHsCN, 25 None No solid Titrn. for
EtI, iso-PrI, C¢HsCN, found added Ag ion 1 woret. RX
neo~Penl acetone 1=2 wersto
AgNO 3
3L AgClO4 + MeI benzene 25, uncertain u Electrome- 2nd. 2% at 2nd order contants were
: 25 tric 1:}'1:1'11<> higher dependent on initial concn.
for Ag ion |concns. of AgClOy. LiClOkincreased
ratsb ° -
34 " " " 25 colloidal Ag Quadity of solid added not
No effect. stated.
35 | AgNO3 + p-R.CgHs| 90%(W/w) 20 Strong None. Ti_Ern° for |1st, 2nd Both constants were depen-
CHya8r R = H, aq. EtOH added Ag iomns both calc. dent on imitial concn. of
Me, NO, AghiOz .
.36 | BtI H;0 15 colloidal AgI | pH
+ve effect
36 | AgNO3 + EtI Hq0 20 none Volhard's 18t Wer.t.
found titrn. for |[AgNOg
Ag’ ion <
27 | Aga0 + g-n- 63% bopo AgBr added Estimation
| octyl bromide, aqﬂ EtOH 851- +ve effect of bromide
n-PhEtCL remaining
vent
27 | AgNOogz + 'p-n'- n 35 ound " AgOAc gave some initial
octyl bhromide rate
27 " " n AgBr 1 mole " Volume of s0ln. not stated.
: Strong :
20 |AgNO3 + Me, Et,| 70% Vfy 63,95 [Found Volhard &el~-|2nd
n-Pr, iso-Bu, ale EtOH 95 ectrometric
neo-Pen bromide| titrn. for i
& chlorides Agt ion .




TABLE 1.1

Ref,| Reactants Solvent 'I‘gmpo Auto-cat.| Catalysis by Method of Order of Remarks
(7c) : added solid Measurement | Reaction
37 | AgNOz + EtOH None 2, for nlh
(CH3),. CCL, found 1, for n)9
(CHz)n.CH3 1-2, for n=
k-9 :
-28 AgNO; + Mel H,0 25 ‘None Conductance | 2nd calco Calc. 2nd order consts.
found & titrn. 1 worste dependent on initial concn.
Mel,1-2 wo of AgNO3.
r.t. AgNO3
38 AgClOy, + MeI " " n " 1 lLess dependent on initial
{rgC10,] than for AgNOj3.
39 AgNO3 + Me—| 70:30 None
n~Heptyl Hy0: ace=~ found
bromides tone
Lo | AgNO3 + Q}o ace- Sev- | None Dependent
(Et),cCl tone eral | found on solvent
& temp.
43 Pr & iso-Pr EtCH bope 0.17 mole Estimation HgI was a better catalyst
bromides & (small Hg0 | of HgBry in 150 of Bror I than HgBr .
iodides concns. ) sol- ml soln. Hgls | remaining.
vent Strong cat. by
both solids
L6 AgNO3 + EtOH 0.2 mole AgCl Volume of solution un-
Allylchloride Strong cat. stated. Increase in rate of

40-50% in light, & of 20%
in dark.

Lt
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to the relation k2 = constant.C¢>o°53, for equal_initial concentration of
reactants, This was thought to indicate that one of the products was
acting autocatalytically. It was shown that neither nitric acid nor the

alkyl nitrate were responsible but the effect of added silver iodide was

not investigated,

The reactions in which the alkyl halide was ethyl iodide were first
order with respect to the iodide, and between first and second order with

respect to the silver nitrateo'

It was tentatively concluded from this work that the reacting species
vas wndissociated silver nitrate molecules.

The results obtained by Donnan and his co-workers have recently been

47

re-examined ' in terms of an ion pair mechanism, for ethanolic and aqueous
ethanolic solutions, It was assumed that the silver nitrate is
considerably associated in these solvents and that this leads to a
transition state of the type

NOS t1ag ‘ 1026
Thus,; the rate of the reaction would depend on the concentration of icn
pairs in the solution, and not on the stoichiometric concentration of
silver nitrateo The degree of association was accurately known in these
solutions from conductance data, and this allowed the variation of the
measured velocity constant with the initial reactant concentrations to be
obtained theoretically. It was calculated that k, = constant Cg, where
R lies between 0.4 and 0.6, in good agreement with the experimentally

determined value of Donnan. Also, the predicted value of the increase in

rate due to the addition of ammonium nitrate to the reaction solution vas
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in close agreement with the experimental one. It was therefore
concluded that the results of Donnan could be explained without recourse

to the postulate of heterogeneous catalysis.

An intermediate similar to that in 1.26 was postulated by Hammond
etal?? for the reaction of ethyl iodide with silver nitrate in acetonitrile.
This hypothesis was supported by the fact that silver nitrate gave a higher
rate of reaction than silver perchlorate, aﬂd when silver perchlorate

was used, the addition of lithium perchlorate accelerated the reaction.

The same authors concluded from a literature survey that heterogeneous
catalysis is extensive in aqueous media, but in other media its extent

varies, and in some cases it may become absent altogether,

Study of the hydrolysis of @wnnoctyl bromide andd-phenylethyl
chloride27 in aqueous ethanol led to the suggestion that the reagent was
silver ions adsorbed on the surface of the solid present. Both silver
oxide and silver bromide together with silver nitrate in solution gave a
larger rate of reaction than' silver oxide, presumably because of the larger
conceqtration of silver ions at the surface, Also, no change in the

measured rate was found on substituting silver acetate for silver nitrate.

This idea was further developed by Dostrovsky and Hughes%0 They
suggested that the reaction at the surface also involved the nitrate ion
giving an adsorbed transition state of the type

NOg-- - - - R-— -Br- — -Ag" 1,27

33 47
which is similar to that proposed by Hammond and by Parfitt, except that

the complex is postulated to be adsorbed on the surface of the catalyst.



38
Colcleugh and Mpelwyn-Hughes recently studled the reaction of

methyl iodide with silver nitrate in aqueous solution. The orders

of reaction were found to be one in methyl iodide; and between one and
two in silver nitrate. Second order rate constants were calculated
and found to depend on the initial concentration of silver nitrate, but
for a given concentration of the latter, to be independent of the ini=-
tial concentration of methyl iodide. Further, this variation of rate
constant was different if ClOA_ was substituted for NO; . This was
taken as an indication that the anion was was involved in the reaction
giving a transition state similar to 1.26, No mention of the hetero-
geneous catalytic effect was made, but the above data indicates that it
could have been present. This conclusion is supported by the fact that

the reaction tended to be irreproducible in its later stages.

A study of the reaction of a homologous series of alkyl bromides
(Me — n-heptyl) with silver nitrate in aqueous acetone was reported by
Melendez-Andreu?9 who included a comprehensive review of the literature
in his paper. He concluded that heterogeneous catalytic effects were
énly noticeable in hydroxylic solvents. From his own experimental work
he found that there was no'catalytic activity by the precipitated silver
bromide. Systematic variations in the order of reaction, as a function
of the initial reactant concentration and the nature of the medium, wére
found. Differences were also found in the velocity of the reaction on
using silver perchlorate instead of silver nitrate. He concluded that
there was a gradual variation in the nature of the transition state, as

a function of the structure of the organic halide, the nature of the

silver salt, and of the medium.
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Nicolet and Stevensl+3 examined the catalysis by mercuric bromide
and iodide of the alcohololysis of propyl and isopropyl bromides and
.iodides. They found that both these salts were good catalysts, the iodide

being the better.

Halo-acids

The results of the work done on the solvolysis of halo-acids are

presented in Table 1.2. The more important of these are discussed belowe

2k, 25
In 1910, G, Senter studied the reactions
R.CHX.CO4H + AgNO3 + H,0 &= R.CHOH.COjH + AgXy)+ HNOz 1.28
R.CHX,CO;  + AgNO; + H,0 &= R.CHOH.CO; + AgXq+ HNO; 1.29

R.CHBr.CO4R' + AgNO; + EtOH —— R.CH(OEt).CO,R' + AgBr,, + HNO
2 g8V3 2 3

’ Ts) 1.30
R.CHOH.COR™ + AgBry, + EtNO,
where X is a halogen atom. The stoichiometry of reaction 1.28 had pre-
viously been established by Beckurts and Otto“go For all three reactions
‘there was a considerable increase in rate produced by the presence of
silver bromide, in aqueous solution. Added AgBr produced a smaller acce-
leration than that produced in situ - this was ascriﬁed to the colloidal
nature of the AgBr produced in situ. It was noted that colloidal par-
ticles were less stable[in alcoholic solution, and it was found that the
catalytic effect was much reduced when reaction 1,30 was carried out in L
‘alcohol instead of water. Gelatin (0.25%) increased the rate of reaction1

1.28 significantly and this was attributed to its prevention of coagula-

tion of the silver bromide formed,



TABLE 1.2

Ref.

Reactants

Solvent

Temp.

?\.

Auto-cat.

Catalysis by

Method of

Order of

(°c) added solid measurement | reaction Remarks
2k AgNO.,, + H20 26 Found 1/300 molar Titrn,+for 2nd Salts react faster than
broméacetic, AgBr doubled for Ag ion acids. HNO3 retards reac-
promoproriomicy tion.  Agohc gives o
, .
acids and their higher rate than AghO,
salts
2k AgNd3 + bromo- 50% ag. | 26 Less " " Initial rate is about the
- . EtOH. 50% morked same as in H.O.
propionic acid 2
ag. ace-
tone
25 AgNO_ + Me and EtOH and | 49.9 " " " Very little catalysis by
> aq. EtOH AgBr in alcoholic solu-
Et esters of: q ;
bromoacetic, tion.
A-bromopropionic,
o-bromobutyric,
o{~-bromoisobutyric
A-bromoisovaleric)
acids,
b AgNo3 + bromo- H,0 - Found " Gelatin(0.25%) added to

acetic acid.:

the reaction mixture in-
creased catalytic effect.

0
N




TABLE 1.2

Ref.

Reactants

Solvent

Auto-cat.

Catalysis by

Method of

Order of

Remarks

(°c) added solid measurement| reaction
Lo AgNO_ + chloro Aq. and None 2nd. 2nd order constants
3 aq. EtOH found decreased during reac-
and bromo ace- i
. . ion
tic acids and
Na salts.
26 AgNO_ + Na H20 Found Stréng cat. 2nd A .period of induction
3 by added was noted in the absence
el-bromopro- AgBr of added AgBr.
pionate
28 AgNO,, + A~bro- MeOH 6k AgBr added Titrn. for Confirmed Senter's results
> + ve effect Ag’ ion (Ref .24 and #¥)
mopropionic 25
acid, its Me
ester, and Na*
salt
- n H
28 Ag20 + bromo H,0 0
propionic acid
its Me ester and
Na salt
Ll Ag. 0 + Na bro- H.O 60 Rate increased with quan-
2 2 tity of Ag.0
moacetate 2
L5 AgNo3 + AgClO, )+ CHBCN 25 Not 2nd Rates lower with AgClO,
isopropylchloro-. found than with AgNO3
formate "

7
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2k,25 Lo
Both Senter and Fuler attributed the diminution of the rates of

reaction 1.28 and 1.29 by added nitric acid to the suppression of the
formation of the anion, through which the reaction was assumed to occur.
This hypothesis was supported by the fact that, at the same concentra-
tions, reaction 1.29 is faster than reaction 1.28, and by the fact that
the rate of reaction 1.30 is virtually wnaffected by the addition of

nitric acid.

. 28
Cowdrey, Hughes, and Ingold concluded from their studies that the

reagent was silver ions adsorbed on the surface of the solid. When
silver oxide was employed instead of silver nitrate, it was shown that
if the silver salt of the particular acid was soluble, the rate of reac-
tionkwas greater using the free acid than the acid salt (cf. silver
nitrate). This was attributed to the action of the free acid in first
dissolving some of the silver oxide, thus building up a far larger con-
centration of silver ioﬁS'than would otherwise have been possibleo,
Using silver oxide, they proved that heterogeneous catalysis by silver
bromide occurred, and that the rate of hydrolysis of sqdium o{~bromopro-
pionate deﬁended on the excess of silver oxide present. ZEuler and
Fahlander, 4hydrolysingisodium bromoacetate, also showed that the reac-
tion rate increased with the quantity of suspended silver oxide. The
function of the silver oxide is apparently twofoié? to provide silver

ions in solution, and to provide a heterogeneouslsurface on which the

reaction can occur,

k5

‘More recently, Kevill and Johnson investigéted‘the reaction of
silver nitrate and perchlorate with isopropyl chloroformate in acetoni-

trile. They found that for the perchlérate the corrected second order
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rate constants increased steadily with increasing perchlorate concentra-~
tion. This may indicate heterogeneous catalysis,; or an increasing degree
of association into ion pairs as postulated by Parfitt et al, although
néither possibility is mentioned by the authors. The observed rate
constants using silver perchlorate were always 15 - 20% less than those
obtained with the same concentration of silver nitrate% When the appro-
priate tetraethyl ammonium salts were added (the same concentration in
each case), an increase in the rate constant was found for both, being
about 10% for perchlorate, and about 60% for nitrate. These facts are
consistent with an ion pair mechanism, The authors considered the rate
determining step of the reaction to be either nucleophilic attack (pre-
sumably by the acid anion) or an electrophilically assisted heterolyéis,
but not both. These conclusions seem to be at variance with the experi-~

mental results,

Hughes16has drawn a parallel between the hétérogeneous silver ion
reaction and the Sn1 meéhaniém for homogeneous reactions. He assumed
thaﬁ the adsorption of ﬁhe halide stretches the éarbon—halogen bond)

a;d that the adsorbed silver ion then extracts the halogen as an ion,
Tﬁis is:consistent with Senter's and others' experimental results, since
an electron repelling substituent, such as CO;, would facilitate the
iQnisation process and accelerate the reaction, whereas electron attrac-
t;ng gréups, such as CO3H, and CO,Me, should have the opposite effect
and thus retard the rate. These effects are opposite to the requirements

of an SN2 mechanism, which would be facilitated by a withdrawal of elec-

trons from the seat of substitution.
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Analogous Reactions

So far only those reactions involving silver salts have been dis-

58

cussed, Professor Barreira” has suggested, however, that there are

similar systems which could be studied by substituting Hg}*, Hg?9 Pb2+9
1Y, etc; for Ag"'o These metals all have soluble nitrates, and other,
insoluble, salts which might exhibit catalytic activity. A?parently,
very little work has been done on these systems and what little has

been done will now be reviewed.

The only reported case in which heterogeneous cataly$is has been
investigated was the study of the reaction between ethyl iodide and
aqueous>hydrogen sulphide; in the presence of metal sulphides. Smith

ko

and Semon had stated that the reaction did not occur except in the

presence of metal sulphides: They postulated the mechanism:
MS + HyS == M(HS), : 1.3

M(HS), + 2EtI == MI, + 2EtHS 1.32

50

Brown and Snyder” later reported that the reaction did occur in the
absence of metal sulphides, and that the rate decreased with increasing
aqidity, This they attributed to the egquilibrium

_ HyS &= H*+ HS _, : | 1033
It was found‘that the addition of PbS, £bySg, HgS, AggS, CuS, Bi,yS;,
CQS, SnSa all accelerated the reaction, to about the same extent (ca.
6 fold). No information is given concerning the mass of catalyst and
vglume of solution used in each experiment. Also found to be catalysts

were bone black, A1(OH)3, gelatin, and BaS0, . Charcoal, however, was

not a catalyst,
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The hydrolysis of benzylchloride in aqueous dioxane by mercuric
_ 51
nitrate and perchlorate has also been investigated. The solvent was
chosen because the mercuric chloride formed was soluble in it, and thus

the solution remained homogeneous during the course of the reaction.

The two reactions occurring were, in the case of mercuric nitrate:

2PhCH, C1 +'Hg(NO3)3-)2PhCHaNO3 + HgCly ' 1034

2PhCHaC1 + Hg(NOy)y + 2H,0 —> 2PhCH,0H + 2HNO3 + HgCl, 1.35
Cétalysis by added nitrate and perchlorate ion was found, but the dis=-
tribution of the products was affected by the concentration of the added
ion (¢.f, Burke and Donnanjo)o The reaction was found to be second
ofder, being rigidly first order in benzyl chloride. The second order
constant showed a steady decrease during the course of the reaction, this

being attributed to the formation of a chloromercuri-benzyl alcohol

complex,

The reaction of alkyl bromides with mercuric nitrate has also been
52

studied, Again the studies were conducted in aqueous dioxane, so that

the mercuric bromide formed did not precipitate out.

Kornblum et a153 have made a thorough study of the hydrolysis of
eth&l iodide and other alkyl halides using silver nitrite. No mention

was made of a heterogeneous catalytic effect.

HYDROLYSIS OF ETHYL IODIDE BY WATER

To elucidate the kinetics of the reaction of ethyl iodide with
silver salts, it is necessary to know its rate of reaction with water

alone, For the reaction =~



EtI + HyO &= EtOH + HI 1436

L
M‘oelwyn—Hughes5 obtained the following first order rate constants:

At 60°C ki = 1.67 x 10° secs'
97°¢C kK, = 7.96 x 10° sec’!
100°C kK = 5.13 x 10% sect!

He derived the relationship

Ink, = 21.11 -~ 21,200/RT 1.37

55 L
Leffek obtained k; = 1.55 x 104‘secJ at 80°C, where equation 1.37

would lead to a value of 1.11 x ‘Id.‘*sec_'° At 2500, 1.37 gives a

value of k; = 4.31 x 1dq sec”' .

In 50/50 v/v dioxane-water mixtures, first order rate constants
were determined56 for the reaction 1.36 at 50°C, ky = (1.03 -1.1)
X 16‘ sedﬁ , for initial concentrations of the iodide from 0.15M to

0.07M,

&7

The solvolysis in aqueous ethanol has also been studied”’, but
the ethanol and water compete'in the solvolysis and no simple rate con-

stants for the hydrolysis are available.
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PRESENT WORK

The aim of the work presented here has been twofold: “"irstly‘J
to examine semi-quantitativély the effect of the addition of a wide
range of solids to the aqueous silver nitrate-alkyl halide system, and
to analogous systems in which the silver ion has been replaced by other

cations. This study has been dealt with in Part I.

Secondly, a more detailed study, initially by means of the rota-
ting disc technique, has been made to shed light on the rate-governing
processes of the heterogeneous catalysis of the reaction., This work

is presented in Part II,
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PART I

SEMI-QUANTITATIVE STUDIES

Chapter 2

METHOD OF MEASUREMENT

Preliminary Experiments

For any kinetic study it is important that a suitable method of measure-
ment is chosen. The main criteria involved are:=-
(1) that the measuring systém should be accurate and reliable.

(2) that it should in no way interfere with the reaction being studied.

For the hydrolysis of alkyl halides in the presence of silver nitrate:

; —d
RK + AgNOy + H,0 = ROH + AgX(_) + HNO,

several methods were considered. Initially the most direct method, that of

2.1

volumetric analysis for silver ion, was tried. Samples of the reaction mix-
ture were analysed by withdrawing a knownaliquot of solution from the reaction
vessel and titrating with standard ammonium thiocyanate using ferric alum indi-
catorsqw(Volhard's method). However, this method was found to be very
unreliable because the low concentration of reactants (10_2M for both silver
nitrate and the alkyl halide) and the presence of organic material in the solu-
tion causéd the end points to be obscure and irreproducible.- Also tried were
analysis by Mohr's methodsqband by using adsorption indicatorssqc (dichloro-
fluorescein). HoWeverg all the methods proved too unreliable for accurate
measurement and some instrumental methoésﬁwere thgrefore considered:-

(1) .U.V. spectrophotometry - this was discarded immediately because of
the precipitate (often colloidal) formed during the reaction.

B . ST

(2) Conductance of solution - this was rejected because it was felt
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unwise to introduce metal surfaces into the reaction solution since they
might well catalyse the reaction. Indeed, even though Moelwyn-Hughes 38 had

used this method for-studying the Mel + AgNO, system, we did find later

3
that platinum catalysed the EtI + AgNO, reaction.-

3
(3) Amperometric titrations - these were not used for the reason given
under (2) above.
(4) E.m.f. measurements with a silver electrode to follow the change of
concentration of the silver ion ~ these were rejected on the same grounds.
Once again, this was justified since in later experiments silver metal was

found to be a catalyst.

(5) pH Measurement

Reaction 2.1 produces hydrogen ions stoichiometrically. Thus it may be
followed by measuring the pH change. The method 1s specific to reactiqng.l&u&

15

: s 4 : s s 4 ¢
insensitive to a second reaction which is known to occur, namely:

AgNOo,, + Rx;;:Agx(s) + RNO 2.2

3 3

Also the measuring system would introduce no solid other than glass into
contact with theireaction mixture. The disadvantages of this method were:=-
(a) the relative insensitivity of a technique that records the logarithm
of the quantity‘desiréd

(b) the theoretical difficulties involved in interpreting the pH meter
‘réadinggg This aspect will be discussed more‘fully later. On balance,

however, it was>thought that this was the most suitable method, and it was

employed in subsequent experiments.

Design of Cell-

During the'preliminary investigations by volumetric analysis it had

become clear that there was a wide discrepancy between reactions carried out



32
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in open-and in closed containers. This was attributed to evaporation of the
volatile organic solute from the reaction mixture in an open vessel. In the
light of this evidence a cell was designed with the following design criteria:
(1) A closed container to prevent escape‘ef‘volatile solute during reaction.
(2) No metal in contact with the reaction solution, to avold inadvertant
catalysis.

(3)  Effective stirring, to ensure that the solution was of uniform compo-

sition.

The first“apperatus built was completely of glass and‘of ca. 100 ml.
capacity, (Fig.2.1), A glass and a commercial calomel electrode (G 202C,
and K Lo1, respectireiy, by Radiometer of Copenhagen, Denmark) were inserted
through holes in the 1lid and attached to a Radiometer pH meter 4, The
stirring was effected magnetically by an immersible magnetic stirrer mede
by Rank Bros. of Bottisham. Initially a Teflon covered follower was used,
but it was found that bubbles of air stucg to it when the cell was being
filled. One cqvered in glass was therefore substituted. Some kinetic runs
| were done with this cell, both with and without added catalyst (see later
for results) but it was found to suffer from the following defects:-
(1) The kinetics of the 'homogeneous' reaction were found to be irreproducible.
(2) The cell could not be completely filled with liquid, and some air was
» always trapped inside. -
(3) The KCl1 from the calomel salt bridge was affecting the results obtained
owing to the reaction: |

c1” + Ag+——) ALy 2.3
These difficulties were overcome by buiiding a cell 1lid of Perspex

(Fig. 2.1)  since the machining technigues necessary to avoid the trapping

of air could not be used with glass. This cell could be completely filled
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FIG.2.2 Cell with Perspex Lid.
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with liquid and sealed off from the atmosphere.,

The KC1 salt bridge was replaced by a KC1/KNO_ salt bridge, the KNO

3 3
(0.1M) only being in cqntact with the reaction mixture., The salt bridge tube
(Fig.1.3) was of glass w%th a porous ceramic plug at each end. The plugs
were from a Beckman remote junction glass electrode (150674/RRLB) 0.6 cm. long
x 0.5 cm. diameter, fused into a glass tube..

The end of the bridge which dipped into the cell was.Araldited to the
cell 1id. The bridge was in two parts, for convenience of filling, which
were joined by a rubber sleeve just above the cell 1id. The porous plug
in the cell was'upturned to give gravitational stability to the liquid junc-
tion and the other end of the bridge dipped into a beaker containing satd. .

3

solution of about 8 - 9 cms. gave a small flow of the solution (about 0,06 ml.

