A THESIS
entitled

FHE OXIDATION OF THIOLS
IN GAS~LIQUID SYSTEMS

submitted by
JOHN DOUGLAS HOPTON

for the Degree of Doctor of Philosophy

in the University of London

19656



ABSTRACT

This thesis describes research into the kinetics and
mechanism of the oxidation by gaseous oxygen of simple thiols
(mercaptans) in aqueous alkaline solution at 30 - 50°C. The
reactions were studied both in the nominal absence and in the
presence of metal ions, complexing agents, and disulphides.

In the Introduction a survey is made of previous work
in this field. This has been concerned mainly with carboxy-
thiols, such as cysteine, although some important papers on
simple thiols have appeared since 1961l.

The IExperimental section describes the techniques and
apparatus used. The aqueous solutions were shaken under
oxygen, the pressure of which was automatically kept constant,
the decrease in volume taking place as reaction proceeded
being measured in a gas burette. Methods for sampling and
analysis of the reagents are described.

The Results section gives details of the stoichiometric
and kinetic experimental results. Most of the work was carried
out on 0.5 M ethanethiol solutions in 0.5 -~ 4,0 M sodium
hydroxide. The disulphide was the principal final product
under almost all conditions. An account is given of the effect
of various parameters upon the kinetics bhoth of the uncatalysed

reaction and of the reaction catalysed by metal ions. The



oxidisability of the thiols decreased in the order:
n-alkanethiols > phenylmethanethiol > thiophenol ) t-butane-
thiol., Metal ions were added as sulphates and their order

of effectiveness as catalysts was: Cu » Co > Mn = Fe > Cr = O.
The effect of copper was appreciable at concentrations as low
as 10"'M. Of the various complexing agents investigated,
cyanide ions were the most effective in suppressing catalysis
by metal ions. The uncatalysed and copper-catalysed oxidations
of ethanethiol had activation energies of 15.5 and 11 kcal/mole
resgspectively.

The experimental findings are critically examined in the
Discussion section. Oxidation in the nominal absence of
additives appears to be partly catalysed by impurities, which
may be traces of metals of oxy-sulphur acids. The catalytic
effect of metal ions is correlated with the oxidation-reduction
potentials of their common valencies. Mechanisms are proposed
in which metal ions promote electron transfer from thiol anions
to oxygen in a redox cycle. The effect of other additives is
due mainly to modification of the ligand shell of the metal

ions



ACKNOWLEDGEMENTS

I wish to thank my Supervisors, Dr. C.F. Cullis and
Dr. D.L., Trimm of Imperial College, for their sympathy,
enthusiasm, and help far beyond duty throughout the period
leading to this thesis.

I am very grateful also to the British Petroleunm
Company for their interest in this work, and especially for
the Research Bursary which financed it.

My thanks are due also to all my departmental colleagues
for their continuing friendship, and for their tolerance in
maintaining an atmosphere metaphorically pleasant when

physically revolting.

J.D. H,



CONTENTS
Section
ABSTRACT
ACEKNOWLEDGEMENTS
CONTENTS

1 INTRODUCTION

1.1 Historicsal

1.2 Properties of thiods

1.3 Oxidation of organic sulphur compounds

l.4 Uncatalysed autoxidation of thiols in basic media

1.41 Carboxythiols
1l.42 Simple aliphatic and aromatic thiols

1.5 Catalysed autoxidation of thiols in . basic media

1. 51 Catalysis by metallic ions and complexes
1.511 Carboxythiols

1,512 Simple aliphatic and aromatic thiols
1. 52 Catalysis by other compounds

1. 53 The effect of disulphides

1.6 The role of peroxide

1.7 The present work

2  EXPERIMENTAT

2.1 Materials and reggents

2,11 Thiols
2.12 Water

11
11
13
15

2k
23
28
28
29
34
38
40
43
44

45
45
45
48



Contents

(continued)

2.13
2. 14
2.15
2.16
2.17

Alkali

Metallic salts and complexes
Other additives

Gases

Reagents for non-kinetic work

2.2 Apparatus

2. 21
2.211
2.212
2. 213
2. 214
2. 215
2. 216

Apparatus for measuring gas uptake by solutions
Reaction vessel and sampler
Gas burette
Automatic burette level recorder
Manostat
Gas-introduction line

Pumping line

2.22 Lubricants

2. 23

Hypodermic needles and syringes

2.24 Method for cleaning glassware

2¢ 3 Experimental procedure

2. 31
2. 32
2. 33
2,34
2e 35

Starting experiments

Taking readings

Sampling the liquid during experiments
Terminating experiments

Preparation of reaction products for analysis

48
49
50
51
52
52
52
55
59
60
62
66
66
66
66
67

68

68
71
72
73

74



Contents (continued)

2.4  Anaglytical methods and procedure

2.41
2.42
2.43
2.44

Method

Procedure

Trials

Reduction of disulphides

2.5 Efficiency of shaker

3  RESULTS

3,0 Notes on presentation of results

3. 1 Oxidation of thiols in the absence of added metal

3.11
3.12
3.13
5. 131
3. 13%
30133
3. 134
3.135
3. 136
3. 137
B0 138
3. 139

3,140

salts

Oxidatior. of methanethiol

Preliminary work on the oxidation of ethanethiol

Later worlk on the oxidation of ethanethiol

Stoichiometry

Effect cf oxygen pressure

Effect
Effect
Effect
Effect
Effect
Effect
Effect

Effect

of
of
of
of
of
of
of
of

ethanethiol concentration

source, nature, and concentration of
alkali

temperature

added diethyl disulphide

ethylenediamine

ethylenediaminetetracetic acid

cyanide

di-t-butyal percxide and of
diphenylamine

75
75
76
78
79
80

83
83
84

84
85
86
86
89
94

101
101

103
107
109
109

112



Contents (continued)

3. 15 Comparison of different thiols 112
3.151 n-Hexanethiol 117
3. 152 t-Butanethiol 117
3. 153 Thiophenol 119

30 2 Oxidation of thiols in the presence of added 119
metal salts

3¢ 21 Effect of added metal salts on ethanethiol 121

oxidation

3. 22 Effect of added copper sulphate on the 101

oxidation of thiols
3. 221 Oxidation of ethanethiol in the presence of 194
added copper sulphate
3. 2211 Stoichiometry 124
3. 2212 Effect of concentration of added copper 124
sulphate and of sodium hydroxide
3. 2213 Effect of oxygen pressure 129
3, 2212 . Effect of temperature 129
3. 2215 Effect of ethylenediamine 131
3. 2216 Effect of ethylenediaminetetracetic acid 134
3. 2217 Iffect of cyanide 136
3. 222 Oxidation of other thiols in the presence

3. 23 Effect of added cobalt sulphate on the

B, 231
3. 2311
3. 2312
3¢ 2313
3. 2314

of added copper sulphate: effect 136
of temperature
oxidation of thiols 139
Oxidation of ethanethiol in the presence of
added cobalt sulphate
Effect of the concentrations of ethanethiol,

142

added eobslt culphate, and alkali 142
Effect of oxygen pressure 142
Lffect of added diethyl disulphide 147

Effect of ethylenediaminetetreactice zcid 147



Contents {continued)

3. 2315 Effect of ethylenediamine 147
3. 2316 Effect of cyanide 149
3. 232 Oxidation of t~butanethiol in the presence of
added cobalt sulphate: effect of 149
temperature
3. 233 Identity of red products 149
3. 24 Oxidation of ethanethiol in the presence of 151
added ferrous sulphate
B3 25 Oxidation of ethanethiol in the presence of
154
added manganese sulphate
3. 26 Oxidation of ethanethiol in the presence of 156
added chrome alum
Be D Solubility of diethyl disulphide in agueous ¢ 158
sodium hydroxide
3.4 Spectra of oxidation products 158
4 DISCUSSICN 162

4.1 Oxidation of thiols in the absence of added

metal salts 162
&.11 Larly experiments 162
4,12 Oxidation of ethanethiol in the absence of 162
added metal salts
4,13 Oxidation of other thiols 173
4,2 Oxidation of thiols in the presence of added
175
metal salts
4,21 Oxidation of ethanethiol in the presence of 175

added copper sulphate
4,211 Oxidation of other thiols in the presence of 182
added copper sulphate: effect of temperature
4. 22 Oxidation of ethanethiol in the presence of 184
added cobalt sulphate
4, 221 Mechanism of the cobalt-catalysed oxidation 187
of thiols
4, 222 Oxidation of other thiols in the presence of
added cobalt sulphate
4. 23 Oxidation of ethanethiol in the presence of 195
other metal sulphates
4,3 Conclusions 195

192




10

Contents {continued)

APPENDICES 198
ALl Correction of gas burette readings 198
A.2 Automatic recording of burette levels 199
A .3 Sensitivity of the manostat sensing cell 202
A 4 Solubility of oxygen in aqueous alkali 203

REFERENCES 206




1L

1 INTRODUCTION 1

1.1 Historical

The oxidation of thiols (mercaptans) in basic media
is a subject which has occupied a large number of research
workers, and there have been few periods in the past century
when some work in this field has not been in progress. The
subject has proved surprisingly difficult to conguer. Much
of the data have been in conflict, and the various interpret-
ations even more so, and this has continued in some of the
work published quite recently. The chief reason for this
confusion gppears to be the extreme sensitivity of the systems
to traces of impurity, and real progress has been made only
when the catalytic role of metals and in particular metal
ions has been appreciated..

The first published work on the subject appeared in 1865,
when Maerckerl prepared some sulphur derivatives of toluene,
and noted that what is now known as phenylmethanethiol
(toluene-omega—-thiol, or benzyl mercaptan) was oxidised by
air faster if ammonia was present. Among subsequent papers
published before 1900, the work of Klasonz is noteworthy;
studies were made of the oxidetion of thioglycolic acid by
iron and copper salts, as well as by iodine and gaseous oxy-
gen, and catalysis of the autoxidation of potassium thiogly-

colate by ferric chloride was observed. Investigations were
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carried out on the autoxidation of sodium ethanethiolate 1.1
in aqueous and alcoholic solutionss.

Biochemists have also been greatly interested in the role
of metals as catalysts in physiological systems. Thiol autox~-
idatioh provided an excellent model system for quantitative
study, and biochemists were therefore responsible for the
sustained activity which followed the papers of Matthews and
Walker in 19094. It was desirable to study the oxidations
under conditions comparable to those in vivo, and hence
solutions buffered to low PH values were used, in which only
carboxy—thiols,‘such as thioglycolic acid and cysteine; are
soluble, and the oxidation of simple thiols in strong alkalil
was almost wholly neglected.

The removal. of thiols ('sweetening') is an important
step in the refining of petroleum, and their extraction with
alkali has long been used, with simultaneous or subseqguent
regeneration of the alkali with blown air, which oxidises the
thiols to the less undesirable disulphidess. Numerous patents
have been taken out for improvements on this process, includ-
ing the use of various solutisers and catalysts, but it is
only recently that the industry has made a significant con-—
tribution to our understanding of the oxidation of simple
thiols in strongly basic conditions. This has included the
firsi reliable work on the truly uncatalysed (i.e. only base-

catalysed) reaction.,
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A little work on the problem has also been carried 1.2

out by the rubber industryG, although here the emphasis has
naturally been placed more on factors contributing to the de-
terioration of vulcanised rubber, such as the oxidation of
sulphur-~sulphur bonds in disulphides.

This brief historical survey has shown that a consider-
able amount of research has been carried out on the subject
by workers with several different points of interest. 1In
the following survey of previously published work it is pro-
posed to review the relevant general chemistry of thiols and
to establish the present state of knowledge on theilr liguid-

phase oxidation.

1.2 Properties of thiols

The resemblance of thiols to alcohols is mainly a formal
one, Thiols are considerably more acidic than alcohols, and
while their solubility in water decreases rapidly from me thane-~
thiol up the series, they are readily soluble in alkaline
solutions from which crystalline thiol salts (mercaptides,
thioslkoxides, or thiolates) are obtainable. Some physical
properties of the more common thiols and the corresponding
alcohols are compared in Table 1. The boiling-points of the
low molecular weight thiols are much lower- than those of the
alcohols, and this is certainly due to association by hydro-
gen bonding in the latter. The greater solubility in water

of the alcohols is due to similar association with the solvent.
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Table 1. Comparison of physical properties of some thiols 1.2
and alcohols. Bracketed figures are temperatures in °C.
Sources: refs. 7, 8, 9, 10, 11, 12, 13, 14, 15.
RSH ROH
R m. pts b.pts water PKa m.pt. b.pt. water pKa
( ( ) solub- ( ) ( ) solub-
°c) (°c) ility “c °C) ility
(g/1,20°) (g/1,20°C)
H - 82,9~ 61.8 g'ggggg) 7.0 0.0 100.0 inf.  14.0
) (25) (25)
CH, -123.0 6.0 23.3 -97,0 64.5 inf. 13.5
10.6(20 (27)
C.H- -147.3 34.7 6.76 . E }114.6 78.3 inf, 14.5
nC,H, -115.9 98.0 0.57 10.7(20)-89.8 117.7 79 %4.?
a7
tC, Hy 1.2 64 0.96 11.1(20) 25.5 82.8 inf. >l4.4
(27)
nCgH,; — 81.0 151.5 0.043 ~51.6 156.5 5.9
C.H, - 14.9 169.5 O 7‘8§2° 41 182 67(16) 9.9
675 6.5(25 (25)
CgHgCH, {20 195 0 9.4(25)-15.3 205.2 40(17) %5.§
27
HOOC.CH.~ 16.5 105 10.3(20) 63,79 dec.

2
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As the series are ascended, the growing hydrocsrbon chain Led
increasingly dictates the properties of both types of mole-
cuae, and the difference between alcohols and thiols

diminishes.

1.3 Oxidation of organic sulphur compounds

The oxidation of pure thiols proceeds extremely slowly
at room temperatures. The oxidation of methanethiol and
cthanethiol by oxygen in the gas phase was studied by Cullis
and Roselaarle, who found that the reaction rate was suitable
for study only above 210°C. The reacting gases were analysed
at hourly intervals, and the main product was found to be
sulphur dioxide. The alkyl fragments were recovered as carbon
monoxide, formaldehyde, and methanol (from methanethiol), or
acetaldehyde (from ethanethiol). Higher ratios of thiol to
oxygen favoured the formation of an increasing proportion of
the corresponding disulphide. The results were compatible

with 2 mechanism initiated by the reaction:

RSH + 02 -+ RS* + H02‘ (1)
and continued by the reactions:

RSH + HO,'— RS" + H202 (2)

RS® + 05 = R® + S0, (3)

the latter in oxygen-rich mixtures; in oxygen-lean mixtures:
RS* + RS* = RSSR (4)
The oXygenated products are derived from other reactions of

the various intermediates, especially R* -radicals.
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17,18,19 1 ve studied the oxidation of 1.3

Bateman et al.
various organic sulphur compounds by a number of reagents in-
cluding gaseous oxygen. Lsysiio Honosulphides and disulphides
with saturated side-chains (except thiacyclohexane) were inert
to autoxidation at temperatures from 45° to 75°C. Sulphides
with allylic or vinylic groups were, however, more readily
oxidised, the initial attack taking place on hydrogen atoms
attached to alpha carbon atom. This leads to the formation
of the corresponding hydroperoxide in a free-radical chain-
reaction. The hydroperoxide may oxidise the residual sulphide
to sulphoxide, or decompose to give ultimately a variety of
oxygenated products.

From these results it appears that the autoxidation of
pure thiols and other sulphur compounds is very similar to

that of the hydrocarbons from which they are derivedzo’Zl

and of the corresponding oxygenated compoundszz.

There have been a number of studies of the low-tempera-
ture oxidation of organic sulphur compounds by oxidants other
than gaseous oxygen. In the case of thiols a good recent
review by Tarbell is available~°, and this provides many
references. The reagents used include hydrogen peroxide,
whose oxidation of 2-mercaptophenylacetic acid was studied by
Pascal and Tarbe1124. The rate in the presence of excess

hydrogen peroxide was zero order in thiol and was inhibited

by hydrogen ions according to the equation:
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- 4[RsH] _ k,[RSH] = K HZOZ][H+]—O' k“[H 170-5 () 1.3

dt 0[
Iron ions increased the rate linearly, but copper ions,
iodine; the corresponding disulphide, and sodium sulphate at
ionic strengths of 0.05 and O.1l, had no effect. Over the
temperature range 20 to 40°C the activation energy was 17.8
kcal/mole. In the presence of ethylenediaminetetracetic acid
at pH 2.6 to 5.6, and with excess peroxide, the wrate was given
by: . _
- QL%_%f_Il = k, [RsH]'= ki[RSH][HZOZ][H+]_O'5 (11)
kl was independent of the EDTA and iron concentrations, and
showed no salt-effect with sodium sulphate. The activation
energy was 16,2 kcal/mole. Pascal and Tarbell did not pos-
tulate a mechanism to explain their observations, but p01nted
out that a complex with the empirical formula Ml/z[H ol[oH™ ][RSHJ
could be formed as an intermediate. Disulphide was found to
be the sole product.

The kinetics of the oxidation of some aliphatic thiqls
(n~-butane-, n-octane-, and n-dodecane-thiols) by potassium
persulphate in slightly agueous acetic acid has been studiedzs.
The initial product was the disulphide, but 3 moles of persul-
phate were ultimately consumed per mole of thiol, and the
disulphide was presumably oxidised further, since the ratio
2:1 is expected from oxidation only to disulphide. The rate

was first order in persulphate ion and 2zero order in thiol,

becoming first order at low thiol concentrations. The energy
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of activation was 26 kcal/mole. Two mechanisms have been 1.3
put forward,.depending upon either the homolysiszs or heteror
1y51326 of the persulphate ion as the rate-determining step.
In the latter mechanism the disulphide is produced through
a sulphenyl cation (RS') intermediate, and in the former
through thiyl radicals (RS®).

The oxidation of thiols with a dye provides a convenient
spectrophotometric method for rapid estimation of their rel-
ative ease of oxidation. Methylene blue was employed as the
oxidising agent by Dixon and TunnicliffezV, but the method
has been used more fully in recent work using 2,6-dichloro-
phenolindophenol or its sodium salt. In neutral solution the
kinetics and stoichiometry depend upon the nature of the oxid-

ising thiolga. The mechanism appears to involve sulphenyl

ions: + +
RSH + I + H = RS + TIH

. (5)
where 1 represents the dye molecule. The cation may then
rea¢t to give the sulphenic acid RSOH or its anhydride
('monoxide') RS.0.SR. This gives a fast reaction with 1:1
(dye:thiol) stoichiometry. If the RST ion reacte with more

thiol: + +
RS™ + RSH = RSSR + H (6)

then a slow reaction is observed with 1:2 stoichiometry.
The latter reaction appears to be favoured by Cu2+, Niz+,
and Fez+ ions, while LEDTA reverses this effect, accelerates

the reaction, and gives the 1:1 stoichiometry.
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In this system at pH 10, Overberger and Ferrarozg’so 1.3
found that, in a series of monothioks and‘dithiols, aromatic
thiols were considerably more stable to oxidation than satur-
ated aliphatic thiols.

The absolute and relative rates of oxidation of thiols
appear to:deépend on @ number of factors, especially the pH
value. pH 10 is very near the pKa values for the majority
of thiols (see Section 2.1), and it is doubtful whether use-—
ful comparisons can be made under these conditions. However,
Overberger's and Ferraro's conclusions were confirmed by

31 for the oxidation by gaseous oxyzen of thiophenol,

Xan et al.
phenylmethanethliol, and a series of saturated aliphatic thiols
in strong alkali. Among these thiols (RSH) the oxidation rate
decreased in the order nPr D>"nBu ) nPen ) PhCH,, > Ph. On

the other hand, Kharasch et a1.52 compared the rates of oxida-
tion of thiols by 'a variety of agents', and found the order
to be Ar D HOOC. CH, > RCH,, > RR'CH > RR'R''C, thus largely
reversing the former order. It may be seen, however, that

the latter order is that of the ease of oxidation of the
molecules RSH, while the former applies to the ions RS~ 33,

The autoxidation of thiols is a thermochemically favour-
able process., Taking the most probable values for the energ:es
of the bonds involved, viz. D(CgHSS—H) = 87 kcal/mole,

34

D(02H S—SCzHS) = 70

5]
kcal/moless, the reaction:

, D(0=0) = 118, and D(H-0-H) = 219
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CoHLSH + 1/4 0, = 1/2 CoH SSCoH, + 1/2 Hg0 (7) 1.4

is exothermic by about 30 kcal/mole. Taking D(CGHg0-H) =
110 kcal/mole and D(02H50—002H5) as 40 kcal/mole, the anal-
ogous oxidatian reaction for ethanol would be endothermic by
about 10 kcal/mole., It is therefore not surprising that
ethanethiol is oxidised to the disulphide under conditions
which do not affect ethanol.

The autoxidation of a pure dry thiol to the disulphide
has probably not been observed. This is presumably because
the energy of activation is so high that temperatures are re-
quired such that oxidation takes place by a different mechanism,
which leads to the formation of more highly oxidised products,
as observed by Cullis and Roselaarl6. However the base-
catalysed oxidation of most thiols proceeds at a reasonagble
rate at room temperature, and this is certginly due to the
much lower activation energy needed for oxidation of the
anion RS~ . The reactions are also very strongly catalysed by
a number of metals and metal ions.

In the following Sections the oxidation of thiols in
basic media, both in the absence and presence of metallic and

other catalysts, will be discussed in detail.

1.4 Uncatalysed autoxidation of thiols in basic medila

Previous work on the uncatalysed oxidation of thiols
under alkaline conditions 1is clearly divided into two classes.

Pirstly, there are some earlier papers on the oxidation of



21
carboxy—-thiols such as cysteine in buffered solutions. l.41
Secondly, there is a considerable amount of more recent work

on the amutoxidation of simple thiols in strongly basic media.

1.41 Carboxy-thiols

The autoxidation of the amino-carboxy-thiol, cysteine,
HOOC.CHNHQ.GHZSH, at low alkaline pH values was the subject of
early work by Matthews and Walker4, who found that the rate
was a maximum at pH 8. The autoxidation of three carboxy-
thiols was studied by Dixon and Tunnicliff827. The compounds
investigated were reduced glutathione (a dipeptide of cysteine
and glutamine), cysteine, and thioglycolic acid, and the oxid-
ations were carried out over a wide range of alkaline pH
values. The reaction was followed by the decrease in the
oxygen presgure at constant volume, and by tiiration of un-—
changed thiol with iodine, the final solutions being tested
with nitroprusside for complete oxidation. Tne chief result
of this work was the discovery that the reactions were cata-
lysed by deliberate addition of disulphides, although in the
gbsence of added disulphide the reactions were not autocata-
lytie. This result is discussed later in Section 1l.53.

The rate of autoxidation of glutathione was highest at
pH 7 to 7.5, fell off rapidly outside this range, and at pH
13.8 was less than 10% of the maximum. With thioglycolic
acid, however, the rate increased steadily with pH. Benesch

and Benesch67 suggest that increasing pH produces a higher
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concentration of thiol anions RS , which are the active 1.4}
species, and thus favours auvtoxidation. With glutathione

and cysteine, however, this positive effect is offset above

pH 7 by tie less of a proton from the substituted ammonium
group )NH2+, which increases the nett negative charge on the
thiyl radical, and discourages its dimerisation. This explan-—
ation is not, however, wholly satisfactory, since it is the
reaction which produces the radicals, and not their dimerisa-
tion, which is rate-controlling. Some effect of the higher
overall negative charge on the proportions of the products
would be expectedg however, due to the participation of the
thiyl radicals in alternative processes to dimerisation:

this was apparently not observed.

The probable effect of contaminants on the results of
previous workers prompted Gerwe38 to take special precautions
to exclude iron from his reagents. However, the effect of
iron would probably still be considerable below the 10—6M
concentration limit to which the thiocyanate test which he
used is sensitive. Turthermore, no special precautions were
taken by Gerwe to exclude copper ions, which are about 16
times more effective than iron in promoting the oxidation of
cysteinesg.

The results available for the uncatalysed oxidation of

carboxythiols are therefore inconclusive,; but it is likely

that the kinetics are similar to those found more recently
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for simple thiols, which are the subject of the next l.4%

Section.

l.42 Simple aliphatic and aromatic thiols

Whereas the liguid-phase autoxidations of the carboxy-—
thiols has been studied over the complete range of alkaline
pH values, this has generally not been possible with the
simple thiols, z5H, where I is-an elkyl or aryl.group, since
these thiols are almost insoluble in water unless ionised.