KC1 solution which was kept at 2500 in the thermostat tank. A head of KNO

per hour) through both plugs, which were kepﬁ at approximately the same level,
This increased the N03_ concentration of the solution by 0.00007 mole,/iiter

in one hour.

Vplume of Cell

In order to add:the second reactant to the cell as quickly as possible,
it was decided to filibthe cell to a givén9 arbitrary mark, ensuring that no
air was trapped in the cell., For the initial reactant concentrations to
be known accuraﬁely it was therefore necessary to know the volume of the cell
to this mark. fhis was measured accurately by weighing.

The glass electrode was fitted into the cell 1id, and the salt bridge
stem filled with water which was then allowed to bleed until the porous plug
surface w;s weto' The stem was then sealed from the atmosphere and the porous
plug surface a;ied; A magnetic follower was added to the vessel and the 1lid

was screwed into plécea The empty cell was weighed. The cell was then
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FIG.2.3 Potassium Nitrate Salt Bridge.
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filled with degassed doubly distilled water at-25°C (or 20°C) to the required
mark and reweighed. The volume was then calculated from the difference in the
two weights and the density of water at the known temperature. Correction
was made for the volume of water contained in the barrel of the inlet and
outlet taps. The mark on this cell was taken at the top of the ouytlet tap's

barrel. The volume of the cell was found to be 91.5 ¥ 0,05 ml.

Technique of Filling

The filling ‘technique was as follows. The glass electrode was placed

3
The external porous plug of the bridge dipped into a saturated KCl solution

in its socket in the cell 1id and the salt bridge filled with KNO, solution.

iéto which alsoidipped the calomel electrode. The glass electrode and the
salt bridge step were immersed in 0.05 M potassium hydrogen phthalate solution
and this solution and the saturated KCl solution thermostatted at 25°C° The
electrodes wére standarised at pH 40008?2a The electrodes were then care-
fully washed in distilled water and dried, and the cell 1id transferred to the
vessel into which a known aliquot of silver nitrate of known strength and a
magnetic follower had already been placed. The 1id was fastened in place

by eight brass screws, screwing into a brass ring underneath the flange of
the vessel. The whole cell was then thermostatted for about thirty minutes
in the water bath. The ethyl iodide solution of:known strength was

contained in a dropping funnel which was also thermostatted in the bath for
tﬂe same length of time. The dropping funnel was then connected to the cell
by means of a B 14 (Quickfit) cone and socket, and the iodide solution run
into the cell, the outlet tap of which was open. The solution was added
until it filled the outlet duct up to the tap. Both taps were closed, the

magnetic stirrer started, and the change of pH with time followed. The time

which elapsed between .the start of the addition of the ethyl iodide solution
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and the taking of the first reading was 1.5 to 2.0 minutes. The time was
measured with a Pye stop-clock (which was calibrated against a calibrated

electric clock).

Operating Conditions:

A series of runs was done to establish the best operating conditions.
The criteria considered were fhe~reproducibility of the rates of the 'homo-
géneous'reaction, and the stability and-accuracy of the electrodes in known
buffer solutions. It was fouhd to be best to leave the cell open, by means
of the inlet or outlet tap (to allow for expansion or contraction effects
dﬁring the reaction) and to have a small‘hydrostatic pressure of potassium
nitrate solution at the cell-bfidge liquid junction so that there was a slow
leakage of potaésium nitrate solution into the reaction solution‘( not more
than oooé ml./hour).

The results obtained were found to be independent of the concentration
of potassium nitrate in the bridge within the range Ouﬁ M to 1.0 M. At
0.017 M, however; the measured rate of reaction appeared to be twice that
using 0.1 M. It was thought that this was a liquid Jjunction potential effect,
and some calculations were made to attempt to verify this, but they were not
qﬁnclusive (see Appendix). In subsequent experiments potassium nitrate solu-
tions of 0.1 M or greater were always employed. It was found that the
addition of 0.01 M KNO3 to the reaction mixtufe reduced the rate of reaction
from 0,58 x 10‘6 moles 1itre_1min-1 to 0.53 % 10-6 moles litre_1min-1, and
0.1 M reduced it to 0.50 x 10—6 moles litre -1.min-1° From this it can be
:séen that the amount of KNO3 intfoduced into the reaction solution by the
bridge would haye a negligible effect on the rate of reaction.

" A further effect was the dependence of the pH reading on the rate of

stirring. It was found that an increase in the rate of stirring lowered

the pH reading. This effect amounted tom0.05 - 0.1 pH units between a
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FIG.2.4. Cell with Modified Perspex Lid.
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quiescent and a well stirred solution at a pH of 5. As the pH fell the
effect seemed to decrease and it could be removed by the addition of a small
amount (0,01 mole//iiterﬂ of potassium nitrate to the reaction solution. The
effect was also absent when the pH of stirred buffer solutions was measured.
It is uncertain whether the effect is due to the glass electrode or the
liquid junction; or both. Later work indicated that both were involved.

As a result of this series of runs another modification was made to the
cell. It was found that silver iodide precipitate was being removed from
contact with the solution during the run, and this was affecting the measured
velocity of reactions The precipitate was becoming trapped in the outlet duct
(Region A in Fig.32.2) The duct and outlet tap were therefore replaced by
a capillary tube - see Fig.2.h. The modification overcame this difficulty,
precipitate not being trapped in the capillary. Using this cell the 'homo-
geneous' reaction was found to be reproducible to : 3%, over the first tenth
of the reaction. This was considered satisfactory for the investigation of
catalysis by various solids. |

" All the wérk‘detailed above, except that involving volumetric analysis,
and all la%er work with this apparatus was carfieé out in a water bath main-
taiﬁed at 25009? The temperature was kept constant to pa 1/100°C by means of
a mercuryﬂcontacf thermometer (Electromethods 20 - 30°C in 1/10°C divisions)
connected, throﬁgh a make and break relay (Ether type 213 B) to a radiant
immersion heater (Electrothermal '"Red Rod'", BKW)O‘ The water in the bath was

stirred continuously.
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Purification of Reagents and Preparation of Reaction Solutions

‘Ethyl Iodide

Ethyl iodide was chosen for sfudy because it was found to react aela
convenient rate, and was readily available and easy to handle. It was notif:ed9
however, that the sample used for the preliminary experiments turned'brownA

that in the presence of

in a matter of weeks, It has been reported
U.V, light et@yl iodide’deéomposes to give iodine, ethane,and ethylene even
iffih solution,and if oxygen is also present, to give iodine and acetaldehyde.
It was decided to try tb purify the liquid by distillation. 'With conventional
apparatus, the brown colouratién disappeared after one distillation ( a frac-
tion boiling 73 = 5°C being collected) the distillate being colorless. There .
was;'however, no change in the measured refractive index of 1,.5147 ¥ 0,005

at 19.5% (N;’J5 = 1 «5168 62 ). After four such distillations, a sample of
crude éthyl iodide and the distillate were both subjected to vapour phase
chfomatography, using a Perkin-Elmer F11 Gas Chromatograph. " (Column - 2 metres
X %" o.do"sfainless steel. Packing - Carbpwax 1500 on égromgsorb W. Detector -
flame iohisafion). -The results, és shown on the chrdmatograms, indicated a
reduction in the amount of impurity present, but that the distillate was not
puré ehough for use. A fractionating column, 12 inches'longland containing

a glass spiral, was therefore added to the distillation apparatus, and a
middle fraction, boiling 74 - 74,5°C, was collected. Approximately the first
20% and the last 40% distilling over were rejected. A chromatogram of this
liquid showed it to be virtually 100% pure. The peak due to the impurity, had
~almost vanished, and this degree of purity was considered sufficient for all
furtherFbeko

" Four to five hours before every run, a sample of ethyl iodide was freshly

distilled., A known volume of this (usually about 0.03 - 0,05 ml.) was



FIG.2.5 Vapour Phase Chromatograms of

. C

Ethyl Iodide Specimens.

A Undistilled EtI
£ h
B Distilled without ‘'a fractionating column,
Distilled with a fractionating column,
B
A t
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immediately added to 250 ml. degassed douély distilled water in a graduated
flask. The addition was made by injecting it below tﬁe surface of the water
using a micro-syringe (made by Burfoughs Wellcome and_measﬁring to 0.0001 ml).
Théjmixture was then made up, to the graduétion mark withrdegéssed doubly
distilled water, a magnetic follower added, and the flask tightly stoppered.
Diésolution of the iodide was then effected by stirring the mixture for 2 - 3

hours.

SilverNitrate

Analar silver nitrate was used throughout. To prepare a reaction solu-
tidn, crystals of silver nitrate were dried in an oven at 110°%C for 2 hours,
and after cooling, were weighed out and dissolved in water in a graduated
flésk to give a solution of known qoncentraﬁion° The-érystalg were kept in
a tightly stoppered bottle in the dark when not in use. Crystals were not
redried or stored in a desiccator to prepare another solution, fresh once-
dried crystals beiné used every time a solution was prepared. The solution
was generally sufficient for about five runs, and was kept in between runs
in a stoppered graduafed flask in the dark. The solution was always degassed

at a vacuum pump before being used in a run.
Distilled Water

Initially singly distilled wafer, obtained from a Manesty type OOB (E)
still, Qaé used for the experihents, but this led to some irreproducibility
in the kinetics of the‘homogénedus’reaction° This was probably because of
depoéiﬁ from the distillatioﬁ of hard water getting into the distillate, This
water}was therefore redistilled from a solution containing‘potassium perman-
gané%e and sodium hydroxidé in a conventional laboratéry still, In this way

6

water af conductivity of m1'x 10 ohm™' cm, "' and free from deposit was

obtained.



Salt Bridge:Solution

'This was prepared by dissolving a known weight of Analar potassium

nitrate in doubly distilled water.

44
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Chapter 3

RESULTS OF THE SEMI-QUANTITATIVE STUDIES

A The Systém Silver Nitrate + Ethyl Iodide

At 25°C, the following initial rates were found:-

Table 3.1
[AgNOB] 0,001 0,001 0,002
. o
E&I]o 0,001 0.002 0.001
107 Rate _ ) 5.47 = 0,18 11.8 1149
(mole liter ' min. ')
1o3k2 9.1 % 0.3 9.8 9.8

(1iter mole"1 sec.-1)

The‘homogeneous'reaction is therefore first order in each reactant, the second
order rate constants being given in the bottom line of Table 3.1. This is
consistent with the slow step of the Teaction being an electrophilically

assisted heterolysis of the alkyl halide, i.es

EtI + Ag' solvent AgI (s) + Et¥ (solvated) 3.1

A

15,16
as proposed by Ingold and others"'

In the experiments discussed below, the initial concentration of silver

nitrate and ethyl iodide were 0.001M and the temperature was 2500o

Effect of pH
The usual initial pH of the reaction solution was in the range 5.0 - 5.5.

When the initial pH was decreased to 3.53 by the addition of dilute nitric
7

acid to the reaction solution, the initial rate was 3.6 x 10"’ mole liter 'min~ .,
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Thus, a 30 fold increase in the hydrogen ion concentration of the solution

caused a decrease in the initial rate of only 30%.

Effect of potassium nitrate
The following initial rates were measured for the reaction in the presence

of potassium nitrate:- :-

Table §¢2
[0, ] Tonic Strength 107 x Measured Rate
(mole liter—1) (mole 1iter—1) (mole liter-1 min.-1)
0 0,001 . 5,47 £ 0,18
0.01 0.011 5.3 % 0.1
ca 0.1 0,101 4,75 % 0.25

According to the Bronsted-Bjerrum theory?ba reaction between two singly
charged ions of opposite sign would result in a decrease in rate, in going
from an_ionic strength of 0.001 to one of 0.101, of a factor of almost two,

A reaction befween an ion and a molecule, however, as postulatedhin the present
case, should have zero primary salt effect. The results in Table 3.2 are
cléarly more nearly in agreement with the latter theory than the' former. The
small decrease observed can be explained by a second order ionic;strength

effect inasmuch as activity coefficients can be expressed by equations of the

type:-

i}

: 2 ) . /
ion Az ionﬁ + b:i_cnI : 3.2

10819 £
log10.Fmolecule= bmoleculej: : 3.3
The terms in I, but not those in yI, are still present when the transition

. . C .
state (T.5.) theor;? is applied to the present case, i.e..
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log k - logk = log‘FAg+ + log-gEtI - log {E.s. | 3.4
= (bpgy *bgg ~bpg )1 3.5
= Ab I 3. 6

Normally b coefficients are of the order of 0.1 and the figures in Table 3.2
lead to a value of A b of ca. 0.6 ! 0.3, Thus the ionic strength effect

observed is consistent with the mechanism postulated.
Effect of stirring speed

When the solution wag stirred much more slowly than usual, the initial
rate of reaction was 5.25 x 10—7 mole liter‘1 mino_1o However, the precipi-
tate formed was more‘éolloidal than usual, and the rate accelerated after this
initial period.

Effect of' silver iodide COagulation, and reproducibility

The reaction was found to be rather irréproducible after the first 10% of
reaction had occured. It was noted qualitatively that there was a correlation
beéween the state of the precipitate formed during the reaction, and the rate.
For instgnce, if the precibitate coagulated fairly early in the reaction, the
rate was‘iower than average, whereas if it remained in a colloidal state, the
rate was higher than average. DBecause of this, and also because of the effect
of pH, only the initial rate of reaction was measured. Fig. 3.1 shows the

course of a typical reaction followed to completion,
Effect of distilled water

The above rates of reaction Qere measured in doubly distilléd watér.
Raéher irreproducible results had been obtained using singly distilled water.
This was attributed to some of the hard water deposit from the Manesty still
gefting into the distillate, aﬁd for 211 catalytic work, therefore, doubly

distilled water was used.
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CATALYSTS

A range of catalyéts was added, from insoluble silver salts and insoluble
iodides, to precipitated metals and inert powders. The initial concentration
of silver nitrate and ethyl iodide were always 0.001M, and the temperature was
25°C° In an effort to attain comparability between catalysts 0.01 mole of
cétalyst was added to the 90 ml. of reaction mixture in each run. However,
owing to the varying states of subdivision encountered (especially with the
precipitated mgtals) no great streéss should be placed on the order of effective-
ne;s‘s° The full list of catalysts used, with the initial rates of reaction is
gi&en in Tables 3.4,5,6,7. Graphs of the rates of formation of hydrogén ions
With respect to time are given in Figs. 3.2 - 3.13° Estimétes of the effec-
tiveness of a given catalyst are based on the initial rate of reaction recorded
Qith that catalyst.

An interpretation of the results presented in this chapter is included

at the end of the chapter,
Preparation of catalysts

No special care was takeh in:the purification of the catalysts used in this
Qork, If there were any obvious possibility of contamination of a catalyst
surface (e.g. silver powder coveréd with a laiér of silver sulphide), then
Steps were taken to purify the sample. Some catalysts were used stréight from
the bottle in which they were supplied by the manufacturer, others were washed,
and others were freshly prepared.: The following list details the preparation
6f each catalyst used,

Silver ijodide was freshly prépared by adding 10 ml. of ca. 1M potassium
iodide solution to an equal volume of ca. 1M silver nitréte solution,
slowly and with stirring. The precipitate was washed 4 - 5 times in 250 ml.

distilled water, by decantation. It was added to the reaction solution without
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being dried, being kept in a minimum of water. Silverriqdide, from
BDH, was ground up with a pestle and mortar before use.

The following precipitates were freshly prepared in a manner
similar to that used for silver iodide, the appropriate sodium or
potassium salt being substituted for potassium iodide or the apprﬁfriate
nitrate substituted for silver nitrate: silver bromide, éilver chlc;ride9
silver thiocyanate, silver oxide (using potassium hydioxide), silver
phosphate., silver sulphate* (using sulphuric acid), silver cyanide, silver
sulphite, éilver ferricyanide, silver arsenate**, lead iodide, thallous
iodide, mercuric iodide.

Silver succihate was prepared by digesting silver oxide in warm
acetic acid and adding succinic acid to the warm solution. The precipitate
was filtered off and washed with distilled water.

Cuprous jodide was also freshly prepared.,65 The precipitate
was fi;teied off on a sintered glass filter, and washed in distilled
water,

'The following catalysts were oblained f;om a manufacturer (whose
name is in brackets) and were used without purification or washing:
silver chloride'(BDH)y 'thiS”was'ground'up*before use; silver sulphi&e (BDH)
*  The precipitate was filtered off and washed with distilled water

until the effluent was neutral to universal indicator paper. '

** This precipitate was filtered off before washing, because it was very

finely divided,
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silicon (BDH), silica (BDH), boron nitride (BDH), animsl charcoal (BDH),
barium sulphate* (BDH), mercurous iodide (BDH), cuprous iodide (BDH),
thallous iodide (BDH), lead (100 mesh to dust, BDH), érecipitated silver
(Hopkin & Williams), colloidal silver (Hopkin & Williams), precipitated
gold, platinum and palladium (all Johnson Matthey).

Powdered glass was prepared by crushing Pyrex glass tube in a pestle
and mortar, washing in cleaning mixture (chromic~-sulphuric acid) and in

distilled water anddrying in an oven at 110%.

Powdered Perspex was obtained as shavings from a block of Perspex.
The shavings were washed in carbon tetrachloride, acetoné, and then carbon

tetrachloride again.

The stainless steel used was in the form of turnings, which were

washed in acetone and dried before use, as was the Teflon.

(i) Results of Runs Using Insoluble Silver Salts
A 1list of catalysts used, with initial rates of reaction, is given
in Table 3.4, and graphs of the rate of change of hydrogen ion concentration

in Figs. 3.2 = 3.5

Silver halides, silver sulphide, and silver thiocyanate.

For the insoluble silver halides a gradation of catalytic activity
was found: Agl) AgBr ) AgCl, when the precipitates were freshly prepared.
However, the age of a catalyst seemed to affect its activity. Thus, silver

iodide power from BDH was a much more moderate catalyst tham freshly

* The barium sulphate used was washed and left to stand for three hours
in contact with dilute sulphuric acid. The precipitate was then filtered

off and washéd with distilled water.



Table 3.4

S

The Effect of Insoluble Silver Salts on the AgNO, + EtI System

Temperature

= 25C.
* This is the rate adjusted to 0.001M Ag+ after computation.

‘ : Initial Rate Corrected*Ini-
Run | Catalyst Source X 40t7 tial rate x 10
' (mole liter™ 'min~ )| (mole liter ' mif.
0 None - 5.47 t 09;18 -
1 AgI  freshly prepared ca. 900 -
2 AgI B.DcHu Ca e 380 =
3 AgBr freshly prepared ca. 460 -
é AgCl freshly prepared ca. 290" -
5 AgCNS freshly prepared | ca. 300 ° -
6 - AgS B.D.H. ca. 550 -
7 Ag20 freshly prepared apparently no -
reaction
8 AgCN freshly prepared apparently no -
reaction
9 AgBFe(CN)s freshly prepared ca. 200 -
10 A32503 freghly prepared ca. 65 Corrected Rate
: not
11 _ AgESO3 freshly prepared ca. 1“9 computed
12 AgZSOu freshly prepared ca. 420 37
13 AQZSucc freshly prepared 11.2 ca. 140
m A53P04 freshly prepared 0,14 35
15 Ag3A504 freshly prepared 25 105 = 108
Mass of catalyst 0.01 mole
Volume of solution ca. 91,5 ml.
Initial[AgNO,] initial(Bt I] = 0.001M
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prepared silver iodide, being léss effective thanfreshly prepared silver
bromide (although this could have been a result of the surface area per gram
being smaller). Silver sulphide and silver thiocyanate élso appeared to be
very good catalysts, the former being better than the bromide, and the latter

about as good as silver chloride.

For the other insoluble silver salts the results obtained are rather
more difficﬁlt to interpret. This is because they are all slightly soluble,
.and being Salts'of weak acids ténded,'on dissolution, to0 react with the
‘hydrogen ioﬁs'fdrmed, Thus the measured change éf pH with time and therefore
measured rafe'df reéction are nét directly related to the real rate. The
actual change of hydrogen ion concentration due to the reaction under study
can oniy be calcuiated from the measured change with a knowledge of the constants

of the varicus equilibria involved.

x ‘ : : 66
Consider an insoluble silver salt, AgX, whose solubility product, Ks

equals {Ag+][ X'-]; Let the assbciation constantbs‘;of the acid, HX, be

; ' Tt -

Ky = [HX]/[H] [x7] 3.7
If the salt is insoluble we can assume initially for our reaction that,
pH = 5, pAg = 3, so that,

[/ ]

[HX] +[X_J 14 a )

For HX to be negligible, a)>‘1. In this case, the formation of HX from X

u

107K, = 1/a, (say) 3.8

under the stated conditions can be neglected, and the measured change of pH
equals the actual‘change of [ﬁ+] due to the reaction. A similar situation
obtains at the end of the reaction, except that 1/a = 10-3K1, but the same
conditions apply. If a is not much greater than 1, the situation is much"

more complex (see succinate, phosphate, arsenate, and sulphate).
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Similarly for a diprotic acid, H2Y

K, = [~ v K= [mY]

=17 (2] [or]
Knowing K, K, ., ’anrd [&;. [22']/ (Ery'] +-[Y2_]), and [HY"] / ([HY_]+ [HZY]) can

be found; so that in the same way as for a monoprotic acid it can be seen

3.10

whether or not the acid equilibria are affecting the hydrogen ion concentra-

tion,.

A further'ﬁifficulty is that the silver ion vconcentration may be affected
by two factors:-
(1) The solubility product may be such that an appreciable amount of silver
ion dissolves into the soiution;
(2) Complex ion formation may occur removing silver ion effectively from

solution by means of equilibria such as:

Agt + X7, &= aAX 3.4
AgX + X = Agxa_ 3.,2
AeX + Ag' == Ag X’ 3.13

where X is, ananion generated by the solid.

The following complex ions are known fo exist:i~-

el 24+ b o 4 - - 2- 3- 5-

For silver ;odlde. AgBI ’ Ag2;6:, Ag'I , AgIz, AgI3 , AgI7 , AgBIS

. ; . iy = - 2= 3=~ + 2+
For silver chloride: Ag'Cl , AgClZ, AgCl3 s AgClh ’ Ag201 ’ Ag301

: . bo = o = 2- 3 4 4=
For silver bromide: Ag Br , AgBr_, AgBr_ , AgBrh ’ AgBr5 ’ AgeBr6 o

. s - - 2= LIS P
For silver thiocyanate: Ag(SCN)a, Ag(SCN)S™, Ag(SCN)7 ™, AgSCN,

. . L - 3- 5~
For silver sulpl&te. Ag(SOB) , Ag(803)2 . A8(303)3 .
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Their equilibrium constants have been measured, and from these data the silver

ion concentration-can be calculated.

Calculations have been performed to determine the effect of the equi-
libria discﬁssed above on the pH and pAg of the reaction solution in the case
of Agl, AgCl, AgBr, Ag,S, AgCNs, AgSFe(CN)é, AgSPO“_, AgBAsoh, Agzsou, Ag,SO
AgCN, and AgESucq.* They show that for AgI, AgBr, AgCl, Agas, and AgCNS,

3’

the pH and the pAg are unaffectedkby the presence of the so0lid in the reaction
mixture, ahdﬂfhuthhe measured rates can be compared direectly. Also, for
AgCN the ca}culétions show that the pH and pAg-are jnaffected. However, it
was found that an alkaline solution of ?H 8.5 was formed on adding AgCN to
‘the reaction mixture, and there was subsequently no change of pH with time.
This was atfributed to the fact that on making AgCN the solubility product:

of AgOH (167‘5)had been exceeded and this had been precipitated as well. The

maximum concentration of KCN and AgNO, possible, if this is to be avoided,

3
are ‘10"1+ mole/liter. It was found to be too difficult to collect the required
quantity of AgCN (0.01 mole) made this way and the investigation was not

pursued.

Silver Sulphite.

Two runs were done with silver sulphite present. The initial rates were
65 x 'IO-7 and 140 % 1077 mole liter 'min. . For the run giving the lower
rate, the precipitate had been left standing in water for 2 hours before being
used, and had tﬁrned slightly brown in this time. The other precipitate was
* The values of the association énd stability c?nstants used in all these
calculation; and in the followihgvdiSCussion havelbeeﬁ taken from the

Chemical Society Special Publication (196l4) 'Stability Constants'.
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made less than half an hour before being used.

The precipitate dissolves in pure'ﬁater to give a solution containing
3.3 x 107" mole liter™! at equilibrium. Although the extent to which it
dissolves in ‘the reaction solution is difficult to calculate, at pHS and
pAg3, [Hso;}/ sd’s"] = 10°*2 and '[Ag(sos)’] / [sog"] = 10%°?, and this would
tend to enhance the dissolution. It can be seen that both the pH and the pAg
aré affected by the presence of the précipitate,‘and so the measured rate of
reaction is not directly related to the real rate. Even so, catalysis was

occur.r'ing, although it was not necessarily heterogeneous.

Silver Sulphate.

In the:first run the pH was constant (2.48), owing to insufficient
washing of %he précipitate before.use. With a more thoroughly washed pre-
cipitate‘(the.washings of which were neutral to univeréal indicator paper),
the initial rate was 418 x 10—7 mole liter_1min._1, the measured pH falling
from 4.4 to: 3.4 before becoming constant.

In pure water silver sulphate dissoclves to the exient of'1058 X ’IO_2
mole liter '. At pH 5 Eiso; ]/ [so’;j = 10~ and at pH 3 the ratio = 10 |,
so that both the silver ion concentration and the pH of the solution are
affected markedly by the dissolution of the solid. However, the real rate

of the reaction beéing studied can be derived from the measured rate in the

following way. Consider:

L dissoluti + 2= '
Ag, 50, (s) 2SSO UMION S aAg, S0,; HSO,™, H,S0, 3.1

2

AgNO; + BtI + H,0 ———> Agl(s) + EtOH + HNO, h 3.15

3
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For the dissolution of silver sulphate

t, - fi? 7] | e
[e]? (Bof] « [isog]« [r0]) 317
[s027] + [mso;] + [8,50,]
[Eoi‘]

Substituting, from 3.10, for [HSO, | and |H_SO, |, and assuming 3s moles
4 254

1

]

of silver sulphate dissolve

K = (a-x+6s)2.35 3.18

<]
+ 2
1 + K’I[H] + K K'IE[H]

whefé x = the concentration of hydrogen ions formed by reaction 3.15

in time t
= the concentration of silver ions used up by reaction 3%.15 in
time t
a = the initial concentration of silver ion in solution due to the

silver nitrate.

Also, the measured hydrogen ion concentration is given by

[#] = [#] « [, [+]
- initial grmed in - used by sulphate ion

el E on %.15

(b + x - [mS0; | - 2 [HESQ;]YSi L 3.19

where b = the initial concentration of hydrogen ions in solution.

Substituting for [ﬁSO;tland [?2804] in 3.19 from 3.10.

[H+] R S - 3k, s[6] (14 2K12[H+]) 1.2

1+ K1[ ] + K K12[H]
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It can be seen that, in principle, 3.18 and 3.20 can be solved for
s and x , where x is a measure of the rate of reaction 3.15. How-
ever} in practice this is extremely difficult and is best done by assuming

a value for s , and using an iterative procedure. Since 3 s is so

large compared with x , it can be assumed initially to be 1.58 x 1O°2

mole liter-1;

This procedure was used to evaluate the real rate of reaction 3.15,

the Atlas computer of London University being used to carry out the itera-

5

tion., The values of K, and K. used in the calculation were 1.585 x 10™ 7,

1

and 97.7 respectively. The calculation was done twice, first with K12 =

1 x 10_3, and then with K, . = 2.69 x 10™7 (the two values being taken from

12
'Stability Constants'). The valﬁes of x and 8 obtained were the same

each time, showing that the reaction HZSOkf-—BH% + HSOZ was complete in

the reaction solution.

7

The rate obtained by plotting Ax against time was 1170 x 10" mole

liter™ ! ﬁin.1 (see Fig. 3.6). Corrected to 0.001M silver ion, the initial

7

rate of reaction was 37 x 10/ mole liter-1min-1. ‘Thus silver sulphate

does catalyse the reaction,>but it is a poor catalyst in comparison with the

silver halides.

Silver succinate.

mole liter-1min'1o

7

The measured initial rate of reaction was 11.2 x 10

However, the solubility of silver succinate in water is 6 x 'IO-L+ mole liter-1

at 25000 Also, at pH 5, [HSucc__] /E‘Succa_] = 100'35, and [stucc]/[HSucc_]

"008 0.2

= 10 , and at pH 4 these ratios are 101"35 and 10 respectively. Now
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the measured pH fell from 4.46 tov4.33, so both the pH and pAg were affected
considerably by the presence of the solid. Using equations 3.18 and 3.20,

the rate of reaction 3.15 was calculated.

Because of the uncertainty of the values 6f K1 and K12, two sets of
data were used. If the values K_ = 8.6k x 10710, K, = 4.325 x 10°, and
K12 = 1.609 x 104 were used, Ax for complete reaction was 1.3 x '10“'3
mole liter ' .  Since 0.001 M AgNO

3
value of Ax must be 1 x 10_3. These data were therefore discarded. Values

and 0.001M EtI were used, the maximum

of K_ = 8.64 x 10710, K, = 1.622 x 10 and3k12'= 1 x 10" gavelx = 0.61 x
10"3ﬁ which is reascnable. The rate of reaction calculated from these values
was 550 x 10”7 mole 1ite§1min"1, or adjusted to 0,001M silver ion, 140 x 1077
mole liter™ min~'. Hence considerable catalysis occured. The graph of the

computed rate of reaction is given in Fig. 3.6

Silver phosphate.

" The measured initial rate of reaction was O.14 x 10~/ mole 1iter'1min'1,
the pH falling from 5.50 to 5.275 in 150 minufes. ;The solubility of silver

phosphate is approximately ’IO“L+ mole liter_'],': and at pH 5, [HPOi-] / Epoz"] =

7.36 - 21 . 2.2 [ [ -1 . .-2.85
1070, [H2P04]/[HP04]- 10°°%, ana [B;P0, ] [ [H,P00]) = 10 (for
124 . o
K, = 10 36 K, = 10722, K5 = 102°"%),  Thus both the pH and phg are
affected by the presence of the phosphate in solution. It is evident that
the only phosphate species that need be considered at this pH is H2P0;a

Consider & moles of silver phosphate dissolving:
+ \ + -
AgBPO4 + 2H = 3 Ag  + H2PO4 3.21

If 3.21 and 3.15 are treated in a manner similar to that used for the

sulphate equation, then the‘following equations result:



)

KKK, = (a-x+3s8)°s 3022
M
[H*] = (b+x - 2s) 3.23

where the symbols a, b, and x are as before: These equations may also

be solved by iteration, and a solution was sought using the Atlas computers

_ The values K_ = 1,445 x 10‘16, K, = 2.29 x 1012, and K, ,
,

gavelx for the reaction = 1.25 x ’IO-2 mole liter-1 and were discarded.
12

= 1.585 x
10

The values Ks = 1.0 % 10-20, K1 = 2.29 x 10 “,.and K, = 1.585 x 107 gave

12
Ax for the reaction = 1.089 x 10~ mole liter-1, and were used to evaluate
7 1

mole liter-1min-

7

the real rate of reaction 3.15. This was 110°x 10~
(Fig 3.7), or corrected to 0.,001M silver ion, 35 x 10"’ mole liter-1min-1,
hence‘Silver phosphate is comparable with silver sulphate in its catalytic
effectiveness. The results also showed that for a change of pH from 5.5
to 5.275, the number of moles 1iter-1 of silver phosphate in solution changed

L

from 7.1 x 10 ' to 1.05 x 10—3, indicating the sensitivity of the solubility

of silver phosphate to pH, in this range.

Silver arsenate.

The measured initial rate of reaction was 25 x 10~ mole liter-1min_1,

the pH falling from 3.95 to 3.72 in 60 minutes., The solubility of silver
arsenate in water is ca. 1.4 x 10—6 mole 1iter_7 at 20°C. However, at pH &

sy ] o7 ] - 10°, [rpecy] [ [wscf] - 107 ana ipao] [

= 10-1'7 (K1 = 101? K .= 10? and K1 102'3) , So that, as for

12 3 =
phosphate, the pH is affected by the presence of the solid in solution. Only
the species HZASOZ need be considered, and equations 3.22 and 3.23 apply.

These were solved for:
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vTable 5e3
s X Kiz Ax tobal
(i) 1.0 x 10722 1.622 x 107 1.0 x 107 1.88 x 10~
(11) [1.0x 1072 | 3162 x 10" | 1.0x 107 | 1.0 x 107
(111) |1.122°x 10720 | 1.622 x 10° 1.0 x 107 | 0.88 x 102
(1v) | 1.122 x 10720 | 3,162 x 10"7 | 1.0 x 107 3.0 x 1072

The values ofo

total

~

are the computed values of the chahge of x

correSponding to the total change of measured pH. (ii) and (iii) were chosen

as the most reasonable, (i) and (iv) being rejected as too small and too

large respectively.

The calculated rates were (Fig 3.8):

(ii)
(ii4)

Rate

7
7

307 x 10
370 x 10~

‘mole liter_1min“1

mole liter  min

Thus considerable catalysis occurred.

8ilver ferricyanide.

This salt also showed marked catalysis (initial rate = 200 x 10~

Rate corrected to 10_3M silver ion

105 x 10

7

mole 1iter'1min"1

108 x 10~ mole liter 'min™

7

mole literf1min-1). Very few data on the solubility product and equilibrium

consténts were available, but values of KS = 2.3 x 107

that the pAg and pH.should not be affected by the presence of the salt.

=L

and K,]( 1 indicate
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An interpretation of the results given in Table 3.4 is presented at the end

of the chapter,

(ii) Results of Runs Using Insoluble Iodides

The reaction was carried out in the pressnce of the following insoluble
ilodides: HgIl, HgeIz, PbIz, Cul, and T1I. An éttempt was made to prepare

SnI,, but this failed because of the hydrolysis of the SnCl; used.

Hgals, Bgly, and PbIgiall appeared, from the measured rates of reaction,
to be good catalysts, in the order Hg,I, ) HgIl, ) PbI,. Cul gave a solution
in which the pH rose inatead of falling, and flI gave a solution of approxi-
mately constant pH (5,25). Initial rates of reaction are given in Table 3.5
and gréphs of change of hydrogen ion concentration with time are given in

Figs. 3.2,3,9, and 10.
Mercurous Iodide.

- Consider the equilibrium -

- 2Agt+ HgaIp(s) === Hg}' + 2agl (s). 3.2k

' 2
The equilibriun constant K = Gya / 0 | 3.25

since the activities of the solids are unity, If we neglect activity co-

efficients
K = [Hgﬁﬁ]

)

3026




10

Temperature

= 25%,

Table 3.5
The Effect of Insoluble Iodides on the AgNO3 + EtI System.
Run Catalyst Source Initial Rate x 107
(mole liter™ min')
0 none - 5.47 £ 0,18
1 AgI freshly prepared Ca. 900
2 AgI B.D.H. ca. 380
3 Hgy I B.D.H. ca. 350
b HgI, freshly prepared ca. 150
5 PbI, freshly prepared
‘ ca. 100
6 PbI, freshly prepared
7 Cul freshly prepared
v No measurable rate
8 Cul B.D.H.
9 T1I B.D.H. } pH of solution constant
10 I1I freshly prepared with time
Mass of Catalyst = 0,01 mole
Volume of Solution ca. 91.5 ml,
nitial [AgNe;] = Initial [EtI] = 0.001M
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Therefore, the equilibrium 3.%f lies on the right, and the reaction being

followed is really

Hga(NO3), + 2EtI + 2H,0 = Hg;L(s) + 2EtOH + 2HNO, 3.28

in the presence of silver and mercurous iodides as catalysts.

(All values for K, in this section are taken from 'Stability Constants').

For the reaction:

2 Agt 4+ Hgi'+ = 2hg  + 2Hg1+ 3.29

The value of G’ was calculated to be 5.6 kcal. from the standard potentials

b7
of the couples concerned, i.e.

*

_— e - _w° ‘
AgT + e = Ag . AGAS = EAgF 3,30
At | — At A e _ o
gh v 2o = Mgl MGy = -aERF 5.31
~O - ] _ [ - : N
A = 24qu AGHg 3.32

Thus at unit activity thelreaction would not occur. The value of AG
for the reaction cannot be evaluated because tﬁe activities of the ions

concerned are not known.

Mercurit Iodide.

For the equilibrium:

Hgly(s) + 2agt &= Hg? + 2agI(s) 3.33



1020.34

K = . The equilibrium therefore lies entirely on the right,

and the reaction being followed was

Hg(N03)2 + 2EtI + 20,0 = Hgl,(s) + 2EtOH + 2HNO,, 3.34

in the presence of mercuric and silver iodides as catalysts.

Lead Iodide.

K = 1027°® for the equilibrium

PbI,(s) + 2ag® =— o2agi(s) + Pu¥* 3.35
and therefore it lies completely on the righf. Thus the reaction being

followed was:

Po(NOg)y; + 2EtI + 2H,0 = Pbgfs)' + 2BtOH + 2HNO, 3.36

For the reaction:

aagt + ppit = 2Ag + Pu*t 3,37

Ac® = 42,4 kbal, so that this will not occur.

Cuprous Iodide.

The equilibrium:

Agt + Cul(s) == cCut + AglI(s) 3,38
lies on the right, K being 104°7. The following reaction:-

cu¥ + agt == cCcu®* + Ag ' 3.39
will also occur (AG° = -14.9 k cal);' This was borne out by the fact
that, after the reaction had been followed for some time, the solid con-

tained black particles of precipitated silver. The reason for the rise

of pH was the reaction:

2out 4+ NO3 o+ ET = 208" + HNO, + Hy0 3.40

for which AG® = -=36.2 keal. It is not known whether any hydrolysis of



as

the ethyl iodide occurred.

Thallous Iodide.

For the equilibrium:

T1I(s) + Agt == Tl*' + AgI(s) 3,49
K = 1088
occurring would be of the type -

TINO, + EtI + H,0 == T1I(s) + EtOH + HNOg 3.42
in tﬁe presence of silver and thallous.iodidés as catalysts. However, from

the measured pH which was constant with time (at 5.25), reaction 3.42 does

not occur at g measurable rate under the conditions used.

Eomofe Measurements.

An attempt was made to substantiate the above hypotheses by measuring
the silver ion concentration in a solution of silver nitrate in contact with
the appropriate precipitate. This was done by using a silver electrode and

measuring the e.m.f. of the cell:

KC1
satde

Ag+ y precipitate
0.001M

v Ag. 3.43

Calomel KNO3

0.25M

However, in the éase of mercuric iodide, reaction 3.29 will go from right
to left, and for mercurous iodide:

2hg + Hgy == oaagt " 2Hg : 3.44
AG® is about zero, so that a silver electrode‘cannot be used in contact
with:solutions containing these ions.
However for lead and thallium:

2bg + Po¥ == 28g* + Pb AGC = L42.6 keal 3.45

bg + TN =4 + T A 26.2 keal 3.46

, and the equilibrium therefore lies on the right. Thus, any reaction \

|



T

and therefore the silver electrode can be used in solutions containing

these ions.

Lead Todide.

First, 0,01 mole of freshly prepared lead iodide was equilibrated with
water at 25°C, and sufficient silver nitrate solution added to made
[}gNOé]: 10-3M o The solutionlwas stirred, énd‘the change of e.m.f.
of célin5Q43 with time was followed. The e.m.f. was measured using a
Radiometer pH meter & as a potentiometer. The initlal e.m«fs of the cell
was =214 mVY and a fluctuation of YoV, was found over a period of 20
minutes. In still solution, with the precipitate having sunk to the bottom

‘ 68

of the vessel, the e.m.f. was -219 mV. Thus, from the Nernst equation,

we calculate:~

+
it
O

Q
W
b
=
O

- stirring

+
It
ﬂ
(o))
»
=
o

- no stirring

Taking {%q+ = 0.94%, we have:

Cret = 9.9x 10 ™  moleliter”! = - stirring
-14 s -1 .
CAg+ . = 8.1 x 10 mole liter - no stirring
Since reaction 3.35 goes virtually to completion, we can take [?ba+] equal

to 5.0 x 10-4M. K for equilibrium 3.35 is 1021°6; so that the value of

the silver ion concentration, calculated from an equation similar to 3.27,

is 3.5 x 10—12 mole liter . The difference between the calculated and
values

measuredAcannot be explalned in terms of complex ion formation, since the

concentratlon of PbI¥ and similar species is negllglble. The difference

is attributed to the fact that the silver electrode is rather erratic in its

etion of ca. 1678 e
response below a silver ion concentration of ca. 10 ~ mole liter !

‘In an attempt to measure the rate of disappearance of silver i&ns, a



B

second experiment was performed in which the precipitate was added to the
stirred solution of silver nitrate. The'first“e;mff. measuremenﬁ was made

1 miﬁute after the lead iodide had been added, but again the e.m.f. recorded
was -216 mV, and it drifted to -209 mV in 7Q‘minutes. This corresponds to

a change in activity from 8.9 x ’IO_']I+

to 1.1 x 10”17, and was thought to be
due to equilibration. |
It appears,'therefore, that the dissolution of 1ead iodide and the

removal of 511ver ions from solution occurred qulckly, in comparison with the

rate of hydroly81s of ethyl iodide.

Thallous Iodide.

U31ng cell 3.43, 0,01 mole of TlI (from B.D.H.) was equlllbrated with water
at 25 C, and then an aliquot of silver nitrate solution added to make
El\gN 3] - 10 M. The solution was stirred and the change of e.m.f. with
time followed. Three minufes after the addition of the silver nitrate
solution, the e.m.f. was =71 mV, and after 30 minutes it was -162mV and still

falling, but at a lower rate. Thus:

CAg+ = 2.5x% 101" mole 1iter™) . after 3 minutes.
Cppt = Tobx 1012 mole liter ] after 30 minutes
8.8

, and since the equilibrium lies far to the

-3

For equilibrium 3.41, K = 10
right, we may assume [Tl+] equals 1 x 10 mole liter-1. The value of the

silver ion concentration inbthe solution at equilibrium, calculated from an

equation‘similar to 3.27,15 therefore 1.6 x 10_12 mole liter—1¢ This is in

fair agreement with the measured values. |

On removing the silver electrode, wiping' it and replacing it in the

solution, e.m.f.s of -168 and -172 mV were recorded and in both cases the
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readings became élowly less negative, the solution being unstirred. The
effect was probably due to re-equilibration of the glectrode with "the
solution, iHowever, the measured decrease in the silver ion concentration
indicates that thallous iodide is slower than lead iodide in removing the
silvér ions from solution, although the process would still be virtually

complete before the ethyl iodide hydrolysis had started.

These two e.m.f. experiments thus confirm the conclusions reached

earlier in this section from equilibrium constant calculations alone.

(ii1) Results of Runs Using Metal Powders

Fqurfmetal powders? Pt, Pd, Ag, and Aw were tried as catalysts. Their
order of effectiveness ’(see Table 3.6 and Fig. 3,11) was found to be =
Pt > Pd ) Ag ) Aw, buf singe_the rates were rather similar, this order
might be misleading. It was found on remeasuring the rate of reaction in

the presence of silver, for example, that it was 9.0 x 10—7 mole liter-1

7

min , compared with 7.6 x 10"’ mole liter-1min_1 for the first run. This
variation was probably due to lack ofuniformity in the state of subdivision
of the sample used. The measured rates did show, however, that the metals

were not very good catalysts, when compared with silver iodide, precipitated

Pt giving only a four fold increase in rate.

For all the catalysts, except silver, the rate of reaction decreased
slightly after the first two or‘thrée-readings and in the case of gold
the feaction‘rate became lower than the 'homogeneous' rate; i.e. inhibition
was apparently occurring. For Pt and Pd, however, the rate was still
greater than the homogeneous rate. With Ag, the;rate showed a tendency

to increase slightly after the first few readings.
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Since no reaction of the'type

Au o+ Agt == A+ ag
could occur in the reaction solutions, there was no possibility of inter-
ference with the pH or pAg by the catalyst. The measured rate could

therefore be interpreted as the real rate.

Collopidal silver was also added to the reaction solution but it gave
a pH of 8.5, which fell only slightly, and no rate measurement could be

made .
Microscopic Examination:

The silver and platinum powders were examined under a Cooke microscope
with a display screen. The magnification was 400. Thé images of the
particles were projected on.a screen, and were measured by comparison with
a stage micrometer. It was found that theﬁparti;le size was ca. 6 x 10 2cm
for silver, and from 2 x 1072 to 6 x 107 cﬁ for platinum. The particles
of both metals were far from being spherical. Tﬁese data, however, gave an
approximate value, for the surface area of platinum added, of 110 cmao
Calculations based on this value (see Appendix.) showed that the reaction
was not diffusion controlled, the calculated rate'of diffusion of both
reactants to the surface being at least 40 times greater than the measured
rate :of reaction,

Table 3.6

The Effect of Metals on the AgNO, and EtISystem.

2
Run Catalyst State Initial Rate x 107
- ’ f (mole liter~! min™))
0 none ‘ - . 5.47.2 0,18
1 Aw precipitated 5.2
2 Pt precipitated 18-
3 Pd precipitated 15.5
kL Ag ' precipitated : 7
5 Ag precipitated ‘ 9.6
6 Ag colloidal Solution alkaline (pH 8.5)




3\

Re. Table 3.6

]

Initial [AghOs] Initial [EtT] = 0.001M
Mass of catalyst = 0.01 mole
Volume of solution = cé. 91.5 ml

Temperature = 25°C.
The results presented in Table 3.6 are interpreted at the end of the

chapter.

(iv) Results of Runs Using Miscellaneous Catalysts.

A list of catalysts used, with initial rates ofvreaction, is given in
Table 3.7, and graphs of the rate of change of hydrogen ion concentration

in Figs. 3.12 and 3.13.

Since the cell walls in contact with the solution were of Perspex and
glass, the effect of these two materials was investigated. Neither was
found to affect the rate of reaction, thus showing that the cell itself was

catalytically inert.

In the rotating disc work (Chapter 5 ) Teflon and stainless steel were
to be used, and their effect on the reactioh rate was investigated, by
adding lathe turnings to the reaction mixture. Neither had any effect on

the rate.

Two runs with silicon gave similar rates, of 10 x 10—7 mole liter-1min:1
Its effectiveness is thus comparable with that of the noble metals, as can
also be seen from the similarity of the rate curve (Figs. 3.11 and 3.13).
However, work carried out‘recently by another worker in this laboratory
(Mrs. M. D. Archer) indicated that the silicon powder supplied by B.D.H.

contained an appreciable amount of irom, which may have been the catéiytic

agent.
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Finely divided charcoal is a catalyst for many different types of
reaction. For the present reaction its effectiveness was of the same order
as AggSOz, Hgl,, and PbI,, giving a rate of ca. 140 x 157mole liteflmiﬁ.l°
It was the only catalyst in this section whose effect was comparable with

the insoluble silver salts and the insoluble iodides.