As most of them have pKa values in the range 10 to 11, mod-—
erately strong basic conditions are necessary, and for this
reason the uncatalysed oxidation is often referred to as a
base~catalysed reection. The bases most commonly used have
been the alkali metal hydroxides and alkoxides, while the
solvents are water or alcohols. or binary mixtures:

highly polar solvents have also been used to increase the
basicity, and in a few cascs base and solvent properties

have been included in the same molecule, such as in dimethyl-
formamide (DMI’) or tetramethylguanidine (TMG).

The necessity for strongly alkaline conditifons has
generally obviated the use of buffers, which have been a con-
stant source of contamination and kinetic irreproducibility
in the carboxy-thiol systems. The brief study by I'ruton and
clarke™® of the autoxidation of ethanethiol in solutions
buffered to pH 7.5 to 9 gave little simple kinetic dsta.

The rate appeared, however, to be independent of pH, which
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is perhaps not surprising, since the thiol was unionised 1.4%
over this range of pH.

A fuller investigation of the autoxidation of some simple
thiols in aqueous sodium hydroxide solution was published by

Xan, Horton, et al. >

A very simple agpparatus was used in
which a roughly constant pressure was maintained by raising

a mercury resevoir manually. The concentrations of sodium
hydroxide were between 0.05 and 2.7 N. The ease of oxidation
of the different thiols decreased in the order nPr > nBu )
nAm > PhCH2 > Ph, While the total consumption of oxygen
corresponded tothe formation of disulphide at low alkali con-
centrations, the final uptake was 50% higher in the

strongest alkali. Thiophenol was an exception, and absorbed
the theoretical volume of oxygen under all the conditions
useds This confirmed the early results of Engler and Bronia-

towsky41

, who found that thiophenol absorbed 98.2 to 107.9%
of the theoreticol amount of oxygen in 1 N sodium carbonate
solution, and 92.3 to 104.8 % in 0.2 N ammonia. More recently
Cole6 has found that p-nitrophenol was oxidised with extensive
breakage of the C-5 bond. Three times the theoretical quantity
of oxygen required for oxidation to disulphide was sgbsorbed,
and twice as much monosulphide as disulphide was produced,
the remaining sulphur appearing as sulphite and sulphate.

The most extensive investigation of the base-catalysed

oxidation of simple thiols is that of Wallace and Schriesheimgﬁ,
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C

who suggest that the base-catalysed oxidation of thiols l.4%2
can proceed without the intervention of metal ions according

to the scheme:

RSH + B = RS~ + BH (8)
RS™ + Oy = RS" + Og (9)
RS + Oy = RS® + Og (10)
2RS" = RgS, (11)

Oy~ + Hg0 = 20H + 0,50, (12)

With reaction (9) rate-determining, this mechanism predicts
that the rate of oxidation depends upon the proportion of

RS~ ions in the solution, and this was strikingly confirmed by
measurement of the oxidation rates of n-butanethiol with
sodium methoxide as thc base in (a) strongly basic solvents
of low dielectric constant, and (b) polar, aprotic solvents
of high dielectric conctant. The oxidation rates (which were
not corrected for changes in oxygen solubility) were first
order in thiol, and were from 35 to 300 times faster than in
methanol. The effect of various alkoxide bases were compared,
and again the strongest bases gave the highest rates.

In further experiments a series of thiols was oxidised
under a variety of conditions42. The reactivity depended
upon the alkyl group in the order: benzyl > n-butyl > p-amino-
phenyl > cyclohexyl > phenyl > p-nitrophenyl = O, confirming
that the most acidic thiols are most resistant to oxidation,

and that the rate-determining step is therefore that in which
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the anion is destroyed, viz. reaction (9), and not that l.4%
which produces it, viz. reaction (8). The reactions were
followed to 30% conversion and were first order in thiol.
The conclusion that electrophilic beta-substituents decrease
the ease of oxidation of aliphatic thiols43 is probably another
case of anion-stabilisation.

The nature of the race-determining transfer of the
electron from the thiol anion to the oxygen molecule has been
further elucidated42. n-Butanethiol was oxidised in binary
solutions of methanol with DMF and with diglyme, with sodium
methoxide as the base. The relative rates of oxidation de-
creased in the same manner in the two solvent mixtures as the
proportion of methanol increased,; suggesting that similar
transition states operate in each medium. A series of ion-
pair complexes was suggested to explain this. An electron
is transferred from the ion-pair complex of the thiol anion
with methanol to an oxygen molecule less readily than from the
complex with DMF or diglyme.

Berger44 has studied the oxidation of octane-l-thiol
and thiophenol in t-butanol containing various proportions of
potassium t-butoxide. The amount of oxygen absorbed, and
the corresponding products formed, depended upon the relative
amounts of thiol and base present. With the thiol in excess,
disu.phides were formed, but with excess base the products

were sulphinic acids (R.S0.0H) and sulphonic acids (R. SO0ge OH).
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It was concluded that disulphides are formed from thiol 1.4%
molecules, RSH, and acids, primarily sulphinic, from the thioll
anion, RS™. The higher yields of acids from thiophenol were
put down to its lower pKa value. The oxygen uptake rates
were zero order in thiol, and the final uptake values varied
from the O5:RSH ratio of 1:4 (theoretical for oxidation to
disulphide) with excess thiol to more than 1:1 (theoretical
for oxidation to sulphinate) with excess base. In oxidations
giving finally about 50% disulphide and 50% sulphinate, the
disulphide was the main product until the thiol ceased to be
in excess, when sulphinate became the major product. Berger

proposed a chain mechanism to explain these results:

RSO~ + Oy = R« S0. 00~ (13)
R.S0.00” + RS~ = RSO~ + Rsoz"' (14)
Rsog" + RSH - RSSR + HOZ— (15)
H02- + 2RSH = RSSR + H 0 + OH™ (16)
or alternatively, and better:
RS~ + Og = Rsoz" (triplet) (17)
RSOy~ (triplet) - RSOz- (18)
2RSH + RSOZ— (triplet) = RSSR + RS + HgOg (19)
2RSH + H,O, = RSSR + 2H,O (20)

272 2
The above conclusions are most remarksble, ane it is rather
surprising that no account was taken of the highly plausible
explanation that the oxygenated acids are not primary products

at all, but are derived from hydrolysis of the disulphide.
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This would of course be favoured by excess base. 1.5

Wallace and Schriesheim45 have shown that thiols may be
oxidised to disulphides or sulphonic acids at will, simply
by varying the basicity of the solution and the temperature.
It may be concluded however that the primary product of the
base-catalysed oxidation of simple thiols is the corresponding
disulphide, which is produced by a mechanism at least similar
to that of Wallace and Schriesheim. Under strongly basic
conditions other products may be formed by hydrolysis and

oxidation of the disulphide.

1.'5 Catalysed autoxidation of thiols in basic media

1.51 Catalyvsis by metallic ions and complexes

The autoxidation of thiols under basic conditions is
very sensitive to traces of metals. In many cases the metal
may be in the pure elemental form, but more usually it is
added as the aquo-ion or some other complex, such as phthalo-
cyanine.

Recorded work may again be conveniently subdivided into
work on carboxy-~thiols and work on simple thiols. The lower
alkaline pH values available when carboxy-thiols are employed
has led generally to the formation of more clearly defined
complexes, and the metal-ion catalysed oxidation of this
class of thiol is therefore at present rather more clearly

understood.
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1.511 Carboxy-thiols 1,51

Earlier workers surveyed the effect of a variety of metals,

ions, and complexes on the autoxidatiom of cysteine4’46,

thioglycolic acid47’48, and glutathione49. Although there
are some differences between these thiols, and also some
conflicting results, the ions (and in some cases the free
metals also) of transition and B sub-group elements are gener-
ally catalytic, and among these the effects of manganese,
iron, cobalt, copper, and arsenic have repeatedly been demon-
strated. Among inorganic anions, both cyanide and iocdide
have been found to be inhibitors.

Further studies of the iron-catalysed oxidation of cys-—
teine showed that the rate in solutions buffered to about

50,51 and zero order in thiolsz.

pH 7 was first order in iron
The catalysls was inhibited by cyanide. In the presence of
cupric ions in solution buffered to pH 7.6 with pyrophosphate
the kinetics were zero order in cysteine to over 50% oxidationssc
The role of haemin as a catalyst for the oxidation of cysteine
was investigated by Kreb354. The catalysis was again very
sensitive to cyanide.

A1l these results showed that the most probable mechanism
for this catalysis by metal ions was through formation of
intermediate metal-thiol complexes, and schemes for the iron-
catailysed oxidation of cysteine55 and thioglycolic acid56 were

proposed. However the first frontal attack on the problem
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was that of Michaelis, assisted chiefly by Barron57’58and 1.511
Schubert, who studied the cysteine complexes of iron, cobalt,
and nickel and their oxidation at pH 7 and 8., The oxXygen
uptake curves were again zero order in cysteine. Cobalt and
nickel, however, were not catalysts in this system. It was
concluded that the difference between iron and the latter
metals in this system is due to decompositiomn of the iron-
cystine complex, which allows the iron to take part in an
oxidation-reduction cycle. The corresponding cobalt complex
is stable, and the cobalt cannot therefore be recycled. The
cobalt complex in question probably has the composition

59 60

Co(SCH,. CHNH .C00) ;H,“”, the sequence of reactions being :

2
Co(II) + 3RS™ = CO(II)[RS"]5 32 [Co(III)[RS-]E]
- Co(II)[RSTRESR]

2
(21)

With iron replacing the cobalt, the ferrocysteinecystine
complex reacts further with two molecules of free cysteine
to complete the cycle:
Fe(II)[RSTRSSR] + 2RS ™™ Fe(II)[Rs‘]5 + RSSR  (22)

Nickel was not a catalyst since 'it is inconceivable that
the nickelic state would ever be established by exposing
any nickelous complex to air'so; More recent work by Neville
confirmed the above conclusions.

Michaelis and Schubert62 also studied the complexes of
cobalt and iron with thioglycolic acid. The stable brown

complex formed when solutions of thioglycolie acid containing
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cobalt ions were aerated was found to have two cobalt 1. 61
etoms and four thioglycolate groups per molecule of complex.

Its exact nature could not be established, but it is possible

to write both cobalti-thiol and cobalto-disulphide formulae.

It seems probsble that the rearrangement of bonds by which

the former could become the latter might be responsible for

the catalysis of thioglycolate by both cobalt and iron65564.
The kinetics of the oxidation of cysteine and some deriv-

-3

atives in the presence of 10 "M iron were studied by Fruton

and Clarkego. The reaction was zero order in thiol for cys-
teine and thioglycolic acid, but first order for a series of
N-acylated cysteires. The solutions were buffered with a
gseries of phosphate, borate, and veronal buffers at M/15 con-
centration, which evidently modified the catalytic effect of
the ironm, since, while little dependence of the rate on pH
was found within the range of a simgle buffer, the rates
differed sharply from one buffer to the next. Presumably the
metal ions formed complexes with the buffer molecules.

The cysteine-cystine redox system in the presence of iron
has been studied polarographically by Kolthoff et a1.65;
At pH 10 to 11 in aerated solutions there is an equilibrlum
between the complexes Fe[(RS) ]5- and Fe[(OH)(RS) ]2 , where
RS is the group S.CH2;CHNH2;COO . The equilibrium constants
show that the ferrodisulphide complex is strongly favoured§6.

There was evidence however for a reverse reduction of cystine
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by ferrous ions, possibly through the equilibrium67: 1.511

Fe(II) + RSSR = Fe(III) + RS™ + RS® (23)
However, it is possible that the back-reaction was induced
by the polarographic mercury. The catalytic effect of iron
in this system was eliminated by EDTA and much pyrophosphate,
but was unafiected by tartrate.

Following Michgelis and Schubert's studies of the thio-
glycolic acid system in the presence of iron and cobalt, the
kinetic work was extended to copper and manganese ioﬁs by
Kharasch et al.68; The effect of copper was optimum at pH
6 and 9, due presumably to stepwise ionisation of the thio~-
glycoliec acid. C.mbinidtions, of copper and manganese were
more effective than either metal alone. Phosphates inhibited
catalysis by manganese and iron, but accelerated that by copper.

A photomctric study of iron-thioglycolate complexes was
made by Kolthoff and Leussing69. They observed an intensely
coloured ferric complex which was formed f?om the precipitated
ferric hydroxide when thioglycolate Was added to alkaline
solutions. This complex was found to be Fe(III)[(OH)(RS)z]z—.
Leggéing and Newman followed the anaerobic bleaching of the
complex?o, and produced an elaborate mechanism involving a
succession of one- and two-centred complexes to explain their
findings.

The simple formal mechanism for the iron-catalysed autox-

idation of thioglycolate:
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Pe(II) + RSH - Fe(II)[ RSH complex] (24) 1.51:
Fe(I1)["RSH complex) + O, = Fe(IIT)[RSH complex]  (25)
Fe(III)[ RSH complex] ~ Fe(II)[ RSH complex]
+ RSSR™ (26)
in which the nature of the complex is uncertain, was rejected
by Lamfron and Nielsen71 on the grounds that the separately
measured rates of reactions (24) and (25) were much lower
than the overall rate of autoxidation. They proposed further

free-~radical steps to account for the higher rate of oxidation:

Fe(I1)["RSH complex] + 0, = Fe(III)[5RSH complex)

" (27)
+ 02
0," + "RSH - Hoz“ + RS* (28)
"RS* + Pe(III)["RSH complex] = Fe(II)[ RSH complex] (29)
29

+ “RSSR™
This appears reasonable, and it is also one of few attempts

to explain the fate of the oxygen. The hydroperoxide ion
would presumably produce further oxidation. These free rad-—
ical steps receive some support from the reported positive
effect of hydroquinone (Section 1.582) and the detection of
hydrogen peroxide as an intermediate under certain conditions
(Secticn 1.6).

Although the oxidation of cysteine and thioglycolic acid
has been most extensively investigated, a little work has
also been garried out on glutathione. In contrast to the
former thiols, the latter was not catalysed by iron at pH ¥,

although copper was effective, and this may have been due to
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the use of pyrophosphate buffers. The kinetics were zero 1.81%
order in th10174. The effectiveness of copper increased with
pH, but haemin had an optimum effect at pH 8, and was surpris-
ingly insensitive to cyanide, in marked contrast to the cor-
responding cysteine system, With 1 molar % cuprous chloride
in 0.02 mM glutathione at pH 8.7, the oxygen uptake curve
was first order in thiol, and the final uptake was theoretical
for oxidation to disulphide.

The detailed kinetics and rate of oxidation in any partic-
ular system appear to depend therefore upon the formation of
a suitable metal-thiol complex, its oxidation to a metal=-
disulphide complex, and the decomposition of the latter by
thiol. In such a system there will clearly exist a delicate~
ly balanced mechanism, which is easily upset by changes of
pH, and by competing ligands such as cyanide, or the buffers
used to maintain the pH, such as phosphate, borate, and organic

anions. It is probably for these reasons that such a variety

of kinetic results has been observed in systems of this type.

1,512 Simple sliphatic and aromatic thiols

The catalytic effect of metal salts and complexes on
the oxidation of simple thiols is probably the least understood
aspect of thiol autoxidation. This is prohably because such
reactions take place only under strongly basic conditions,
when most of the catalysts are precipitated as hydroxides,

which may have an heterogeneous effect, while such metal-
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thiol complexes as are formed are of uncertain composition 1.51%
and concentration. Certainly this is a much more difficult
problem than the case of carboxy-thiols.

As with cysteine and the carboxy-thiols;, the catalytic

effect of a considerable number of metals and salts has been

recorded?s. Again the most remarkable and most fully investi-

gated effects are those oltained with the transition elements
generally, and with copper, iron, and cobalt especially.

The presence of the ions of these metals appears to favour
the formation of disulphide as the product™*"°, catalysis
seems to take place through the formation of zome kind of
metal~thiol complux76, but little is known of these or their
stability constants, and the kinetic data are not simple.
Thus slthough ferric ions had a positive effect on the rate

of autoxidation of ethanethiol, the rate was almost independent

-4 -2, 40

of the iron concentration from 10 to 10 "M . In agueous

solutions this must have been due to the minute solubility

-36)

product of ferric hydroxide (10 . Cobalt (III) hydroxide

0-43) y

also has a low value (1 but copper (II) hydroxide has

"19), and it is therefore not surpris-—

ing that copper ions are a very effective catalyst45.

a much higher value (10

Striking effects have been observed when metals are
added to thiol autoxidation systems in the form of complexes
otherr than the usual agquo-ions. Investigations of various

complexes with a view to use in commercial sweetening processes
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has been made by Wallace ct a1.77. Work with M butane- l.51%

1-thiol and 2M sodium hydroxide solution in the presence of
100 mg of the complexes showed that cobalt phthalocyanine
(whose commercial use ha8 been patented?a) and pyrophosphate
were of similar catalytic activity which was much greater than
that of the.phosphomolybdste, phosphotungstate, or phosphate.
The activity was attributed to the formation of six-membered
rings in the phthalocyanine and pyrophosphate complexes, and
this facilitates the transfer of an electron from the complex
to oxygenvg. The order of activity for a series of pyrophos~
phates was Co > Cu » Ni > Fe, and this may be explained in
terms of the stabillity of the 34 electron-shells. Thus the
oxidation-reduction of cobalit (II) and copper (I) pyrophosphates
would be expected to proceed readily, but the Co(II) (Sd?)

10 op 4p6), which

is also stable in the Cu(II) state. Oxidation of Ni(II) (3a°)

would be more easily oxidised than Cu(I) (34

to Ni(III) is possible but not as favourable. The Fe(II)
catalyst (3a°) would undergo oxidation to Fe(III) (3d°), but
the reduction step would be difficult due to the stability of
the hglf~filled 34 electron-shell,

Kinetically, Wallace's oxygen uptake versus time curves
show that the reaction is generdly zero-order in thiol, although
with cobalt phthalocyanine and pyrophosphate it is possibly
first order. In experiments with various ratios of thiol to

cobalt pyrophosphate, either zero-order kinetics in thiol of
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first-order in catalyst are deducible from the linear graph 1l.53:
of reaction time for 40% conversion of thiol versus the thiol/
catalyst ratio.

Patents have also been taken out for the catalytic use
of other cobalt complexes in sweetening processesso’al.

Little work appears to have been carried out on the poss~
ible modifying effect of the common ligands such as ethylene-
diamine (en), ethylenedisminetetracetic acid (EDTA), or
cyanide, on simple metal-catalysed thiol autoxidation systems.

Pascal and Tarbell<®

have, however, reported an interesting
effect of EDTA on the oxidation of Z2-mercaptcphenylacetic
acid by hydrogen geroxide at pH 2.4 to 7.2, which was quoted
in Section 1.3.

The oxidation of octane-~l-thiol by ferricyanide has been
studied by Kolthoff et a1.%2, 1n 60-70% agueous acetone solu—
tion at 50°C the kinetics were first order ir ferricyanide,
thiol, and hydroxide. In the absence of excess cyanide the
reaction proceeds through an intermediéte complex in which
a thiol anion has displaced a cyanide ligand, i.e. the mechan-

ism is 'inner sphere':

Pe[ON], 2" + RS” = Fe[(cﬁ)ﬁ(SR)ja’ + CN~  (20)

Fe[(cN)S(SR)]S“ fgst Fe[cmgsg' + RS (31)
Fe[CN]55' + CN~ Ta8t pelon] *" (32)
2RS" - RS, (33)

The reaction is slowed by excess cyanide, the reaction then
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proceeding by electron transfer from the thiol anion to 1.52
the iron through 1ts intact ligand shell of six cyanide ions,
i.e. by an 'outer sphere' mechanism:

RS™ + Fe[oN] %"~ re[ON]*" + RS® (34)
Although it is possible that these reactions could in the
presence of oxygen form part of an oxidation-reduction cycle,
no detailed mechanism has been worked out for any practical

system,

1.52 Catalysis by other compounds

The role of metal ions as catalysts in the autoxidation
of thiols in basic solution is essentially to provide a more
faclle route by wnich electrons may pass from the thiol anion
to an oxygen molecule. Therefore any molecule which can easi-
ly sbsorb an electron and then transfer it to an oxygen mole-—
cule is & potentisl catalyst.

Wallace et al.85 have investiga¥ed the oxidation of
butane-l-thiol by nitrobenzene in dimethylformamide containing
potassium hydroxide. They observed colour changes to yellow,
to red, and then slowly to dark blue. Electron spin resonance
and uw.v. and visible absorption spectra showed that the nitro-
benzene had been reduced to the radical-anion. Analysis of
the oxidation products revealed that 99% of the thiol had
been oxidised to give the disulphide in 98% yield. The reac-
tion was followed spectrophotometrically for 100 minutes,

and first-order kinetics were observed, suggesting a rate-
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determining transfer of the electron from thiol anion to 1.5%2
nitrobenzene. In other experiments phenylmeihanethiol and
thiophenol were oxidised to give 81% and 2% yields respective-
ly of their disulphides. Other oxidising agents for thiols
were 2-nitrothiophene, ethylenetetracetonitrile, and 4-nitro-
pyridine oxide. The latter was the most effective, and
oxidised both butanethiol and thiophenol at the same rate.

All these compounds can be catalysts proper only, of
course, if their reduced form, the anion, is oxidisable by
02; It was found that exposure of the nitrobenzene-butane-
thiol system to oxygen reduced the absorption at 4867 My
snowing destruction of the radical-ion. This is unlikely to
have been other than a simple electron-transfer to 02, thus

allowing recycling of the nitrobenzene as a true catalyst:

PhNO,, + nBus®™ - PhNoz" + nBuS’ (35)
PhNO,~ + Og = PhNO, + O, (36)
2 nBuS® - nBugS, (37)

The catalytic effect of nitrotoluene on the autoxidation of
octane~l-thiol has been recorded44.

The oxidation of hexane-~l-thiol in the presence of base
and of wvarious quinones was studied by Meguerian72. With
hydroquinone (QHZ) and sodium hydroxide the kinetics were
consistent with the following mechanism:

QHy + OH = QH + Hy0 (38)
QH™ + Oy = QH" + 02" (39)
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QH* + RSH - QH, + RS’ (40)1.53
2 RS* - RpS, (41)
According to this scheme the lLiydroquinone catalyses the oxida-
tion of undissociated thiol molecules, but there is no appar-
ent reason why the anion should not react similarly to give
QH and RS'.

Patents have also been taken out for oxidations of thiols
in which both hydroguinone and a water-soluble iron salt are
used as catalyst584. The rate of oxidation in the presence
of both catalysts was three times higher than the sum. of the
rates with either used alons. At a constant concentration of
hydroquinone the rate seemed to bear a second~order relation-—

ship to the sodium hydroxide concentration. No explanation

of these facts was put forward.

1.53 The effect of disulphides

Several workers have reported that the rate of oxidation
of thiols in alkaline media may be increased by adding an

organic disulphidezv, not necessarily identical with the di-
sulphide product from the thiol undergoing oxidation85.
The catalytic effect is maintained in systems in which metal
catalysts also are present68.

The best explanation for the catalytic effect of disul-
phides is that put forward some time ago by Harrison85. He

had found that the aerobic and snaerobic oxidation of thiol

groups were accelerated by the disulphide, dithioglycolic acid.
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Aware that this catalysis might be put down to impurities 1,53
guch as metal salts in his disulphide, he purified the latter

by recrystallisation from ethyl acetate, and showed that the
catalysis was not inhibited by cyanide, but disappeared when

the S~S bond had been destroyed by treatment with bromine.

Aware that the disulphide bond was ligble to alakline hydro-
lysiSBG, Harrison proposed that the catalysis might be due to

the setting up of a sulphenate-~sulphinate oxidation-reduction

cycle: RSSR + Hy0 = RSH + RSOH (42)
RSOH + O = RSOOH (43)
2 R'SH + RSOOH = R'SSR' + RSOH (44)

From studies of the hydrolysis of a number of disulphides,
it has been concluded87 that only disulphides with aryl,
carbonyl, or alpha-unsaturated groups are susceptible to
hydrolytic attack by nucleophilic reagents such as hydroxide
ions. However, susceptibility is a matter of degree, and
some small catalytic effect from dialkyl disulphides might be
expected.

In view of the catalytic nature of disulphides, it would
be expected that an autocatalytic increase in rate would be
observed in thiol autoxidation experiments. It is remarkable
that this has not generally been recorded, even in the autox-
idation of carboxy-thiols. Autocatalysis has, however, been
discovered in the oxidation of some carboxy-thiols with

methylene-blue, a system which was also catalysed by added
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disulphide®’. Presumsbly in the case of alkanethiols any 1.5
such autocatalytic effect would be very small owing to the
resistance of the disulphide to hydrolysis.

It has been shown that besides the structure of the thiol
the basicity of the solution chiefly determines the proportion
of disulphide and higher oxidation produsts in the system.
Using comparatively weakly basic conditions (e.g. aqueous
sodium hydroxide or sodium methoxide in methanol) n~ and
s-butanethiols and phenylmethanethiol gave 77 to 85%, and
thiophenol 67% yields of their disulphidesas, whereas solu-
tions of thiols in DMF containing potassium hydroxide gave
sulphonic acids in yields of 90% or more45.

Those disulphides which are most liable to hydrolysis are
also most liable to oxidation, probably because both involve
initial nucleophilic attack. It is possible therefore that,
even when the hydrolysis necessary for catalysis takes place,
the products are too easily oxidised to take part in an oxid-
ation-reduction cycle with oxygen and thiol. Thus it'is ob-
served that the base-catalysed asutoxidation of thiophenol is
a slow reaction, not autocatalytic, but which in strongly
alkaline media produces larger yields of higher oxidation
products than are obtained in the much faster oxidations of
alkanethiols™ .

It may be concluded therefore that catalysis and autocata-~

lysis by disulphide requires certain conditions of alkalinity
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and reactivity in which a redox cycle may be established 1.6
and maintained. The reqguirements are evidently more exacting
than those which apply in the case of catalysis by other agents,

summarised above.

1.6 The role of peroxide

In the preceding Sections, mechanisms have “been pgt
forward to account for the kinetic features of thiol autoxidation
both in the absence and presence of various catalysts. In all
of these one stage has necessarily involved electron-transfer
onto an oxygen molecule to give a peroxy radical-ion, which
then acquires either an electron or a hydrogen atom and be-
comes a peroxide ion. The peroxide then oxidises more thiol,
but the mechanisms quoted in previous Sections would obviously
be supported if peroxide, even in traces, could be detected
in the system,

Early attempts to show that peroxide was present in

autoxidising systems of thiophenol41 and iron~-containing cys-

teine89

were not successful, although the rate of consumption
of oxygen in the latter system was increased by adding hydrogen
peroxide. Schoeberl90 considered peroxide to be an intermedi-
ate in this system, and this was confirmed by Holtz and Triemgl
and by Schales75, who added luminol (5-amino-2,3-dihydro-1,4-
phthalazinedione) and observed luminescence: this test is
sensitive to 10_5 parts % of peroxide. This evidence is gen-
erally accepted by modern workers including Wallace and

Schriesheing,
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1.7 The present work 1.7

The research reported in this thesis was started before
the appearance of the recent series of papers by Wallace,
Schriesheim, and others®o!%2s4%:45,77,85,88 = inioh are ais-
cussed in the previous Sections. At that time (1961) the only
information on the oxidation of simple thiocls in strong aque-
ous alkali appeared to be provided by the work of Xan, Horton,
and othersal. Publication of the recent papers mentioned
above has shed consideragble light on the reaction under certain
conditions, especially in non-aqueous solutions, but has not
removed the need for further work on simple agueous systems.

The present work was therefore directed towards enlarging

upon the previous data in this field, and in particular to

examining the effects of some metal ions and complexing agents.



2 EXPERIMENTAL 2

2.1 Materials and reagents .

2.11 Thiols

The thiols used in this work were all obtained from
{odak Ltd. They were distilled in an all-Pyrex apparatus,
which had been cleaned by the method described in Section 2. 24.
The spparatus had a water-cooled condenser, was built from
Quickfit components, and was completely gas-tight except for
an outlet tube which was closed with a calcium chloride drying
tube. The apparatus was first purged with a stream of nitrogen,
and the thiol was then introduced and distilled, the middle
fraction being collected in the special storage vessel shown
in Fig. 1, which was cooled in ice. The boiling points and
refractive indices of the collected fruections are compured with
literature values in Table 2.

Distilled samples of ethanethiol were found to be oxid~
ised generally at a lower rate than undistilled samples
(Table 3). In view of the extreme sensitivity of thiol
autoxidation systems to traces of catalytic impurities, e
especially metal ions (Section 1.5), this lower rate was taken
as evidence of higher purity, and the distillation of thiol
samples was thercfore justified.

The thiols were stored under one atmosphere of nitrogen
in the same special vessel into which they had been distilled

(fig. 1). The vessel had a capacity of about 50 ml, and
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Nitrogen flush-
ing taps
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Section AA!

Fig. 1. Thiol storage vessel AU
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Table 2. Distillation of thiols and diethyl disulphide: 2,11

boiling points and refractive indices.

Literature values7’8 Collected fraction
Compound o5
b.pt. n, b.pt. n (x20°)
EtSH 34.7 1.4270 34.5-37.0% 1.4290%
n-BuSH 98.0 1.4401 97.4-99,2  1.4403
n-HexSH 151.5 1.44753 148.0-150.0  1.4476
t-BuSH 64 1.4201 62.0-63.0  1.4201
PhSH 169. 5 1. 5805 166.8-169.4  1.5801
PHCH,SH 195 1.5779°  196,2-198.5  1.5741
Et S,  158-154 1.5063 151.0-152.5  1.5060

a - Mean of ‘several batches: b = ngo

Table 3. Oxidation of ethanethiol: effect of distillation
on oxygen uptake rate under standard conditions. 0.5 M EtSH,

2.0 M NaOH, 70 cm 02, 30°C.

Btanethiol sample Rates {(mmole/l/min) Mean Rate

Undistilled 0.17, 0.18, 0.20, 0.134, .
| 0.134 % 0.046
0.104, 0.070, 0.098

Distilled 0.050, 0,051, 0.114, 0,12 0.084 T 0.033
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incorporated a side-limb of about 5 ml into which the © 2.12
thiol could be tipped for extraction through a Suba-seal 30
serum—-cap by a hypodermic needle and syringe. The vessel

was normally kept immersed to the neck in crushed ice.

2.12 VWater

All aqueous reagent solutions for use in kinetic experi-
ments were prepared with deionised water. Under otherwise
identical conditions, the rate of oxidation of ethanethiol
was lowered by as much as 90% by the use of deionised water
in place of laboratory-distilled water in the reagents.

This was almost certainly due to the very considerable reduc-
tion in the concentration of metal-ion impurities.

Deionised water was prepared by passing distilled water
through a 'Deeminac' model 32-6 deioniser, which consisted of
a polyethylene bottle inverted over a 12 cm cylindrical bed
of absorbent, through which the water ran slowly under gravity.

The deionised water, and all reagent solutions prepared

from it, were stored in screw-topped polyethylene bottles.

2.13 Alkall

The alkalies used were sodium and potassium hydroxides.
Most of the work was carried out using 'Analar' grade sodium
hydroxide from Hopking and Williams Ltd. A number of experi-—
ments was also conducted with 'Analar' potassium hydroxide,

and with 'Judactan' sodium and potassium hydroxides from
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the General Chemical and Pharmaceutical Company Ltd. 2.14
To minimise contamination. the aqueous hydroxide solutions
were prepared by weighing the required deionised water and
s0lid hydroxide directly into polyethylene storage bottles,
which were cooled in ice during mixing.
The solutions were standardised against hydrochloric
acid which had in turn been standardised against sodium
carbonate. The concentration of the stock solution of alkali
prepared in the above manner was usually 5 M. When not in

use, the storage bottles were sealed by air-tight screw caps.

2.14 lietallic salts and complexes

Metal ions were usually added to reagent solutions as

measured volumes of standerd solutions of their sulphates.

4+ THO, Mns0,. TH0,

4+ THg0, and K S0,. 4)5.24H20, which were all of

'Analar' grade from Hopkin# and Williams Ltd. According

The solids used were Cu304.5H2

Crz(SO

0, CoSO0
FeS0,.7H
to the makers' specifications these sulphates were sufficiently
pure for the present purpose, and no further purification was
undertaken.

The standard solutions were prepared directly from the
dried solids by weighing. This was adequate, since the effects
of the salts were to be studied over a range of concentrations
differing by several orders of magnitude.

Two methods for introducing metal complexes into the
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reagents were used: 2,18
(1) The metal complexes were prepared in situ by mixing
aprropriate volumes of the standard sulphate solutions and
standard agueous solutions of the required complexing agents,
which were variously ethylenediaminetetracetic acid (EDTA),
ethylenediamine (en) dihydrochloride, and cysnide ion. The
EDTA (disodium salt) and potassium cyanide were 'Analar'
reagents, and the en, 2HCl was the best grade available from
.0 ~ Koch~Li:cht Laboratories.Ltd. Stendard
cgueous solutions were prepared by dircet -weighing, using
deionised water and wer: Stored in polyethylene bottles,

(2) For comparative purposes, crystelline samples of copper,
cobalt, and manganese EDTA complexes were obtained from
Light—and—CGompany Koch-Li _ut Taboratories Ltd. Standard

agqueous solutions of the complexces tere prepared by direct
weighing.
2.15 Other additives

The kinetic effects of the complexing agents EDTA, en,
and cyanide were also studied in the absence of added metal
" salts. The preparation of their stendard solutions is des-
cribed in Section 2. 14.

Diethyl disulphide was used as an additive in some experi-
ments. This was purified by distlllation exactly as were the
thiols (Section 2.11). The disulphide fraction was collected

in the Pyrex bottle in which it was stored. The boiling point
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and refractive index are given in Table 2. 2.16

Diphenylamine was purified by recrystallisation from
20% aqueous ethanol. It was dried at the pump and in a
desiccator, and the required guantity weighed directly into
the reaction vessel.

Di-t-butyl peroxide was obtained as a 98% solution from
Laporte Chemicals Ltd., and no further purificatian was
carried out. Taking the density as 0.79 g/ml the required
quantity of the peroxide was added to the reaction vessel

from a =;all graduated pipette.

2.16 Gases

Oxygen and nitrogen were obtained from cylinders supplied
by the British Oxygen Company Ltd. The section of apparatus
concerned with the admission and purifiication of the gases
is described in Section 2.215.

Oxygen from the cylinder was condensed at just below
atmospheric pressure in the trap cooled to =180°C with
ligquid nitrogen. The condensed gas was then alternately
pumped upon and left to stand in equilibrium with its own
vapour at this tempergture until its vapour pressure was un-
changed by further pumping. This was taken as indicating
the complete removal of nitrogen from the condensed oxygen.
The liquid nitrogen bath was then removed, the condensed gas

allowed to boil off, and the middle fraction admitted to the
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working line or the storage globe ms required. 217
Nitrogen (B.0.C. 'oxygen-free') wrs admitted to the

stornge globe through the trop, which was surrounded by

liquid nitrogen to condense any oxygen and other less vola-

tile gases. It wos possed again through the trop immediotely

prior to use.

2. 17 Reagents for non-kinetic work

Reagnnts used in volumetric analyses (Section 2.4)
were of 'Annlor' grade from Hopkin and Williams Ltd.
Reagents used in spectrophotometric measurements were of the
highest purity availcoble, generally 'Analar'. All the
nqueous solutions used in non-kinetic experiments were

prepared with loboroatory distilled woter.

2.2 Apparatus

2., 21 Apparatus for measurement of gas uptake by solutions

All measurements of the uptake of gas by solutions were
made with the apparatus shown in Plate I and diagrammnatically
in Fig. 2. The system wss in principle similar to the stan-
dard apparatus described by Bollandgg. It may be termed
static inasmuch as the reagents were shaken together in a
closed systems The reaction was followed by measuring the

decrease in the volume of gas at a pressure which wgs auto-

matically maintained at a constant pre-set value,
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The apparatus will be described in the following 2,211

Bections. The parts described in Sections 2. 211 to 2.214

may be described collectively as the 'working line', since

they are directly involved in making kinetic measurements:

these include the reaction vessel and sampler, the burette,
manostat, etc. The parts described in Sections 2.215 and

2,216, i.e. the gas inlet and pumping lines, serve the

working line, and are therefore subsequently referred to as

the 'service lines'.

2.211 Reaction vessel and sampler

The reaction vessel and sampling system are shown
schematically in Fig. 3.

The reaction vessel consisted of a flattened spherical
flask, fitted with a sampling cup, which was connected vy a
capillary tube to tap 3 and a ground glass cone Y through
an internal seal in the bottom of the vessel (Tap numbers
ond ground joint letters refer to the Figures). The narrow
neck of the vessel was closed by a rubber serum cap (Suba-
seal 30). A side-tube led from the vessel through a flexible
glass spiral, which hzd 6 turns of 5 cm diameter, made from
3 mm bore thin-walled tubing. The spiral led to tap 4 and
a ground joint Z which was used to connect the vessel to
the working line. The neck of the reaction vessel and part

of the sampling tube were clamped into a recessed wooden
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block to which the shaker was attached. 2. 211
The form of the reaction vessel described above was
developed through a series of modifications to give maximum
contact between the gaseous and liquid reagents when shaken,
and thus to minimise the effects of diffusion. Early forms
had cylindrical and spherical bulbs of various capacities.
The bulb of the vessel shown in I'ig. 3 had a capacity of
50 ml up to ite equator, the surface/volume ratio of the
liquid at rest then being about 0.7 em™L,
The cup mounted in the reaction vessel was developed as
a device for sampling a heterogeneous mixture of liquids in
their bulk proportions. The rim of the cup was arranged to
be gbout 1 mm above the surface of the solution (50 ml) when
the reaction vessel was at rest. When the unit was shaken,
the homogenised liquid phase slopped into and out of the cup,
which therefore collected a representative sample. This
sample wes isolated immediately the shaking ceased and the
liquid came to rest, and although the immiscible phases then
rapidly settled out, the isolated sample still comprised the
phases in their bulk proportions. The capacity of the cup
was 3.8 ml, but the actual volume of samples was of course
determined by chance, and was usually 1 -~ 2 ml. In an earlier
sampling arrangement, a simple tube, dipping below the surface
of the reagents, was used in place of the cup, the other parts

being as described above. The removal of samples was carried
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out by the procedure described in Section 2. 33. 2.211

The reaction vessel and flexible spiral were immersed
in a bath of liquid paraffin, the temperature of which was
controlled by a Sunvic F 1l03-=8 thermostat unit. The tempera-
ture could be pre-set to. 2ny vzlu. from 25 to 70°C, and was
automatically controlled to within 0,1C° at 30°C.

The reaction vessel was shaken in a2 direc¢tion perpendicu-
lar to the plane of Fig. 3 by a device made from Meccano parts.
The frequency of the shaking could be varied by shunting the
electric motor. The motor was geared down and was attached
to the wooden block, which held the reaction vessel, through
a crahk-wheel and cornecting rod. The reaction vessel was
thus shaken with a reciprocating motion. A Meccano beam was
attached to one end of the wocden block and was mounted above
the glass spiral and parallel to its axis. The vibrating
length of the beam was adjusted by means of a slotted wooden
clamping block to give a steady resonant frequency of oscil-
lation. Wear on the moving parts was thus minimised by avoid-
ing forced vibrations. The wooden block which held the reac-
tion veesel was mounted on two small rubber-tyred wheels,
which ran in tandem on the broad smooth rim of the thermostat
tank. This reduced the tendency of the reaction vessel to
pitch owing to the viscous drag of the oil in which the

lower parts of the vessel were immersed.
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2. 212 Gas burette 2. 212

The consumption of gas in kinetic experiments was meas-
ured as a decrease in volume at constant pressure by means of
the gas burette, which is shown schematically in I'ig. 2.

The left-hand (or front) limb of the burette had an etched
scale reading to 500 ml by 2 ml divisions, and 1 mm length

on the scale corresponded to sbout 1 ml volume. The burette
contained silicone oil type MS 550, which is well suited for
this use, having a low density and negligible vapour pressure.
The sharply contrasted meniscus obtained by diffuse illumin-
ation from the rear, permitted reading of the burette to

0.1 ml.

The burette and the manostat cells (see Section 2.214)
were immersed in water in a large glass-welled tank (1 ft x
1 ftx 2 ft hts). The water served as a large thermal capac-
ity which damped the effect of variations in ambient tempera-
ture on the gas in the burette and the cells. The water in
the tank was stirred but not thermostatted, and was insulated
on three sides by half-inch sheets of expanded polystyrene.
Variations of 0.5 - 1 C° in the water temperature were ob-
served during day-long experiments, and the burette readings
were therefore always corrected to a standard temperature for
each experiment. The burette readings were also corrected for
the small pressure variations which occurred during the mano-
stat switching cycle (Details of these corrections are given

in Appendix 1).
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2. 213 Automatic burette recorder 2. 213

The gas-uptake measuring apparatus was adapted for auto-
matic recording of the burette level after it had been in use
for some time. The arrangement is shown in Pig. 2 and its
principle in Fig.: 4.

Changes in the burette oil level were paralleled by
smaller changes in the level of mercury in a small U-tube
bridging the two limbs of the burette, both levels being de-
termined by the same pressure difference. The U-tube was ad-
apted so that changes in the mercury level produced corres-
ponding changes in electrical capacity. This capacity cell
was made the varisble arm of a Fielden Electronics 'Telstor’
capacity bridge unit. The out-of-balance current was ampli-
fied and passed to a Fielden 'Servograph' circular chart re=-
corder.

The front limb of the U-tube was blown out into a bulb,
so that changes in pressure produced the maximum movement in
the mercury level in the rear limb, which was the capacity
limb. This consisted of a piece of glass tubing of uniform
bore (4 mm) and wall thickness (1 mm). The tube was surround-
ed by a sleeve of aluminium foil bound tightly with copper
wire. The sleeve formed one plate of the capacity cell, the
other being the mercury itself, to which electrical contact
was made through a platinum-glass seal. The dielectric mat-

erial was therefore the 1 mm thick Pyrex wall of the tube.
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The outer cylindrical metal plate was insulated by a 2. 215
thick coating of Picien wax, and the entire U-tube unit was
surrounded by a water-proof polyethylene bag, with spacers of
expanded polystyrene to minimise the capacity effect of the
water in the earthed tank.

The U-tube capacity cell was connected to the TFielden
'Telstor' capacity unit type LF 3 by coaxial cable. The output
from the 'Telstor'unit was passed through an attenuating rheo-
stat to the I"ielden 'Servograph' circular chart recorder
type RF 1, which had a 24 hour period of rotation. The
chart was graduated in 100 arbitrary units (a.u.).

It was found that a full-scale deflection on the Servo-
graph' (100 to 5 a.u.) was produced by a change of approximate-
1y O to 400 ml on the burette scale. The calibration curve
was very nearly linear between these limits, and the stability
of the instruments was found to be excellent (+ 1%). However,
the device was not satisfactory in use due to hysteresis,
especially near the start of kinetic runs. The design and
performance of this and other possible burette~level recording

devices are discussed in Appendix 2.

2.214 Manostat

Constant pressure in the working line of the apparatus
was maintained during kinetic experiments by means of an auto-
matic manostat. This consisted of three parts: the pressure~

sensing cell, the electronic switching device, and the
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electrolytic gas-generating cell. The two cells are 2. 214
shown in Fig. 2.

Wihen the pressure in the working line fell below a
pre-set stundard value, the electric circuit through the sens-
ing cell was broken, and the switching device caused a small
current to pass through the electolytic cell. The pressure of
the generated-gas was applied to the vack limb of the burette,
thus raising the level and decreasing the volume in the front
limb until the working pressure wgs restored to the standard
value. The circuit in the sensing cell was thereby closed,
and gas-generation stopped.

The sensing ~ell contained an electrolyte consisting of
a saturated solution of sodium nitrite in trimethylene glycol.
This electrolyte was chosen because it has a negligible vapour
pressure and does not release any gas when passing a current.
During the experiments one limb was open to the working line,
while the other was closed by tap 10 (Iig. 2), and provided
the constant pre-set reference pressure. The closed limb of
this cell was fitted with two sealed-in platinum wire electric
contacts. One of these was sealed into the U-tube well below
the surface of the electrolyte, while the other was held
vertically above the electrolyte surface, and was ground to
a point in order to recduce the effect of surface tension.

The manostat system was controlled by making and breaking

contact between this probe and the electrolyte, and any
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tailing due to surface tension would have increased unnecess-—
arily the pressure fluctuation in the switching cycle.

The electrolytic cell had two platinum electrodes cach
of about 1 cmz, 1 cm apart, immersed in approximately 50%
sulphuric acid. Passage of a direct current through the cell
thus generated hydrogen and oxygen.

The circuit for the switching device is shown is Fig. 5.
Two sg¢paratec l2-volt power supplies were used to minimise the
voltage drop when current passed through the transistor OC 35.
The variable resistor VR 1 was used to adjust the current pass-
ed through the electrolytic cell. The grid-bias battery B 1 |
was used to overcome the effects of polarisation in the sens-
ing cell: about 4.5 to 6 volts was found to be a suitable
value.

The limits within which the pressure may be controlled
with this maenostatic arrangement were found to depend chiefly
upon the absolute pressure and the design of the sensing cell.
Defining the sensitivity of the cell as the change in the
electrolyte level in the reference limb per unit pressure
change in the working line, the simple Boylds Law calculation
given in Appendix 3 shows thot the sensitivity would be in-
creased by enlarging the volume of the (closed) reference limb,
~nd by decreasing the bore of the glass tubing where contact
was mode and broken in the cell. The cell was designed with

these principles in mind, and was found to control the pressure
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to within + 0.2 mm at 760 mm. 2. 215

The two cells of the manostat were immersed in the water
tank with the gas burette, thus =2llowing correction of the
burette readings for fluctuations in temperature and pressure

(see Section 2.212 and Appendix 1).

2,215 Gas-introduction line

The gas-introduction line consisted of an inlet to which
ges storage cylinders could be connected, a combined manometer
and blow-off tube, o trap which could be surrounded by an ap-
propriate coolant, and o 5-litre storage globe. The arrange-—
ment is shown in I'ig. 2. The use of this arrangement to - o

collect, purify, and store goses is described in Section 2.16.

2. 216 Pumping line

The entire apparatus was served by one Metrovac DR 1
two-stage rotary vacuum pump (¥ig. 2). This enabled the appar-
atus to be pumped rapidly down to below 0,05 mm pressure.

2. 22 Lubricants

All taps and ground joints were greased with Silicone
High Vacuum Grease from Edwards High Vacuum Ltd. Taps were

cleaned with trichloroethylene prior to regreasing.

2. 23 Hypodermic needles and syringes

Thiols were extracted and tronsferred from their storage
vessel in measured volumes by means of o hypodermic needle and

syringe (Sections 2,11 and 2.31). This method minimised the
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exposure of thiols to the atmosphere, and thereby reduced 2.24
aerial contamination of the thiol and the escape of objection-
oble odours. To further the latter objective and also to re-
duce contamination of the thiol by the metallic needle; the
syringe and needle were stored in the deepfrecze of a refrig-
erator, and the thiol was handled only at a low temperature.
An effort was made to reduce contamination further by coating
the needle and syringe with PTPFE from on cecrosol spray ob-
tained from Fison's Scientific Ltd.

All-glass 2 ml and 5 ml syringes of the 'Acossan' braond
supplied by McCorthy (Romford) Ltd. ond No. 15 stainless
steel needles were used. The syringes were calibrated to 0.06
ml and any necessary allownnce was made for the colibrated

0.15 ml volume of the needle and Luer fitting.

2. 24 Method for cleaning glassware

All glossware used in this work was made from Pyrex.
All vessels which come into contact with any of the reagents
used in kinetic experiments were cleaned by prolonged treat-
ment with concentrated nitric acid followed by rinsing with
deionised woter.

Glassware used for other purposes was cleaned with chromic
acid ond rinsed with distilled water. Where necessary,

glasswore wos finally dried with pure methanol.
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2.3 Experimental procedure 2.3

The experimental methods used to obtain kinetic curves
for the uptake of gas with time, and to sample the liquid
reagents, are reported in the following Sections. The appaor-
atus is described in Section 2.21, and the analytical tech-

niques are reported in Section 2.4.

2. 31 Starting exporimcnus

In order to decide upon a suitable technique for starting
kinetic runs, scvernl requirements hrd to be taken into account
besides the usucl need to bring the correct amounts of reagents
together at the right temperature and at a certain time.

Most people find ihe odour of thiols very unpleasant, and there
was. an obvious need to minimise the escape of thiol vapour.

The extreme sensitivity of the kinetics of thiol sutoxidation
to traces of metals and their sclts became apparent in the
earliest runs: it was therefore essential to minimise contam-
ination of this kind.

The procedure for starting kinetic runs was developed
progressively to satisfy these requirements, but it is proposed
to describe here only the technique finally developecd.