‘Boron nitride, with a strucfure similar to that of carboﬂ?’was the
only catalyst used which showed an initial fetardétion of rate. However,
after the first three or four readings the rate increased to a constant
value of 9.6 x 167 mole liter! min (Fig. 3.13),

7 mole liter min'. After 3 or

Silica gave an initial rate of 52 x 10

- -} -l

Ik resdings the rate changed (Fig. 3.13) to 6.7 x 10.1mole liter min ,
which is very close to the‘hompgeneous’rate; Once again, traces of iron

in the supplied material could have affected the result.

 Barium sulphate was added as an example of a typical insoluble salt
with no ions in common. It gave a slightly alkaline solution, thought to
be due to hydroxyl.ions adsorbed on the surface of the powder. This was
found to be difficult to remove, and only when the powder was stirred for
several ﬂours in a dilute solution of sulphﬁrié acid were the last traces
removed., A run using barium sulphate s0 treated;and subsequently washed
in distilled water and filtered, gave an initial ¥ate of ca. 10 x 1dq mole
1ite£4 miﬁq. After about ten minutes, however, the rate fell to 4.8 x 10"
mole litéfd miﬁd. The higher initial rate may héve been due to desorption
from the precipitate, of excess hydrogen iohé which had not been removed
during washing.' This supposition is supported by the fact that the
initial pH of solution was ca. 4.5, whereas it was usually 5.0 - 5.5.

»



Table 3.7

IS

The Effect of Miscellaneous Catalysts on the AgNO3 + EtI System,

Run Catalyst State Tnltial Ratf1x 1?:
(mole liter min )

0 None - 5.,4.7 ¥ 0.18

1 Glass powdered | 5.2

2 Perspex powdered 5.2

3 'Teflpn turnings 6.2} ‘Homogeneous’rate measured

under the same con-

L Stainless Steel turnings 6.0 ditions was 6.0

5 Charcoal powdéred 140

6 Boron Nitride powdered  2;5

7 510, powdered 52

8 Si powdered 10

9 BaSOh powdered 10

Initial ngwoﬂ - Initial[EtI]ﬁ -

Mass of catalyst =

0.01M

Volume of solution = ca. 91,5'ml.

Temperature =

25°%C,

0.001M

The results presented above are interpreted at the end of the chapter,

Silver Perchlorate.

Two 'homogeneoiits' runs were done in which silver nitrate was replaced

by silver perchlorate.

The latter, from G.F. Smith & Co., was not

purified, and a solution was prepared such that the initial concentration

of silver ion in the reaction mixture would be ca. 0.001M.

Since the salt
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was damp, the silver ioen concentration in this solution was measured by means

— -

‘of the ceTl:

Calomel | XKCl KNOB’ AgClO#ﬁ Ag
o satd.| 0.25M

3.47

At 2500, the e.m.f. was 0.407 V. Allowing for the activity coefficient of
the silver ion by means of the Glintelberg equation;, and for the dilution of
this solution to:give the reaction solution (25ml to 91.5 ml), the initial
silver ipn concentration in both runs was 8.47 x 10-4 mole liter™! . The

. i - . =l =i
rate of reaction in these runs was 4.1 x 107-mole liter min

Assuming the reaction to be first ordef in silver. ion (gs for silver
nitraté); the rate of reaction correéted to 0,001M siiver perchlorate is
4,85 x 1éqhole literrlmiﬁq.' This is somewhat lower than the 'homogeneous'
rate measured with identical concentrations of ethyl iodide and silver
nitrate.: Since both silver salts are completely dissociated, the nitrate
and perchlorate ions must be involved in the mechanism of thé homogeneous
.reaction; It has been suggested that the silver and say, the nitrate ions
give:rise to a transition state of the type No; :EtIAg, with the nitrate
ion participating in the transition complex as formulated by Korhblué?g The
experimental results 1eadiné to this postulated transition state were
obfained in acetonitrilémgnd in aqueous alcohoiE&?ﬂSince the nitrate ion is

a stronger nucleophile tHan the perchlorate ion, the results of the present

vrork would also be consistent with such a transition state.

47
A recent paper has reinterpreted work by Burke and Donnan, done in

aqueous alcoholic media, in terms of an ion pair concept which led to the type
of transition state described above. Theofy was found to be in close

agreement with experiment. It would thus appear that this approach is a
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valid one in homogeneous solutions of this type. It has not yet been
determined, however, whether the anion takes any part in the reaction at the

surface, i.e. in the heterogeneous part of the reaction.

SECOND REACTION

A reaction of the general type

MNO3 + BRX —> MX(s) 4+ RNOg 3.48
iS”known:to occurtfband the extent to which it doés occur is obviously of
importance in interpreting the observed ratés of the reaction under study.
In the preliminary studies involving the AgNO3 + EtT system, two methods
of detecﬁing any EtNO3 present were used:
(1)‘U0V. spectrophotometry, |
(2).spot tests.
(1)

A sample of Eastman Kodak wnpurified ethyl nitrate was dissolved in water
(solubility 1;3 gn/100 ml) and its u.v. spectrum plotted in the region 200 -
350 mu, using a Hilger and Watts Ultrascan spectrophotometero‘ This showed
anvabsorption peak in the region 200 - 210 mp o Finer resolution was not
poséiblé_because of the limitations of the instrument. Both ethyl alcohol
’and ethyl iodide have absorption peaks in tﬁis region, ethyl iodide having
another peak at 250 mu, and so this method could not be used for the detection
of efhyl nitrate in the reaction mixture,

It was found that spectra of the reaction products gave very large
absorption peaks in the 210 nypregion, much larger than indicated by the
estimated concentrations of ethyl iodide, ethyl alcohol, and ethyl nitrate.
This was attributed to the nitric écid presént - é comparison spectrum of
10"3M nitric acid giving the same peak. A new péak also arose at 300 mpw

appeariné mostly as a shoulder to the peak at 210 mp , and this was enhanced
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by the removal of ethyl nitrate and ethyl alcohol by distillation. A
comparison sPeétrum of a solution of ethyl nitrate (0.0006M) in nitric acid
(16*M) was made, but showed no peak at 300 mp. The origin of this peak is
not understood,

To summarise, the u.v. absorption method was*ﬁot suitable for the

detection and estimation of the second reaction.

(2)
With the aid of a spot test the presence of -ethyl nitrate could, in

principlég be qualitatively established. The presence of silver nitrate
and nitric acid, which would interfere,; would necéssitate éeparation of the
ethyl ni?rate from the bulk of the reaction products first. This was
convenieﬁtly done by distiliation,-at atmosphericipressure; the first
fraction:collected containing the ethyl nitrate (5.p. 88 - 99C) and ethyl
alcohol (b.p. 78°C) and any remaining ethyl iodide (b.p. 72°C), but not the
silver nitrate or nitric acid. '

The spot test for nitrate was based on fhe.reaction of nitric acid with
diphenylamine, or NN' diphenylbenzidine to give the intensely blue quinoidi-
monium salt?‘ Using NN‘diphenylbenzidine, the limit of detection was 0,07 pg
nitric acid. When the spot test was applied to the ethyl iodide solution
before reaction it gave a negative indication but‘produced a positive response
with the first distilled fraction of the reéction;productse

To check the interference of silver nitrate, nitric acid and ethyl
aléohol,ta blank solution was madelup containing the approximately expected
coﬁcgﬁtrations of these three substances in.the réaction solution. This was
distilled in the same way as the reaction mixture;‘and the first fraction
collected., The spot test gave no indication of nitrate present, thus

proving that there was no interference from the silver nitrate and nitric

acide
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The presence of nitrate in the products and its absence in the reactant
ethyl iodide éolution was therefore attributed to the formation of ethyl
nitrate during the reaction. An estimate of the extent of the second
reaction was made by usiﬁg:Feiglks figure of tﬁe' limit of detectioguof
Al6:x 165molellitero Distillation of the  reaction pfoducts and subsequent
dilution of the reaction products ten times gave an indication which was
only jﬁst visible., Thus 1 - 5 x 156 mole/liter of ethyl nitrate appeared
to be present in the reaction products, i.e. 1 - 5% of the reactants had
reacted by this path. More accurate evidence was forthcoming by the

indirect method below.

(3) E.m.f. Measurements

Consider the two reactions involved:

AgNO3 + RX + Hy0 &= AgX(s) + ROH .+ HNOg 3,49,
AgNO3 + RX === AgX(s) + RNOg 3,50

Only if 3.50 is negligible will the change in concentration of nitric
acid be equal to the change in concentration of silver ion:

i.e. - [Agﬂ =1 [H"’]
A homogeneous run was, therefore, carried out, iﬁ which both the conééntration
of silver ions and the pH were measured initially and at equilibrium. The
reactants were 0.001M silver nitrate and Q.OO1M ethyl iodide.

The cell used for the silver ion determination was:
Ag+

KV
KC1 03

satds |0.25M
and it was calibrated by means of a stock 0300367M solution of silver nitrateo

Calomel Ag “ 3.51

This gave Ecal = 0,2435V at 25000, allowance having been made for the

silver ion activity coefficient,
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The pH of the éolution was measured in the way already described (see
Chapter 2). The pH at zero time was calculated by an extrapolation of the
measured initial rate. The fihal pH of the reaction solution was measured
with the solution both well stirred and quiescent.

The following results were recorded:

Table 3.8
: ol [=*] AlE]  Eumet.(av) [Ag*] - gxg““]
-‘ - "
Initially ‘ 5.20 8.46 x 10 410 9.97 x 10“
Finally (stirring) 3.12 7.586 x 10F  7.50 x 10

&

- - -4
Finally (no stirring) 3.15 7.079 x 10 6.99 x 'IOI+ 347 2,66 x 10 7.31 x184

All concentrations are in mole litefﬂ °
It can be seen that the maximum discrepancy between -A[Aéj andﬂﬁfi was

ca. 4.5%. This represents the maximum extent of the second reaction.

We may conclude, therefore, that for the AgNO3j + EtI reaction, the
second reaction can, to a first approximation, be neglected in considering

the kinetics of the main reaction.

B Other Systems

Because of the difficulties encountered in using insoluble iodides as
catalysts in the AgNOjg + EtI system, the silver lon was replaced by other
cations, and the catalytic influence of the insoluble iodides on these reactions
was investigated. The nitrates used were Hg(NOg);, Hga(NO3),, Pb(NO3)q ,

and TINO3. Only those iodides less soluble than the iodide of the nitrate



S

being used were employed as catalysts, to avoid the difficulty which had
arisen with silver nitrate. It was assumed for all these cases that the
regction causing the change of pH would be analogoUs to the silver nitrate
reaction:

M(NO3)p + REtI + nHpO —> MIp(s) +naEtOH + nHNOj 3.52
‘No attempt was made to show that this was the reaétion being studied, or
to verify its stoichiometry. It was further assﬁmed that there was the
possibility of occurrence of:

'M(Noé)n + nEtI =—— MI.(s) + nEtNOy 3.53

and tests to ascertain the extent of this reaction are described later.

In all the cgtalysed runs 0,01 mole of catalyst was used and the initial
concentration of ethyl iodide was 0.001M,  For TiNO3, the initial concen-
tration was 0,001My and for Pb(N03)29 Hg(NOB)ag and ng(N03)2 it was 5 x TOQMM.
The volume of the reaction mixture was ca. 915 mlo

The details of preparation of the catalysts are given in part A of this
chapter.

An interpretation of the results in this section is presented at the end

of the chapter.
(i) Lead Nitrate.

To méke up the lead nitrate solution, A.R. lead nitrate (undried) was
used, and the strength of the solution calculated from the mass of nitrate
used. A 'homogeneous' run was carried out with 0.0005M Pb(NO3); and
O;OO1M'EtI° In 120 minutes the pH drifted from 5.06 to 5.18, and it was
concluded that the rate of reaction 3.52 was too small to be measured..
During this time, however, a thin white, opalescent precipitate had formed

in the cell, and this was attributed to reaction 3.53. The precipitate
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became thick and white after being left for a day, (PbIg is a yellow
solid). An attempt was made to repeat this experiment in a conical
flask, to provide material for apalysis, but this time no precipitate was

formed.. The reason for this is not understood.

The insoluble iodides added to the reaction mixture were f:eshly
prepared silver and lead iodide‘and B.D.H. mercurous iodide and thallous
iodide. The initial rates of reaction are given in Table 3.9 and graphs
of the rate of change of hydrogen ion concentration in Figs. 3.14 gnd 3.15.
The order of effectiveness was AgI) PbIy T1I ) Hgqly, the latter giving
no measurable rate,

Of the metals used, powdered platinum gave a constant pH (4.82), and
lead gave a pH which rose from 7.7 to 9.3 in 40 minutes. The run was
repeated with lead previously washed in dilute nitric acid and then water.

The pH was then almost constant with time at 7.45.
-7

With precipitated silver the initial rate of reaction was 5.2 x 10

mole liter 'min~', This fell after the initial period to an almost
constant value of about 0.3 x 10 ' mole litefd min~ . (Fig. 3.14),

The most effective catalyst, apart from AQI, was charcoal. This gave
an initial rate of ~ 50 x 167 mole liter' min . Agéin the rate decreased

) R
and became linear, after the initial period, at ca. 3 x 10 mole liter min .

Table 3.9
The Effect of Selected Catalysts on the Pb(NOg)a + Etl System
Initial [Pb(NOg)g] = 5 x16tu-
Initial [EtI] = 0.001M
Mass of catalyst = 0.01 mole.

Volume of solution = 91.5 ml.

Temperature of reaction = 2500
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Table 3.9
The Effect of Selected Catalysts on the Pb(NO3)a + EtI System
Run Catalyst Source Initial Rate x 107
(mole liter™ min™")
0 none - ca. O
1 : AgI freshly prepared ca. 850
2 PbIy freshly prepared 30.6
3 I B.D.H. 1.6
4 Hgala B.D.H. 1.9
5 Pg . Johnson Matthey -
6 precipitated Ag Hopkin & Williams 5.2
7 powdered Pb B.D.H, =
8 Charcoal B.D.H. 50

An attempt was made to correlate the change of [Hf]withvthe change of
Dﬂf+] during a run when Agl was the catalyst. This was to establish, as
for silver nitrate, whether reaction 3.53 played any significant part in the
kinetics of the system. The change of pH was measured, as usual, with a
glass electrode, the initial pH of the components of the solution being
measured individually and the change of pH throughout the reaction being
followed, to‘a final constant value. A lead rod, ca. 0.5 cm in diameter,

was used as the lead electrode, the e.m.f, of the cells
I .

Calomel | KC1 [KNO Pb(NOB)2 Pb

3
satd«[ 5 ooy

300k

being measured to give [Pb“]. '
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However, this electrode did not give reproducible readings of the e.m.f. of
the cell and was abandoned. A Pt wire was then coated with lead from a
Pb(NO3)s solution (0.01M), using a lead anode and passing 0.2 mA for 1

hour.. A dark grey matt deposit was formed on the wire. On using the
electrode to measure the e.m.f. of the cell an unsteady reading was obtained,
and‘patches of bright Pt could be seen on the wire. The attempt to measure

the cell's e.mof. was therefore abandoned.

(ii) Mercuric Nitrate.

A fresh sample of Hopkin & Williams G.P.R. mercurié nitrate, guaranteed
to contain{99% Hg(NOg);z y Was used to make up the sblution, by weight. It
was aéidified to ca. 1deM nitric acid to prevent decomposition to mercuric
oxide. This gave, for the reactions,va lower initial pH and a smaller
change of pH, and consequently a greater error in the rate measurements.

The following initial rates were found for the 'homogeneous®' reaction

(Fig. 3.16):

Table 3.10
Run [Ee(M03),] [Et1] Initial Rate x 167.,(nole liter' min)
1 5 x 1072 0.001M 250
2 5x 10N 0.001M 140
3 5 x 10 tM 0.002M 250
b 0,001M 0.001M 750

During the reaction a red precipitate formed (HgIa is‘réd). This was
in the form of a finely divided powder which stuck to the glass in the cell.
The stirring was not effective enough to disperse the precipitate uniformly

throughout the solution.
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The initial rate of the homogeneous reaction appears to be very irrepro-
ducible. (see runs 1 and 2, Table3.10). This was because the rate was
measured over a period in which about 10% of the ethyl iodide present had
reacted, and a corresponding amount of mercuric iodide had formedo Assuming
the mercuric iodide catalysed the reaction (see below) and comparing the
system with the silver nitrate systém, it is expected that this would lead
to considerable irreproducibility. With silver nitrate the initial rate .
was measured before the amount of precipitate became éignificant9 ic.eo
when only 1 - 2% of the ethyl iodide present had reacted. In addition,
the nature of the precipitate in the mercuric nitrate system accentuated
the irreproducibility,

As a result, it would be unwise to attempt to deduce a rate law from
these values.

The inSoiuble iodides added to the reaction mixture were freshly prepared
silver and mercurib iodides, and B.D.H. mercurous iodide. The initial rates
are given in Table 3.11, graphs of the rate of change of hydrogen ion con~
centration in Fig. 3%.17. The order of effectiveness was AgI) Hgal, > Hgly,
although the mercuric iodide was rather aggregated initially in the cell,

' and for comparable surface areas may be as good a catalyst as mercurous
lodide.

Powdered Pt gave an initial rate of 230 x 10“7mole liter-‘miﬁﬁ, which is
not sign?ficantly different from the 'homogeneous' value, and two runs

with charcoal gave rates of ca. 500 x 1077 mole liter™ | min™ (Fig. 3.18).
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Table 3.11

The Effect of Selected Catalysts on the Hg(NO3z)s + EtI System

Run Catalyst Source Initial Rate x 107

(mole 1iter-1min-1)

0] none - ca. 200

1 Agl freshly prepared ca. 730

2 HggeIy ~ B.D.H. ' 'c_a. ‘*5,6

3 Hgla freshly ?repared S cé. 320

iy powdered Pt Johnson Matthey ca. 2307 i
5 charcoal B.D.H. ca. 570

6

charcoal B.D.H. ca. 440

Initial[Hg(NOg)s] = 5 x 10*H
Initial [EtI) = 0,001M

Mass of catalyst = 0.01 mole
Volume of solution = ca. 91.5 ml.
'Témbefafufe = 25°C,

(iii) Mercurous Nitrate,

The mercurous nitrate solution was prepared by dissolving a known
weight_qfﬂundried A.R, mercurous nitrate in water cdhtaining ca. ’](5'3 M
nitric acid to stabilise the solution. The solution was stood over
mercury to preient oxidation to mercuric n_itraté° As with mercuric nitrate

the problem of a small pH change was encountered.

For the 'homogeneous' reaction the following rates were measured!
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Table 3,712 .
Run [Hga(N03)s ] [Et1] Initial Rate x 10!
S T-e e (mole liter™! min ')
1,2,3 0.0005M 0.001M 75 Ts
L 0.,0005M 0.002M 110
5 0.001M - 0.001M 150

The precipitate formed during the reaction was much less coagulated
than with mercuric nitrate. It was very finely divided (no individual
particles could be seen) and a dirtytyellow color ( HgyI, is yellow).

A dark colored precipitate settled after stirring had ceased in runs 1 and
2 (Table 3.12).
" From the above rates of reaction it appears that the rate law is:

Rate o [Hgy(N0s), [Etl]% | 3.55
Insufficient data are available at present to interpret this law.

Of.thé insoluble iodides, only freshly prepared silver iodide and

B.D.H. mercurous iodide could be used. The results are given in Table 3.13.

Powdere& platinum gave a rate curve (Fig.3.19) the first three points
of which were rather scattered. However, the later points appeared to coin=-
cide with the points produced by a‘homogeneoustrun, so the degree of cataly-
sis was very sliéhto

Mercury, when added to the reaction mixture, gave an initial rate
of ca. 100 x 10! .mole liter ' min, , but in the later stages appeared to
retard the reaction (Fig. 3.20). Towards the end of the reaction the
mercury beéame very dirty and was broken into small droplets which would

not coalesce.
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Table 3,13

The Effect of Selected Catalysts on the Hgn(NOg)g + EtI System

105

cra J
Run Catalyst Source Initial Réze x 10
: (mole liter minT')
0 none - ca. 75
1 Agl freshly prepared ca. 2100*
2 ngIz BpD»H' Cae L|’6O
3 powdered Pt Johnson Matthey ca. 75
L mercury not known ca. 100
5 charcoal B.D.H. ca. 680
6 charcoal B.D.H. ca. 625
Initial [Hg,(N03)] =5 x 16°
Initial [EtI] = 0.001M (*0.0012M)
Mass of Catalyst = 0.01 mole
Volume of Solution = ca. 91.5 nml.

Temperature

Once again Agl

An attempt was made to correlate the change of hydrogen ion concentra-

and charcoal proved to be the best catalysts.

25°¢,

tion occurring during a run with the change of mercurous ion concentration.

As for silver and lead, this wasi to determine whether reaction 3.53 played

~any significant part in the kinetics of the system. Although the homoge-

neous reaction was fast enough, mercury was chosen as a catalyst for the

reaction becéuée it served as an electrode as well. The cell used to

measure the [ﬁé?] was

Calomel KC1

satd.

KNO3 | Hgl' | Hg
0.25M4

3.56
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The mercury was connected to the potentiometer by means of a platinum wire,
sheathed in glass almost to‘its tip, which dipped into the mercury far
enough not to expose any platinum to the solution. The e.m.f. of a stock
solution of Hgy(NO3); was measured, to obtain the initial concentration

of the reaction solution,.

A run (Hg,(NO3z); + EtI) was done using an aliquot of this stock solution
(diluted to give [Hg,(Nog )9]°= 0,0005M) and about 1 m. of mercury in the
cell. The mercury was stirred into the reaction mixture during the run,
and at equilibrium was found to be too dirty to use as an electrode. Clean
mercury was therefore added to the cell and used to measure the equilibrium
mercurous ion concentration. In evaluating the change in the mercurous ion

concentration, activity coefficients were considered,

The pH was measured with a glass electrode assembly, as usual. The

initial pH of the reaction solution was obtained by extrapolating to zero
time the rate when the first feading was taken. The value agreed well with
the measured pH of a solution similarly made up, but without any ethyl

iodide present (measured 2,70, extrapolated 2.699)

The measured values were, at 2500:

Table 3.14
pH (1) _3 a["]

Initial 2,699 & 0,005 (2,00 ¢ 0.023) x 10 :
Final  2.603  0.005 (2.495 ¢ 0.029) x 102  (4.95 + 0.52) x 10 %

Eom.fo [#e2] ' Al
Initial  466.2 £ 0.5 mV (4.14 3 0.07) x 10°*
Final 44,7 & 0.5 mV (1.92 # 0.07) x 107  =(2.22 & 0.14) x 10°%
Ecal 243 my

(A1l concentrations are in mole liter . )
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Now, if for every Hg%+ ion used, 2H* ions are formed
- gd {Hg;"‘] = A[H"'J 3.57
From Table 3.1k
0[]
Aft]

It can be seen fhat the calculation is very sensitive to slight errors in

it

(.44 3 0.28) x 10* mole liter

(4;95 + 0.52) x 16 * mole 1iter™

the measurement of pH, and also to the value of Ec Within the limits

al’
of experimental error, however, the changenbf hydrogen ion concentration is
equivalent to the change of mercurous ion concentration, and therefore

there is no real reason for considering reaction 3.53 for the mercurous

nitrate and ethyl iodide system.

(iv) Thallous Nitrate
The thallous nitrate solution was prepared from a fresh sample of
B.D.H, thallous nitrate, specified to be not less than 98% pure. The

molarity of the solution was calculated from the weight of solid used.

v ' .
A "homogeneous run gave no measurable rate of reaction, the pH

drifting from 5.0k to 5.97 in 118 minutes. However, during this time, a
whitish, very finely divided precipitate formed in the cell (T1I is a
yellow solid). An attempt was made to repeat the experiment in a conical
flask to provide material for analysis, but no precipitate was formeé the
second time. The reason for this is not understood.

To test whether the drift of pH was due to adsorption of hydrogen
ions on the surface of the precipitate, the pH of a stirred solutioh of
0,01 mole of thallous iodide powder (B.D.H.) in 90 ml. of water at 25°C
was meas;red. No comparable drift was noted; but the surface area and

condition of the solid were probably different.
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The insoluble iodides trieq-as catalysts were: . - B.D.H.,
T1I, Cul, HgIa y and HgyIl,s freshly prepared -  PbI; and Agl. The
rates of reaction are given in Table 3.15, and graphs of the rate of
change of hydrogen ion concentration in Figs. 3.21 and 3.22. The order
effectiveness of the catalysts was Agl ) PbIq) HgIp) T1I; thefe was no
measurable rate of reaction with Cul and HgyIly, a slow rise of pH being .
notgd in both cases.

The only other catalyst tried was charcoal, but no reaction occurred,

the pH again rising slowly.

Table 3.15
The Effect of Selected Catalysts on the TINO3 + EtI System

- Initial Rate x 10
Run Catalyst Source (mole liter™ min3')
0 none - ‘ ca. O
1 AgI freshly prepared ca. 1140
2 PbIg freshly prepared ca. 40
3 Hgl, B.D.H. 8.8
4 T1I B.D.H. 4,5
5 CuIl B.D.H.
" No apparent reaction
6 HgqIg B.D.H.
7 charcoal B.D.H. No apparent reaction
Initial[TINOy] = Initial [EtI] = 0.001M
Mass of Catalyst = 0,01 mole

Volume of Solution = ca. 91.5 ml

Temperature = 25°,
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INTERPRETATION OF THE RESULTS PRESENTED IN THIS CHAPTER

It is obvious that the results of this exploratory study cannot be
interpreted in a quantitative manner, since they are only semi-quantita-
tive themselves. They can, however, be discussed in the light of a theory
which is itself only qualitativelynexpressed at present. This is

99

Pearson's theory of hard and soft acids and bases.

In Pearson's view, an extension of the acid-base concept proposed by
103 .
Lewis, acids and bases are subdivided into the catagories: hard and soft,

The definitions of the four classes are:

(a) soft base - a base in which the valence electrons are easily pol~-

arised or removed.

eogo CN, I, szoé’

(b) hard base - one which holds its valence electrons much more tightly.
€ogo OH , F, No;»

(c) soft acid - an acid in which the acceptor atom is of large size,

of small or zero positive charge, or has several valence electrons which
can easily be removed or distorted.

€s8o Cu+a Ag+a H82+

(d) hard acid - an acid of small size, high positive charge and with
no valence electrons which are easily polarised or removed.
e.go H+9 Na+, Ca2+, Al3+
94,100

With these definitions a general principle can be stated: hard acids prefer

to coordinate with hard bases and soft acids with soft bases.
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According to Pearson, the base or acid strength with respect to the
hydrogen or hydroxide ion respectively is also a factor which influences
the ease of coordination. However, this is a secondary characteristic and
will not take precedence over the principle stated above. For instance,

the Saﬂ and I ions, both of which are soft bases, will coordinate better

2
2

Al3+ and Ca2+° However, Sa— will coordinate better with a soft acid than

with soft acids such as Ag+ and Hg * than they will with hard acids 1like

I” because it is more basic (with respect to Ht),

The bonding theory which leads to these generalisations has been dis-
cussed elsewheregOO and will not be presented here. The various effects
involved have not yet been combined to give quantitative expression to the
concepts of 'hardness' and 'softness’., However, it seems that the main
factors involved are (i) the @ bonding tendency of the acid or base, i.e.
whether it.forms ionic or covalent bonds; electronegativity and polaris-
ability are important properties here, (ii) the-T bonding tendency of the
écid or base, i.e, whether it has empty d orbitals, say, capable of accep-
ting 1T electrons, or whether it has full d orbitals capable of donating TT
electrons, (iii) the possibility of stabilisation of the resultant complex
by dispersion forces in the case of covalent bonding. Solvent effects
also seem to'piéy a part, but to a much smaller extent than (i), (ii) and
(1ii), |

We may discuss the results of the present work in the light of this
theory. Let us assume, for the heterogeneous reaction, that cations frgm‘.,
solution will be adsorbed on anion sites, while the ethyl iodide will be
adsorbed Angcation sites, so that, for the reaction AgNO3 + Et19 oﬁ Agi(s),
say, we will have complexes of the type (EtI : Ag)’ and (Agf,: I7) on

adjacent sites. The formation ‘6f Et' and then EtOH is assumed to occur
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through the interaction of these two acid-base complexes.

(1) The Silver Nitrate - Ethyl Iodide System

(i) Catalysis by a Series of Insoluble Silver Salts

We may correlate the-experimental results with the Pearson theory
by examining the influence on the reaction of a series of insoluble silver
salts. It may be assumed for this series that the formation of the
complex (EtI : Ag)+ does not change throughout the series and that what
is being examined is the variation in the formation of the (Ag+:xn"fn-n—
complex, where X" is the anion of the solid under consideration. Silver
is a soft acid, with an outer electron configuration in the unipositive
state of 4d10, and an ionic radius of 1.26 A&. It would therefore

be expectéd to coordinate best with soft bases. The anions of the insol-

uble silver salts used (Table 3.4) may be classified as follows:

Soft Medium Hard .
I &—Br c1
- T ool 3
| CNS‘ — 505 Pog,
: =z 2w
g Asoz —_— 804
» (Succz-)

The arrows in the medium group indicate the tendency of the ions towards

softness and hardness,

The gradation of experimentally determined effectiveness was (for
equimolar amounts of catalyst):

Agl > Ag,S ) AgBr ) AgCl A~ AgCNS ) Ag,SO

3’\/ AgZSucc )3 Ag3AsOl+>Ag3P04N

AgZSOL‘_o
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It is immediately noticeable that the softest anions provided the
best catalytic surfaces (according to the measured initial rates of reac-
tion), and that the hardest anions provided the worst catalytic surfaces.
Thus, there appears to be a correlation between the affinity of the silver
ion for the surface and the effectiveness of the surface as a catalysto
The gradations Agl > AgBr ) AgCl  and AgBAsoq > Ag3P04 are as expected,
It is expected that Ag,S would be a better catalyst than Agl, since g2~
is soft and a strong base, whereas I  is only soft. In fact, for the

B.D.H. catalysts, Agas was a better catalyst than Agl.

It might appear that the position of AgCl in this scheme is anomalous ,
in that C1~ is hard and a weak base and yet seems to be a good catalyst.
There are two explanations of this. First, as Pearson has pointed out,
although the relative rates within a group of the periodic table are
comparable, those betwaen different groups are not. Second, although
Pearson classifies C1l  as hard élong‘with SOi-, etc, it does.seem to be
much softer than the latter - a hypothesis supported by the'well known
ability of the chlorine atom to form covalent bonds, and also its ability
to act as.though it were to some extent electropositive, as ClS+u Both of
these properties point to the fact that chloride is mu&h more polarisable,
and therefore much softer, than sulphate. Also the chioride ion has empty

d orbitals which may accept some d electron density from the Ag+ ion,

The position of the suéciﬁate ion appears also to be rather anomalous.
According.to Pearson's classification, the acetate ion is hard and there-
fore iﬁ would be expected that the succinate ion is also hard. Silver
succinate would thus be expected to be a poor catalyst. That it is quite

a good catalyst may be the result of its being quite a strong base,




To summarise: there is a marked correlation between the ease of
coordination of the silver ion with the anion sites and the effectiveness
of the corresponding insoluble silver salt as a catalyst in the reaction

between silver nitrate and ethyl iodide.
(ii) Catalysis by Precipitated Metals

According to Pearson's theory, bulk metals may be regarded as soft
acids. Therefore, from the point of view of the adsorption of ethyl
iodide on the surface, the metals examined should have been good catalysts,
since thexiodide group is a soft base. The fact that they were not may,
however, Ee understood in.terms of the poor adsorption of silver ions on
these surfaces. As pointed out by Pearson, the formation of a metal-metal
bond would occur only if the system were stabilised by means of electron~

donating ligands, which are absent in this case,

(iii) Catalysis by Miscellaneous Catalysts

Barium Sulphate

Both the cation and anion sites are ¢lassified as hard, and therefore
poor coordination of the feactants with the surface sites would be expected.
The material was not a catalyst, and the correlation agrees with that

found in section (i),

Charcoal

‘Charéoal has a graphite structure’with sp2 hybridisation of the carbon
atoms, and the electrons in the unhybridised p orbitals forming a mobile
system of the metallic type. Thus a concentration of electron density

can be built up at the site of an adsorbed cation. Similarly, for an
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anion the concentration of negative charge at a particular site can easily
be reduced. Charcoal would therefore be expected to be soft towards both
acids and bases. It was found to be a good catalyst, although not as good
as the insoluble silver salts, in agreement with the correlation in

section (i),

Boron Nitride

Boron nitride also has a graphite structure with Sp2 hybridisation
of both B and N, and with 1T electron density. In contrast with charcoal
however, fhis'ﬂ‘density is localised, so that the variation in the density
of electronic charge at a given site is expected to be much smaller than
is possible for charcoal. The direction of polarisation will be
:g+f gz' o Thus boron nitride should show some tendency towards softness
for both acids and bases,; but far less than charcoal., It was found that

boron nitride approximately doubled the rate of reaction, again supporting

the correlation found in section (i).

Silicon

Silicon has a diamond lattice structure and would therefore be expected

to be hard for both acids and bases. Thus no catalysis would be expected.

That it occurred may have been due to the iron impurity in the sample.

Silica

It would be expected that silica, with a diamond-like structure, and
no electron density, would be hard towards bases. Towardg acids, it
should be softer because of the lone pairs on the oxygen atoms. It was

found that it did catalyse the reaction, but not to any great extent.

t e
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Summary.

There is a definite correlation between the hardness and softness
of the surfaces examined and their effectiveness as catalysts for the
AgNO3 + EtI reaction. For the series of insoluble silver salts, the salts
with soft anions were good catalysts while those with hard anions were
poor catalysts. The same correlation existed for the miscellaneous
catalysts; although here the various materials had to be soft to both
acids and bases to be effective catalytically. This latter is the reason
why the metals, although soft towards bases, were poor catalysts = they

adsorbed silver ions only very poorly. The reasons behind this correla-

tion will be discussed later in the section.

(2) Catalysis in the Hg(NO})Zar EtI, ng(N03)2+ EtI, 1910(1\103);4r EtI, and

TlNO3 + EtI Systems

The approximate heterogeneous rates of the above reactions in the
presence of a series of insoluble iodides, charcoal, and precipitated

silver are given in Table 3.16,

Charcoal was a good catalyst for the Hg§+, Hg2+, and Pb2+ systems,

being second only to silver iodide in effectiveness. For the m*

systém itwes not a catalyst, and for the Ag+ system it was, compared with

silver ioéidg, a moderate catalyst. Since all the metal ions involved

are soft (except &4 pot which is somewhat harder), they should all

coordinate easily with the charcoal surface. However, the divalent

cations should cause a far greater polarisation of the electron denséty
+

of the surface, and therefore facilitate the formation of the (Bt : C )

complex to a greater degree than is possible with Ag+Aand Tl+u Thus
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Table 2016
Catalysts
Systems
' Hg. I Hgl Pbl Agl T1I | Charcoal| Ppted.
2 2 2 2 si
ilver
Hg,(NOZ)5  lea. 385 ca. 2025 ca. 650
+ EtI
_4$5§N03)2 ca. 250 | ca. 120 ca, 530 | - - | ca. 300
+ BtI
Pb(NOB)E 149 30 | ca. 850 | 1.6 | ca. 50 5.2
+ BtT
AgNOy ca. 900 | ca. 135
+ BtI -
TiNog - 0 8.8 | Lo ca. 1140| k4.5 | ©
4 EtI

2 . . .
The figures given above are [Oxinitial rates of the heterogeneous

reaction in mole liter 'min™ .

Initial [0, | = Initial [Etf] = 0,001M

Initial [M(NO ] 5% 10"

Mass of catalyst = 0.01 mole
Volume of solution = ca. 91.5 ml.

Temperature of reaction = 25°C°



charcoal should be a more effective catalyst for the systems containing
divalent cations, as has been found. For lead it appears that the forma—
CS

tion of the (Pb2+: ”) complex occurs less readily.

All the cations used,; both as nitrates and iodides, in these experi-
ments are soft acids except for Pb2+ which was somewhat harder. IJIodide
ions and covalent iodides are soft bases, and therefore all the insoluble
iodides, with the possible exception of PbI29 should have been good cata-
lysts for all the systems; The theory did not, however, predict an
order of effectiveness. It was found in general thatvall the iodides did
catalyse the reactions, the only exceptions being Hg212 and Cul in the
TlNO3 system, In the two systems (TlNO3 5

was tried, it was a good catalyst, and it appears that in these environ-

and Pb(NOB)a'] in which PbI

ments the Pb2+ ion is of similar softness to the Tt ion. The TlNO3 and
Pb(NOB)2 systems gave similar orders of catalytic effectiveness of the
inscluble iodides, and this suggests that this order is largely deter-
mined by the complex formed between the ethyl iodide molecules and cation
surface sites (EtI s M)™  (cof. charcoal). This hypothesis is supported
by the fact that, for all the systems, silver iodide was the best catalysto.
From consideration of the charge number and ionic radius, it seems that
the silver ion is the softest of the cations used, and the complex above

would be formed most easily on a silver ion site, and thus a silver iodide

surface.

We may also compare the rates of reaction of the various systems on a
given catalyst. This procedure has the advantage that the surface area of
a given catalyst should be fairly reproducible from run to run, and should

thus allow comparison of the rates of heterogeneous reaction of different



syctems to be made. However, no clearly defined order emerges from an
examination of the columns of Table 3.16, which is reasonable., since all
the catalyst surfaces and cations are soft, and no order of softness has

vet been determined.

It is probable that in this case the order of the cations on an indi-
vidual catalyst will be determined by secondary factors. e.g. the crystal
faces exposed for reaction, the suitability of interienic distances on
the surface, the acid strengths of tho various catiens. / determination
of the adsorption isotherm of each reactant en each catalygﬁ would shed

more light on the problem,

Discussion

Bo far, we have noted a correlation between the type of ceoordination
which oceurs between the two reactants and the surfaee, and the effective-
néa@ of that surface as a heterogeneous eatalyst for the reactiens The
reasons for this coerrelatien will new be briefly discussed.

The variatien in the effectiveness of the series of inseluble silver

: Xﬁw}(nsq)g eomplexs It appears

salts has been correlated with the (Ag’
that the greater the affinity of the silver iem fer the surface site (i.e.
the mere strengly it is adserbed) the mere effective is the catalyst, This
may be beecauset |

(i) As the affinity ef the silver iems for the surfaece inereases, 60 dees
the surfaee eoncentratien of these iens for a given bulk ceneentratien.
This leads te a rate of surface reaction which increases with inereasing

affinlty.
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(ii) The hydration of the silvér ion is affected by its adsorption

on the surface, and it is reasonable to suppose that as the strength

of its adsorption on the surface increases, the degree of hydration of
the adsorbed ion decreases,; thus facilitating electrophilic attack on the

adsorbed ethyl iodide molecule,

(iii) The adsorption of the silver ion on the surface brings it into
close prokimity with the ethyl ilodide molecule for a longer interval of
time than would be the case for a collision in the bulk solution, and
this increases the probability that reaction between the two species will
occur, Presumably the more strongly the ion is adsorbed thé longer it

remains on the surface, and so the greater is this probability.

For the adsorption of the ethyl iodide molecule to give the
(EtI : M)n+ complex, no clearly defined order of effectiveness of catalyst
surfaces has so far been established. However, it may be reasonably
assumed that factors (i) and (iii) above operate for this complex as well,
while (ii) is clearly less impoftant° Further, the more strongly ethyl
iodide is adsorbed, the more the bond between the iodine and the ethyl
group will be weakened, and the more likely will be the occurrence of

heterolysis,
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PART II

QUANTITATIVE STUDIES

Chapter 4

THE ROTATING DISC

INTRODUCTION

The rotating disc system is at present uniquegbin that it allows
the introduction into a reaction solution of a heterogenebus surface of
known area under precisely defined conditions of fluid flow and mass
transport., It is therefore well suited to the study of heterogeneous
catalysis in solution, and in this particular case to the study of the
hetgrogeneously catalysed hydfolysis of ethyl iodide by silver nitrate
in water, The particular catalyst whose effect is‘to be studied will
be introduced into the reacti&n mixture as the active surface of a

rotating disco The theoretical basis of the method will now be dis~

cussedo

THEORY

The theory of the fluid flow and mass tranSport phenomena associ-
12,8

ated with the rotating disc system have been dealt with by Levich,’and
by Riddiford23 The main equations and their underlying assumptions

will be presented here,

Fluid Flow
The system comprises an infinite horizontal lamina rotating with
a constant angular velocity about a perpendicular axis in a fluid of

infinite extent. The pattern of flow is shown in Fig. 4.1. Attention
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FIG.4.1. Pattern of Flow at a: Rotating Disc,

Elevation

FIG.4.3 Fluid and Transport Boundary Layers.

¢ (coNenN)
R \x (VELOCITY)
i)
b 3
D T
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will be restricted to that part of the system below the lamina since

the upper half is a mirror image.

93

The géheral form of the Navier-~Stokes equation for the dependence
of the fluid velocity vector Uy on the coordinates of the system is,

for an incompressible fluid,

_d Uy = ~-grad P + VNdiv grad Uy + _fm b1
dt: e P
where P  is the pressure
e is the density
N is the kinematic viscosity
fq 1is any volume force - e.g. gravity - acting upon the
element of fluid

Also,

div Uy = O | b,2
because matter is conserved.

The above equations may be expressed in polar’coordinatégkb,
r o, 96 s where y is the distance from the lamina measured normal to its
surface, r is the distance from the axis of rotation in the plane of
the lamina (y = 0), and¢ is thé angular component in' the plane of the
lamina. The corresponding fluid velocity components are then U&, U;,
and Vg (see Fig. 4,2), These equations may now be solved by making

the following assumptionss-

2 for the non-turbulent, stationary state, a / at = 0,

b) by axial symmetry, the flow cannot depend explicitly on ¢ .
ices U& is independent of ¢ s

c) U& must be indepen&ent of r,
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d) since the fluid is incompressible and the lamina horizontal P
is a function of ¥y only,
e) . by considering angular velocities which generate forced convection

of sufficient intensity, natural convection may be ignored (fy =0).

The boundary conditions for the solution of the resultant equations
may be established by considering that, close to the lamina, the fluid
acquires radiel and tangential motion, being thrown out horizontally,
there being no slipat y = 0. To balance this horizontal outflow,
there must be an axial inflow, of negative sign, which must be constant
at sufficiently great distances from the lamina since, as y tends to

infinity, U end V4 must tend to zero.

75,76

The solution of the equations ‘indicates that there is a layer of
liquid in contact with, and dragged éround by, .the disc. This is
known as the fluid'boundary layer’of thickness, Sm o Levicﬂuconsi-
dered that its boundary lay at a point where ‘U¢ is'only 5% of its
value at the disc surface, and UE has a value which is 80% of its

value at an infinite distance from the disc,

The distance of this boundary from the lamina is given by

y = Sy = 3.6 O[? k.3

. . . . . . -l
where N is the kinematic viscosity in cm%secg

W is the angular velocity in radu\sec?n

, 73
Riddiford, however, assumed the percentages for U¢ &ad.Ug to be 10 and
72 respectively which gave, |
4
y = §p = 2.8 (Vw3 Lok

Note that the thickness of the layer is independent of the radial
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coordinate, r . However, Millsaps and Pohlhausen concluded that,
if the small influence of the flow towards the lamina were considered,
the thickness of the fluid boundary layer is a function of the Reynolds

number:
Re = r2 hJ/AQ k.5
They showed that the thickness is essentially constant when Re exceeds

100,

Mass Transport

Let us now consider the transport of a species Aj towards the

b

8a -
surface of the rotating infinite lamina.’ The general equation of

this transport is:
im = C¥p - Djgrad Cj + UJCj grad \ll 4o6
where Jm -1is the flux of Aj

Dj is the diffusion coefficient of Aj

Uﬁ .is the fluid velocity vector
4/ is the potential
Uj is the electrical mobility of Aj, equal to DjZjF/RT
which leads to
ﬁl = div (Dj grad Cj} - Vperad Cj - div(UjCj grad¢> Loy ‘

This may be expreséed in polar coordinates in the steady state when

BCj/Bt = 0., The following assumptions are then mades
a) the fluid flow conforms to the conditions described above
b) Aj is Wncharged (i.e. Uj = 0)
c) Dj is not a function of Cj
8o

d) Cj is Aindependent of¢ and r. Levich has said that the physi-
cal significance of this is that the radial motion of the fluid cannot

carry Aj beydnd the lamina, which is true for an infinite lamina.
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The problem now reduces to the solution of an equation of a one-

dimensional tramsport normal to the lamina, i.e.

pjla%cil = v, dCj 4.8
ay” dy '

Levichaa’gtated that the solution of this equation converged
rapidly for y )S where
$ = 1.8 (Dj/ﬂ 2 /(.))'/‘2 4.9
Dj being ca. 155;masec-' o He thus regardeds as the thickness of the

transport boundary layer - the distance measured normal to the lami-

na in which there is a concentration gradient.
78
Gregory and Riddiford showed that a more accurate solution to
to the equation gave the point of convergence‘as y = 2§, for values

3

of Dj/N between O and 4 x‘,’IO‘p , and they consider this to be the
thickness of the transport boundary layer. This, too, 'is independent
of r, giving a\uniformly accessible surface:

It may be noted that the thickness of the transport boundary layer
is related to that of the fluid boundary layer by the factor (Dj/Q)%,
which is of the order of 0.1, The two boundary layers are depicted sche=
matically in Fig. 4.3.

‘Thus the fluid body may be divided into two regions, the bulk
of solution in which transport is purely convective, and the transport
boundary layer in which transport occurs by a combination of diffusion
and convection, the former predominating at the surface. The maximum
(1imiting) rate of mass transport of Aj to unit area of the surface
is given by:

Jmpin=.  DCJ (©0) | | k.10
§ Io)

where Cj () is the concentration of Aj in bulk solution
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and I (0@ is an integral of the form}

] 3 3 4 %
I - j?exp[ -7 o8 <_gi ; . 0.39% (11)35"] o1
o Y v ?--,
Ovn.d- 7 = y/S 4@12
As Dj/N approaches zero, _L(e®) approaches 0,895, It can easily be
seen from this that the rate of a transponh controlled reaction is a
t
function of (b.))/2 , because of 4.9 and 4.10.

Although the equation for the limiting current density is irre-

levant to the present work, it will be given here ‘because of the dis-

cussion in the following section. From 4,10, 4,12 and 4.9
. + 55 »n % Y .
imj 7T (O° (q)ZFDJ Vo wiCj(e) +13
I (o0

Equation 4,7 has also been solved for a solution containing three
ion species%a one of which is at very low concentréfionso It gives an
equation identical to 4.10 for the limiting flux of the latter species.
The values of Dj ande, however, refer to the solution and not to the

pure solvent.