The reaction vessel was first demounted as described in
Section 2.211, and cleaned thoroughly by the methods given in
Section 2.24., It was finally rinsed with deionised water and
its taps refitied. It was then remounted and connected to the

working line. The vessel was pumped on until dry. At the
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same time the oil-bath thermostat was set to the tempera— 2. 31
ture required for the experiment.

With tap 4 closed (see.Fig. 3), the reaction
vessel was brought to atmospheric pressure by opening tap 3,
and the serum cap was removed. The appropriate volumes of
the reagent solutions were then measured into the reaction
vessel with pipettes, the order of admission being:

(1) deionised water, (2) standard metal salt solution,

(3) standard solution of complexing agent, (4) any other
additives, (5) standard alkali from stock. The final total
volume of the agueous solution was arranged usually to be

50 ml. Separate pipettes were used for the different reagents
in order to avoid contamination, and the pipettes were left

to stand in measuring cylinders filled with concentrated
nitric acid when not in use.

After admission of the aqueous reagents the serum cap
was replaced, and the air was displaced from the reaction
vessel by passing a stream of oxygen. The oxygen was first
passed through a bubbler attached to the sampling outlet of
the reaction vessel; and containing alkali at the same con-
centration and temperature as in the reaction vessel in order
to equalise the partial pressure of water vapour and to remove
any carbon dioxide. The gas passed through tap 3 into the
vessel, sweepirg the air out through taps 4 and 11, and

through taps 15 and 16 to the atmosphere.
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With the reaction vessel once more isolated, the 2.31
rest of the apparatus was pumped out. Oxygen (and nitrogen
when required) was introduced into the rest of the working
line to the required pressure. This was carried out as ~
described in Section 2.16, oxygen being fractionated direct
from the trap and nitrogen being passed from the storage
giobe through the same trap, which was cooled in liquid nit-
rogen. The reaction vessel was then opened to the working
line through tap 4 and the manostat was switched on., Taps
7, 11, and 12 were then closed and tap 6 was turned to connect
the electrolytic cell to the rear limb of the burette. The
working line was then left to settle down for as long as poss—
ible, generally 15-30 min.

With taps 4 and 5 closed, the reaction vessel was separ-
ated from the working line at the ground joint Z, and from
the shaker, and was transferred to a fume cupboard. The
required volume of thiol was then extracted from the storage
vessel and injected through the serum cap into the closed
reaction vessel which was immediately shaken manually to
dissolve the thiol in the alkali. The reaction vessel was
remounted on the shaker, connected to the working line through
the joint Z, which with taps 4 and 5 closed was pumped out
through tap 1l. Tap 11 was then closed and taps 4 and 5 opened,
and the shaker was switched on. Tap 10 was closed to isolate

the standard pressure in the manostat sensing cell, and this
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was taken as zero time, when readings commenced. 2. 32
Although the oxidation must have started as soon as the

thiol began to dissolve in the alkali, it was convenient to

take the end of the starting procedure as zero time., This

was generally about 2 min after injection of the thiol. In

any event it was not possible to take useful readings earlier

since the thiol was incompletely dissolved and its vapour

pressure not equilibriated.

20 32 Taking readings

In order to obtain a point on the graph of gas-uptake
versus time in visually observed runs, the gas burette had
to be read and the value corrected for any deviations from the
standard temperature and pressure. The set of necessary recad-
ings was carried out in the order:- (1) voth manometers to
give by difference the actual working-line pressure, the
service~line manometer being under vacuum; (2) gos burette;
(3) weter-tank temperature; (4) oil-bath temperature (as 2
check for constancy). Thesé sets of readings were made at
regular intervals as frequent as necessary to follow the gas
uptake accurately.

Corrected burctte readings were obtained by the method
described in Appendix 1. The volume of gas taken up under the
standard conditions was obtained by subtracting the corrected
burette readings from the value at the start of reaction,

j.e. at zero time.
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The uptoke wos finally expressed in either of two ways:

(a) o8 o percentage of the theorctical amount of oxygen re-
guired to oxidisc all thc thiol in the recaction vessel to
disulphide according to the cguation,

oSp + 1/2 HgO ;

(v) as the number of millimoles of oxygen consumed per litrc

RSH + 1/4 0, - 1/2 R

of reagent solution.

2¢ 33 Sampling the liguid during cexperiments

The provisions in the apparatus for sampling the rencting
liquid phase are dcscribed in Section 2, 211.

To corry out running sampling, the samplcer tube was first
cvacuated by connecting it at X (Figs. 2 and 3) to the pumping
line. Tap 4 was closed, the shaker stoppcd, aond the sampler
tube attached to the reaction viessel at Y. Taps 2 and 3 were
then opened, and tap 3 was closed as soon as all the sample had
passed over into the sampler tube, which was then detached.
The shaker was restarted, and tap 4 reopened.

In order to allow for the unavoidable loss of a small
quantity of gas from the working line, readings were taken
immediately before and after sampling, and the gas-uptake
figures corrected appropriately.

The sample was rinsed with distilled water from the
sampler tube into a bottle containing 20 ml carbon tetra-

chloride and tlie alkali was titrated as soon as possible to

minimise further oxidation (see Section 2.4).
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2o 34 Terminating experiments 2o B34

At the end of experiments tap 4 was closed, and the mano-
stat and thermostat were switched off. The reaction vessel
was disconnected at Z and demounted from the shaker, and its
contents taken for analysis (as in Section 2.35) or discarded
into a residues beaker containing chromic acid to destroy any
residual thiol.

The reaction vessel was cleaned in the manner described
in Section 2.24, being left to stand filled with concentrated

nitric acid until reQuired for the next experiment.

2e 35 Preparation of reaction products for anslysis

The procedure used to obtain samples for analysis from
oxidisging solutions was explained in Section 2.33. When the
whole of the product mixture was to be taken for analysis,
it was transferred from the reaction vessel to a hottle,
whence 2 ml samples were pipetted for titration of the alkali,
care being taken not to remove any of the floating disulphide.
The bulk of the mixture was then acidified and extracted twice
with 25 ml carbon tetrachloride. The phases were separated
after each extraction and the extracts (containing the thiol
and disulphide) were combined. 2 ml samples of the extract
were then analysed by the standard procedure (Section 2.42).

In the case of one analysis carried out on the reaction
products from thiophenol (Section 3.153), the mixture was

extracted twice with 25 ml carbon tetrachloride before
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neutralisation. The agueous phase was then acidified 2.4
and extracted twice again with 25 ml portions of carbon tetra-
chloride. The two extracts separately contained the disul-
phide and thiol respectively, and were sampled and analysed

by the standard procedure.

2.4 Analytical methods and procedure

2.41 Method
The method used for the quantitative estimation of thiols

and disulphides in the present work was chosen for its sim=-
plicity and convenience, and was based on standard tech-
niques?3’94’95 Use was made of the fact that, whereas iodine
oxidises alkanethiols quantitatively to the corresponding
disulphides, bromine oxidises both thiols and disulphides
to sulphonic gcids:

2RSH + I, (532) ~ R.S, + 2HI (2HBr) (1)

22

R282 + 5Br2 + 6H20 - ZRSO2

If any monosulphide is present it is also oxidised by the

OH + 1OHBr (2)

o + Hy0 = Ry80 + ZHBr (3)

Equations (2) and (3) show that monosulphide interferes with

bromine: RES + Br

the determination of disulphide only to the extent of one
fifth of its molar proportion in the mixture.

It was convenient to carry out these titrations with the
same standard solution of potassium bromate, in the presence

of excess iodide or bromide as appropriates
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Bro,~ + 6I" (6Br ) + 6H' = 3L, (8Br,) + Br~ + HO (4) 2.42
2,42 Procedure
Analyses for alkali, thiol, and disulphide were carried
out in three stages on the same sample:
(1) Titration with standard hydrochloric acid solution;
(2) Titration with standard bromate solution in the presence
of acid and excess iodide;
(3) Titration with standard bromate solution in the presence
of acid and excess bromide.
The details of these stages were as follows:
(1) The sample containing alkali, thiol, ard disulphide was
added to 20 ml cacsbon tetrachloride in a stoppered bottle.
The slkali was then titrated with standard acid: this served
to determine the approximate volume of each running sample,
or the actual alkali concentration in the case of measured
valumes of the product ligquid. Phenolphthalein was used as
the indicator since its colour did not interfere with the
next stage.
(2) The neutralised sample was acidified with about 5 ml
4N hydrochloric acid, and 20 ml of O.5M potassium iodide
solution were added. The mixture was titrated with approx-
imately 0. 025M standard}bromate solution until the persistence
after shaking of a faint iodine colour in the carbon tetra-
chloride layer indicated complete oxidation of the thiol.

The two liquid phases were then sepasrated in a funnel,
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and the agqueous phase was washed with 20 ml carbon tetrae 2.4%
chloride, The layers were again separated, and the carbon
tetrachloride soiutions, combined in a stoppered bottle,
were subjected to the third stage of analysis.
(3) To the carbon tetrachloride solution, now containing
dissolved disulphide, were added 20 ml water, 5 ml 4N hydro-
chloric acid, and 20 ml of 4M potassium bromide solutions
The mixture was then titrated with the same standard bromate
solution as in stage (2) until the yellow colour of free
bromine persisted in the non-aqueous layer. The bromine-
disulphide reaction was rather slow, and was assisted by
slight warming. The end-point could be accurastely determined
provided that the bromate was added in small portions and the
bromine was consumed between each addition. This minimised
the loss of bromine as vapour and in side-reactions (bromin~-
ations). A single titration required 10-20 min. The end-
point was more easily detected in the presence of a little
free iodine (that from stage (2) was generally sufficient),
gince excess bromine decolorised the latter with the forma-
tion of interhalogen compounds.

It was found that vigorous shaking to ensure thorough
mixing of the phases increased the rapidity and precision of

all three titrations.
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2.43 Trials 2,43

Trials of the above method were carried out on standard
thiol-disulphide solutions. In one of these, a solution was
made up containing 0,74 ml ethanethiol (EtSH) and 0.62 ml
diethyl disulphide (Etzsz) in 20 ml carbon tetrachloride.
When 2 ml of this solution were added to 18 ml carbon tetra-
chloride and 20 ml water, the resulting mixture was similar
to the mixtures obtained at the start of the second stage of
analysis of samples withdrawn during oxidation experiments,
being equivalent to a reagent solution containing O.50M BtSH
and 0, 25M Et,.S

oSge The results in Table 4 are expressed in

tzrms of this equivalent reagent solution,

Table 4. Trial of procedure for analysis of thiols and

disulphides.
Sample EtSH molarity Total Etagg,molarity Actual Et2§2 molarity
NC. made found made found made found
1 2 3 4 5 6 7
1 0.50 0,50 0.50  0.50 0.25  0.25
2 0. 50 0. 51 0. 50 0.48 0.25 0. 22
3 0. 60 0. 49 0. 50 0. 49 0. 25 0. 25

Columns 4 and 5 give the figures for the total Et282 as
analysed in stage (8) (see above), and these include disul-
phide derived from oxidation of the thiol in the sample in

stage (2), while columns 6 and 7 give the Et28 molarity

2
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present originally in the sample, and were obtained by e 44
subtracting half the thiol molarity from the total disulphide
molarity of columns 4 and 5.

In these results the scatter is probably due mainly
to the uncertainty in pipetting 2 ml of carbon tetrachloride
solutior. These figures and other results showed that the
method was adequate for the present purpose, since errors of
5% were acceptable in running analyses of small samples. The
accuracy of the method using larger samples was even better,
The tendency for the disulphide titres to be low, noted by
Siggia and EdSberg?4-was not observed in these tests.

In some early aralyses thiol alone was titirated with
standard iodine solution?3 This method worked most satis-
factorily, but was gbandoned in favour of the more convenient

bromate method.

2. 44 Reduction of disulphides

Some experiments were carried out to determine whether
disulphides could be simply and quentitatively reduced to
thiols, since this would avoid the possible interference of
monosulphides. The quantitative reduction of disulphldes by
zinc amalgam and dilute acid in the Jones' reductor has been
described?6 Owing to the volatility of free ethanethiol it
was preferable to reduce it in alkaline media. Zinc dust,
amalzamated zinc, and hydroxylamine were each tried, the

reduced @isulphide being estimated as thiol with standard
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iodine solution. No satisfactory method was found, and 2.5
the attempts were abandoned when there were other reasons to
believe that the amounts of monosulphide formed in the oxid-

ation of ethanethiol were negligible (Section 3.131).

2.5 Efficiency of shaker

In measuring rates of consumption of oxygen by agqueous
reagent solutions it is obviously important to know the
limiting conditions under which the liquid phase ceases to be
saturated with oxygen and diffusion affects the measured rate.
This limit is determined by the pressure and solubility of
the gas, the rate of the chemical reaction, the geometry of
the reaction vessei, and the efficiency of the shaking.

In the present work the rate of shaking could be control-
led by a shunting rheostat on the shaker motor, which had
ten settings. Tests for diffusion control of rate were carried.
out on the fast zero-order copper-catalysed thiol oxidations
(Section 3.22), by measuring the rate of gas uptake at the
normal (no. 6) and maximum (no. 10) settings of the rate of
shaking. Although the shaking rate was thereby increased only
from 330-350 to 360-400 c.p.m., the increase in violence was
such that the risk of fracturing the apparatus made continu-
ous operation at the higher settings inadvisable. The use of
different volumes of liquid provided another method of testing
for diffusion control. These tests showed the upper limit

at which the rate of consumption of oxygen ceased to be
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wholly chemically controlled. The important results 2¢ 5
are gathered in Table 5.

The results show that the surface/volume ratio was not
alone responsible for the limit for diffusion control of rate,
for the sméll increase in the ratio from vessels 2 to 3 raised
the limiting rate from about 0,35 to over 0.9 mmole Oz/ml/min.
Evidently the mixing in vessel 3 was much better than in
vessel 2. Vessel 3 was the final version, described in
Section 2.211%, with which most of the important results were
obtained. Results in which diffusion control was operative

are 80 noted as they arise in the following Sections.
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2.0
Table 5. Efficiency of shaking: dependence of measured
reaction rates on surface/volume ratio (S/V) and total volume

of aqueous phase and rate of shaking.

Reaction Total Reagent concns., Slow shake Fast shake
vessel 1liqui@ [RSH]  [Cu®']  Shake Reac- Shake Reac~-
geometry volume S/V [NaOH] Py rate tion rate tion
(r=radius 2 ( rate/ ( rate/
) -1 , mmole mmole
in cm) (ml) (em ~)(M) (M) (M) (cm)(cpm) lfmin)(CPm) 1/min)
(1) MeSH
Vertical 20 0.35 0,70 1.54 - 55 365 0,53 - -
cylinder 30 0.24 0.65 1.54 - 76 405 O, 734 - -
r =1.,5 40 0.18 0.70 1.54 =~ 76 375 0. 30 - -
(2) EtSH
30 0.65 0c5 2.00 10™° 68 335 0.83 400 1.35
Sphere 30 0.65 0.5 2.00 10°° 68 345 0.44 395 O.54
r=2.5 50 0.35 0.5 2.0010°° 67 - = 380 0,39
30 0.65 0.5 2.00 5x107767 340 0.35 400 O.35
(3) EtSH
Flattened -5
ephere: 50 0.70 0.5 2.0 10 69 345 0,92 365 0.91
equatorial

r = 3.8
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3 RESULTS 3

3.0 Notes on the presentation of results

(a) The rates of nominally uncatalysed reactions were repro-
ducible only within fairly wide limits, and any inconsistencies
between data 'in” the..following Figures and Tables are due to
this. The results quoted for comparison with experiments with
additives were obtained so far as possible under the most com-
parable conditions - generally with samples from the same
batches of reagents.

(b) Reagent concentraticns given in the Figures and Tables
are initial values unless otherwise indicated. Values of the
oxygen pnressure given in captions zre mean values for the
series of experiments. There were slight differences from

run to run due to the difficulty in adjusting the preasure
exactly to the required value, but actual pressures were within
2 cm of the mesan.

(c) Reaction rates are normally expressed as rates of con-
sumption of oxygen per nnit volume of solution, viz. mmole 02
per litre per min., and the term 'rate' used without qualifica-
tion referd to this.

(&) Rate constants are written as k or k' with the reaction
order in thiol as a subscript. k is not an =bsolute rate
constant, and includes one or more constant concentration
terms, such as those for oxygen or metal ions. The true rate

constants are written as k', and these nominglly exclude any
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reagent concentration terms. 3¢l

(e) E,o and E_; represent the energy of activation for
rcactions which are respectively zero and first order in the

thiol concentration.

3.1 Oxidation of thiols in the absence of added metal srlts

3,11 Oxidation of methanethiol

Some early experiments were carried out with methanethiol,
and few of the refinements in the technique described in
Section 2 were used. The oxygen-uptake increased linearly with

time, and some results are given in Table 6.

Table 6. Oxidation of methanethiol. 30°C.

MeSH NaOH Oxygen Shaking Vol. Reaction Final
concn. concn. pressure rate of rate oxygen

soln. (mmole 0, uptake

(M) (M) (em) (eepem) _(ml)  /1/min)® (%_theord)

0.70 1. 54 55 365 20 0. 585 88
0.70 1. 54 76 375 40 0. 30 98
0. 65 1.54 76 405 30 0. 34 102

a - 100% is uptake required for oxidation of thiol to disulphide.

Titration with stondard iodine solution showed the final

thiol concentration to be { 1% of the initial values.
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Be 12 Preliminary work on the oxidation of ethanethiol 3.1%

Considerable difficulty was experienced in obtaining
reproducible kinetics of oxidation in early experiments, and
technical refinements were made progressively to reduce the
possibility of contamination of the reagents, especially by
metal ions. The results of a number of experiments, carried
out under nominally similar conditions, but separazted in time,
are shown in Table 7. The final oxygen uptake in Run 22,
which was followed to completion, was 110% of the theoretical

requirement for oxidation of thiol to disulphide.

Teble 7. Oxidation of ethanethiol: effect of progressive

technical refinements on the steady rate of oxygen uptake.

0.5 M EtSH.
Run no. NaOH concn. Oxygen Temperature Rate
pressure (mmole 0,
(M) (cm) (°c) /1/min)
22 1,00 74 30. 1 0.45
48 2. 04 67 30. 3 0. 182
93 2. 04 67 30.0 0. 104
123 2. 00 72 30.0 0. 052

160 2.0 71 29.9 0. 050
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3,13 Later work on the oxidation of ethanethiol 3. 13

The following results were obtained after refinements in
technique had reduced the rates of uncatalysed oxidation to

the lower levels in Table 7.

3. 131 Stoichiometry

Fifteen uncatalysed oxidations of ethanethiol were fol-
loweé& to completion, i.e. until there was no significant i1uar-
ther uptake of gas for 15 min. In Table 8 the values of the
total oxygen consumption are expressed as percentages of that
required for oxidation of the thiol to disulphide, according
to the equation:

4EtSH + 05 = 2Et282 + 2H20 (1)

The stoichiometry was further examined by the analysis
of samples withdrawn from oxidising solutions, and of some
solutions in which the oxidation had gone to completion.

In an early series of experiments samples token from the
oxidising solutions were analysed for their thiol content.
The consumption of thiol and that .of oxygen are compared on
the kinetic curves reproduced in Fig., 6. The conclusion from
these two experiments, viz. that the stoichiometry of equation
(1) is closely followed at all stages of oxidation, was sup-
ported by the results of nine other similar experiments.

The samples in these experiments were withdrawn through the

dipping tube described in Section 2.211.
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Table 8. Oxidation of ethanethiol: stoichiometry of 3.1&

oxygen uptake. 74 cn O, 30°C. x
NaCH EtSH Final
concentration concentration oxygen ugtake
(M) (™) %)
0. 4 0. 29 107
0.5 0., 30 103
0.5 0, 31 104
0.5 0. 36 100
0.9 0. 64 102
1.0 0.14 99
1.0 0. 19 89
1.0 0. 30 100
1.0 0. 45 95
1.0 0.60 90
1.0 0. 80 90
2.0 0. 35 105
2.0 0, 52 113
2.0 0. 55 102
2,0 0.60 113

a - 100% is oxygen uptake reguired for oxidation of
thiol to disulphide.
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Fig. 6. Oxidation of ethanethiol: stoichiometric
relationship between oxygen uptake and decrease in
thiol concentration. 75 cm 0j5, 30°C.

A - 0.36 M EtSH, 0.5 I NaOH
B - 0.46 M EtSH, 1.0 M NaOH

A0 - Oxygen uptake: 100% is theoretical for stoichiometry:
4 BtSH +, 0y = 2 .Et S, + 2 H0
AQO - EtSH concentration
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Further experiments were carried out using the cup- 5. 13
sampler also described in Section 2.211, the analyses being
extended to include both thiol and disulphide. The results
of three experiments are shown in Table 9. The table also
shows the results obtained from analyses of the whole product
mixture, Iurther detzils of these and a number of other experi-
ments are given in Table 10, in which the last three columns
of Table 8 have become columns 5, 6, ond 7. In column 8
the disulphide is related to the oxygen uptake, while in
column 11 the decrense in alkali 1s correlated with the defi-
cit of disulphide in the products.

The results show that at all steoges the main reaction was
the oxidation of thiol to disulphide, but the deficiency of
disulphide in the products increased with time and was greater
in the presence of more concentrated alkali. There was a
slight decrease in the alkali concentration, but correlation
between this and the disulphide deficit was uncertain; how-
ever, the formation of acids as minor oxidation products ap-

pears to be indicated.

3. 132 Effect of oxygen pressure

An early series of six experiments with ethanethiol in
sodium hydroxide solution was carried out using from 5 to 62
cm oxygen made up with nitrogen to about 63 cm total pressure.
The results are given in Table 1ll. In the experiments with the

lowest partial pressures of oxygen the oxidation did not go to
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Table 9. Oxidation of ethanethiol: results of sample 3. 152

analyses for thiol and disulphide.

Conditions Time Sample 02 uptake EtSH Et,S
volume a consumed roaugeda
(min) (m1) (% theor. ){(% init.) i% theor. )

0 0. 68 0 0 0

0. 30M EtSH
20 0. 67 18 10 7

1.0 M NaOH
60 0. 85 44 26 2%

74 cm 02
90 0.49 60 42 40
30, 2°C

120 0. 58 72 61 53
1200 b 89 98 89
0 - 0 - -
5 0.94 3 1 2
60 0. 57 24 4 0

0.80M EtSH
90 0. 61 32 24 27

1.0 M NaO1
120 0.45 39 42 42

74 cnm 02
150 0. 30 44 42 < an
30. 0°C

180 0, 36 48 40 35
210 0.45 52 51 42
1230 0,33 90 08 46
1490 0, 35 90 98 56
1490 b 20 100 92

a - 100% is theoretical uptake and yield for oxidation of
thiol to disulphide.
b - Entire product mixture taken for analysis.

Table 9 is continued overleaf.



91

3. 131
Table 9. (continued)
Conditions Time - Sample 02 uptake EtSH
volume consumed Eyo&uge
(pin) (ml) (% theord) (% init.) (% theor.)
0 - 0 0 0
5 0. 27 2 0 -
15 0. 56 4 3 -9
0. 55M EtSH
30 1.06 10 12 0
2.0 M NaOH
50 0. 38 15 11 6
74 cm 02
70 0, 35 21 3 12
30.0°C
a0 0. 55 25 20 21
132 0.70 33 a7 15
150 0.48 37 32 {46
1190 0. 50 101 9l 48
1270 0,40 102 98 52
1340 b 102 - 73

a - 100% is theoretical uptake and yield for oxidation of
thiol to disulphide.

b - Entire product mixture taken for analysis.



Table 10, Oxidation of ethanethiol: stoichiometry. 74 cm Og.

2
Initialk Temp. Reactn. 0 EtSH . Et.S NaOB
cCOncns. time uptaﬁe consumed prodiiced consuned
EtSH NaOH anai§sis (% theor. % theor. % theor. Concn. % of lMole %
on init. (% of on init. on O decrease init. of Et.S
(1) (1) (°¢)  (min) FEtSH) _ init.) _ BiSH  _upta¥e _ (M) concn. deficit
L 2 3 4 2 6 x 8 2 10 11
0.30 0,994 30.2 1200 89 98 89 100 0. 036 3.6 180
0.45 0,995 &0.1%L 1560 95 99,3 85 90 0. 021 2.1 60
0.60 0,999 50.1 5000 90 >99.5 74 82 0.030 &0 38
0.80 0,995 56.0 1490 90 100 92 102 0. 035 3.5 175
0.55 2,049 0.1 6000 106 99.7 69 65 0.096 4.7 167
0.50 2.00 0.0 1170 57 47 35 61 a a a
0.52 1.958 54,7 1530 113 a 84 'y 0. 067 Be 167
0.55 1.994 30.0 1340 102 a 73 e 0.052 2.6 110

a - Residue not determined.