CONFORMITY TO THEORY OF THE PRACTICAL DISC

At the present time there is a certain amount of controversy
in the literature about the extent to which various practical designs
of rotating disc conform with theoretical requirements. Riddiforz has
sumﬁarised the work done so far, with the exception of experiments done
in this laboratory by Johnsto;? The present study in which large
catalytic effects were sought, has been guided, so far as the practical
design goes, by the above. The factors influencing the design of

the -experimental system will now be discussed.
The theory predicts that for streamlined flow an infinite plane
..lamina rotating at a constant angulér velocity about a vertical perpen-

dicular axis, in a fluid of infinite volume, will offer a 'uniformly
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accessible surface', This implies that the thickness of the fluid and
transport boundary layers are dependent only on the y coordinate (with
the possible exception of a small region at the center of the disc -

see below). For the practical disc this necessitates:
1)  Streamlined flow

Siﬁce the basic assumption of the theory is that the system is in
the steédy state, i.e. dUﬁ,/dt = 0, it is vital that the flow of
liquid in the practical system should be streamlined. This will
obtain provided that the maximum value of the Reynold's number, Re =
P%O/Q - the value at the periphery of the disc - is less than the
critical value fér thé onset of turbulence. From the work of Theo-
dorsen and Regiege Riddiforéziuggested that this value is approximately
2x 105, .Levichzazpwever, stated that streamlined flow is sustained
up to 105 only for very well balanced and centered discs, and is usually
sustained only up to 104 o Johnstoggain this laboratory, found the
Levich equation (4.13) to be obeyed up to 1400 r.p.m. for a 7.6 cm.

| | 2oxic™
disc of type D (Fig. 4.4), which leads to a Reynolds number of ca. #&

A ot the periphery of the disc.

A lower limit to the functional range of Re 1is imposed by two
factors. Firstly, as mentioned in the theory section, Sm is a function
of Re and therefore of P below Re = 100. This implies that the
rotation speed must be high enough that the area at the center of the
disc, for which Re £ 100, contributes a negligible fraction to the total
mass transport. However, for disc E (Fig. &4.4) resultghnere in agree-
ment with theory (Eguation 4.13) when the value of Re, corresponding
to the periphery of the active region, was less than 20. This indi-

cates that the transport boundary layer is unaffected at these values
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éf Re.

The second reason for i@posing a minimum on the value of Re is that
gt low speeds the ratio_X r may become so large that natural convection
can no longer be disregarded in comparison with forced convection. This
situation has been treated by Kholpanovﬁzand is considered to lead to

positive deviations from theory.

2) The finite radius, tp , of the disc should be very much larger than
the thickness of the fluid boundary layer, from the fluid flow require-

ments, i.e.

r )) 2.8 @/u)%

For agueous solutions at room temperature, and a rotation speed of 100
ToPolMo, gm is of the ofder of 1mm., and if the disc radius is large
compared with this it will obviously be so for the transport boundary
layer.

If a disc has an active central region from P= 0 tof, surrounded
by an inert annulus from I} to [} then the requirements are that I » Sm’
Ny 8 . With disc E (Fig 4.4) Blurton and Ridaiforé“obtained
limiting currents in agreement with theory when these ratios were as

low as 12 and 10 respectively.

1379
3) The active surface of the disc must: be flat. Available evidence’

shows that its roughness must be negligible in comparison with.gm9 and
it would seem wise to ensure that this applies with respect t089 also,
The effect of roughness on the fluid flow seems to be the induction of
turbulence at lower values of Re than would otherwise be possible. In
the case of copper discs dissolving in sulphuric acid and of silver

96
plating on silver discs, this led to enhanced mass transport, although
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for the eleotro-deposition of niokef?no enhancement of the overall rate
was found when 56 artificial asperities of the order of 001Sulin height
were introduced. In the case of copper, the effect was ascribed to
local turbulence at inert spots . on the surface which gave rise to fairly
isolated irregularities, and for silver, to needles of silver growing
through the diffusion layer. In the last case, the asperities left a
streamlined spiral wake, but apparently did not greatly disturb the

laminar flow at the surface.

L)  Edge effects

With the simplest form‘of disc, a thin foil rotating on a narrow
shaft (Fig. 4.4,C), the finite thiékness of the edge presents a surface
to the fluid which contributes to the active area and must be taken into
account. The most effective means of removing this difficulty seems
to be the use of a disc whose lower side is active for pr = O to
q s and inert from , to Iy - (n < Yo ); i.e. an active central area
surrounded by an inert annulus.

Unless the former is of appropriate shape a second edge effect
arises due to the interaction between the liquid above the disc surface
at y = 0, and that below, Riddiforér%onsidered that this effect was
responsible for positive intercepts found in the dependence of Ltan on

R 86,87,8¢,89

observed by a number of workers.

79c
Johnston has examined the effect of the shape of the former, using

discs A, B, and C (Fig. 4.4), on the limiting current in the system
0.2M KNO3 + 0,936 x 10%M Ag* with a silver disc. He corcluded
that, for large discs (r = 2 to & cm),iy, was independent of the shape
of the disc, whether the disc had an annulus or not, and whether it was

on a cylindrical or trumpet shaped former. It is these large discs
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that are employed in the‘present work .

The third edge effect arises from the fact that there must always
be some disturbance of the flux towards the edge of“the working surface,
because at this point, the transport boundary layer thickness diminishes
to zero, It is here that the normal‘concentration profile of the
transport boundary layer gives way t; what Jahn and Vielsticgoterm
'spherical diffusion’. This effect can be minimised by ensuring that
the radius of the working surface is very much greater than the thick=

ness of the transport boundary layer.

5) Theory requires that the lamina shall rotate in an infinite volume
of solution. J&hus all the bounding surfaces, the liquid/air boundary,
and the walls of the containing vessel should be effectively at an
infinite distance from the disc. Gregory and Riddiforggreported that
this condition was satisfied when all the above surfaces were more than
0.5 cm. from the disc. Johnst&%ﬁ%ound, using a trumpet shaped disc
(see Fig. 4.4, D) of 7.6 cm. diameter, that a vessel of 10 cm. diameter
gave a higher value of i, than a 12.5 and a 6.5 cm vessel. The 12.5
cm. vessel also gave a slightly higher value than the 16,5 cm, but the

difference was barely within experimental error.

Concerning the clearance of the disc from the bottom of the vessel,
Johnstogq%bund that, if this was less than about 1 cm., limiting cur-
rents tended to be irreproducible. There was no significant effect on
iLLm when the disc was raised so that its surface was only 1 ﬁo 2 mm,

below the surface of the liquid.



6) If the center of the disc does not coincide with its axis of rota-
tion, the disc Qill sweep out an area greater than its geometric area.
This will also be the result of any slight misalignment of the rotation
shaft. This effect is, however, only of importance in the case of
discs with a small active area. ’Butlerq'has calculated that for a

disc 0.05 cm. diameter a 'whip' of 1 x 1Craiﬁches would caﬁse the disc

to sweep out an area only 1% greater than its geometric area,

DESIGN OF CELL AND DISCS

In the design of a cell for the study of the AgNO3 =+ BtI
system the following design criteria were considered: -
1) all the criteria listed in Chapter 2.

2) the criteria discussed in the previous section.

One of the criteria listed under (1) was that there should be no
metal in contact with the reaction solution. It had, however, pre-
viously been established (Table 3.6) that stainless steel was not a
catalyst for the reaction, so the non-catalytic surfaces of the discs
shown in Figs. L°1O and 4.11 were of this material. Apart from this,
the two sets of criteria are coﬁpatible, and were considered together
in the design of the cell,

Since the discs were to be used as catalytic surfaces only (i.e.
not as electrodes), it would have been difficult to test whether the
systém conformed to theoretical requirements. This led to a design
in which a.generous margin of safety was allowed at any point where the
‘conformity of practice to theorj was ‘not sharply defined. For example,
although Riddiforc;ahad stated that the walls of the vessel were effec-

tively at infinity if at a distance greater than 0.5 cm. from the discj
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Johnston's findinggq%ndicated that the diameter of the vessel should
be approximately twice that of the disc. The present design was there-
fore based on Johnston's results.

To maximise the catalytic effect, discs of approximately 6 cm.
diameter were to be used. This led to a cell of about 800 ml capacity,
the glass vessel being 14 cm in diameter by 5 cm. deep. The vessel
was flanged in order to fit to the Perspex 1id, the two being sealed
together by means of an O-ring (16cm. in diameter). The 1id and the
vessel were cla&ped together by means of two brass rings, one on top of
the 1id, and the other beneath the flange of the vessel with a rubber
cushion between it and the glass. The rings were screwed together by
8 brass screws and/wing nuts placed at intervals around their edges

P
(Fig. 4.5), “The rings were about 2.5 cm. wide, the outer diameter

being 20 cm.

Between»the flange of the vessel and the 1lid was fitted a detach-
able Perspex ring (Fig. 4.6). This was triangular in cross~section, and
about 1 cm. deep. When the 1lid of the cell was tightened down on to the
vessel, it pushed the ring down against the walls of the vessel, and thus
.sealed the bulk of the vessel from the air gap left between the 1id and
the glass flange by the O~ring seal. This facilitated reproducible

filling of the vessel,

The Perspex 1lid was 17.5 cm. in diameter, and 1.25 cm. thick
(Fig. 4.5). Araldited into it were (i) a reference electrode stem
identical with that in the sméll cell (Fig. 4.5 E), (ii) 3 B19 sockets
(Fig. 4.5 A, B, C), (iii) 1 B34 socket in the center of the lid (for

the disc shaft) (Fig. 4.5 D), (iv) a stop tap for sealing the cell
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from the atmosphere at atmospheric pressure after the filling was com~
plete (Fig. 4.5 F). The underside of the 1id had a 1° slope (above the
horizontal) to facilitate the removal of air bubbles during filling (if
the cell waé to be filled completely with liquid). Of the three B 19
sockets,one was to accommodate the entry of a glass electrode into the
cell (Fig. 4.5, A), a second to allow the addition of the ethyl iodide

solution to the cell (Fig. 4.5,C), and the third was a spare.

The discs were attached to the motor shaft (see Fig. 4.7) by means
of three grub screws which threaded through holes at the top of the disc
sleeve into indentations in the shaft at A. The shaft was sealed to the
cell by means of an assembly of brass and glass (Fig. 4.8). It consisted
of a glass tube 11 cm. long which had a B 34 coﬁe at one end, to connect
to the B 34 socket in the 1id, and a B 34 socket at the other end,

Into this socket a brass sealing device fitted to form an airtight seal
(Fig. 4.9). The device was of the shape of a B 34 cone externaily9

and it contained a rubber O-ring which fitted closelyﬁvin the region

B to C, to the spinning shaft carrying the rotaﬁing disc (Fig. 4.7).
This device could be dismantled to allow the lubrication of the O-ring
with vacuum grease. When connected to the cell and the shaft, the glass
and brass assembly sealed the cell, the disc,and the shaft up to the O-
ring, from the atmosphere. The glass tqbe had a side arm with a tap.

This was to facilitate the filling of the cell.

All the Quickfit‘joints were sealed with P.T.F.E. sleeves, to make

them airtight without using vacuum grease.
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pH Measuring System

The pH measuring system was identical with that used in the small
cell. Because of the lnaccuracies inherent in the measurement of pH?J
it was planned to calibrate the measuring system for this quantitative
study. This was to have been dong by measuring the pH of standard solu-
tions of nitric acid and potassium nitrate at the appropriate concentra-
fions9 the solution being stirred at various rotation speeds by a blank

disc. However, the results obtained using the system (Chapter 5) did

not warrant this accuracy, and the calibration was not performed.

Discs

Three basic discs were used during the experiments., It was decided

' 73
to use trumpet shaped discs, as recommended by Riddiford. It was found
that the shaft on which they were to be mounted had a ‘whip' of w2 x 1C;3

inches, but this could not be reduced.

In order to determine the best operating conditions (see Chapter 5)
a series of runs was done using a blank disc with no active surface.
This comprised a Perspex spinner mounted on a Hostaflon sleeve, and was
similar in shape and size to the silver chloride disc (Fig. 4.10), It
was not very well centered on the shaft, and precessed quite noticeably,

but this was ignored because of the lack of active surface.

A second disc (Fig. 451O)Aincorporated an active surface of silver
chloride. A 6 cm. disc of fused silver chloride (Johnson Matthey) was
Araldited into a spinner of Teflon, with an annulus of Teflon ( outer
diameter 7.8 cm) around the silver chloride surface. The Teflon spinner

was mounted on a stainless steel sleeve (Perspex, Teflon, and stainless



liely

PIG.4 .10 _Silver Chloride Disc.

patragoghdy Sihigh-gipiEprpurge SRR R S 4 R

x>
()
g

|
1
‘§'_

XL ;T

\ -
AN
AN
Stainless \
R TS en
slecve. }
Teflon, \
Silver \\\\\\

chloride.
™.
SN

e R




e i o Ty . . T -

la—2-Sen-#f
=S |
N N\
N
SN
N N
N
' N N Stainless
7 > steel. |
'S Q Q sleeve.
| \
\
N
TORN Platinum.




14

steel had all previously been shown not to catalyse the reaction between

ethyl iodide and silver nitrate).

The third disc (Fig. 4.11) was made completely of stainless steel,
the bottom; active;surface being platinum. There was no inert annulus
surrounding the platinum, ( = b= 2.85¢m).  This disc did not have
as great a radius on the upper surface as the other two. It and the sil-
ver chloride disc were much better centered than the blank disc.

The method of preparation of the discs for individual runs will be
given in the experimental section (Chapter 5).

The cell is shown completely assembled in Fig. 4.8 with the glass
electrode, and thevstop tap on the cell 1lid omitted because of léck of
space. .The cell vessel depicted in this diagram is actually of Perspex
which, because it was a better fit to the lid, did not require a Perspex
ring (Fig. 4.6), or a rubber ring between the lower brass ring and the
vessel. In fact, however, this vessel was not_usedg the glass vessel

being preferred because of ease of cleaning and because the walls were

more transparent.

Rig and Motor

The shaft to.which the discs were attached, together with the
motor that drove it and the platform which supported the cell, were
mounted on a steel bhaseplate. For ease of apparatus assembly, the height
.of the platform was adjustable in relation to the shaft and disc. The
whole assembly could be raised or lowered on an angle iron framework,
enabling the cell to be partially immersed in a water bath thermostatted

at 25°C (for details see Chapter 2).



The rotating disc was driven through a 10:1 reduction gear by a

special d.c. motor coupled with a Servomex M.C. 43 controller. The
speed of rotation of the motor, indicated directly on a dial, could be
varied continuously from O to 7000 r.p.m. and could be set to a 1%
The purpose of.the reductipn gear was to allow the motor to run at
high speeds for low speeds of rotation of the disc, since the motor

tended to turn rather unevenly at low speed.
TECHNIQUE OF FILLING

The cell was so large, and was designed in such a way, that its
volume could not be measured in the manner of the small cell (see Chapter
2). Instead its volume was determined'by adding known volumes of water
from a measuring cylinder. It was found that the B 34 cone and socket
arrangement for the shaft and disc allowed the volume of liquid added
to the cell to vary by as much as I 5 ml, the cell still being ‘'full’?,
i.ea the surface area of liguid in contact with air being at a minimum.
The capacity of the cell was measured for each of the discs to be used,
and was found to be 790 ml for the blank disc, 760 ml for the silver

chloride disc, and 780 ml for the platinum disc.

The éimplestiway of adding the ethyl iodide solution to the cell
was to pour it in, through a nozzle attachment, from the graduated flask
in which it had been prepared. Some 20 caiibration'experiments with a
250 ml. 'A' grade flask showed that the volume delivered in this way was

249.5 % 0,07 ml.

The procedure adopted was to add the silver nitrate first, by

means of 'A® grade pipettes, to make up the volume?




(volume of cell = 250 MIJ

If the cell was not to be filled to the 1id, then the volume of silver
nitrate solution added was:

(total volume of solution - 250 mlu)
The ethyl iodide solution was then poured in as described. The method
of preparation of the reaction solutions was identical to that in Part
I.

The sequence of filling operations was as follows. The electrodes
were first standardised in 0,05 M phthalate solution at 25°Co For this,
the cell 1lid, with glass electrode in place, and with the reference salt
bridge filled with 0.25 M potassium nitrate solution, was placed on an
auxiliary vessel containing the buffer solution and was fastened into
place by means of the brass rings. The outer end of fhe salt bridge
dipped into saturated potassium chloride solution in a 100 ml beaker
which was attached to the cell 1lid by a wire ring which fastened to one
of the wing nuts. This cell and beaker were then placed in the ther=
mostat tank, a calomel electrode dipped into the potassium chloride
solution, and the whole left for 30 minutes to attain the temperature
of the tank. The electrodes were then standardised.

During the period of thermalvequilibratiorz9 the silver nitrate
solution was pipetted into the cell vessel. If the reaction was to
occur in the presence of potassium nitrate, a known weight of the salt
was added from a weighing bottle prior to the sddition of the silver

nitrate solution. The Perspex ring was then fitted loosely into place.

After the pH standardisation, the standardigation cell was taken

out of the tank, and the 1lid removed, The electrodes were washed in
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distilled wéter, and they and the underside of the 1lid were dried care-
fully with Kleenex tissue. (The underside of the 1id was always slightly
damp from condensafion)° The rotating disc sleeve was then passed
through the B 34 socket from the underside of the 1id and steel rods
slipped through the holes at the top of the sleeve so that the disc
would hang from the 1id while the cell was being fastened together, the
rods resting on the top of the B 34 socket. This was done to prevent the
catalytic surface of the disc. coming into contact with any other surface,
thereby incurring the risk of contamination or mechanical damage. The
1lid was secured to the vessel by means of the brass rings, the beaker of
potassium chloride solution attached as before, and the cell placed on
the platform of the rig. The shaft sealing assembly had previously
been greased with silicone grease and fitted on to the shaft and secured
as high up as possible. The steel holding rods were then removed and
the disc sleeve slipped up the shaft to point A (Fig. 4.7) and secured
with steel grub sci'ewso The level of the disc surface in the cell was
then adjusted, by faising or lowering the platform, so that it was
approximately the same height above the cell bottom (~3 cm.) for each
run. The sealing assembly was slid down the shaft so that its B 34 cone
secured into the B.Bh socket in the cell 1id. The disc and shaft were
now sealed from thé atmosphere. The whole apparatus was lowered into
the thermostat tank and allowed to acquire the temperature of the water,
as was the flask of EtI solution. To the B 19 entry socket (Fig. 4.5,C)
was attached a glass cylinder (the entry attachment),approximately 10.5
cms. long and 1.5 cm. in diameter, by means of a B 19 extended cone.

The cylinder extended 1.5 cm. below the cone, and was topped by a B 19

socket. Its purpose was to provide a small head of liquid during the




addition of the ethyl iodide solution to ensure that the cell filled

completely, with no air pockets trapped against the 1lid,

After about %0 minutes of thermal equilibration the graduated
flask was removed from the tank and dried. The Servomex was switched
on, and the disc was rotated at the required velocity. The tap on the
1lid of the cell and that on the shaft sealing assembly were both opened.
The stopper in the neck of the flask was removed and the nozzle substi-
tuted. The clock was started and the ethyl iodide solution was poured
into entry attachment, the flask being emptied. A B 19 stopper was
then placed in the socket of the entry attachment; aﬁd both taps closed,
to seal off the contents of the cell from the atmosphere, The change
of pH with time was recorded, the velocity of rotation of the shaft being

checked for constancy at regular intervals during the run,




Chapter 5

RESULTS OF EXPERIMENTS USING THE ROTATING DISC

PRELIMINARY EXPERIMENTS

Befo;e any quantitative work involwing the discs with
catalytically active surfaces was done, a series of 15 runs was
carried out with the blank disc‘(Chapter 4) to establish the best
operating conditions. The criteria were

(1)  reproducibility of the'hoﬁogeneous’rate

(ii) ; independence of this rate from the velocity of rotation of

lthe disc.

The results are presented in Table 5.1, They show that the
above criteria are best satisfied when the cell is full of liquid,
and when the solution contains 0.02 moie 1ite£ﬂéf potassium nitrate,
All succeeding runs were done under these conditions. Thé fate of the
'homogeneous® reaction, for comparison with the catalysed rates to be

~b
measured, was taken, from runs 11 and 12, to be (0.50 b 0.01) x 10

mole 1iter_' min?o

The effect of adding potassium nitrate to the reaction was to
reducevthe rate of reaction, whethér the cell was fuli or not, independent
of the velocity of rotation of the disc. The reason for this is twofold.
First, thé presence of the salt caused coagulation gf the silver iodide
formed, reducing the surface area available for catalysis. A correlation

between the rate of reaction and the state of subdivision of the preci-

pitate supported this hypothesis. Secondly, the secondary salt effect
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Table 5.1

Rate of Time In-

Conen. Velocity| Linearity of

Run Reactlon te?val over| - KNO3 Cell of Rotn. |
x 10b which rate . .
No. (mole llte; WAS Measu- in Full of disc Rate
‘ : Cel1l(M) (R.P.M.)
min. red (mins.)
1| o.b27 20-50 0.02 No 400 Two separate linear por-
0.517 60-90 tions, meeting at 50 min
2 n " SR i ] i
3 0.4k 20~55 0,02 No Loo Linear from 0-120 mins.
4 | Oolh 10-50 | 0.02 No 400 Linear 10-50, & 50-90
0.48 50-90 with different slopes
5 0.50 . 20~75 0.02 No 100
6 0.49 0-20 0 No 40O Rate accelerated rapid-

ly after 20 minutes
Rate accelerated rapid-
7 0.50 0-20 0 No 400 ly but did not repro-
duce run 6

Rate did not appear

. 81 0.39 0-10 © No 100 to be related to the
B 0.73 30=50 o] No 300 velocity of rotation
| 0.56 10=30 0 No | 40O of the disco

Linear from 10 to 50
9 0.53% 20-50 o No 100 mins., accelerating
after 50 mins,
Linear 0-20 mins. Much
10 0,525 0=20 0 No 100 greater acceleration

: : than for run 9,

11 0.51 20-90 0.02 Yes Loo Linear 20-~105

12 0.495 30-90 0.02 Yes 100 Linear 20-120

13 0.65 0-90 o] Yes 400

14 0.65 0~90 - 0 Yes Loo

151 0053 2-20 0 Yos| 100 | mine witn ditfarent
0059 30=-90 slopes

Initial AgNOi] = Inltlal E?ti] = 0,001 M for all runs.

Temperature = 25°C.

Volume of full cell = ca., 800 ml,

With the cell full the liquid/air interface was negligible, but with it not
full this area was ca. 150 cm%
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of 0.02 M potassium nitrate would have been, accordiné to the theory
presented in Chapter 3, to reduce the rate by about 0.2 x 10_7 mole
1:‘.'t:e:°"l miﬁj

The effect of filling the cell also seems to be connected with the
state of the precipitate. - A much more reproducible rate was obtained
when the cell was full (runs 13 and 14) than when it was empty kruns 6
and 7), indicating that the precipitate was formed more reproducibly
in the former case, This may have been due partly to the swirling of the
solutioh which occurred when the cell was not full, but which was absent
when the cell was full. This hypothesis is supported by the fact that,
at 100 rop.m., there was little change in the rate on filling the ceil
(runs 9 and 15, 5 and 12) whether KNO3j was present or mot. At 400 r.p.m.
the effect;of filling.the cell was to increase the rate of reaction
(runs 4 and 11, 7 and 13), possibly indicating that the effect of the
swirling of the solution was to coagulate the precipitate,

When the cell was not full, a reduction in the rate of rotation of
the disc caused an increase in the rate of reaction, the effect being less
marked in the presence of potassium nitrate (runs 4 and 5, 6 and 9).