36



Table 11, Oxidation of ethanethiol: effect of partial
pressure of oxygen. 0.50 M EtSH, 2.0 M NaOH, 30°C.

Oxygen Total Initial Final
pressure pressure rate ptake
(cm) (cm) (mmole/l[mln)([ktheor.)
5 63 0, 038 9
14 64 0. 064 18
15 63 0.115 -
23 64 0. 237 30
37 €3 0. 096 -
62 62 0. 226 -

a - 100% is theoretical for oxidation of thiol to disulphide.
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completion owing to lack of oxygen. 3.133

The rates were not very reproducible, but evidently
increased with the oxygen pressure.

A later series of experiments was carried out when uncata-
lysed rates were generally lower and more reproducible: oxy=-
gen pressures from 13 to 71 cm were used without diluent nitro-
gen. These reactions were followed only long enough for
steady rates of oxygen uptake to be established and measured.
The results are shown in Fig. 7. There was g linear depend-
ence of rate on the oxygen pressure, but the graph does not
pass through the origin: with the lowest oxyzen pressure,

13 cm, a steady increase in the gnas-phase volume was observed.

36133 Iffect of ethanethiol concentration

A series of experiments was carried out with ethanesthiol
concentrations from 0.1 t0 1.0 M in 2.0 M sodium hydroxide.
The resulting kinetic curves are shown in Fig. 8. The slower
reactions commence with an apparent induction period, and
this was generally observed in the slower oxidations. The
rate then rapidly reached a maximum, and subgcquently decreased
g8lightly until a constant zero-order rate was established and
the graphs were straight lines. The general shape of these
curves was supported by the full oxygen-uptske curves for two
experiments which were followed for long reaction times, one
of them to completion: these are shown in Iig. 9.

In order to investigate the kinetics of the reaction in
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the early part of the oxidation, graphs of -loglo[EtSH] 3, 13%
versus time were plotted for the runs shown in Fig. 8, the
thiol concentrations being obtained from the oxygen consump-
tion, assuming the 1:4 (oxygen:thiol) stoichiometric ratio.
The resulting graphs were nearly all straight lines (especial-
1y when their curvature was compared with that of a typicsl
zero-order curve), and provided values of the first-order rate
constant for the early part of the oxidation (i.e. initial k)
shown in Table 12. The Table also shows the values of the
initial (post-induction period) and steady (zero-order) rates,
and these are plotted against the initial thiol concentrations
in Fig. 10.

The general conclusion from these results, that the kin-
etics may be first--order in thiol near the start of reaction
but soon becames zero--order, was supported by the kinetic
curves from a large number of other experiments in which these
points were not explicitly under consideration.

The rate constant for the early part of the reaction was

l, which includes the oxygen concentration term.

k, » 10 °min”
Taking the Bunsen absorption coefficient & as 0,0114 and the
oxygen partial pressure as 70-15=55 cm (the 15 cm being the
apparent pressure for which zero rate of reaction was obtained,
qeV. Section 3,132), the true first order rate constant was

k] » 4.5 x 10™°L.mole "sec”™" in 2 M sodium hydroxide at 30°C,

the rate equation being:
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Table 12. Oxidation of ethanethiol: rates of reaction 3. 132
and initial first-order rate constants from experiments with

various initial thiol concentrations. 2.0 M NaOH, 70 cm O

29
30°C.
Initial Reaction rates (mmole/l/min) Initial
thiol ) - _ k). X 105
concn. initial steady ratio =
(M) (min~ Y _
0.1 ~0. 035 0. 020 1.7 1.12
0.2 0.047% 0. 047 1.0 1.10
0.4 0.108 0. 072 1.5 0.79
0.5 0.074 0.052 1.4 0. 50
0.5 0.104% 0.104 1.0 0.90
0.6 0.146 0.111 1.3 0. 88
0.6 0. 22 0.144 1.5 1.18
1.0 0. 29 0.142 2.0 1.13"

a - Apparent zero-order reaction from start: kl for compari-

son only.

b - k; decreasing to 0.72 x 1073,
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3. 13C

_'QL%%§EJ = k, [EtsH] = k}[0,][BtsH] (1)

For the steady zero-order reaction at the higher thiol con-

versions, the oxygen uptake rate was roughly 0.1 mmole/l/min,

and hence kj » 1.8 x 1072 sec"l, where:
- SLZtell o 49%%21 = ky = k4[0,][EtsH]° (11)

Se 134 Effect of source, nature, and concentration of alxali

A series of experiments was made using ethanethiol in
aqueous solutions of sodium and potassium hydroxides. Two
samples of each hydroxide - from the 'AnalaR' and 'Judactan'
branded reagents -~ were used. The gas uptake was fcollowed
until the definite steady (zero-order) rate had been establish-
ed and measured: this was generally about 200 min. The rates
of oxidation were corrected for the different solubilities
of oxygen in the various concentrations of alkall by dividing
by the Bunsen sbsorption coefficient « (see Appendix 4).

The results are given in Pig., 1ll. The corrected rates increas-
ed rather more than iinearly with the alkalil concentration,
potassium hydroxide giving slightly higher rates than sodium
hydroxide.

Be 135 Effect of temperature

The temperature coefficient of the rate of reaction was
determined by increasing the temperature stepwise from 30 to

40 and 50°C, allowing sufficient time at each temperature for
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the steady rate to be established and measured. The B¢ 13E
kinetic curves are shown im Fig. 12. The straight-line sec~-
tichs of these curves are joined sometimes by slight discon-
tinuities, due to readjustment of gas and vapour pressures

in the reaction vessel.

The zero-order rates of reaction, r, obtained from these
curves were corrected for changes in oxygen solubility (qeve
Section 3.134), and the values of 1oglo(rﬂx) plotted against
1/T, as shown in Fig. 13. The best straight line through
these points gives the following values for the zero-order
energy of activation:

0.€ M NaOH, Ea = 16,6 kecal/mole

0

2.0 M NaOH, E_4 = 16.4 kcsl/mole

The mean value of Eo = 16.5 kcal/mole, taken with the value

2 gec™t (Section 3.133) and the Arrhenius

of k) = 1.8 x 10~
equation: k) = AOQTEaO/RT (1i1)

gives a value of Ay = 1020 PgecL.

5. 136 IEffect of added diethyl disulphide

The kinetic curve for an experiment to which 0.5 M 4i-
ethyl disulphide was added is shown in I'ig. 14, together with
those for a similar experiment with an additional 0.1 M
ethylenediamine, and corresponding experiments without added
disulphide. The Figure also shows the curve obtained for a
run carried out with 0.5 M disulphide in the absence of thiol.

The consumption of oxygen was negligible even after 1260 min,
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when the solution was analysed: the decrease in the 3. 137
disulphide concentration was 0,027 M (11%) and in the alkeli

was 0.08 M (4%).

3. 137 Effect of ethylenediamine

The effect of 10 %

M ethylenediamine (en) is shown in
Table 13, which gives the results of experiments with pure
and impure samples of thiol. The diamine reduced the higher

rate but increased the lower.

Table 13. Oxidation of ethanethiol: effect of added

ethylenediamine. 0.5 M EtSH, 2.0 M NaOH, 70 2m 02, 30°C.
Ethanethiol en concn. Rate
sample (M) (mmole/1/min)

. 0 0. 050
Distilled 1

10 0. 065

0 0, 206
Undistilled 1

10 0,114

A further experiment was conducted with 0.2 M en, the
temperature being increased stepwise. The rates were cor-
rected for oxygen solubility, and the values of loglo(rﬁm)
are plotted against 1/T to give curve A in Fig. 15. The re-
sulting graph is markedly curved, and as the oxygen-uptake
versus time plots also had shown slight curvaturd, indicating
possible first—order kinetics, the oxygen consumption was con-

verted to equivalent thiol concentrations, a graph of
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loglo[EtSH] versus time constructed, and values of kq 3. 18¢
obtained for each temperature. These were corrected for
oxygen solubility and the values of 1oglo(klﬂx) are plotted
against 1/T as curve B in Fig. 15. The best straight lines
through the points on curves A and B gave the following
values for the zero~ and first~order activation energies:

Curve A, E 4 = 11.4 kcal/mole

Curve B, E_; = 15.0 kcal/mole

3. 138 Effect of ethylenediaminetetracetic acid

The oxidation of ethanethiol was studied in a series of

1

experiments in which from 1079 0 207+ 1 ethylenediamine-

tetracetic acid (EDTA) wae added to the reagents. The kin-

etic curves are shown in Fig. 16, The two runs with 10-1 M

EDTA were from different series of experiments. Fig., 16

1 1

also shows a run with 10 — M EDTA and 10~ M en. The reactinn

rates are detailed in Table 14.

1 M EDTA was followed to

One of the experiments with 10~
completion (1230 min) and the oxygen uptake was 118% of theor-—

etical for conversion of thiol to disulphide.

3. 139 Lffect of cyanide

Two experiments were made with ethanethiol in the presence
of 0,25 M potassium cyanide. In the second of these the temp-
erature was increased stepwise from 30.0 to 51.3°C. Both
zero-order and first-order data were calculated for the reason

given in Section 3.137. The results and values of the
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Table 14. Oxidation of ethanethiol: effect of EDTA. 3,100
0.5 M EtSH, 2.0 M NaOH, 69 cm Oy, 30°C.
EDTA Rate (mmole/1/min)
co?ﬁ?. initial steady
0 0,10 0. 059
10™3 0 21 04 200
10~2 0.14 0.107
1074 0. 20 0.122
107L @ 0. 11 0, 078

a = plus 107t M en.

Table 15. Oxidation of ethanethiol: effect of added

potassium cyanide. 0.5 M EtSH, 2.0 M NaOH, 71 cm 02.
- 3

KCN  Temp. Rate=r r/0\ B k. x10 k./& B

concn. (mmole (mmole a0 1 1 al

(W) _(°¢) _/i/min) /1/min(kcal/moie)(min”)mifi~Nkeal/mole)
0 30  0.12 10.5

0. 25 30 {0,015 <1.3

30, O 0. 069 6.05 0, 51 0.045
, 17.4 20.4

O. 25,"; 42.4 0.18 18.9 1.6 0.170
t 18,0 21.0
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activation energy are shown in Table 15. The discrepancy Be 140
between the two rates at 30°C is remarkable, and is due to
the trend towards higher rates with successive experiments
with added cyanide: this is shown in greater detail in
Table 26 in Section 3. 2217.
The last experiment in Table 15 was continued at +
50°C for a total reaction time of about 1285 min, when the
oxygen uptake was 191% of theoretical for oxidation of the thiel
to disulphide. The consumption of oxygen had not ceased at
this time, and over the final 148 min the mean rate was
0.066 mmole/1l/min, or about 20% of the initial rate at this

temperature.

Ge 140 Effect of di-t-butyl peroxide and of diphenylamine

Experiments were conducted with ethanethiol in the pres-
ence of 0.05 M di-t-butyl peroxide and of 0.1 M diphenylamine.
In a further experiment both 0.05 M peroxide and 0.1 M ethyl-
enediamine were added. The results are shown in ¥Fig. 17,

which includes for comparison an experiment without additives.

4,15 Comparison of different thliols

Comparative oxidation experiments were carried out on a
series of different thiols in the absence and presence of
ethylenediamine. The oxygen-uptake versus time curves are
shown in Figs. 18 and 19, and the rates are compared in
Teble 16. In the case of the slow reactions with t-butanethiol

and thiophenol, measurements were not made during the middle



30

25

gen uptake (mmole/1)
- 2
o O

=
@]

Oxy

time (min)

- Pig, 1%, Oxidation of ethanethiol: effect of addec
di-t-butyl peroxide and diphenylamine. 0,5 i EtSH,

2.0 ¥ NaOH, 72 cm O,y 30°C; A - C.05 M tBug0,; B - O.1 M
PhydH; C - 0.05 M tBu Oy + 0.1 M en; D - no“zfditives.



B e L R . oS R ek s B s s e T TR R e el e e W

30
nhex
PrCH
nBu 2
20
-~
3
é Bt
0 10
E \
. BBu
B e ==
& Ph
&0
]
0 m— I T B R
] : i 1
0 100 200 300

time (min)
Fig: 18 Oxidation of verious thiols.. 0.5 ¥ RSH,
2.0 M NaOH, 70 cm O,; 30°C. oy



30

Lay)
o

Oxygen ’Lrptake (mmole/1)

115

time (min) = -

Pig. 19. Oxidation of various thiols in \pre\sence of
ethylenediamine. 0.5 M RSH, 2.0 M NaOH, 70 cm 02, 30°C;
0.1 M en except Ph and PhCH2 0.2 M.

300



116

Table 16. Rates of oxidation of varicus thiols in the 3415

absence of additives and the presence of ethylenediamine.

0.5 M RSH, 2.0 M MaOH, 70 cm O,, 30°C.
No zdditives Ethylenediamine present
Ihiol :
Rate (mmole/1/min) En concn. (M) Rate (mmole/l/min;
EtSH 0. 052 0.1 0. 065
n-BuSH 0.10 0.1 0.119
n-HexSH 0. 166 0.1 0.129
t-BuSH 0. 0062 0.1 0,013°
PhSH 0. 0289 0.2 0,011
PhCH,SH 0. 0859 0.2 0.11

a — Rate near start of reaction ~ 0.14 mmole/l/min (Fig. 18).

0. 03 mmole/1/min (Fig. 19).

P24

b -« Rate near start of reaction

Table 17. Oxidation of t-butanethiol: effect of temperature.-

0.5 M t-BuSH, 2,0 M NaOH, 72 cm O

2.
a
Temp, Rate = r /X an
(°0) (mmole/1/min) (mmole/1/min) (kcals/mole)
30.4 0, 006 0. 535
22¢.5
40.4 0, 017 1.747
32. 1
51.3 0. 080 g9.52

a = » 1s the Bunsen absorption coefficient for oxygen in

alkali.
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stage of the oxidation. The broken lines for t-butanethiol 3,1&
on Figs. 18 and 19 and for thiophenol on Fig. 19 are inter-
polated from oxygen-uptake rcadings of 14.0 mmole/l at 1100

min, 16.5 mmole/1l at 1225 min, and 124 mmole/1 in 1035 min
respectively, and the rates shown in Table 16 are mean values

over these periogds.

3,151 n-Hexanethiol

The experiment with n-hexanethiol in the presence of
0.1 M ethylenediamine, the start of which is shown on Fig. 19,
was allowed to contimue for two days. The full kinetic curve
is given in Fig. 20. The three periods over which readings
were made are shown as full lines, the intervening periods by
broken lines which must be regarded as conjectural. The mean
rates for the three periods were 0.129, 0.043, and 0,021
mmole/1l/min respectively. The highest measured uptake was
155.7 mmole/l or 124% of theoretical for oxidation of the
thiol to disulphide.

3.152 t-Butanethiol

The experiment with t-butanethiol whose kinetic curve is
plotted in Fig., 18 was continued for 1480 min with stepwise
increase in temperature to 51.3°C. The oxygen-uptake versus
time curve had straight-line sections joined by slight dis-
continuities, similar to those in Fig. 1l2. The rates of reac-
tion and.the derived energies of activation are given in

Table 17.
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Attempts to analyse the product mixture by the ~5.152".
standard procedure (Section 2.42) were unsuccessful owing to |
the formation of the red sulphenyl iodide in the non-aqueous
phase7, the iodine and bromine titres being the same: the

former was twice that expected, and the latter two~fifths.

3« 153 Thionhenol

The two experiments with thiophenol whose kinetic curves
were given in Figs. 18 and 19 were both continued with a
gsingle stepped increase in temperature from 30 to 40°C.
The zero-order rates and energies of activation are shown in
Table 18. The final products from the incomplete ovxidstdon
in the second of these experiments were analysed as described
in Section 2.42. The results are shown in Table 19. While
the titration-of thiol with iodine appears to have been normal,
no disulphidec was found by titration with bromine in the next

stage.

3.2 Oxidation of thiols in the presence of added metal salts

As with the uncatalysed oxidation of thiols, most of
the work on metal-ion~catalysed reactions was carried out with
ethanethiol, and the effect of the seslts of five metals was
studied. The effect of copper and cobalt sulphates was examined

in some detail.
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3,153
Table 18. Oxidation of thiophenol: effect of temperature.
0.5 M PhSH, 2.0 M NaOH, 70 cm O

2'
Ethylenediamine Temp. Rate = p r/ck E.o
concentration
Qo (°c) {(mmole/1/min) (mmole/1/min) (kcals/mole)
30.0 0. 029 2. 55
0 23.6
40,0 0. 086 8:80
30.4 0.012 1. 07
0.2 20.4
40, 5 0, 031 3. 17

Table 19, Oxidation of thiophenol: product analyses.

0.5 M PhSH, 2.0 M NaOH, 0.2 M en, 70 cm Og; 30.4°C (0-1040 min),
40, 5°C (1040~1300 min). Analysis at 1300 min, when oxygen
uptake 15.7% of theoretical for oxidation of thiol to disulphide.

Extract Thiophenol concn, (M) Total disulphide conenf (M)

1O« Expected Found Expected Found
1 0 0 0. 037 < 0.04
2 0.425 0,455 0,212 0

8 - Total disulphide includes both reaction product and

disulphide from thiol titration (if any).
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3.21 Effect of added metal sslts on ethanethiol oxidation 3.21

The oxidation of ethanethiol was carried out in the pre-
sence of the ions of five metals, viz. copper, cobalt, iron,
manganese, and chromium, added as sulphates over wide ranges

SM ana 10™°M

of concentration. The effect of the ions at 10~
in 2.0 M sodium hydroxide solution are shown in Fig. 21.
The order of catalytic effectiveness and the shape of the
uptake curves were confirmed in a similar series of experi-

ments with 0.6 M alkali.

3. 22 Bffect of added copper sulphate on the oxidation of thiols

The effect of 10 °M copper sulphate on the oxidation of
six thiols is shown in Fig. 22. The rates are compared with
those for the correspording reactions in the absence of
copper sulphate in Table 20.

E:amieaéinn:nf_Ehe final section of the curve for hexane-

3

thiol was found to be first order in thiol with k., = 7.7 x 10~

.=l
min .

1

Table 20. Effect of 10-5M CuEO4 on rates of oxidation of thiols

0.5 M RSH, 2.0 M NaOH, 70 cm 02, 30°C.
Thiol CuSO4 absent CuSO4 present Rate
Rate (mmole/1l/min)Rate (mmole/1/min) ratio
EtSH 0, 070 1.10 16
n-~-BuSH 0.10 0.995 10
n-~-HexSH 0. 166 1. 38 B. 3
t-BuSH 0. 006 0. 099 16
PnSH 0, 029 0. 07 2.4
PhCH_.SH 0, 0859 0. 55 6.4

2
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3. 221 Oxidation of ethanethiol in the presence of Q. 221

added copper sulphate

Graphs of oxygen-uptake versus time for two series of
experiments with different concentrations of sodium hydroxide
are reproduced in Pigs. 23 and 24. The dependence of the
rate of reaction upon the copper concentration is expressed
graphically in Fig. 25. The various curves on the latter
I'igure are discussed in Sectione 3.2212 and 4.21.

N

The product mixture from the single experiment with 10~
CuSO4 was observed to contain = considerable quantity of a

brown precipitate whose nature was not determined.

3. 2211 Stoichiometry

The effect of coprer sulphate was studied mainly from
the kinetic viewpoint, and stoichiometric evidence consists
chiefly of the final consumption of oxygen in reactions which
were followed to completion. The results are given in Table

2l.

3. 2212 Effect of concentration of added copper sulphate

and of sodium hydroxide

The effect of the concentration of added copper was
shown by the uptake curves in Figs. 23 and 24, and more
exactly in 1'ig. 25, in which the results of a number of sets
of experiments have been plotted. The rates are shown as

values of r/N, i.e. they have been corrected for variations
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Table Zl. Oxidation of ethanethiol in presence of added  3.221°

copper sulphate: final oxygen uptake in completed reactions.’

0.5 M EtSH, 68 cm 02, 30°C.

CusSo NaOH en EDTA Pinal oxygen
conc%. concn. concn. concn. uptakg
_(m) (M) () () . (% _theor.”)

107° 0.6 - - 90

1078 1.0 - - 93
2x10™° 1.0 - - 100

107° 2.0 - - 103, 101°, 112°

1074 2.0 - - 95

107° 2.0 - - 96

1072 2.0 - - 92

107° 2.0 0.1 - 102

107° 2.0 - 107° 107

107° 2.0 - 1074 115

107° 2.0 - 107° 111

107° 2.0 - 0.5 106

107° ¢ 2.0 - 107° ¢ 109

a - 100% is theoretical uptake for oxidation of thiol to
disulphide.

b -~ Stepwise reduction in 02 pressure from 72 to 60 cm.

¢ - Stepwise reductionlin O2 pressure from 49 to 34 cm.

d - Added 10”°M Cu[EDTA].
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in oxygen solubility with the concentration of alkali. Be 221
The set of experiments presented in Fig. 24 forms curve (c)

in Pig. 25. Curves (a) and (b) are from a set carried out

with a smaller volume of reagent solution and a rate of shaking
which was increased from medium (®#350 c.p.m.) to maximum

(400 c.p.m.) at sbout 56% complete resction. Curves (d) and

(e) are later sets of reactions and reflect the lower rates of

uncatalysed oxidation which had by then been attained.

3. 2213 Effect of oxygen pressure

In one series of experiments with the copper~catalysed
oxidation of ethanethiol the oxygen pressure was reduced step-
wise at 50 min. intervals during the reaftion. This method
was possible bscause it had been shown that the reaction was
zero-order in thiol, a roughly constant rate_being maintained
throughout a single kinetic run (g.v. Figs. 23 and 24).

The dependence of the uptake rate on the oxygen pressure is

shown in Fig. 26.

3. 2214 Effect of temperature

A series of experiments with from 10—7M to 10-6M added

CuSO4 in 0.6 M and 2.0 M NaOH solution was carried out, and
the temperature was increased stepwise from 30 to 5006, as

in Section 3.135. The graphs of oxygen-uptake versus time
consisted of straight-line sections. The rates were corrected

for oxygen solubilaity and values r/s and (r—ro)/x (where
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ro= the corresponding 'uncatalysed' rate) are given in 3. 2214
Table 22. The values of (r—ro)/m for the weaker alkali at

all temperatures and for the stronger at 30°C show a reééon-
ably good linear dependence on the added CuSO4 concentration,

and provide a value of k. & 7 x 10° l.mole rsec ' at 30°C,

0
where ké is the rate constant for the equation:
a(r-ry) = kj[Cul[0,][BtsH]® (1i1)

and [02] is based upon a gas pressure of 67-17 = 50 cm 02,

the correction of 17 cm being derived from Fig. 26.
Arrhenius plots of log(r/x) and log(r—ro)/u versus 1/T
were constructed. TI'ew of these gave straight lines, and the
values of the activation energy an are therefore given sep-
arately for each temperature step in Table 23.
If the above value of ké is taken together with the ap-

propriate value of E_n & 10.6 kcal/mole from Table 20, the
equationg7

k) = (kT/h)e-AHI/RTeASI/R (iv)

where aHE = EaO~RT, gives a value of aSt = -8.1 e.u.

3, 2215 Efffect of ethylenediamine

The effect of added ethylenediamine upon the rate of
the copper-catalysed oxidation of ethanethiol is shown by the
data in Table 24. The kinetic curves were all straight lines
similar to those in I’igs. 23 and 24. The last two rows in
Table 24 show for comparison the effect of ethylenediamine

on the uncatalysed rate of reaction.



132

5. 221‘:

Table 22. Oxidation of ethanethiol in the presence of low
conéentrations of added copper sulphate: effect of tempera-

ture upon the rate of reaction. 0.5 M EtSH, 67 c¢cm O

i

2.

fCorr-; i Alkali concentration (M) E
ected . : {
| ITemp.| 0.6 : 2.0
irate ! | ‘

;(Oc); Added CuSQ, concentration (M)
(mmole = -7 -7 ., =6 -7 -7 =6
\/1/min) 0 _10 Bx10 ' 10 " 0 10" 5x10 ' 10

50 3.59 4.86 9.50 18.8 . 8.61 10.4 14.4 29.4

/x| 40% 8.91 12.2 19.35 54.5 | 21.4 20.6 28.0 52.0 |

50!20.7 26.1 32.9 48,9 |48.6 48,6 47,9 73.8

|

! |

30; 0 1.27 5.9113.4% O 1.8 5.8 20.8
{

r-r,’ 40; O 5.5 10,4 25,6 0 =-0.8 6.6 30,6

: - |
ol 50/ 0 5.4 12.2 28.2: O 0 =0.7 25.2 '
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Table 23. Oxidation of ethanethiol in the presence of 8{2214
added‘copper sulphate: wvalues of the activation energy, Eéo,
in kcal/mole: (1) for the observed total rates of reaction,
r, (2) for the rates of reaction after subtracting the

'‘uncatalysed' rates, i.e. (r-ro). 0.5 M EtSH, 67 cm O

2.
Cuso, 0.6 M NaOH 2.0 M NaOH
COnNCne. o o o o
(1) 30 - 40°C 40 - 50°C 30 - 40°C 40 - 5C°3
0 16.7 16.4 14. 6 18.1
10~7 16.8 15.2 12.2 17.7
(1) .
5x10 12.8 10.7 13,2 10. 4
1078 18,9 6.9 10.7 7.2
0 0 0 0 0
1077 17. 3 10. 2 a a
(2) .
Ex10 10. 2 3.2 2. 3 a
10~6 11.7 1.9 7.0 ~3.0

a - Not calculated as (r-ro) very small.

Table 24. Oxidation of ethanethiol in the presence of added

copper sulphate: effect of added ethylenediamine. 0.5 M EtSH,

2.0 M NaOH, 70 cm O, 30°C.
CuS0, concn. (M) en concn. (M) Rate (mmole/1/min)
1070 0 1.10
1072 0.1 0.804
107° 0.5 0. 537
0 0 0. 050

0 0.1 0. 065
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3. 2216 Effect of ethylenediaminetetracetic acid 3. 2216

Experiments were made to investigate the effect of added
ethylenediaminetetraceticiacid (EDTA) upon the oxidation of
ethanethiol in the presence of added copper sulphate. In
further experiments the copper and EDTA were added as a solu-
tion of the complex Cu[EDTA]. The resulting kinetic curves,
reproduced in Fig. 27, show that the reactions were autocata-
lytic over a large part of the oxidation: this feature was
not observed in the absence of EDTA. The broken line on one
curve is conjectural owing to a break in readings. The reac-—

tion rates are given in Table 26.

Table £25. Oxidation of ethanethiol in the presence of added

copper sulphate: effect of added EDTA. 0.5 M EtSH, 2.0 M

NaOH, 71 em 0,5, BO°C.

Cu804 EDTA Oxygen uptake rate

conen. conecn. (mmole/1/min)
Q) (M) Initial (approx.) Maximum
107° 0 1.10 1.10
107° @ 107° @ 1.00 1.08
10‘5 10~° 0. 68 0.80
107° 1074 0.51 0. 57
1072 1073 1.00 1.08
107° 0.5 0. 86 0.88
0 0 0.10 0. 059
0 107° 0. 21 0. 200

a - Added as Cu[EDTA].
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EDTA; D = 0.5 Y EDTA; E - 10~°M EDTA; F - 10—4M EDTA;
G - no Cu, 10™SM EDTA.
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4. 2217 Iffect of cyanide 4, 2217

A single experiment was made to find the effect of added
potassium cyanide upon the oxidation of ethanethiol in the

5

presence of 10 "M added copper sulphate. The results of this-

and three other experiments with added cyanide are collected
in Table 26, |

The products from the copper—cyanide run were analysed
after 1125 min of reaction by the standard procedure, except
that the mixture was first poured into 25 ml of 0.25 M ferrous
ammonium sulphate solution, which was then acidified, preci-
pitating the cyanide as Prussian blue. The results of anal-

yses for thiol and disulphide are given in Table 27.

3,222 Oxidation of other thiols in the presence of added

copper sulphate: effect of temperature

The copper-cateslysed oxidation of thiols other than
ethanethiol was studird only under the standard conditions'
of 10-5M added CuSO4 in 2.0 M sodium hydroxide, and the results
have been presented in Fig. 22. The reactions with thiophenol
and t-butanethiol were continued with stepwise increase in
temperature in order to estimate the energies of activation.

The results are given in Table 28.

The rates, (r-rj), obtained for the two thiols with 10™°N

added CuS0, at 30°C correspond to values of’ké = 80 l.mole—lsec—l

for thiophenol and k) = 152 l.mole tsec™  for t-butanethiol,

where ké is given by the rate equation:

4(r-r,) = Ey[Cul[0,][DtsH]° (111)
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Teble 26, Oxidation of ethanethiol in the presence of 4, 2217

potassium cyanide. 0,5 M EtSH, 2.0 M NaOH, 71 cm 02, 30°C.

Uptake (mmole/1) End of expt. Mean

Additives and concns. rate
at at Time Uptake (mmole
60 min 120 min (min)(mmole/1)_ ’‘min)
0.25 M KCN 0 0 1092 14.6 <0.015
107°4 Cus0,, 0.25 M KON 0 1.2 1125 20.2 0,019
1071 Cos0,, 0.25 M KCN 0.8 5.3 1255 46.4 0,038
0.25 M KON 3.3 7.4 - - 0.066
None 2 5.8  13.6 294 331 0.12
10~y cuso,® 62.9 128.1 180 150 1.1
1071 Coso,® 39,2 579 150 65.9 1.06-0. 26

a - Experiments without added cyanide for comparison.

Table 27. Oxidation of ethanethiol in presence of added

copper and cyanidee final product analyses. 0.5 M EtSH,
2.0 M NaOH, 71 cm 02, 30°cC.

Time Oxygen  EtSH Et S Reagents. Disulphide
uptake concn. confn?  consumed (% ) produced
(min) (mmole/1 (M) (M) ° S
/min) 2
1125 20. 2 0.43 -0, 01 16 14 Nil

a - 100% is theoretical for oxidation &f thiol to
disulphide.
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3. 222

Table 28. Oxidation of thiols in the presance of added
copper sulphate: effect of temperature. 0.5 M RSH, 2.0 ¥
NaOH, 70 cm O

2.
Total reaction Cu - cat. reaction 2
Temp.
Thiol r E r-r_.) B
(°c) (mmole r/0\ (kc§9 Emmo?e (r—roki(kcag
/1/min) /mole) /1/min) /mole)
30.0 0.060° 5.3 0.031 2.8
PhSH 16.4 8.0
40.0 0.128 13.15 0. 042 4,3
30,1  0,055° 4.9 0.050 4.4
"'50 2 —100 5
"'9. 3 bt
47,9 0. 026 2.9 -0,020 =2.2

a = rg ('uncatalysed' rate) obtained from Tables 18 (PhSH)
and 17 (t-BuSH).
b -~ These rates are rather lower than in Table 20 because

rates decreased slightly with time.
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2,23 BEffect of added cobalt sulphate on the oxidation 3¢ 23
of thiels

The graphs of oxygen-uptake wversus time for the oxida-
tion of six thiols in the presence of 107 M added cobslt
sulphate are shown in Fig. 28. The uptake cﬁrves in the
faster reactions were found to follow a rate ilaw which was
first order in thiol with a fairly abrupt change of rate con-
stant kl (see Section 3.2311). The slower reactions with
phenylmethanethiol, n-butanethiol, and possibly thiophenol
also showed a change in rate at low extents of reaction, but
the experiments were not taken far enough foi the order to
be certain, and the straight lines on the gr;ph fitted the
points as well as any curve. The initial rafes of reaction
in the absence and presence of lO-SM added cobalt sulphate
are compared in Table 29, which also shows tﬁe values of kl
before and after any chenge (i.e. initial and final k,).

Those hydroxide solutions with more than about 10-4M
added cobalt were all found to contain a brown precipitate
before injection of thiol to start the run. {All the product
mixtures from the cobalt-catalysed oxidations, except those
from t-butanethiol and thiophenol, were found to contain
some deep red solid product suspended in thq disulphide
layer. Some experiments made to discover the nature of this

product are described in Section 3.233.
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3o 23
Table 29. Oxidation of thiols in the presence of added
cobalt sulphate. 0.5 M RSH, 2.0 M NaOH, 107N CoSO,, 70 cm
Og,s B0°C.
| | Initial rate |Initial| Results with CoSC, present |

(mnole/1/min) : rate [ o "o T Tk x 100
Thiol i ratio (*1 g « 8% L (min—t f
CoS0 CoS0, Co pres time O, uptake
absefit presgntJCo abs (mixﬁ(ﬁmole/l) Initial Fina
EtSH | 0,10 1.1 ! 11 28 25 10.8 5.2
i i ¥
n-BuSH i 0,10 0.15 1.5! 20 3 0.7 0.4
n—HexSHE 0.166 0.85 5 | 23 15 7.1 3.6

| ' i

\t-BusH | 0,006 O.085! & | - - 0.3 0.3
PhSH j 0.025 0.06 2.1} 10 1 0.5 0.3
PhCHZSHi 0.0859 0. 27 5;1i 11 3 2 0.6
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3. 23l Oxidation of ethasnethiol in the presence of 3. 231

added cobalt sulphate

The oxygen~uptake versus time curves for a series of ex-
periments with ethanethiol in the presence of a range of con-
centrations of added cobalt sulphate are shown in Fig. 29.

-3 2

—4 L g
The product mixtures from 10 , 10 ~, and 10 "M added CoSO

4
contained the deep red product in the disulphide layer, and
in the case of 10 °M Co this had coagulated into a single

large lump.

3. 2311l  Effect of the concentrations of ethanethiol, added

cobalt sulphate, and slkall

Assuming the stoichiometry of oxidation of thiol to di-
sulphide, the oxygen-uptake values shown in Fig, 29 were con=-
verted to thiol concentrations. Some of the resulting curves

of log[EtSH] versus time are drawn in Fig. 30, and show first

order kinetics in thiol. The results with 10~ °M added CoS0,,

show a change in the first-~order rate constant k, 20-40 min

1
after the start of reaction: +this was found to 1ie a reproduc-
ible feature. Numerlcal details of these experiments are

given in Table 30.

3., 2312 Effect of oxygen pressure

The results of three experiments with different pressurecs
of oxygen are shown in Table 31, Both the initial and final
rates of oxygen uptake increased approximately linearly with

the oxygen pressure.
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Table 30. Oxidation of ethanethiol in the presence of . 8.231i

added cobalt sulphate: dependence of kl upon reagent con-

centrations. 70 cm 02, 30°C,

i | ; ' T 3.0 ' \

EEtSH NaOH  CoSO,ik, change obs.at ; k;x10° (}{l—lél’ o)(?‘l'lgl,o_)

Foncn. concn. conen.; Time  Uptake x10 10/t |

f ) (0 (0 i (min) (mmole/AN(min” ) (min™H® (min”h)i

. . I i '

;o.s 0.6 o | - - 1.0=k) o O o

lo.5 0.6 1070 - - 1.8 0.8 | 9

0.5 0.6 109) g1 31 [13.2,6.6%12.2,5.6 595,275

. | ! |

l L ] ) ,

0.5 2.0 0 L5k o O o |
0.5 2.0 107° - - 1.9 0.4 | 35 |
0.5 2.0 1077 - - 2.5 1.0 88
0.5 2.0 10°%} .- - 601 4.6 | 404

!
0.5 2.0 107°| 23 26  {10.8,5.2% 9,3,5.7 816,325

i - ! .

i 0.8 2.0 107°| av 21 9.0,4.6 | 8.0, 3, 63702, 516|

lo.5 2.0 10®1| es 64 |12.2,4.1 10.7,2.6'%59,228

g - Where two values are given, these refer to rates before
and after the change in kl.

b - kl 0 is the value of kl in the absence of added cobalt.
’

e - ky/M =6.5,32x 107° min™3,

d& -k /s =9.6,4.6 x 107° min~l,

e -k 4 taken as 1.0 x 10™° min™T due to lower initial thiol
»
concentration (see Fig. 8).

£ -k (final) decreased with time.
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Table 3l. Oxidation of ethanethiol 1in the presence 3. 2312
of added cobalt sulphate: effect of oxygen pressure.
0.5 M EtSH, 2.0 M NaOH, 30°C, 10™°M CoSO

4.
Oxygen _ kl change observed at k% b4 lO5
pressure Time O, uptake min~ %)
(em) (min)  (mmole/1) Initial Final
38 100 26 1.5 0.44
51 40 25 5.6 2.0
68 22 25 10.8 5.2

Table 32, Oxidation of ethanethiol in the presence of

added cobalt sulpnate: effect of additives. 0.5 M EtSH,
3

2.0 M NaOH, 70 cm O, 30°C, 10™°M 00304.

Additive  k, change observed at k, % 107
and. Time 02 uptake (m1n )
concn. (M) (min) (mmole/1) Initial Final

0 20 25 10.8 5.2
0.5 M Etgsza 70 38 5.6 4.9
10~%% EDTA 70 60 10.8 5.9
10”2 EDTA 65 62 10.8 8.0
0,1 M EDTA 20 13 5.4 4.7
0.1 M en - - 0.42
0.25 M KCN 125 6 0.6 0. 38

a - Only partially dissolved.
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3.2313 Effect of added diethyl disulphide 3. 231¢

The first-order graph for one experiment with added
diethyl disulphide is shown in Fig. 31. The results are com—
pared with those in the gbsence of added disulphide in Table
32.

3. 2314 Effect of ethylenediaminetetracetic acid

The effect of adding various concentrations of EDTA
is shown in Fig. 31, and the rate constants are listed in
Table 32. The cobalt~-EDTA-~alkali solutions were quite clear,
and were pale pink or violet which deepened when the thiol
was added. The product mixtures all contained the red pre-
cipitate.

The experiments in this group were the only cobalt~
catalysed reactions which were followed to arparent completion,
and oxyger uptakes of 105, 104, and 116% of theoretical for

conversion of thiol to disulphide were cbtained with 10™°,

1072, and 0,1 M EDTA respectively.

3. 2515 Effect of ethylenediamine

The effect of 0.1 M ethylenediamine on the oxidation of
ethanethiol in the presence of cobalt is shown in Table 32,
where a value of kl is given. However, after 240 min the
oxygen uptake was only 7.1% of theoretical for conversion of
thiol to disulphide, and the order of reaction was therefore

not clear. No coloured product was found.
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-0, 6 0.1l EDTA
10~2EDTA
10~2EDTA
"'Oo ’7 B
"O. 8 ~
1 ! 1 . |
0 100 200 300

time (min)

Fig. 31. Oxidation of ethanethiol in presence of added
cobalt sulphate: effect of added diethyl disulphide and
EDTA. Graph of AloglO[EtSH] = 1oglO[EtSH]tr5- 1oglO[EtSH]

vs. time. OJ5 M Et8H, 2.0 M NaOH, 70 cm 02, 30°C;
additive concentrations (M) beside curves.

t=0
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3. 2316 Effect of cyanide 3. 2316

In an experiment with added 0.25 M potassium cyanide,
the catalytic effect of cobalt was again found to be suppress-—
ede A value of kl is given in Table 32, but the order of

reaction was not clear. No coloured product was observed.

3¢ 232 Oxidation of t-butanethiol in the presence of added

cobalt sulphate: effect of temperature

Attempts to measure the energy of activation for the
oxidation of thiols in the presence of added cobalt sulphate
were made only in the case of t-butanethiol. Stepwise in-
crease in temperature from 30.5 to 40.8°C increased the rate
from 0,035 $0 0.046 mmole/1/min, which after correcting for
the decrease in oxygen solubility in 2.0 M agqueous NaOH

solution, gave an activation energy, E , = 7.6 kcal/mole.

3,233 Identity of red products ~——
As noted in Sections 3.23 and 3.231, the oxidation of

several thiols with 102w CoS0, produced deep red products

apparently suspended in the disulphide phase in the product
mixture and which separated with it into an upper layer on
standing. The product was insoluble in water, and formed
red suspensions (which separated very slowly to the surface)
with trichlorethylene and carbon tetrachloride. It adheredé
tenaciously to the walls of glass vessels and seemed to be

most easily removed with disulphide. It was insoluble in
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ammonia and dilute nitric acid but was dissolved slowly 3. 233
by 1:1 nitric acid to give a pale green solution.

A series of experiments was conducted to discover the
nature of this precipitate. It was found to be formed in
systems containing cobalt ions, diethyl disulphide, and
aqueous sodium hydroxide only if ethanethiol was present.

In the absence of the latter a blue coloration was produced

on adding the CoSO and a brown precipitate slowly formed.

49
The latter was much less red, went to the bottom of the
solution, and was not absorbed into the disulphide layer.

8 was added to a partially (15%) oxidised

When 10 °M CoS0,
solution of 0.5 M ethanethiol in £ M sodium hydroxide, the
solution immediately became blue, but the red precipitate was
r¥omed in sbout 15 min and appeared to be identical with the
product from cobalt-catalysed oxidatiuns.

Similar experiments were carried out with the alternative
reductant formaldehyde replacing the thiol. A little formal-
dehyde prolonged the blue coloration, and pink and violet
solutions were obtained with excess: however all the solu-
tions slowly turned greem and gave-the brown precipitate.

The products from the oxidation of ethanethiol in the

ZM added cobalt were transferred to a separa-

presence of 10
ting funnel, and the aqueous phase removed. The non-aqueous
phase included a large lump of coagulated red product. This

was broken up by the addition of 25 ml trichlorethylene,
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and the suspension filtered under gravity through a .- DBe 24
sintered glass disc. The red solid was collected and dried

to constant weight in a vacuum desiccator. About 120 mg of

the so0lid remained, and half of this was analysed for elements.
The result was: Co, 20.9 %; S, 25.64%; C, 27.55%; H, 5.76%.

This corresponds to the empirical formula 0082;2506;49H16.505.56’
if the unanalysed residue to 100% is taken as oxygen.

The remainder of the sample was used for magnetic sue -
ceptibility measurements. The material was found to be only
very slightly paramagnetic, and it was concluded that it was
a diamagnetic Co(III) (368) complex with traces of Co(II) as

impurity.

Be 24 Oxidation of ethanethiol in the presence of added

ferrous sulphate

The catalytic effect of added ferrous sulphate was in-
vestigated only with ethanethiol. The kinetic curves are
shown in Fig. 32. The rate (0.18 mmole/1/min) of the blank

run in the series with the stronger alkali is probably much

4 .nd 1075M added FeSO,

in 2.0 M NaOH solution show a change in rate similar to those

tov high. The experiments with 10~

Tfound with added cobalt sulphate: the products from these
runs contained a brown precipitate. Details of these series

of experiments are given in Table 33.
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Table 33, Oxidation of ethanethiol in the presence of 3. 24

added ferrous sulphate. 0.5 M EtSH, 67 cm O, 30°C.

NaOH FESO4 Rate-change obs. at ' Rate

concn. concn. Time O, uptake (mmole/1/min)
(M) (M) (min) (mmole/1) Initial Final
OQ‘6 O — - Oo 12
0.6 1072 - - 0.12
0.6 10~ - - 0.30 @
2. 0 0 - - 0.18
2.0 10~6 - - 0.13
2.0 10™° - - 0.18
2.0 1074 - - 0. 21
2.0 1073 16 4 0435 0.21 P
2.0 1072 15 8 0,60 ¢ 0.22 C

a -/ = 14.7 mmole/1/min.

b - r/x = 18,4 mmole/1/min.

¢ -k =57, 2.1x 10~% min~t,
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3¢ 25 Oxidation of ethanethiol in the presence of 5.25

added manganese sulphate

The effect of added manganese sulphate upon the oxidation
of ethanethiol is shown in Fig. 33. In 2.0 M sodium hydroxide
the kinetics were g@ero order in thiol, the reaction with 10—5M
MnSO4 being apparently autocatalytic. The two runs with
0.6 M alkali were first order, that with 10w manganese
showing a change in kl' Details of the results are given in
Table 34. The products from the experiments with 103y

added MnSO4 contained a brown precipitate.

Table 34. Oxidation of ethanethiol in the presence of added
manganese sulphate. 0.5 M EtSH, 67 cn Ogs 30°C.

NaOH concn. MnSO4 conen. Rate (mmole/1/min)

(M) (M) Initial Final
0.6 0 0. 10

0.6 107° 0.18% 0,112
0.6 10™% 0. 51° 0. 18"
2.0 0 0,13

2.0 1079 0.19

2.0 1074 0.18

2. 0 1073 0.19 0.'29

a -k = 1.25 x 107 min™> (one value only).

b -k = 4.4, 24 x 107% min~t,
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4,26 Oxidation of ethanethiol in the presence of Ge 26

added chrome alum

The results of experiments with added chrome alum are
given in Fig. 34 and Table 35. The catalytic effect was

extremely small.

Tabhle 35. Oxidation of ethanethiol in the presence of

added chrome alum. O.5 M EtSH, 68 cm O, 30°C.
NaOH concn. Chrome alum Rate
(M) concn. (M) (mmole/1/min)
0.6 0 0.10
0.6 10~% 0.11
0.6 1079 0.11
2.0 0 . 0,13
2.0 107° 0.25, 0,142
2.0 10™% 0.12

a = FFaster reaction briefly near start.
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B B Solubility of diethyl disulphide in agueous sodium 3e B

hydroxide
The solubility of diethyl disulphide was estimated

roughly by adding the pure disulphide dropwise from a gradu-
ated 1 ml pipette into bottles containing 50 ml of 0.6 M

or 2.0 M aqueous sodium hydroxide solutions, shaking, and
observing the onset of turbidity. The results are given in
Table 36. Both solutions were still turbid after standing

for 24 hours.

Table 36. Solubility of diethyl disulphide in agueous
sodium hydroxide. 30°C.

NaOH concn. Limits of Etzs2 solubility
(1) (m1/1) (1)
0.6 <0, 36 <0. 0029
2.0 0. 360,70 0. 0029~0., 0057

Ted Spectra of oxidation products

The spectra of the products from some thiol oxidations
were examined, mainly on g Perkin-Elmer recording spectro-
photometer and some on an Unicam 8P.500. Spectral examing-
tion was carried out on both the aqueous products (A) from
which the disulphide layer had so far as possible been sep-
arated, and or. the disulphide layer itself after extraction

with trichlorethylene (TCE) or with carbon tetrachloride (CTC).
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The latter extracts included the suspended red product 3.4
formed in some cobalt-catalysed oxidations (Section 3.233).
Some of these spectra are shown in Fig., 35, and details of

the gbsorption peaks in these and other spectra are given in
Table 37,

Turbidity in the liguids gawe rise to an irreproducible
level of 'background' absorption which increased with decreas-
ing wavelength. The peak heights (AD) quoted in Table &7
have been adjusted so far as possible to allow for this.

Non-agueous suspensions of the red products from cobalt-
catglysed oxidations of ethane-~ and hexane-triols had charac-
veristic strong absorption peaks at gbout 415 and 510 mp,
the latter being more intense than the former by a facéor

of rather over 3 with ethanethiol, and about 6 with hexanethiol.

Table 3&7. Oxidation of thiols: principal peaks in product

spectra. 2.0 M NaCOH, 30°C.

Thiol HMetal Additive Agqueous phase Non-agueous phase

concn. cCconcn. CONCN. Peak ADa SolventcPeak aD?
(M) (1) (1) (mp) (mp)
0.5 Et 107°Cu - {250  c.0.”
307  0.20
0.5 Et 10™°Cu 10~°EDTA <320 4 Ceo.

5108 0. 09
0.5 Bt - 10 °EDTA <320  c.o.



Table 37 (cont.)

16l

3.4
Thiol Metal Additive Agueous phase Non-agueous phase
concn. concn., Concn. Peak ADa Solventc Peak ADa
(M) (M) (M) (mu) (mu)
-9 b
0.5 Et - 10 “EDTA <355 Ce Oo TCE {340 c.o.
0.5 Et - 0.1 EDTA <350 Ce O TCE {350 c.o0.
290  0.08
0.28 Et 10" °Co - {270  c.o. TCE <315 C.o0.
292s  0.14 420 0.09
310s O, 22 510 O.29
370 0. 03 -
0.5 Et 10 °Co - {265  c.o. TCE <325 c.0.
- 2945 0,15 415 0,19
3108  O.14 508 O.64
370 0.11
0.5 n-Hex 10~°Co - cTc <285 c.o.
416 0.14
511 O.84
0.5 Bt 10~°Co 0.5 Et,S, CTC <335 c.o0.
415 0,03
510 O. 20
0.5 Bt 10 °Co 10~%EDTA <29¢  c.o. TCE <310 c.o0.
415 0. 30
510 0.93%
0.5 Bt 10 °Co 10~2%EDTA <325  c.o. TCE <320 c.o.
419 0.23
517 0.75
0.5 Et 107°Co @.1 EDTA <380  c.o. TCE <360 c.o.

a - oD is additional optical density over approximate level

of density due to turbidity.

b - 'c.o0.' means 'cut-off!, i.e. lowest wavelength at which

the transmission was measurable.