This is in agreement with the hypotheses above. When the cell was full,
however, a reduction in the fate of rotation caused a decrease in the
rate of readtion (runs 11 and 12, 13 and 15). This may have been due
to the solution becoming non-uniform at the lower rotation speed because
of a settling out of the precipitate formed., The effect was very slight
in the presence of potassium nitrate, however, and can be neglected in

this case (runs 11 and 12).
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EXPERIMENTS USING CATALYTICALLY ACTIVE DISCS

To explain the course taken by this series of experiments, each
result obtained will be followed by a short discussion, which will
indicate what the next experiment was to beo

In all the runs reported in this section, the temperature was
25°C and the initial concentration of silver nitrate and ethyl iodide
in the reaction solution was 0.001M. The solution was always (e#cept
where stated) 0;02M with respect to potassium nitrate and the cell was
always full, All the rates quoted are in mole liter ™ ming'
1) Platinum Disc

A 5.7 cm. diameter stainless steel disc, with a platinum under-
surface was used (Fig. 4511). The platinum had a bright, smooth
machined finish, and was washed in acetone and much distilled water
befére the run. The stainless steel was wiped before use with a
Kleenex moistehed with carbon tetrachloride.

Two runs were done, both at LOO r.p.m., the second one because the
disc had rotated rather eccentrically during the first. A new Hostaflon
insert cured this fault for the second run. The measured rates were

0.49 x 107

and 0,50 x 10‘6 , thus showing no measurable catalytic
effect.
2) Silver Disc

A disc with a silver surface was prepared by plating the above

64
platinum disc by means of the cell:

disc | KAg(CN), , KNO3 | KNO; KAg(CN), ,  KNO; Pt 5.1
0.065M 0.,05M | 1M in 0,065M 0.05M
aganr

The KNO3 was added to the silver plating solution to reduce the
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electrical resistance and permit larger currents to pass. The disc was
made the cathode, and an average current of 17mA was passed for 16 hours.
The solution in the cathode compartment was stirred during plating,

The stainless steel of the disc was protected from éhe pléfing
process Ey previously covering it, to the edge of the platinﬁm, with
Perspex solution (I.C.I. Plastics Division) which dried to form a hard
impermeable coat. It did not, however, seal to the metal at the edge of
the coat, and this was done by means of polystyrene cement. This com-
posite coating had the advantage that it could be peeled off easily after
the plating. The platinum surface was cleaned as in (1) before the
plating process.

After plating, the disc was washed twice in a small quantity of
0,880 ammonia followed by a large quantity of distilled water. The
Perspex and polystyrene were removed and the disc rewashed in distilled
water, .The measured rate of reaction at 400 r.p.m. with this disc was
0.49 x ‘)O"6 s indicating once again the absence of catalysis.
Discussion

From microscopic studies (Chapter 3), the surface area of silver
and platinum powder added to the reaction mixture in the small cell
appeared to be ca., 110 cﬁ% The geometric area of the disc used was
27 et Allowing for the difference in volume of the two cells
(90 ml. compared with 780 ml.), the reduction in catalytic activity
using the disc would be ca. 1:36. Now powdered Pt increased the rate
by about 300% and Ag by ca. 100%, so the increases in rate caused by
the discs were expected to be 8% for Pt, and 3% for silver., Thus,

although no observable effect would be anticipated for the silver disc,

the platinum disc should give a measurable increase in rate.  That it




16

did not may have been due to (i) inaccuracy of the surface area measure-
ment, (ii) contamination of the Pt surface, (iii) a difference in the
catalytic activity per cmf between the powder and the disco
3) Silver chloride disc

The construction of this disc is described in Chapter 4. A cut
was taken across the face of the disc, using a clean unlubricated tool,
on a lathe, to expose a new surface. The disc was then stored in tissue
in the dark until use. Before the run the upper surfaces of the disc
were wiped with a tissue moistened in carbon tetrachloride. The

b at 400 r.p.m., being in agreement with

measured rate was O.48 x 10
the *'homogeneous® rate, within experimental error.
Discussion

It was thought that this failure to catalyse the reaction might
be due to contamination of the silver chloride surface, since freshly
prepared silver chloride powder(Table 3.4) increased the rate 58 fold.

A fresh cut across the catalytic surface was therefore taken, and
the surface washed in acetone followed by distilled water. The upper
surface was treated as above. The measured rate,; at 400 r.p.m., was
0.4 x10°°,

For a third run, a fresh surface of silver chloride was exposed by
washing the disc for 3~4 minutes in 0,5M sodium thiosulphate solution.
The disc was then washed in water, and the upper surface cleaned as
before., The measured rate of reaction, at 400 r.p.m., was again
0.9 x 1078
Discussion

Three possible reasons for the lack of catalytic activity of the

disc were considered:
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(i) the surface area of the silver chloride disc was insufficient
to give rise to a measurable increase in rate,

(ii) the surface of the fused silver chloride was far less active,
per unit area, than the silver chloride powder used in the
semi-quantitative studies,

(iii) the disc surface had been badly contaminated during each run,
despite the cleaning and precautions taken.
Before investigation of these possibiiities, the effect of a
silver sulphide disc upon the reaction was studied,
4) Silver sulphide disc

A disc with a silver sulphide surface was prepared using the
5.7 cm. platinum disc and the method described in section 5(c¢). The
disc was first plated with silver and then sulphidised with a 0.1M
solution of sddium sulphide (B.D.H. recrystallised). This solution was
slightly cloudy and was filtered before use. A current of 4=6mAwas
passed for 4% hours and the surface of the disc became a uniform blue-
black colour. The Perspex and polystyrene covering on the stainless steel
was stripped off, and the disc washed and stored in d;stilled water
before use. It was noted that part of thé digc surféce did not wet
properly before the run was done, This area increased after the run from
about a tenth fo about half of the disc's surface. The rate, using
this disc,at 400 r.p.m., was agein 0.49 x 16-6 o

The possible reasons for the lack of activity of this disc were
thought to be similar to those put forward to explain the lack of
activity of the silver chloride disc. Since silver iodide had been found
to be the best catalyst for the reaction, a disc of this material was then

made and its effect on the rate of reaction studied in more detail,
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5) Silver iocdide discéq

(a) The 5.7 cm. diameter Pt disc was plated with silver using cell
' S.1, and a current of 19mA for about 24 hours. The stainless steel
was protected this time by insulation tape sealed at the edge with
polystyrene cement. Aftef plating, the silver was washed with 0,880
ammonia followed by distilled water., The disc was then anodically
iodised in a 0.1M solution of potassium iodide, with a fresh 1M KNO 3
agar salt bridge. A current of 7mA was passed for 25 hours in the dark,
the solution being stirred all the time. The surface appeared to be a
fairly uniform greenish colour after being washed in distilled water,

in which it was then kept until used. The upper surface was stripped
of its covering and cleaned with a tissue moistened with carbon tetra-
chloride. - The measured rate of reaction, at 400 r.p.m., was 0.505 x 1dfbo
Discussion

A possible reason both for the rate and for the green colour was

that during the iodisation the potential at the disc surface had risen
high enough for iodine to be formed, which might have poisoped the
catalytic surface. A check was made on the identity of the material

on the surface of the disc by measuring its potential (with a Radiometer
pH meter 4 used as a potentiometer) against a saturated calomel electrode,
an experiment which gave Egy,, == - 0.082V at 21.8°C. The calculated
potential for a Ag//kgx electrode in 0.1M KI solution at 25°C is

67 :
0,085V, Thus it appears that the surface coating was silver iodide.

(v) To ensure that iodine was not being formed, the disc was then
stripped down to the platinum, replated with silver as before, a current

of 16.5mA being passed for 17 hours. It was iodised in the presence of
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light, but this time the potential at the disc surface was monitored
continually, using the cell:
Disc | KI KNO; | KC1 | Calomel 502

0.1 0.25M Satd.

The potassium nitrate salt bridge was a U-shaped giasé tube with a
Beckman porous plug (similar to those used‘for the reaction cell) at
each end, filled with 0.25M potassium nitrate solution. One plugrgas
placed as close as possible to the disc surface to minimise chmic d¥0p
in the circuit.

The measured e.m.f. of cell 5.2 was:

05330V, when no current was flowing in the iodising ciréuit9

initially and after 5 hours,

0,293V, when a current of 7mAwas flowing in the iodising circuit,
initially.
0,242V, when a current of 7mA was flowing in the iodising circuit,

after the iodisation had proceeded for 5 hours.

The iodisation was stopped after 5 hours to prevent iodine being
formed, and the disc treated as in the last run before use. The silver
iodide sﬁrface appeared to be more yellow than in (a). A kinetic run
with this disc again gave a measured rate of reaction of 0,49 x 1Cré at
Loo ToPollo
Discussion

The calculated e.m.f. of cell 5.2 at 25 C taking E“ﬁﬁ@I
= mOo1518V EcaL = 0,2445V, and f 0,7543, is E = 0,333V, This

agrees well with the measured value and indicates that silver iodide was

indeed being formed on the surface. Even when current was passing,
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though, the potential was not nearly positive enough to liberate iodine:

(° = 0,5355V for Ip + 2e == 2I7)

To check whether‘the rétatipg disc had any catalytic activity, a run
was done with itiby a coworker in the laboratory (Mrs. M.D., Archer) to
catalyse thé reaction

Co(NH3) 5 Br + HgO — Co(NH3)sOH = + HBr 5.3
which had previously been shown to be catalysed by silver iodide powder.
The disc increased the rate of reaction by 215% at 400 r.p.m. and by
150% at 200 ropoMo, showing that the catalytic effect was proportional
toli)%o The reaction was therefore trapsport controlled. A rough
calculation using equatiqns:105 and 1.6 indicated that the surféce of the
disc possessed only 10-20% of the catalytic activity expected for a
bransporb controlled reactibn9 s0 that a 1arge part of the surface was
contaminated. |

A similar calculation was made for the AgNO3 + EtI reaction, with

-

D=1.8x 10~5 end secs s A =30 e , V= 800 cﬁi 0 $=0.5x
1073 cmo., and ¢ = 10-§Mp _This gave -dcldt = ca. 8.1 x 10“5 mole 1iter~|
min, Thus even if the disc had been 90% contaminated the measured
rate would have been ca. 8 x 10°° o i.e. 16 times greater than the
‘homogeneous’rateo It follows that the rate of the AgNO3 + EtI
reaction was not transport but surface controlled, and it therefore
seemed likely that there was insufficient surface present on the disc to
give a measurablé increase in rate,

Before any surface area measurements were attempted, to verify the

above hypothesis, other possible causes of the lack of activity of the

disc were examined. These were:
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1) Contamination of the disc surface. This possibility could only be
eliminated by the most stri#gent precautions during the preparation of
the disc. Two possible sources of contamination wére fhe agar bridge
used in the plating process, and the silicone grease which lubricated
the shaft sealing assembly. |

2) Leakage of electrical charge from the disc surface dﬁring a run.
It was postulated that a high charge density at the silver iodide surface
was necessary for catalysis to occur. No attempt had been made so far
to isolate the disc electrically, and this may have been the cause of
the lack of catalytic acti?%tyo

3) The possible difference in the catalytic activity//;nﬁ between
electro~deposited and powdered silver iodideo. If the reaction were
transport controlled this would be irrelevant, but for surface control
it could be critical.

What little information is available concerning the structure of
electraudepositéd silver halides pertains to silver chloride and bromide.
Hubex!oéoncluded9 from‘electron microscopy studies on anodically deposited
films of these materiéls9 that silver halide films formed in this way
were °locked’ surfacés, i.e. they were non-porous. In addition, work
on electroplated silverichléride by Sowerb§°ghows that a low index face
is exposed.

Studies on the exchange of isotopic iodine between CH3BEE and
silver iodide precipitategéprepared in various ways indicated that the
surfaces acted uniformly, i.e. the phenomenon of active sites was
absent. 8o far, however, the relationship between the capalytic activity

of a silver iodide surface and its structure has not been investigated.
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(¢) 1In order to test (1) above,the disc used in (b) was stripped down to
the platinum and then replated and iodised as in (a). The agar bridge
was replaced for both ﬁrocesses by a 2M potassium nitrate solufion in a
U-shaped glass tube. At each end of the tube a capillary was introduced
to reduce the flow of liquid through the tube., In addition, the upper
surface of the disc was protected with Perspex cement sealed at the

edge by polystyrene cement, instead of the insulating tape used in (a)
and (b). |

| The disc was yellow when newly iodised, but on being stored in
distilled water for a day before use it became somewhat more green.

A run with this disc, in the absence of potassium nitrate from the
reaction solution (to avoid‘anyvimpurities introduced with this salt),
gave a rate at 400 r.p.m. of 0.60 x 1(5=6 (compared with 0,65 x 1(f6 for
the 'homogeneous®' rate under these conditions).

The disc, shaft, and shaft sealing assembly were then washed in
triethylamine to remove silicone grease, and then in distilled water,
The run was repeated, the silicone grease being replaced by Apiezon M.

The rate was 0.72 x 10¢6 o

Discussion

It had been thoﬁght th?t the potassium nitrate added to the reaction
solution might be inhibiting the reaction in some way, but this does not
appear to have been the case. No explanation can be advanced for the
apparently low result of the first run, except that the reaction is
rather irrepfoducible in the absence of potassium nitrate (Table 5.1).
Little attention shoﬁld be ﬁaid to the results of the second run, since
silver salts have a well known affinity for amino-compounds, and there

might have been an interaction between the disc surface and the
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triethylamine (the disc wastgreener after the washing in triethylamine),
It would seem prudent, howeﬁer, to use Apiezon M instead of silicone
grease for future work.

The runs reported in this section indicate that contamination of
the surface is probably not the reason for the lack of activity of the

silver iodide discs.

(d) The hypothesis (2) of the leakage of electrical charge being the
cause of the lack of;acti§ity of the discs was tested in two ways.
Firstly, the 50? cm;“platinum disc wés replated and iodised as in
(¢), a yellow surface being formed. A run was done in which the disc
was isolated electrically (the resistance between the disc and the shaft
to which it was attached, measured before the run with an Avometer,
was greater than 1 megohm). The rate, at 400 r.p.m., was 0.495 x 1O®6 °
Secondly, a silﬁer iodide disc was made by sticking, with Perspex
cement, & piece of silver foil to the undersurface of the blank disc.
A connection was made to the disc by soldering a piece of wire to the
silver, and it was iodised anodically as in (c¢) until electrical connec-
tion failed because the area around the solder had been completely
converted to the iédide9 The solder was then removed, leaving an
unplated area of ca. 1 cﬁ%_‘ at the side of the disc. The colour of the

-6
disc was green. At 400 r.po.m., the rate was 0.51 x 10

Discussion
These two runs strongly suggested that the inactivity of the discs

was not due to chargé on the silver iodide surface leaking away to earth.

(e) Two experiments‘were carried out to compare the catalytic activity{gm.
of electro-deposited and powdered silver iodide (3). 1In the first,
the silver iodide from the surfaces of the discs used in (a), (b), and

(¢) was powdered in a glass beaker with a glass rod, and 1.28 gm. added
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to the reaction mixture in the small cell (initially 0,001M in AgNO3 and
EtI, and 0.02M in KN03)° The initial rate of reaction was 2.4 x 10_69

some 5 times the 'homogeneous' rate.

Discussion

This result shows that the powder was a catalyst. However, 2.4 gm. of
B.D.H. silver iodide powder had given rise to a rate of 38 x 10‘6 (Table 3.4)
indicating that the powder used in this run was far less active. This was
at least partly due to a much smaller surface area/gm., as could be seen

from the size of the particles in the cell,

In the second experiment, a disc was prepared from B.D.H. silver
iodide powder. The powder was ground up, washed in hot dilute nitric
acid (to remove any silver present), and then'in distilled water, and dried
at 80°%. Prior to washing it had looked a greenish colour, similar to the
electroplated discs (a) and (b). The blank disc was stripped of its silver
iodide coat (section d), and é layer of Perspex cement applied to the
plane under-surface and a thick layer of the powder spread over it. After
drying at room temperature, the excess silver iodide was shaken off, and
that adhering to the disc was smoothed using a clean wet spatula. The
surface appeared yellow, and very uneven, A run with the disc gave a rate,
at 400 r.p.m., of 1.21 x 10”6, which fell to 0.98 x 10”6 on reducipg the
velocity of rotation to 100 r.p.m., and fell further, to 0.87 x 10»6’ on
restoring the velocity of rotation to 400 r.p.m. Clearly the catalytic
activity was decreasing with time.

The surface of the disc was smoothed further by rubbing it wet against
a plane glass surface., A run, at 100 r.p.m., gave a rate of 0.92 x 10”6
which fell to 0.81 x 1O~6 on increasing the rotation velocity to 400 r.p.m.,

confirming the independence of the rate of reaction from the speed of

rotation.
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Discussion
~ It appears from the above that:
(i) either the reaction is not transport controlled, or
(ii) the surface wos too rough to act in accordance with theory,
in which case it would be acting in a manner similar to the
powder,
It is not possible to compare the éctivity of this disc with that of the
el‘égtrodeposited ones, since the surface of this disc was so rough
that its area was probably much greater than that of those used in (a),
(b)), (c), and (d).

The results obtained so far with the silver iodide discs all
strongly suggest that the reaction is surface controlled, and that the
reason for the lack of activity of the discs is that there wesinsufficient
surface present to cause a measurable increase in the rate of reaction.
Thus, a determination of the surface area of silver iodide powder was

now essential,

(f) The surface area of silver iodide powder was estimated in two ways.

(i) A rough estimate was made using the microscopic technique
reported in Chapter 3, The size of the particles of Bo.DoH.
silver iodide fell into two distinct ranges, the smaller
particles being ca. 10_3 cm. acposs, and the larger ones
ca. 3 x 10‘3'2 cm. The ratio pof small to large was about 20:1.
Assuming the particles to be spherital the surface area per
gram of powder is 34 e

(ii) A.determination was made by means of the exchange of &

between the surface and a solution of potassium iodide (reported
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fully in Chapter 6), which gave a value for the surface area
of 19ma ¥ e per gm. for B.D.H. silver iodide powder, the

particle size of which was less than M .

Discussion

The results of (ii) above agree to an order of magnitude with the
result of exchange ekperiménts and B.E.T. determinations by other
workers on other sil#er,iodide sample;y, It appears from these results
that the particles méasured in (i) were really aggregates of crystals,
which would Sreak uplto the -individual crystals in solution (Chapter 6).
Thus this value for the surface area bore no relation to the real surface
area in solution,. _

From a value of 19m? /gmu it can be calculated that the increase
in rate which would be expectedAin the experiments with a 5.7c¢m. silver
iodide disc would be 00926%0. This value is obtained from a comparison
with the increase in rape”produced by a known surface area of silver
iodide powder (Chapter 6, Table 6.1). Thus even if the surface area
determination was in error by two orders of magnitude, the increase in

rate would be barely, detectable.

Conclusions
The results reported in this chapter show that the silver nitrate
and ethyl iodide reaction occurring at a surface is controlled by
the surface processeé and‘ﬁot by the transport of reactants to the surface.
The possibility of complete contamination of the surface, and the
leakage of electrical charge from the surface,-as reasons for the lack
of activity of the discs,have been discounted. The possibility of the

difference of catalytic activity between electro-deposited and
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powdered silver iodide remains but, in view of the small surface area
of the disc (section f), cannot be tested at present. An obvious
possibility for future w0rk here is the investigation of the relationship
between the type of sﬁrface and its catalytic activity, a topic which
has been studied in the heterogeneous catalysis of some gas reactions.
Logically, the next sﬁep of the present inmvestigation is an examin-
ation of the kinetics of the reaction between silver nitrate and ethyl
iodide at a silver iodide surface, using Agl powder. The method and

results of this work are reported in Chapter 6.
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Chapter 6

QUANTITATIVE STUDIES USING SILVER IODIDE POWDER

The rotating disc studies related in Chapter 5 yielded no quanti-
tative information concerning thé mechanism of catalysis, except that the
reaction was surface controlled. A series of experiments was therefore
undertaken with-silver iodide ppwder in order to elucidate the kinetics
and mechanism of the reaction at the surface. For this study, a batch
of silver iodide was specially prepéred9 and ité surface area was mea~-
sured,

Prepa?af#onvof‘Silvef Iodide Po%der
N Abqut.2OOAgra£; of B.D.H. silver iodide powder were purified for use
in this éeries of experiments. The powder was first ground up, in a pestle
and morteir, as finely as possibl.eo' It was thoroughly‘ washed in hot dilute
nitric acid to remove any silver on the surface (it had looked rather black
in parts before grinding). It was then washed thoroughly in distilled
water and dried in the oven at 8000 for eight hours. Afterqthis it was
réground using a glasé pestle and mortar (to prevent contamination with any
catalyticélly active material). Finally, it was sieved, using a series of
mechanical sieves, to separate it into batches of particle size: less than
76p(200 mesh), 76-250u(60 mesh) , 250-600u(25 mesh), and greater than 600 o
In this way, it was hoped to obtain powder of a fairly uniform particle
size which could be used iﬁ a series of quantitatively comparable runs, and
whose surface area could be determined. It Qas found that most of the
powder was in the 'less than 76p batch, and this was the powder used for
the series of kinetic runs described below. It was stored in a tightly

stoppered bottle in the dark.
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SURFACE AREA DETERMINATION

The surface area of‘<76}bsilver iodide powder, prepared as above, was

131

measured by means of I” ion exchange between the solution and the

surface,
Theory 4
At equilibrium:

Moles. of 131~ on the surface Total moles of I on the surface

]

Moles of 131If in solution Total moles of I~ in solution

The number of moles of 131I= in solution is proportional to the radioactive

count of the solution, so that,

a-b _ Total moles of I _ on the surface
b Total moles of I in solution 6.1

where a is the radioactive count in unit time of a solution containing

13

11- ions before exchange

b is the radiocactive count in unit time of a solution containing

131

1™ ions when exchange equilibrium is reached

If the number of moles of I~ in solution is known,; therefore, the number of
moles on the surface, and the surface area, can be determined.

1311‘ may also

A practical difficulty arises here, because the
exchange with I ions below the surface of the powder, and give an
erroneously large value for the surface area. The amount of exchange
occurring at different times is therefore determined, since the surface
exchange should occur faster than the exchange with the crystal interior
(a process which involves diffusion in the solid). A plot of the amount of

exchange against time should therefore show when the former process is

complete.
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There is also the problem of adsorption of the I ions by the solid.
if this is extensive, the number of moles of I  in solution at exchange
-equilibrium must be determined directly, for substitution in equation 6.1,
Also, the calculated number of moles of I on the surface must be corrected

for the number of moles adsorbed before the surface area can be calculated.