¢ - TCE = trichlorethylene; CTC = carbon tetrachloride.

d - 's' denotes peaks appearing as shoulders.
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4 DISCUSSION 4

4,1 Oxidation of thiols in the absence of added metal salts

4,11 Iarly cxperiments

The results of the early experiments on the oxidation
of methanethiol (Section 3.11) and ethanethiol (Section 3.12)
show how the prolonged development of technigues for the
storage and handling of the reagents produced a considerable
decrease in the general level of uncatalysed rates of reaction.
The rates obtained with methanethiol are three times higher
than those with the other alkanethiols (Section 3.15) and this
is probably due to the high level of impurity obtained with
the early technique. The results show a dependence of the
rate upon the total volume of reagents and/or the rate of
shaking due to poor mixing in the cylindrical reaction vessel
then in use. In view of this the results with methanethiol

will not be further considered.

4,12 Oxidation of ethanethiol in the absence of added

metal salts

Alkaline solutions of ethanethiol generally absorbed
the theoretical quantity of oxygen for oxidation of the thiol
to the disulphide:
AEtSH + O2 - 2Lt
and this stoichiometry held approximately for all stages of

oS5 + 2Hg0 (1)

the reaction (Section 3.131). However, a slight cxcess
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oxygen uptake of about 10% was observed with the 4.1%
strongest alkali (2 M) with which stoichiometric studies were
made. The analysed yields of the disulphide were generally
rather lower than thcoretical, and decreased with the alkali
concentration. Titration showed small decreases also in the
concentration of alkali in the final solution, indicating

the formation of small quantities of acids in the products,

but the differences were too near the limit of experimenta™
error for correlation with the deficiency in disulphide to

be established.

Although an excess uptake as high as 24% was found with
hexanethiol, the final oxygen uptake figures for ethanethiol
were generally close to those expected for production of di-
sulphide. The fifteen experiments in Table 8, Section 3.131,
gives a mean uptake of 101% of theoretical with a standard
deviation of 7%. The present results are not in agreement

with those of Xan, Horton, et al®>

, who found that alkane-
thiols in 2 M alkali sbsorbed up to 50% more than the stoichio-
metric quantity of oxygen at 30°C. However, these workers
appear to have used initial thiol concentrations less than

10% of those in the present work (see below), and their
alkali/thiol ratios were therefore from 1.6 to 75, compared
with 1.2 to € covered in the present stoichiometric experi-

ments. The excess oxygen consumed leads to the formation of

higher oxidation products such as sulphinic and sulphonic
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acids, and it has been shown that the yields of these 4.12
comdondsincreases with the basicity of the solution and the
temperature45. Since saturated disulphides in the pure

state are generally inert ¢o oxidationlv’lB’lg, the formation
of the higher oxidation products is probably started by the
hydrolysis of the disulphide:

RSSR + OH = RSOH + RS~ (2)
and the sulphenic acid is then oxidised. The extent of fuv =
ther oxidation would therefore increase with the concentration
ratio [OH ]/[RS™], and some difference between the present
results and those of Xan, Horton, et al. is therefore to be
cxpected.

Kinetically, the oxidation of ethanethiol was found to
be first order in oxygen and initially also in thiol
(Sections 3.132 and 3.133), but later became zero order in
the decreasing thiol concentration within each experiment,
although the zero-order rate constant increased linearly
with the initial thiol concentration. There was a positive
denendence on the alkali concentration (Section 3.134).

The initial orders of reaction appear to agree with those

expected from the mechanism of Wallace and Schriesheim53’77:
EtSH + OH = BEtS™ + Hy0 (3)
b . L
RS~ + 0, @ RS® + Og (4)
RS™ + 0,7 = RS® 4 05 (5)

RS® + RS = R.S, (6)
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in which reaction (4) is rate-determining. 4.12
Although the dependence of the rate on the oxygen pres-

sure was found to be linear, the rate actually reached zero

and became negative below gbout 15 cm pressure. This and the

apparent induction pericds in slow reactions were probably

due to the reagent vapour pressures, and to the setting up

of the disulphide vapour pressure as the reaction proceeded.

The similar limiting pressure found for the copper-catalys~d

reaction (Fig. 26, Section 3,2213) supports this view, and

3

the value of k! = 4.5 x 10~ l.mole_lsec_l was therefore

1

calculated for an oxygen pressure 15 cm below the nominal
value.

It is difficult to compare the reaction rates obtained
in the present work with those of Xan, Horton, et al.sl,
who worked under similar conditions, because their paper
states unequivocally neither Llheir initial thiol concentra-~
tions nor their total reagent volumes. Irom such data as
they provide it appears that their usual initial thiocl con-
centration was 0,036 M. 1In this case the initial zero-order
rates (9 - 15% theoretical uptake per min. for 0.0576 M to
2.71 M sodium hydroxide, see their Fig., 1) were 0.8 to 1l.4
mmole/ml/min, which is about ten times the rate obtained
with 2 M sodium hydroxide in the present work, and is of the

same order as the rates with about 10_5 M added copper.

These rates are also gbout twice those obtained here with
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methanethio®l in alkali prepared with laboratory-distilled 4.1%2
water. Xan et al. do not give details of the purification of
their water, and in view of this it is possible that their .
solutions contained very high levels of impurity (see below).

The change in kinetics from first-order to zero order
in thiol as the reactions proceeded was probably due to the
increasing importance of reactions involving catalytic im-
purities. The positive dependence of the zero-order rate ~n
the alkali concentration (TFig. 11, Section 3.134) is unlikely
to have been due to increasing ionisation of the thiol
(pKa ~ 11), which would have been 99% ionised in even the
veakest alkali uszd (0.6 M). The effect was presumably due
to catalytic impurities introduced with the thiol and/or
produced by the alkali in subsidiry reactions, such as hydro=-
lysis (eee below).

According to the analysis given on the label ('actual
batch analysis' in the case of Judactan) a molar solution of
sodium hydroxide contains about 2 x 10—6M iron, 0.6 x 1O~6M
lead, and 0.1 x 10—6M arsenic, and the potassium hydroxide
solution contains no iron or arsenic, but about 0.3 x 10—6M
lcad. The 'Analar' rcagent labels give maximum impurity
limits several times higher. The catalytic effect of iron
was investigated in the present work (Section 3.24), and from

this the uncatalysed would apparently be compatible with the

presence of about 10—5M iron. While lead has been reported
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~
as ineffective in the oxidation of cysteine4°, arseuic 4,12

is a good catalyst for the oxidation of both cysteine4 and
thioglycolate48. However, all four samples of the two hydrox—
ides used in the present work gave closely similar results,
potassium hydroxide giving slightly higher rates of reaction
despite its supposed greater purity. It is possible that the
impurity in all the solid samples increased during storage,
especially in the case of potassium hydroxide, which is more
hygroscopic: further contamination in preparing, storing,

and measuring out the standard solutions was also inevitable.

Since the final rate of reaction, althovgh zero order,
increased with the initial thiol concentration, it 1is probable
that additional impurities were introduced into the system
with the thiol. The most obvious source was the stainless
steel needle used to inject the thiol into the reaction ves~
sel, although contamination from this source was minimised
by using dry thiol, and performing the operation at a low
temperature.

The energy of activation of about 16.5 kcal/mole obtained
for the zero-order reaction (Section 3.135) is consistent with
z techanism involving metal ion chaalysis, a value of 10 to
12 kcal/mole having been measured for the copper—-catalysed
25 -1

reaction (Section 3.2215). The low value of Ay = 1010° 25ec

(Section 3.13F5) shows that a further low concentration term
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should probably be included in the rate equation: 4.12
_ G[EtSH] _ 1{('3[02][1%81{]0 (1)
at '

and this may be an unknown impurity concentration term.
Despitc the probability of catalysis by metal ion impurities,
the possibility of autocatalysis by disulphide cannot be ig-
nored. It was shown in Section 3.138 that added disulphide
increased the prate of all stages of the reaction, and that
its effect was only slightly less in the presence of ethylene-
diamine, and cannot therefore be wholly ascribed to impurities
introduced with it. It is likely also that the added disul-
phide was of higher purity than the thiol since it was intro-
duced from a pipette rather than through an hypodermic needle,
although disulphides are probably more effective metal scav-—
engers than thiols.

It should be emphasised that catalysis by disulphide
would not necessarily give rise to any marked autocatalytic
increase in the rate of reaction. It was shown in Section
3.3 that the solubility of diethyl disulphide in aqueous
alkali is very low, and a O.5 M solution of ethanethiol in
2 M sodium hydroxide would become saturated with disulphide
at 2% or even smaller converaion of thiol. The solution
would therefore contain a constant disulphide concentration
for nearly the whole period of oxidation.

The catalytic efifect of disulphides, and dithiodiglycolic
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acid in particular, is now fairly well establishedeg, 4,12

and the effect has been ascribed to a cyclic process invol-

ving sulphenic and persulphinic acids44

, details of which were
given in Section 1.53. Sulphenic acids are produced by the
hydrolysis of disulphides (equation 2, above)86, and the
autocatalytic effect of disulphide should therefore increase
with the alkali concentration, as observed. However, sulphenic
and sulphinic acids normally disproportionate according to

the schem856:

2RSOH - RSH + RSOOE (7)

2RSOOH - RSOH + RSO,0H (8)

RSH + RSOH - RSSR + H,0 (9)
RSOOH + RSOH — RSOOSR + Hy0 (10)

These reactions would hreak the redox cycle envisaged by
Berger™* and lead to the formation of higher oxidation pro-
ducts. This was not generally observed in the present work,
and it must be concluded either that disulphide does not
catalyse the reaction (the observed effect being due to im-
purities) or that the catalytic mechanism is very efficient
compared with the disproportionation reactions which regquire
bimolecular collisions of very dilute reagents (Reactions
7, 8, and 10: 9 is the reverse reaction of the eguilibrium
equation 2).

From thece considerations it appears most probable that

the oxidation of ethanethiol was catalysed both by metal ion
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4,12
impurities and by oxy-sulphur derivatives of the disulphide.

In the experiments in which ethylenediamine was added
to solutions of pure and impure samples of ethanethiol, the
;Sgggig? the pure sample was incrcased, and that of the impure
sample was decreased. The two nominally uncatalysed reaction
rates represent the limits of irreproducibility within which
a large number of experiments fell. These results are con-—
sistent with the introduction of further (metallic) impuri:y
with the diamine, which however diminished its catalytic
effect, presumably by complexing with the metal ions. This
effect was demonstrated in experiments in which copper and
cobalt ions were gdded to the reagents containing the dlamine
(Sections 3.2215 and 3.2315).

The values obtained for the zero-order and first-order
activation energies (11.4 and 15.0 kcal/mole) were both lower
than the zero-order value in the @bsence of ethylenediamine,
and this is consistent with modification of the reacting
gpeciles.

The rather complicated derendence of the kinetics and
rate of oxidation of ethanethiol in the presence of added
EDTA may be due to similar causes; for instance, the minimum

2 3 anda 10”TM EDTA

rate found with 10 °M EDTA compared with 10~
is explicable in this way (but see also Section 4.21). The
addition of 0.1 N ethylenediamine to the reagents containing

0.1 M EDTA gave a rate only slightly above that in the
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absence of additives, confirming this view. 4,12

The results in Table 26 (Section 4.2217) show that the
slowest oxidations of ethanethiol were obtained in the pre-—
sence of 0.25 M potassium cyanide. The catalytic effect of
added copper and cobalt were completely suppressed, but there
was a progressive fourfold increase in rate over the four
experiments carried out. This may have been due to increasing
contaminatién of the stock cyanide solution in storage, but
it is difficult to imagine what the contaminants might have
been. The lowest rate measured (with fresh cyanide solution)
was 0.015 mmole/1l/min at 30°C. This rate is 15 - 30% of the
supposedly uncatalyscd rates obtained in the absence of addi-
tives. A rate of a little over 0,015 mmole/1l/min is obtained
by extrapolating the curves in Fig. 11 (Section 3.134) back
to zero hydroxide concentration. It appears, therefore, that
this rate 1s a measure of the rates to te expected in the
absence of impurities, and the similar rates obtained with
added and copper ions in the presence of cyanide confirm
this view. It is unfortunate that the experiments with added
cyanide were conducted too late in this research for an ex-
tensive investigation to be made.

In onc of the experiments with added cyanide the highest
oxygen uptake of 191% of theoretical for conversion of thiol
to disulphide was recorded, and the reaction was still con-

tinuing at 20% of the initial rate. In the absence of cyanide



172

under otherwise identical conditions the final uptake was (4.12
only 113%, and the reaction had virtually ceased. It has been
shown98 that the cyanide ion is more effective than hydroxide
in causing scission of the sulphur-sulphur bond, which is the
preliminary step in the formation of higher oxidation products.
The thiocyanate produced by the scission87

RSSR + CN~ = RSCN + RS~ (11
would be stable to oxidation, and the final consumption of
oxygen would be twice that required for oxidation to disulphide,
. although the results here dp not confirm this as the oxidation
was not taken to completion.

The higher rate of oxidation of ethanethiol in the pre-—
sence of 0,05 M di-t-butyl peroxide was suppressed by the
further addition of 0.1 M ethylenediamine, and was therefore
probably due to an impurity ceffect rather than to free-radical
initiation. The base-catalysed oxidation of ethanethiol was
thus shown not to occur through a free-radical chain mechanism,
such as occurs for example in the low-tempcrature oxidation

20

of olefins and indeed in the gas-phase oxidation of ethane-

thiol itselflG.

Diphenylamine was added as a potential free-radical in-
hibitor, a role which it plays for example in the oxidation
of hydrocarbons, by reacting with the chain-propagafing radi-
cals to form other radicals with much lower activitygg. In

the present system diphenylamine had a small positive effect
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on the rate. This may have been another impurity effect, 4,15
although as was mentioned in Section 1l.52 any species which

can accept an electron is a potential catalyst. Diphenyl-

amine is an extremely weak base, due to the strong electron-—
withdrawing character of the two phenyl groups. It would

in fact be expected to form anions in the presence of strong

basc. This could lead to catalysis through the reaction

scheme: Ph.NH + OH = Ph.N~ + H.O (1)
2 2 2
- . -

PhgN™ + Oy = Ph N + Og (13)

PhoN® + RS™ = thN” + RS’ (14)

followed by equation 6 (RS" dimerisation). The role of
N,N'-dialkylaromatic amines in the 'antioxidant' swecetening
of gasoline has been worked out by Barringerloo, but in this
case the anions are oxidised by R02' radicals derived from

unsaturated hydrocarbons in the feedstock.

4,13 Oxidation of other thiols

The order of oxidisability of various thiols (Section
3.15) was comparable with thc results of previous workers,
the order being n-Hex ) n-Bu ) Et = PhCH,, > Ph > t-Bu, al-

51 found that n-Pr > n-Bu > n-Am. The

though Xan et al.
rates guoted for ethoncthiel in Table 16 (Section 3.15) are

somewhat lower than expected from other experiments, and its
reactivity is probably similar to that of phenylmethanethiol,

The above order follows approximately the order of stability
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of the anions given by the values of pKa in Section 1.2: 4.13
this stability is decreased by nucleophilie alkyl chains and
increased by electrophilic aromatic groups. However, factors
other than stability of the anion must be involved in the ex-
treme slowness of oxidation of t-butanethiol after the brief
period of comparatively rapid reaction at the start which
cannot at present be explained (Section 3.152). The slow
oxidation is associated with an exceptionally high activation
energy, which appeared to increase from asbout 22 to 32 kcal/mole
from 30 to 50°C, compared with the constant value of 16.5
kcal/mole for ethanethiol. The activation energy for thio-—
phenol oxidation was also, at 24 kcal/mole, higher than for
ethanethiol. OSomewhat higher values would be expected for
sterically hindered reactions, and, in the case of thiophenol,
from the stability of the anion. However, the values for the
activation energy correspond o values of the pre-exponential
factor A some 106 and 105 times higher for t-butanethiod and
thiophenol respectively, compared with ethanethiol, wheresgs
lower values would have been experted from steric considera-
tions. In view of this and the paucity of data obtained, the
values for the activation energy for the oxidation of t-butane-~
thiol and thiophenol, especially the high values with the for-

mer, must be regarded as suspect.
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4,2 Oxidation of thiols in the presence of added netal 4,92

salts

Experiments with added metal salts showed that under
the conditions studied the order of catalytic effectiveness
was Cu > Co > Mn > Fe > Cr » 0. Copper and cobalt were sel-
ected for more detailed study due to their large effect, and

the different types of kinetic behaviour which they gave.

4,21 Oxidation of ethanethiol in the presence of added

copper sulphate

Copper-catalysed oxidations were all found to absorb
nearly theoretical amounts of oxygen for the production of
disulphide as the sole product ( Section 3.2211).

The kinetics of the oxidation were zero order in thiol,
and first order in oxygen and copper ions ( the latter at
low concentrations only). The relevant drta appear in Sections
3. 22, 3.2212, and 3.2213. After allowing for the different
solubility of oxygen, the effect of the alkali concentration
diminished with incregsing amounts of added copper, and the
rate of the copper-catalysed reaction was probably independent
of the alkali strength. At low concentrations of copper the
measured rates were largely those of the 'uncatalysed' reaction,
and it is for this reason that the curves (d) and (e) in
Fig. 25 (Section 3.2212), derived in later experiments, are

lower than the other curves.
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The apparent upper limit to the rate of rezctinn, 4,21

reached at between 10™° and 10™<

M added CuSO4s was accompanied
by the production of a brown precipitate, waich was probably
cuprous oxide, or a copper-disulphide complex. However the
limit was not necessarily due only to removal of copper ions
from the solution. In one series of experiments tne reaction
rates at the higher copper concentrations were affected by
the rate of shaking (curves (a) and (b), Fig. 25), and there-
fore by the rate of diffusion of oxygen gas into the liquid
phase. The reaction vessel was subsequently modified to re-—
duce this effedt; however, the dependence of the reaction
rate on the copper concentration in these diffusion-affected
reactions was used in the following interesting reflections.
Assuming homogeneous distribution of oxygen in the
liquid phase, the following equation would appear reasonable

for the rate of diffusion of ~Xygen at the liquid-gas inter-

phase:

[0,
) (11)

ry = D[Oé]G(a -

[02]L and [02]G are the oxygen concentrations in the liquid
and gaseous phases respectively; a 1is the value of the
concentration ratioc when the solution is saturated; and

D is a diffusion rate constant which is dependent upon the
geometry of the system. If the oxygen reacts chemically in

bimolecular recactions with dissolved catalytic impurities
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and cuprous ions, the chemical rate of reaction may 4,21

be written as:
— H 11 mrs 3
ro = [Oz]L(k [cu]l + ¥x"'[Imp]) (i1i)
In this equation [Cu] is the total concentration of copper
ions; the reaction between cupric and thiol ions is assumed
to be very fast. Equating rp and g for the steady state,

where [02]L is constant:

_ k'[Cul/D + rolr =ro) .

mo————-

' [cul/D + v /(r - 7o) © s

Pq = Py =T

In this equation ry and r_| are the observed rates at [cul = 0O
and oo respectively. The broken curve (a) in Fig. 25 is based
on this eguation. Although the upper and lower rate limits
and the position of the curve with respect to the log[Cu]
axis were chosen to fit the experimental data. the agreement
with the ‘hree intermediate points confirms the validity of
the assumptions upon which equations (ii) and (iii) are based.
The curves (b) and (c¢) in Fig. 25 cannot be made to f£it any
theoretical relationship, and are probably the result of
heterogeneous distribution of dissolved oxygen in the liquid
phase.

The kinetics of the copper-catalysed oxidations are con-

sistent with the following type of mechanism:

cu(I) + 0, - cu(II) + 02’ (15)
cu(I) + 02’ - cu(II) + 02"‘ (16)
cu(II) + RS™ - Cu(I) + RS (17)

2RS* - RSSR (18)
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BEquation (15) is rate-determining. Probably, the copper 4,21
ions are in the form of complexes with OH , RS, and sub-
sequently also RSSR. The sulphur compounds would be expected
to give stronger complexes, and species such as Cu[RS]g_ are
likely to be involved in reaction (15). Values of the activa-
tion energy an for the reaction in the absence and presence
of low concentrations of added copper sulphate are given in
Table 23 (Section 3.2£14). After allowing for the uncatalrsed
reaction, a value of an ~ 10 or 11 kcal/mole emerges from
measurements in 0.6 M alkali in the lower temperature range,
but in the higher temperature range, and over both ranges
with 2.0 M alkali, an decreased both with increasing tempera-
ture and copper concentration. This must reflect changes in
the composition and concentration of the active complexzes
with temperature, and the details are likely to be complicatedf
The values of E_5 = 10 or 11 kcal/mole znd aSt » -8 e.u.
obtained for ethanethiol are similar to values obtained for
redox reactions involving metal ions, but it is at present
not* possible to derive mechanistic details from such data101.
The three additives ethylenediamine (en), ethylenediamine-
tetracetic acid (EDTA), and cyanide ion were all found to in-
hibit the catalysis, the last of them completely. It is
possible to calculate the approximate concentrations of these

additives required to displace hydroxide from its complexes

with copper and cobalt. Considering the following equilibria:
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M + xOH = M[(Oﬁ—)%](s) (19) 4.21

M+ yL = M[Ly] : (20)

it can be shown that the concentration of the complex M[Ly]

is given by the equation:

| Sy
[Complex] = 2xfso [L] /Ton ]0 (v)

1+ Byksoyz[L](y 1) /lox™ ] X

where k  is the solubility product according to equation (19),
and By is the formation constant for the complex M[Ly]
(equation (20)). The subscript zero denotes initial total
reagent concentrations. Values of k and By are available

102, and equation (v) was used to calculate

in the 1iterature
the value of [L]0 for which [Complex] = [M]o, when the
concentratlons were those used in the present work, viz.
[Cu]0 1, LGO]O = ., [oH™ ]0 = 2 M, temperature = 30°C.
The results are given in Table 38. It is acknowledged that |
these values apply only to the complete exchange of ligands,
and that complexes with mixed ligands would be formed at con-—
centrations of the additive ligands lower than these. Con-
sidering the case of catalysis by copper ions, the first-order
kinetics in copper and the rate constant obtained make it

very improbable that the copper was present as an all-hydrox-—
ide complex, which would have been precipitated under all the

conditions studied. Complexes involving thiol or disulphide

are much more probagble, and since values of By for these are
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not available, a precise explanation of the details of 4,21
the effect of additives is not possible. However, the ligand
concentrations in Table 38 may be regarded as probable minima

for displacement of thiol from its complexes.

Table 38. Ligand concentrations (in moles/i. (M)) required

to dissolve precipitated hydroxides and oxides. For conditions

see text.
Metal 1ogkSO Ithylenediamine EDTA Cyanide
oxidation ' ' =
logB. vy [en]. 1logB. y [EDTA]. logB. y [CN ]
state yl__ 0 J - 0 Y — 0
cu(z) -15% 108 2 0.5 b b o7 4 s5x107¢
cu(11) -24% 19.3 2 1 7.8 1 80 25 4 5x10°°
Co(II) -14.9 1%:8 3 0.5 15.4 1 10°° 19.1 6 0.1
Co(III) -45 48,7 & 1072 s 1 10° 64 6 0.1

a — kso estimated from data in Ref. 102, p. 30, and refer
only to 10™°M Cu.

b - By not available.

The added 0.25 M cyanide was obviously adequate to com—
plex with and deactivate all the copper ions in solution.
This reaction was interesting because, although the consump-
tion of oxygen and thiol corresponded closely to the stoiw-

chiometry expected for oxidation to disulphide, none was
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recovered. Two explanations of this are possible. 4,21
The disulphide may have been removed in the treatment with
ferrous ammonium sulphate (to remove cyanide prior to acidi-
fication for titration), or it may have been completely
hydrolysed. The latter would have led however to twice the
observed consumption of oxygen per mole of thiol oxidised
(Section 4.12), and the results do not show this, unless an
inadvertent deficiency as large as 8% in the amount of injec—
ted thiol may be assumed.

The concentrations of added ethylenediamine were hardly
sufficient completely to displace hydroxide from its copper
complexes, and therefore probably insufficient to compete
gffectively with thiol and disulphide as ligands. The deac-
tivation was therefore only partial, whereas with cobalt it
was complete.

Added concentrations of EZDTA were all well below the
values needed to displace hydroxide from complexes with
Cu(II), although the necessary data for Cu(I) are unfortunate-
1ly not available. As with the 'uncatalysed' oxidation. of
ethanethiol, the minimum rate was observed at a concentration

of EDTA below the maximum used: the rate was halved by 1O~4M,

but almost unaffected by 1079

M EDTA. Rising concentrations
of ILDTA could lead to the formation first of complexes with
mixed ligands; perhaps with Cu~EDTA-Cu bridging, and finally

to the simple Cu[EDTA] complexes when the EDTA concentration
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4

was high enough. The minimum at 10 °M EDTA (10:1 4,211

excess EDTA over coppen) mnay have been due to such changes.

4,211 Oxidation of other thiols in the presence of added

copper sulphate: effect of temperature

The energy of activation for the oxidation of thiophenol
was lowered h»y the presence of copper ions. After allowing
for the 'uncatalysed' reaction, the value for the contribution
of the copper ions was gbout 8 kcal/mole with thiophenol,
compared with about 10 or 11 kecal/mols for ethanethiol.
Taking the rate constant as 132 1.molemlsec—1 for thiophenol
at 30°C, the entropy of activation was -23.5 e.u. The value
for ethanethiol was -8.1 e.u., and the decrease is consistent
with the greater bulk of the thiophenol anion.

t-Butanethiol was anomalous in giving rates which
decreased with increasing temperature. The result can only
be explained by changing composition and concentrations in
the reagents. Although apparently absurd, this result does
serve to confirm the participation of thiol in the rate-
decvermining step, despite its zero power in the rate equation.
The copper species involved in this step (reaction (15)) can-
not. therefore be a simple hydroxide, or similar values for
the rate constants and their thermodynamic constants would

be expected irrespective of the nature of the thiol.
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4,212 Mechanism for the copper-catalysed oxidation . 4,212

of thiols
The mechanism for the copper-catalysed oxidation of thiols,
the outline of which was expressed in equations (15) and (18),

can now be envisaged in greater detail:

Cu(I)[(SR‘)z]— + O = cu(II)[(SR) 202'].' (21)
cu(11)[(SR) ;0,17 + 2RS™ - Cu(I)[(SR) 2's§2]“ (22)
cu(I)[(SR) ZRSSR]" - Cu(I)[(SR)z]" + RSSR (23}

202 + 2H20 - 40H + O2

The addition of oxygen in reaction (21), which is rate-deter—

(24)

mining, is stabilised by the internal transfer» of an electron
from copper to oxygen. Thiol anions then displace a peroxide
ion (22), and the resulting quadrice¥elént Cu(I) complex
eliminates disulphide to give the more stable bicovalent
thiol complex, which re-enters reaction (21). There are
several routes by which reaction (22) could be accomplished,
including the formation of free radical. intermediates. How-
ever, most probably the two RS~ ions are coordinated in two
steps, the second of which eliminates peroxide from a
trithiolatoperoxo intermediate. Whatever the details of the
mechanism, it is almost certainly based on reaction (21),
and through this on the increase in the more favoured coordina-—
tion number from 2 to 4 when Cu(I) is oxidised to Cu(II).

The change in kinetics to first order in thiol at high

conversions in the copper~catalysed oxidation of hexanethiol
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may be interpreted as a change in rate-determining step 4,22
to reaction (22) (or one of its component steps) due to the
steric c¢ffect_of the alkyl hydrocarbon chains.

The small effect of added ethylenediamine may be due to
the fact that two coordinated positions are unchanged
throughout the above reaction cycle;, and hence could be

occupied by en without much disturbing the kinetics.

4,22 Oxidation of ethanethiel in the presence of added

cobalt sulphate

The initial rate of oxidation of ethanethiol in the pre~
sence of added cobalt sulphate was found (Scction 3.2311) to |
increase with the cobalt concentration up to about 107°M,
the effect being roughly linear between 107% ana 107w
cobalt (Table 30). The initial rate also depended linearly
upon the oxygen pressure, but the results (Table 31, Section
3.,2212) can be extrapolated to give zero rate with as much
as 33 Ccm oxXygen.

The most interesting feature was the well-defined, and
often abrupt, decrease in the first-order rate constant as
the reaction proceeded, when the cobalt concentration was

1078

M or more (Fig. 30)., The result of this was that in the
later stages of the reaction the rate was higher in the pre-
sence of 10 M cobalt than with 10™°M (Fig. 29). Details of
the rate—constants and conditions under which the change in

k, took place are all given in Tables 30 and 31 (Sections
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3

3. 2511 and 3.2312). From the results with 10 "M cobalt, 4, 22

the change in kl appears to be determined by the disulphide

2M cobalt the change took

content of the mixture. With 10~
place at a thiol conversion some three times higher. The
values of (k, - klyo)ﬁj\ show that both the initial and final
cobalt-catalysed rates were higher in stronger alkalis

The dependence of the change in kl upon the disulphide
content was shown by a2dding disulphide to the reagents (Sec—
tion 3.2313). The rate constant throughout the reaction was
then close to the final values in the runs without added di-
sulphide. An apparent slight decrease of about 10% in kg
was observed. but this is much smaller than the 50% in the
gbsence of added disulphide.

In the presence of 10_5 and 1Q“%Aadded ethylenediamine—
tetracetic acid (Section 3.2314) the initial period was pro-
longed, and the initial rate ~onstant was unaltered, whereas
the final value was rather higher. However, 10" M EDTA
shortened the initial period so much that its rate could not
be exactly determined: the final value of kl was close to
that in the absence of EDTA. These reactions were followed
until oxygen uptake had ceased. The final uptakes were only
slightly more than theorecical for the production of disul-

phide in the case of 1070 and 107 °M EDTA, but was some 16%
higher with O.1 M EDTA. All the EDTA- containing solutions

were clear before the addition of thiol, whereas those without



186

EDTA contained the brown hydroxide. Table 38 shows 4,22
that EDTA concentrations over lO“ﬁM should keep the cobalt
in solution as the Co(II) compiex.

All the experiments with 107°M or more added cobalt,
with and without EDTA, were found finally to produce a red
g0lid product suspended in the droplets of disulphide. The
nature of this product is discussed below in Section 4. 22l.

The addition of ethylenediamine or cyanide completely
suppressed the catalytic efiect of the cobalt. No coloured
product was obtained, and the reactions were similar to those
in the absence of added cobalt.

Some data arc available which allow some comparison of
the relative stability of amine and thiol complexes of Co(II)192
The formation constmnts for the stepwise addition of ethylene-
diamine are K1 = 5,9, K2 = 4,8, and K:5 = 3.2, whereas for
2-aminoethanethiol the values are K1 = 7.7 and K2 = 7.0,
and no value is available for K5. Although the latter values
refer to addition of the unionised aminothiol, they do demon-
strate the greater affinity of Co(II) for sulphur. However,
in this example the thiol group forms part of a bidentate
chelating ligand, and it is doubtful whether non-chelating
thiol groups such as ethanethiol itself could displace
ethylenediamine from its complexes, especially from the

highly stable Co(III)ens, and the present results appear to

confirm this.
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No temperature coefficients for the cobalt-catalysed 4,221
oxidations of thiols were obtained except for the case of
t-butanethiol, for which a value of 7.6 kcal/mole was obtained
from the overall measured rates. No allowance was made for
the 'uncatalysed' contribution as the differences were so
small, tut the value is very much lower than the 22 - 32
kcal/mole obtained for the 'uncatalysed' oxidation of this

thiol.

4, 221 Mechanism of the cobalt-catalysed oxidation of thiols

Two types of mechanism for the cobalt.-catalysed oxidation
of thiols can be envisaged. These may be termed 'inner
sphere' and 'outer sphere' by analogy with the use of these
terms to describe the two basic ways in which exchange reac-—
tions between complex ioné can take p1a08101.

In an outer sphere reaction electron transfer tékes
place without disturbance to ithe ligand shell of the complexed
metal, Thus in the present case the cobalt complex would
act only as a bridge between the thiol anion and an oxygen

molecule, through which the electron could be readily trans-

ferred:

RS-...CO(III)[Xé]...Oz

- RS‘...Co(II)[XGj...o (25)

2

. v
- RS ...Co(III)[X6]...02
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This mechanism does not imply that trimolecular collie- 4,221
sions are necessary, since the bimolecular collision between
the cobalt complex and either reagent (but especially the
anion) could be 'stiecky' and persist as an outer sphere com-
plex until a further collision completed the exchange.

The ligands X occupying the six inner-sphere co-ordination
positions on the cobalt ion take no direct part in the
reaction, i.e. no bonds are made or broken, but the different
polarisability of various ligands would be expected to affect
the rate of electron transfer. It has been found for similar
electron transfers between two complex ions that outer sphere
reactions are characterised by the comparative insensitivity
of the rate constant to changes in the inner sphere ligands,
but this has been confirmed mainly for series of complexes
in which only one co-ordination position is changed;os.

In the present case the rates vary by a factor of about 17
from cyanide to EDTA, but the changes in the complexes were
probably drastic, involving most of or all the co-ordination
positions, and such a range of rates does not therefore
necessarily preclude an outer sphere mechanism.

As an alternative, an inner sphere mechanism, with
actual co-ordination of oxygen, can be envisaged. While
free-radical intermediates may take part, the following scheme

does not require this:
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CO(II)[X4(52R2)j + 05 = CO(III)[X4(SRSR)(00“)j (263"22l

CO(III)[X4(SRSR)(00’)] + RS~ = CO(III)[X4(SR‘)(00’)j (27)
+ RSSR

CO(III)[X4(SR”)(00")j + RS = CO(II)[X4(SZR2)j + 0

In these equations only the atoms written first in the ligand
formylae are actually co-ordinated: i.e. (SRSR) occupies
only one, but (82R2) two co-ordination positions. Equation
(27) is mate~determining.

Both outer and inner sphere mechanisms would give a rate
equation of the type:

Rate = k'[Co(II)[Oé][RS;] (vi)

Although the observed dependence of the rate upon reagent
concentrations was not straightforward, equation (vi) appears
to be indicated by the results.

The discontinuous change in the measured rate constant

during reactions with 107°

M or more cobalt, with and without
EDTA, was always accompanied by the formation of the insoluble
red complex. Experiménts showed that this could only be ob~
tained from solutions containing both cobalt and thiol.,
Noun~aqueous suspensions of the product were found to have
absorption maxima at 415 and 510 my, the latter being about
three times stronger than the former with ethanethiol, and
six vimes with n-hexanethiol. Spectra of this type are

characteristic of Co(III) complexele4, and this was confirmed
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by the diamagnetism, since Co(II) (Sds) has an 4,221
unpaired electron. The red product was therefore a Co(III)~
thiol/disulphide complex. The elemental analysis did not
provide a simple empirical formula, but in view of the prob-
able presence of 02H58 units, the complex evidently contained
either = Co(Cszs)z or Co(Cszs)3 grouping, depending upon
whether the sulphur or carbon analyses are accepted (c.f.
empirical formula 0082.2506;49H16.303.56’ Section 3.233).

It seems likely that the precipitate contained an assortment
of Co-8-5~Co bridged chains and lattices, giving overall the
indefinite composition shown by analysis. The formation of
sach structures could effectively put a proportion of the
cobalt atoms in an extensive ligand cage, and thereby prevent
their interaction with oxygen and thiol,

The time of reaction at which the complex was formed
would be determined mainly by the disulphide content of the
solution, since this is changing most rapidly near the start
of the reaction. Although the abrupt decrease in the rate
constant kl was probably connected with the formation and
precipitation of the complex, the precise relationship is
not clear. When disulphide was deliberately added to the
reagents the slower rate was observed from the start.
However, the rate-constant changes were observed at reaction
times at which the disulphide content of the reagents was

several times greater than its solubility in the alkali
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(Section 3.3), and was dependent upon the cobalt content. 4,221
This shows that more than a simple equilibrium of complexes
is involved, and the effect of the relative proportions of
precipitate, aqueous phase, and disulphide on the physical
state of the precipitate may be responsible for the kinetic
details. For example, with 10™°M Co, coagulation of the
larger amount of precipitate evidently led progressively to
the complete removal of cobalt from the oxidising systen,
and therefore to a decreasing rate constant (Fig. 30, Section
3.231L%). With 10—3M cobalt, however, the smaller quantity
of precipitate remained finely divided in the droplets of
disulphide, and equilibrium with the agueous phase was main-
tained, giving a constant concentration of dissolved cobalt,
and the observed uniform value of the lower kl‘

While it is possible in this way to explain certain
features of the observed reaction kinetics, it must be con-
cluded that the present limited data do not permit any deci-
sion concerning the mechanism of the basic cobalt-catalysed
reaction, such as whether it is outer or inner sphere. To
achieve this an intensive investigation of the complexes of
cobalt ions with hydroxide, thiols, and disulphides is

requireds.
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4, 222 Oxidation of other thiols in the presence of 4, 222

added cobalt sulphate

The rate and kinetics of oxidation of n-hexanethiol in
the presence of added cobalt sulphate were very similar to
those found with ethanethiol, and the same mechanism was doubt-
less operative. The rates were somewhat lower, and this
could be ascribed to the greater bulk of the thiol anion
leading to a slower reaction. In view of this the very slow
reaction obtained with n-butanethiol is remarkable, and this
anomaly cannot be explained at present. The slow reaction
with t-butanethiol parallels the results obtained with this
thiol in 'uncatalysed' and copper-catalysed systems. The
energy of activation was found to be 7.6 kcal/mole, which
would be of the order expected for a metal-ion catalysed
reaction, and if the reagent concentraticns are taken as
their nominal values, the entropy of activation can be calcul-
ated as -47 e.u., a large negative value being expected for
a sterically-hindered reaction.

The slow reaction with thiophenol is probably due both
to steric effects and to the stability of the anion, i.e.
the difficulty of removing an electron from sulphur combined
to an electrophilic group.

The rate of the cobalt-catalysed oxidation of phenyl-
ethanethiol was intermediate between those for thiophenol

and the alkanethiols (except the butanethiols), as in its
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uncatalysed and copper-catalysed oxidation. 4,85

4.23 Oxidation of ethanethiol in the presence of other

metal sulphates

The oxidation-reduction potentials for the aguo-complex
ions of the five metals used in the present work are given in
Table 39.

Table 39. Redox potentials for aguo-ions of various meta?s}o5

Couple Standard redox potential
(Volts)
cut = cu® 4 o” 0,167
co®t = co®t 4 &7 ~1.82
M2t o 4 " ~1.51
Feot = et 4 & -0.771
cr?t = or®t 4 e 40,41

While the couples would of course change with the substi-
tution of other ligands for water, the values in the Table
should provide a general guide to the relative stability of
the metal ions in the oxidation states considered. In each
case the oxidation states are those most likely to be involved
in the catalysis of thiol oxidation, and there is no reason
to believe that any other states take part. The two most

active catalysts, copper and cobalt, are seen to have widely



194

different redox potentials, with the two less effective 4,3
catalysts, iron and manganese, between them.

The value for chromium ions shows that reduction of the
chromic state is very difficult, and the ineffectiveness of
chromic ions as a catalyst is almost certain to be due to the
inability of thiol ions to accomplish this (Section 3.26).

The present results show that the slow (rate-~determining)
step in the cobalt-catlysed oxidation of thiols is that in-
volving the reduction of Co(III) ions. The corresponding
states of manganese and iron are even more stable, and their
reduction correspondingly more difficult, and hence their
lower catalytic effect is to be expected (Sections 3.24 to
3.25). The rather limited kinetic results obtained in the
presence of these metals show that both probably take part
in a cobalt-type oxidation-reduction cycle, since initially
rapid oxidation with abrupt decreases in the first-order
rate constants was observed under certain conditions with the
ions of both metals. In the case of iron the decrease occur-
red at lower conversions of thiol compared with cobalt, and
this may indicate the higher stability of Fe(III)-disulphide
complexcs, which - as in the case of cobalt - would make the
higher oxidation state more resistant to reduction by thiol,
especially by the inner-sphere mechanism.

In the case if manganese, high initial rates were obtain-

ed only in the presence of the weaker alkali. This may show the
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gpecial stability of Mn-hydroxide complexes to substi- 4,3
tution by thiol in the inner-sphere mechanism: therefore
despite the closeness of the redox potentiak to that for
cobalt, the reaction is much slower.

Under the most favourable conditions, the rate constants
for the iron- and manganese-catalyscd oxidations wcre from
one-third to one-half of those obtalned with cobalt, the values

for iron being somewhat higher than thosc for mangencse.

4ed Conclusions

The present researches have shown that the uncatalysed
oxidation of thiols in aqueous basic solutions is probably
very slow at 30-50°C. The reaction is extremely sensitive
to catalysis by metal ions, and in view of this it would
probably be unprofitable to attempt to obtaia lower levels
of impurity than those in the present work. The apparent
suppression of the catalytic effect of metal ions by the
addition of cyanide is likely to provide a simpler method of
achieving uncatalysed oxidations. As reported in Section 1l.42,
it has been shown that the uncatalysed oxidation of thiols
is consideraﬁly faster in highly polar solvents containing
organic bases. However, the latter are all Lewis bases in
the broader definition, and as such are likely to be strong
ligands and metal-scavengers, and hence easily contaminated.
It is therefore a®* least as necessary to take care to exclude

metals from these as firdlm aqueous systems. Workers have not
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always explicitly considered this. 4,4
The results obtained in the present work on oxidation
experiments with added metal ions suggest that the mechanisms
are essentially similar to those proposed by Schubert and
cthers for the corresponding catalysed oxidaticns of carboxy-
thiols, which were discussed in Section 1.51l. ©Some differ-
ences would of course be expected from competition by OH™
ions in the present strongly alkaline aqueous solutions, for
most of the earlier work has been carried out at low alkaline
pH values. Further differences in detail are expected from
the relative stabilities and solubilities of hydroxide,
thiol, and disulphide complexes. The thiols and derived
disulphides concerned in the present studies do not of course
possess hydreophilic groups, which ensure solubility in the
case of carboxy-thiols. Precipitation is especially likely
to ocecur when sufficient disulphide has accumulated in the
system to form complexes with no overall charge. This leads
to the removal of metal ions from the agueous phase, and the
changes in rate constant observed with cobalt, iron, and
manganese. This process does not appear to ‘ocewmx: in the
cobalt system when certain concentrations of EDTA are present.
From the peoint of view of commercial operation of metal-
catalysed petroleum sweetening processes, the use of agueous
alkali containing metal ions homogeneously dissolved as a

complex is likely to have the advantage in simplicity and
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efficiency over the slurry methods to which the present 4.4
reseatch of other workers on catalysis by pyrophosphate and
other insoluble complexes appears to be leading. TFor these
purposes suitable complexes of copper would appear most
promising.

I'rom the academic viewpoint, details of the process
which the present work shows only in outline should clearly
be sought. MNore data on complexes with simple thiols and
disulphides is required, and it may prove feasible to measure
the rates of oxidation of thiol anions by metal ions in
anacrobic systems, for comparison with the metal-ion~-catalysed
rates of autoxidation,; since with cobalt, iron, and manganese
at least it is these resctions which appear to determine the

overall rates of reaction.
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APPENDICES Al

A1l Correction of gos burette readings

The gas burette readings were corrected for variations
from standard values in the water-bath temperatures and in
the working pressure. This was carried out by means of the
following Boyle's Law treatment.

It p,» T, are the standord pressure and water-bath temp.,

Pys TO are the observed pressure and water-~bath tenp.,

T is the o0il-bath temperature,

oll
v is the volume of gas in the reaction vessel (at Tail)’
V is the volume of the working line at To’ with the

burette at the zero mark, and excluding the volunme

at Tpsiq0

bo is the observed, bc the corrected burette readings.
If the effect of the vapour pressures of the reagents is
neglected, then the observed and corrected burette readings
may be connected by the equation:
pg(V-v.) pv p,(V-b) v

+ = + (1)

RTS RTOil RTO RToil

This may be rearranged to give the equation:
p (T, -T) - T (p, - D) ¥T (11)
b =b + =2 & B .0 S (v-b)+——(p, -Dp)
T p o] T D 8 o]
o 8 0il*s
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The apparatus used in this work was calibrated - A2
by application of Boyle's Law, and the volumes were found to
be V = 612 ml, v = 92 ml (with 50 ml reagent solution in the
reaction vessel). Taking T i1 @ the common 30°C (303°K),
equation (ii) becomes:
(iii)

b, =Db_ + Pe(TgTy) * Ts(ps—po)(slz-bo) + 0.5635E§(ps-p0)

TePq Pg

The denominator of the first quotient in this equation should
bevTops, to which Tsps is a simplifying approximation. The
form of this equation enables burette readings, bo’ to be
corrected rapidly and simply, Py and TS being chosen to mini-

mise the corrections necessary in each experiment.

A2 Automatic recording of burette levels

A device for the automatic recording of burette level
as a function of reaction time was described in Section 2.214.
Several methods of achieving this were in fact considered.
All depended upon the movement of mercury in a U-tube span-
ning the two limbs of the gas burette, which (as described
in Section 2.212) was filled with silicone oil, and three
methods of detecting and recording the movement werd considered.
l.. By the change in resistance of a dipping single-crystal
" graphite rod. ‘I'rials were conducted with a rod of about
0.1 ochm/cm. A fairly good linear calibration was found, but

it was considered that the performance of the cell would
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deteriorate seriously with use, as the mercury became A2
dirty.

2. By floating a steel ball on the mercury, and detecting
the change of inductance as the ball moved between two coils,
which formed the varisble arms of an inductance bridge circuit.
This syctem worked very well in mock-up, but in the event it
was not used since the necessary electronic equipment was

not available.

D By making the mercury-filled U-~tube a capacity cell.

This was the method adopted, because the necessary 'Telstor'
and 'Servograph' units were available, as described in

Section 2.213.

After calibration had given good linear curves connecting
the Servograph and burette readings, it was disappointing to
find that the device failed to follow changes in burette
level during actual experiments. At the start of runs no up-
take was registered until the burette 1evél had risen by
about 10 ml (about 6% of the usual total uptake). The recor-
der subsequently followed the burette, but the readings fell
prpgressively further behind the calibration, and tended to
move in steps.

It is likely that this behaviour was due to sticking of
the mercury in the capicity limb, in which the mercury fell
as the burette level rose. Although this arrangement was

perhaps unwise, it had been considered that the vibragtion
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from the shaker would prevent sticking: evidently this A3
was not so., Since the discrepancy between the calibration
curves and actual working values increased during experiments,
it is likely that the recording device was subject to a
further steady drift.

Since some time had been spent developing this device,
and there was doubt if it could be made to work in a reason-
able time, further development was abandoned, and readings

were recorded visually.

AJd Sengitivity of the manostat sensing cell

The manostat sensing cell is shown diagrammatically in
Fig. 36. The fall SA in the electrolyte level in the refer-
cnce limb (AhR) and the corresponding rise SB in the working
1limb (AhW) sre caused by a pressure decrease from Py to
PW—APW in the working line, there being a corresponding
decrease from PR to PR-APR in the reference limb. Applying
Boyle's Law to the gas enclosed in the reference limb:
PRl = (PgmaPp) (Vpmrp “ahy) (1)
For equilibrium at level A:
Pp-oPp = PR—APw+dg(AhR+AhW) (ii)
where 4 = density of the fluid in thz sensing cell.
But, since the volume of fluid in the sensing cell is constant,
rR2

2
mrp“shy = wrwaahw » Or Ahy = Abp.—5 (1ii)
r
W
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Substituting from (iii) into (ii): A4
2
’r .
AL = APy - dgAhR(l +~;~§) (iv)
W

Substituting from (iv) into (i) gives the following

expression for the sensitivity of the cell:

Ahp A (v)

— a——

2 2 2
APy Ppmrpt- Rdg(l+rR /rw )

For optimum sensitivity, therefore, the volume of the
reference limb, Vh, should be large, and the tube diameter,
rps small. This was applied in constructing the cell de~
scribed in Section 2.214.

A4 Solubility of oxygen in agueous alkali

Data are available for the Bunsen absorpiion coefficient,
A, for solutions of oxygen in agueous sodium and potassium
hydroxidele6: & is the volume of oxygen, corrected to 0°C,
dissolved in unit volume of alkali.

For the purpose of the present work these data were

interpolated and extrapolated using the qquatmnn3107:

Ingh = - ﬁ% + constant (i)

at constant alkali concentration, ¢, and:
lnk = k¢ + constant (ii)
at constant temperature, T, where k is a constant.

The available data are plotted in Fig. 37, values of &
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for solutions of sodium and potassium hydroxides being so A 4
close that the mean has been plotted as a single point. The
results obtained by extrapolating to higher temperatures are
shown in Fig. 38. Although the three extrapolated points
obtained for each temperature appear to fall on a curve, the
best straight line has been used to extrapolate to 4 M alkalil
at 30°C (sec Section 3.134).
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