Experimental

A standard solution of 5 x 107> M potassium iodide was prepared,
containing sufficient 131I° ions (Oslme from the Radiochemical Center,
Amersham) to give a count of about 140000 (all values of counts given will
be per 1000 seconds). 50 ml of this solution was placed in each of six
tubes fitted with ground glass sockets and stoppers. 1 gm of‘f76}LAgI
powder was added to each of five of these, and to the sixth was added 1 gm
of 250 - SOQp,powder° All the tubes were shaken vigorously by hand for one
minute and then tumbled mechanically for various lengths of time., After
tumbling, the mixture was centrifuged, and an aliquot of the solutioﬁ counted, |
This was done by pipetting, using a micro-syringe, O.4 ml.on to an aluminium !
planchet. The liquid was evaporated off under an infra-red lamp and the
residue was counted using a Geiger-Maller end window tube (MX/123 + probe
unit, Ekco type N558b) with a dead time of 300 psec., and an Ekco type
N530E scalar., The E,H.T. source was 600 V, and the discriminator voltage
5 Vs The standard solution was counted in the same manner. The values
so obtained were corrected for background count, and dead time, and are
presented in Table 6.1 The decay of the iodine isotope during the period
of the experiment (ca 6 hours) was calculated to be less than 5%, and was

neglected. The concentration of lodide ions in the solution after exchange

was not measured, and has been assumed for the purpose of the calculation
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to be 5 x 10 "M (this is reasonable since a similar experiment using
11oAg was carried out, and the total silver ion concentration in solution
after exchange was found to be the same as before). The number of I ions

on the surface was calculated from equation 6.1,

Table 6.1
o | Mass ?erio? of Count per Corrected ; Calculated No,
ample (gm) |lumbling , .~ | count per of
(Min,) 1035ec° 102 sec. 1~ ions/gm.
Stock soln; 142,800 | 148,915
<76pAgl  |0.9997| O 125,948 | 130,623 1,85 x 1017
" 0.9985| 15 102,085 | 105,037 ok x 1010
"o 1.0008( 30 ' 91,080 93,366 8696 x 1019
n 1,00491 60 80,450 82,167 12623 X 1019
" 0.9988( 180 69,850 71,079 16.48 x 1019
250-600uAgT(0.9966 | 15 122,222 {126,608 2.25 x 1012

The values in the last column of Table 6.1 were:élotted against time

(Fig. 6.2). Point A on this graph shows the point at wﬁich the surface
exchange reached equilibrium. (It is thought that the one minute point

is relatively high because the mixture was shéken vigorously for the whole
of its period of aéitation)° The line of smaller slope then represents
the exchange of 131I‘within the interior of the crystals, the line of
steeper slope representing the sum of this process and the surfacé>éx¢hangeo
Thus, by extrapolating the former to zero time we may obtain a value which

represents the total number of I ions on the surface. This value, from
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Figure 6.2, is (10,1 : 0.h) x 1019 ions/gm. Assuming a 1 3 1 correspond-
ence of silver and iodide ions on the'surface, and taking the ionic radii
of silver and iodide as 1026X and 20162 respectiveI;? the surface area of
powder = 19,8 2 608m? gm”qo This agrees, to an order of magnitude, with
measurements made by other workers on silver iodide powdergbusing the same

3

technique and 1 11', and to two orders of magnitude with B.E.T. measure=-

ments by the same workers.

From a comparison of the run done with 250 - 600}»powder with those
using‘<76fupowder, it appears that the surface area/gm is approximately
half that of the finer powder. This value is not a reliable one, however,
because measurements were made at one time period only, and a series of

separate determinations should be made,

A determination of the surface area using the same technique and
110Ag was attempted, The value obtained for the surface area was

3.3 X 'loamagm"”1

» 80 that about 70% of the silver iodide present appeared

to be on the surface. This is quite unreasonable, and it was clear that
considerable exchange of silver ions between the solution and the interior
of the crystals had occurred. That silver ions diffuse through the crystal
much more quickly than halide ions is evident from the fact that the
transport number of the silver ion in solid silver halides is very nearly

—

KINETIC EXPERIMENTS

Apparatus
The apparatus was basically that used in the rotating disc studies.

The sole difference was that the rotating disc was replaced by a glass
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paddle (Fig. 4.12), which was attached to the shaft by means of a rubber
sleeve. Thus the solution could be stirred at a known velocity. The
paddle was placed in the cell in the same manner as the rotating discs
(see Technique of Filling, Chapter 4), except that, whe; the cell was
being fastened up, it rested on the bottom with the sleeve leaning against
the inside of the B 34socket in the 1id, instead of being suspended from

the sockek.

The silver iodide powder w;s put into the cell at the same time as
the potassium nitrate crystals, and the silver nitrate solution was then
.added. The whole mixture was stirred for up to 90 minutes at 400 r.p.f.
before the addition of the ethyl iodide solution. This procedure was
found necessary because adding the solution to the powder in the vessel
caused some coagulation of the latter into small lumps, These lumps were
broken up during the stirring. It was, however, found to be impossible to
prevent a small proportion (ca. 5%) of the powder from floating on top of

the solution.

Except for the above, the filling of the cell was exactly as detailed

in Chapter 4.

Results

The results of the series of experiments are given in Table 6.2,
All the runs were carried out at 25°C and in the presence of 0.02M potas-

sium nitrate. The volume of solution was 800 ml.



Table 6.2
con o] ], FPEmzins [age o | ass [1utesnd Jimscion pocers
(M) 0 (r.pom.) Powder ?gif% 19‘(m31e 108 (mole liter
l%tﬁr min. )
min% )
1 {0,00101|0,001 4oo none - 0,548
2 " " " none - 0.533
3 |0.001 1 600 <76F' 1.25 | 1.7 1A7
y | o 0,002 " " " 3.30 2,22
.5 10,002 |0,001 " " " 2.58 1.50 -
6 |o.008 | " " no |y 2.24
7 |0.002 |0.002 " " L 4,80 2.64
8 |0,0005 |0.0005 " " " 00534 0.40
9 {0.001 |0.001 " " 2.5 | 2.85 2.31
o | n " " 0.625| 1,02 0,48
(KR IRL " 400 " " 1,0k 0.50
o | om " 600 | 250-600u | 5.0 3,33 2.79

The initial heterogeneous rates of

measured rates by subtracting the rate

of the appropriate "homogeneous'

reaction. The values subtracted were:

reaction are derived from the
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Table 6.3
[AgNOélo [EtI]o Value subtracted x 106
(M) (M) (mole liter™ min}')
0.001 0.001 0.54
0,002 " 1,08
0,001 0.002 1,08
0,002 " 2.16
0.0005 0.0005 0.135

In Table 6.3 only the first value was measured experimentally, the
rest being calculated on the assumption (Chapter %) that the "homogeneous'

reaction was first order in both silver nitrate and ethyl iodide.

It should be noted that values subtracted in Table 6.2 to give the
heterogeneous rate may be inaccurate. The reason for this is that if
a significant proportion of the reactants are adsorbed on the surface of
the powder, their concentrations in solution will be smaller than their
initial concentrations. Thus, the corrections for the 'homogeneous' rate
will be smaller than the values given in Table 6.3, and the.values of the
heterogeneous rates will be correspondingly larger. The best way to
hinimise this error in future experiments is to use a smaller surface area
of catalyst, and to reduce the 'homogeneous' rate by working at low tem-

peratures,

A second error arises from the state of the catalyst. Some catalyst
(ca. 5%) remained floating on top of the solution during a run, and the

state of subdivision of the powder in the solution is not well known.
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It has been assumed in this series of runs that if two solutions were
stirred for the same length of time before the addition of the ethyl
iodide solution to the cell, the state of subdivision of the powder would

be the same,
Conclusions

A plot of the initial rate of reaction from runs 3,9, and 10 (Table
6.2) is given in Fig. 6.1. It can be seen that the rate of the heteroge-
‘neous reaction is directly proportional to the mass of catalyst, and there-
fore to the surface area present. This would be expected whether the
reaction was surface or tranSPort controlled; since the rate equations. for
both involve a surface area term., Runs 10 and 11, however, confirm the
conclusion reached in Chapter 5 that the heterogeneous reaction is surface

controlled.

From runs 3,4,5,6, and 8 (Table 6.2), the rate law for the reaction
at the surface appears to be ,

Rate o [agN0)”°” [EtI] 6.2
However, if runs 4,5,and 7 are considered, the apparent rate law.is »

Rate of @@mﬂ°£5 [Eﬂ]o£2 6.3
Thus, the indices decrease as the concentrations at which the relation
was determined increases. According to the Rideal mechanism12 the index
of only one reactant concentration should decrease with increasing concen-

tration, and the other should remain equal to unity (Equation 1.10).

On the other hand, the Langmuir-Hinshelwood11 mechanism predicts that,
if both reactants are fairly strongly adsorbed on the surface, the order
of reaction for both'will tend to Zero as the copcentration in the bulk

phase increases (Equation 6.4). The above results are consistent with
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the latter mechanism, and not the former.

Cdnsider, therefore, the Langmuir-Hinshelwoocd mechanism for the.reac=
tion at the surface. Let us assume that both reactants are fairly strong-
ly adsorbed on the surface (a poétulate confirmed by later adsorption

experiments), so that the rate of reaction is given by11

W o= k’(eAg"’)(eEtx)A P , 6okt

where GAS+ is the fraction of the surface covered by Ag* lons
eEtI is the fraction of the surface covered by Etl molecules

and A is the surface area (m2), ¥ is in mole min'1, and ki in

-2

mole min'.'1 m -« . This rate is related to the measured rate of the hete-

rogeneous reaction (Table 6.2) which ia given by
+ 1 1
d[H ] = w " 1000 ko (eAB+)( eEtI) 6‘5
dt \)
In equation 6.5, V is the volume of the reaction sclution in cmB, and 03

1 =1

and k; are in mole liter 'min” ', - Comparing 6.4 and 6.5 we see that

v o« Wx 000 | 6.6
kg = kA 607

The values of 9A5+ and eﬁtl may be derived from a Langmulr adserptien

isotherm in two ways.

(1) If we assume that the surfece available fer adsorptien of silver
iens is independent of that available for the adsorption of ethyl iedide
and viee versa, i.e. that each specles cannet be adsorbed on the adsorp-
éion aites of the bther, the equations leading te & Langmu;r isetherm

are’for unit area of surfaces
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1
kAg+ cAg+ (1 - eAg+) = kAE eAg+ 6.8
and . 1
kper®me1(" Omer) = KmerPmer 629
where kAg+ and kEtI are the rate‘constants for the condensation of the

respective species on to the surface and k2é+ and k;tI are the rate con-
stants for the corresponding evaporation. :The surface reaction itself
is assumed to be the slow step and its rate is neglected in equations

608 and 699-

: , _ 11
From,§.8 6A8+ = kAg+CAg+ 6,10
11
1 + kAECAg+
11 4
= +/k
where kAg+ kAg//’ Ag+

Similarly from 6.9,

11
e ke 1CReT 6.11

T
T+ kperCrit
Substituting 6.10 and 6.11 in 6.4
1. 11
Vo= kAk kEtI CrgtCEeT 6.12

("+k g Ca )(1+kEtI EtI)

Rearranging,
11 N i
(1 kgt CAg+) (' + kg Cpp) = K Cpet Crer 6,13
v
Where K = k k11+ " A Expanding the brackets and neglecting poweré
o Ag kEtI °

of the concentration greater than 1, 6.13 becomes

Cpg*C g Cpg* o+ kEtI Coer| + 6,14

1
K
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Thus, by plotting CAg+ CEti/V'against CAg+ + ncEtI where N is

probably about unity, we may test the assumption that the two species are
édsorbed independently. This assumption seems to be reasonable since it
is unlikely that a silver ion will be adsorbed on a silver ion site or

an iodide group on an iodide ion site.

(ii) If we assume that the surféce available for adsorption of the silver
ion is not independent of the adsorption of the iodide ion, and vice versa,

the equations leading to the Langmuir isotherm are, for unit area surface:

4

Kyt Oy (1 -0+ = Bp ) = kl+0 + 6.15

kg Crerlt - Opgt < Omer) < “::tl BT | 6.16
leading to

eAg+ = kZ;+CAg+ ' 6.17

11 11
TRyt Ot kg Oy

11 ,
Ontr = BEe1ler 6.18
1+ K +CAg+ + kg 1Og 1
Substitution of 6.17 and 6.18 in 6.4 and rearrangement gives:
C +0 ¥ K e | 6.19
AAg EtI) T “Ag Crg® +kEtI BI| 4+ 1 )
v K% N K:2L
k, +
Ag

v ; . ‘ % . |
We may therefore plot CAg+ 4—!10Et1 against (CAg+ CEtI/00 . Figs. 6.3

and 6.4 show plots of cAg+»+nc Uﬁ%

EtI against C, + CEtI/U'and (CAg+ c

e el

respectively for values of n = 0.5, 1.0, 1.5



-

tter

el

(ol

0

1

G,

e

P p00s PREbRICES padotata




P

€

¢ Lite)




- |

Ieg |

From an examination of these plots it appears that the best linear
fits are obtained when n =1. The fit appears to be rather better in
Fig. 6.4 than in Fig. 6.3 but the results are by no means coneluisive. This
indicates that the adsorption of each species is not independent of the
6ther° A possible explanation is that an ethyl iodide molecule can adsorb
on to a site which was an iodide ion originally, but which has adsorbed
a silver ion from solution, or that there is some steric hindrance to the
adsorption of a silver ion by an ethyl‘iodide molecule sitting on an
adjacent site. The results obtained are only indicative, however, and
measurement over a wider range of concentrations must be made before any

firm conclusions can be drawn.

. . 1" 11 .
The approximate values of kAg+)kEtI’ and ko, the rate constant, when
n = 1 may be calculated from Figs. 6.3 and 6.4 and are given in Table 6.k,
The values of ko refer to a velocity measured in the presence of 1 m2 of

silver iodide surface in 1 liter of solution.

Table 6.4
. . 11 R
Mechanism Fig, kAg + kEtI k,

, =1 =2
(Liter mole™ )| (liter mole-1) (mole min. M. *)

Independen£
adsorption 6.3 0.86 0.86 0.13

Non~independent
adsorption 6.k 0.22 0622 1.58
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In order to test which model for 6A8+ apd eEtI is the correct one,
adsorption isotherms should be measure@ for each species in the presence
of the other. This task will bé greaﬁly complicated by the simultaneous
occurrence of the reaction being studied, and mayvbe impossible to exe=-
‘cute with any accuracy. However, useful information may also be obtained

from the individual adsorption isotherms.
ADSORPTION ISOTHERMS

‘An attempt was made to determine thénadsorption isotherm of silver
ions on.(76}bsilver iodide powder. The purpose of this was to verify
thelassumption that silver ions were strongly adsorbed on this surface,

and to determine the value of k2;+ in the absence of ethyl iodide.

The determination was carried out by adding a known amount of silver
ions to a known voiume of solution containing a known surface area of
silver iodide powder (the{ 76 . powder used in the kinetic runs), allowing
the system to equilibrate, and measuriﬁg the concentration of silver ions
remaining in solution,

This latter was done in two ways:

(1) measurement of the e.m.f. of cell 3,43,

63 .
(2)  spectrophotometric determination of complexed silver ion. The
complexing agent used was bromopyrogallol red in the presence of 1 - 10

phenanthroline.

Fig; 6.2j§hows a plot of the number of moles of silver ion adsorbed
against the equilibrium concentration of these ions in solution. Run 1
was carried out with 1 gm. of silver iodide powder which had been shaken

vigorously with a small volume of water prior to the‘determination in
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order to break up the particles. During the experiment the powder was
stirred into contact with the solution using the paddle as in the kinetic
runs. The initial volume of solution was 500‘ml. , and this increased to
700 ml. during the addition of the silver nitrate solution. The silver
ion concentration was measured by means of method (1). This méthod was
also used in-run 2, but the powder (again 1 gm) wae not pre-shaken.

During the determination, the mixture was shaken to equilibrate it, instead
of‘being stirred, and the volume change was from 400 = 600 ml. In theae
two runs the successive additionsof silver nitrate solution to the mix-
ture were made by means of an 'A' grade burette. In run 3%, a series of

6 separate mixtures of 50 ml. of solutien and 0.25 gm. of powder were made
up, each with a different initlal concentration eof silver ions. These mix-
tures were shaken vigorously by hand first, and then tumbled meehanieally
for a peried of 3 = 4 hours. They were then centrifuged, and a sample of |
the solution analysed speetrophotemetrieally fer silver ien. All the
selutiens used in runs 1,2, and 3 were 0,02 M with respeet to petassium
nitrate (as were the solutiens in the kinetie rums). Runs 1 and 2 were

'éarri@d‘@uﬁ‘at 25?@,’and run 3 at roem temperature (ea. 20°0).

.The results ef the three isotherms are eempletely irpepredueible,
altheugh runs 1 and 3 gave approximately linear plets. The reasen feor
the irrepredueibility was probably that the dry pewder, whieh was made
up of aggregates ef single erystals (see the miereseopy measurements in
Ghapter 5) breke up enly slewly in selutien se that the surfaee avéil=
able fer adserptien inereased with time. Thus, the greatest adserptien
ggeurred in run 3, where the mest vigoreus shaking teek plaee. The

deviatiens frem linearity here are explained by the difference in the
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vigour of the shaking of the separate mixtures. Run 1 shows the most
linear plot, although this may have been fortuitous (see later). In
run 2, there is an almost randaom scatter of points, indicating that the
powder was strongly aggregated initially, and only began to break up
after some time. It is recommended that, in future determinations, the
powder should be shaken vigdrously in solution for several hours before
the adsorbate ié added. Only in this way can complete break-up of the
'aggregates be ensured, and repfodubible results obtained. The results
obtained show that the powder used in the kinetic runs was not -completely
broken up (although the amount of surface present was probably'reprodh—
cible from run to run, and fairly constant during the initial period of

a run). The value quoted for ko is therefore lower than the true value.

' ()
Runs 1 and 3 show a fit to the Freundlich isotherm A&
X = M kcc" ) 6.20
where

x is the number of moles adsorbed

C is the concentration in solution at equilibrium
M is the mass of powder added

k is a constant

with n = 1. The difference in slope is due to the fact that if the pow-
der is not completely Yroken up into its individual crystals, the value
of M which fits equation 6.20 will be smaller than the mass of powder

added  to the solution,

v'It is apparent that the powder used in run 1 was not completely broken

up, and this is also true for the powder used in the kinetic experiments
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(Table 6.2). Thus, for these latter no accurate estimates of the amount
of silver ion on the surface, and of the surface coverage, can be made,
An dpproximate calculation may be made, however. Interpolating from
run 1, the mass of silver ion adsorbed, at 0.001M Ag', is 1.52 x 107

mole gm~1° From the surface area detefmination, the number pf moles of
AgI on the surface of 1 gm. of powder is 1.68 x 10-h, indicating that the
surface was ca. 75% covered, if it is assumed that Ag' ions are only
adsorbed on I~ ion sites. However, the linearity of the plot at this

péint is puzzling, since n would be expected to decrease in this fegionv
(this is supported by the fractional order found for the dependence of

the rate on the silver ion concentration). A likely éxélanation is that
the powder was breaking up slowly throughout the run, and this is supported
by the slope obtained in run 3. This approximate calculation shows that
the surface of the silver iodide used in the kinetics runs was fairly

fully covered () 50%) and that the assumption of fairly strong.adsorption

of silver ions is valid.

One point on the adsorpfion isotherm of ethyl iodide on silver iodide
was also measured. This was donevby shéking 100 ml of a ‘IO-3 M ethyl
iodide solution with 1 gm. of powder, centrifuging and measuring spectro-
photometrically the concentration of ethyl iodide remaining. A calibra-
tion curve of the absorbances of known ethyl iodide solutions at 250 mr
(extinction coefficient = ca. 260) against their concentrations was con-
structed and the concentration of the unknown solution interpolated from
this. The mass of ethyl iodide adsorbed in equilibrium with a solution

-1 - -
containing 5 x 10  mole liter was (5.0 = 0.5) x 10 2 mole gm 1,

Thus at this concentration the surface was about 30% covered. It
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therefore appears that ethyl iodide was also fairly strongly adsorbed

on the surface, and that the surface coverage.was fairly highe.

SUMMARY

In this chapter the kinetics of the reaction between silver nitrate
and‘ethyl iodide on silver iodide powder have been investigated. Thé
reaétion at the surface has been Shown to occur by means of a Langmuir-
Hinshelwood mechanism, and two models, one assuming independent adsorp-
tion of the reactants, and the other assuming non-independent adsorption,
have been tested. The results favour the latter case but are by no means
conclusive. The adsorption isotherm measurements showed that great éare
musf be taken to break the precipitate up completély before the isotherm
is measured. They indicated that the assumption of fairly full coverage

of the catalyst surface during the kinetic runs was a valid one,

Suggestions for Future Work

The kinetic experiments reported in this chapter should be répeated
with a much smaller amount of catalyst and at low temperature (0°C). The
measurements should be made over a rangé of reactant concentration cor-
responding to a coverage of the catalyst surface ranging from near O to
near 100%. The adsorption isotherms of the reactants on the catalyst

should be determined separately and in the presence of one another.

. The effect of substituting silver perchlorate for silver nitrate

could be determined.

To quantify the semi-quantitative study (Part I) the effectiveness
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of a catalyst, its surface area, and the adsorption isotherms of both
reactants (preferably in the presence of each other) must be established.
This can be done by measuring the above properties for a well defined
batch of catalyst, prepared in a manner simiiar to that used for silver
iodide in this chapter. The variation of the catalytic effectiveness

of a given material with its method of preparation and the state of its

surface could also be investigated.

It would be of interest to determine the effectiveness of a series
of insoluyble silver salts as catalysts in the Pb2+, Hg§+, Hg2+ and Tl+

nitrate systemss
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APPENDIX

1) Calculation of liquid junction potentials.

In the measuring system a liquid junction potential was generated
at: |
i) the junction between the reaction solution and the potassium
nitrate bridge solution.
ii) the junction between the potassium nitrate and potassium

chloride bridge solutions,

An estimate was made of the magnitude of these potentials by means
13,

of the Henderson equation for the case of univalent ions ~:

E g, = RT (U1 - V1) - (U2 - V2) in U, + V

|
F

(U, + V) = (U, + V) U, + V,

where EL J is the liquid Jjunction potential and

U

+ - .
1 % Ci Ui ’ V1 Z‘, Ci Ui for one side of the
i

boundary under consideration and

1+ 1+
U, = EE:ci Ut v,
i

> cl’ U;- for the other side.
i

(i) EL g, Was calculated when the solutions on the two sides of the

bridge were AgNO3 IKNO3’ and when they were AgNO,, HNO3 KN03' The

values are listed on the next page.




143

Solution 1 Solution 2 EL J (mV)
AgNO KNO, 0.07M - 1,39
_ 0.1 M - 1,85

(0.001M) 1.0 M - 2.6
AgNO KNO, 0,01M - 0.1
(o 0309M> 3 0.1 M - 1.5

° 1.0 M - 2,5
HNO

3
(0.0001M)

(ii) EL J was calculated for saturated KCl, and for 90% saturated
KC1., Slight changes in the strength of the solution appeared to have

an insignificant effect on EL J.°

Solution 1 Solution 2 E . (mv)
KC1 KNO3 0.01M - 2.96
0.1 M - 1.92
(satd.) 1.0 M - 1.1
KC1 KNO3 0.01M - 2.93
(4.19M)
2) Calculation of the rate of a transport controlled reaction.
For a transport controlled reactionsz
".d_c_: = RA_aCQ
dt Ve
For the transport of the silver ion to the surface, the following values
62 5 2 2
are assumed: DAg+ = 1.765 x 10 © cm™ sec , A = 110 em/, $ = 0,01 cm.

3 4L

V = 95.75 cm”, ¢ = 10™°M, These gave a value for - dc/dt of 1.21 x 10~

mole liter ! min~ 1.
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For the transport of ethyl iodide to the surface, the values
assumed were as above, except for DEtI° This was estimated by means

9d

of the Stokes~Einstein equation” .

D = kT

6m~|1
where k is Boltzmann's constant
r is the Stokes radius

q is the viscosity of the medium

The value of p , estimated with scale molecular models (from Stuart and
<] - -
Briegleb), was 2.7 A. This gave a value of D = 8,0 x 10 6 cm2 sec 1,

5

giving -dc/dt = 5.5 x 10 © mole liter 'min~'., This value was about
LO times greater than the heterogeneous rate of the reaction measured
in the presence of ca. 110 cm2 of platinum, Thus the diffusion of the

reactants to the surface of the catalyst was not the slow step of the

reaction,
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