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The kinetics of the reaction between peroxydisulphate and 2, 3-butane diol
catalysed by silver (I) have been studied. The rate of peroxydisulphate dis-
appearance was found to be proportional to the concentration of peroxy-
disulphate and of silver (I), but independent of the concentration of 2, 3-diol.
The rate of silver (I) catalysed decomposition of peroxydisulphate in presence
of 2, 3-butane diol is about six times faster than the rate in absence of the diol.
The reaction was studied at different temperatures and the energy of activa-
tion and the entropy of activation were evaluated. A mechanism of the

oxidation of 2, 3-butane diol by peroxydisulphate catalysed by silver (I) has
been suggested.

INTRODUCTION

Kinetic studies on oxidation of a variety of substances, both organic
and inorganic by peroxydisulphate, have been reviewed by House (1962) and
Wilmarth and Haim (1962). Unless a catalyst is employed these reactions
are slow at ordinary temperatures, The most thoroughly investigated catalyst
is silver (I), although copper (II) has also been studied. A review of the
literature on the oxidation by peroxydisulphate shows that oxidation of diols
by peroxydisulphate has not received much attention. The present report
deals with the results on the oxidation of 2, 3-butane diol by peroxydisulphate
catalysed by silver (I).

2. EXPERIMENTAL PROCEDURE

2, 3-butane diol (B.D.H. AnalaR), silver nitrate (B.D.H. AnalaR) and
potassium peroxydisulphate (E. Merck) were used. All other chemicals were
chemically pure. Standard solutions of the various reagents were prepared
by dissolving weighed amounts of reagents in double distilled water from
pyrex vessel. Furtiler, persulphate solution was always freshly prepared and
its concentration checked by Eckardt’s method.

The desired volumes of water and standard solutions, except for peroxy-
disulphate, were placed in & glass-stoppered bottle. This bottle and the one
containing peroxydisulphate were placed in a thermostat at temperature
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48-5 °C (£0-03 °C) and allowed to reach thermal equilibrium. Then the
appropriate volume of peroxydisulphate was transferred to the flask by
means of a pipette. Aliquot portions of the solution were removed at known
_intervals of time and the concentration of peroxydisulphate left unreacted
estimated by the method of Bartlett and Cotman (1949).

The experiments were carried out in diffused room light since the rate
of reaction in diffused room light is not significantly different from that in
dark.

3. REesvrrs

Extent of reaction was restricted (m30%) and [substrate]> [S,027]
so as to prevent secondary oxidation of products. Under the kinetic condi-
tions the main product of oxidation as confirmed by its usual test has been
found to be acetaldehyde. Since the rate laws are not affected by presence
or absence of oxygen, no attempt was made to remove oxygen from the
reaction system.

During an experiment the logarithm of szog- concentration decreased
linearly with time, thus showing that the rate, at which peroxydisulphate
disappears, follows first order rate law in peroxydisulphate concentration,

—d[8,0]
dt

Values of k; were obtained from the graphs of logarithms of the volume of

thiosulphate solution (which is proportional to the concentration of 8202')

versus time. As the graphs were quite straight for about 60-70 per cent of

the reaction it was possible to obtain accurate values of k; for each experiment.

The first order dependence on the concentration of peroxydisulphate was

further verified by changing the initial concentration of peroxydisulphate

(Table I). The fact the pseudo first order rate constant is independent of

the initial concentration of peroxydisulphate shows that the order with
respect to peroxydisulphate is one.

= k1 [8:057].

TaBLE I

[2, 3-butane diol] = 4-98x 1072 M, [Ag+]==12-8Tx 107 * M
Temp. = 48-5 °C

[8:027]% 108 moleslitre  0-097 199 299 398 498
Fy % 103%/sec. 115 121 126  1.20 122

The pseudo first order rate constant is independent of the concentration
of 2, 3-butane diol (Table II). This shows that the rate is independent of the
initial concentration of 2, 3-butane diol.
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Tasie II
[8:05 7] =199x10-2 M, [Agt]=1200x10-3 M, Temp. = 485 °C

[2, 3-butane diol] x 102
mole/litre 0-997 1-99 2-99 3-98 4-98
%y % 108/sec. 117 125 13¢ 117 127

The pseudo first order constant is proportional to the first power of the
concentration of silver (I) (Table III). This shows that the rate is proportional
to the concentration of silver (I).

Tasie IIT

[2, 3-butane diol] = 4-99x10-2 M, [8,07 ] = 499 10-3 M
Temp. = 48-5 °C

[Ag+] % 104 moles/litre 773 10-30  12:87 1546 1800
¥y X 108/sec. 100 113 140 179 2:05
kaf[Ag+] 129 109 110 116 114

Addition of small quantities of sulphate (0-25 M ) does not affect the value
of the pseudo rate constant. This shows that salt effects seem to be un-
important (Table IV).

Tasize IV
[2, 3-butane diol] = 4-99x10-2 M, [8,0; “]=498x10-3 M
[Ag+] = 12:87x 10-4 M, Temp. = 485 °C
[80; ™) moles/litre - 0-250 ‘
%y % 104/sec. 12:2 12:5

The effect of Ht ion concentration on the rate of oxidation was studied
by adding sulphuriec acid, at the same time adjusting the concentration of
sulphate to a constant value by adding potassium sulphate. The results
(Table V) show that small quantities of acid decrease rate constant appreci-
ably, but further addition of acid (pH 2-5-3-6) does not produce any change
in oxidation.

Tasre V
[2, $-butane diol] = 4-08x 10-2 M, [Ag+] = 12:8Tx 10-4 M
[8:027] = 4-98x10-3 M, Temp. = 485, [S0} | = 0246 1

. [H+] x 10% moles/litre 0-0 481 961 144 192
K, X 104/sec. 1286 579 572 564 580
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The reaction was studied at different temperatures. The values of the
pseudo first order rate constants k, and of specific rate constant k¥ (= k,/[[Ag+] )
at different temperatures are summarized in Table V1.

Tasre VI

[2, 3-butave diol] = 4-99x 10-2 M, [8;027] = 4-98x 10-3.1
[Ag+] = 12:87x 104 M

Terap. °C ' 356 402 485 546

ky x 108{sec. 0-43 0-65 1-23 2:06
k = ky/[Agt] litre molefsec. 0:33 0-50 0-95 1-60

Tasre VII
Kinetic values
[8:05%] = 499 10-22 M, [5205%] = 10-2 M (for aldehyde)
[2, 8-butane diol] = 4-98 x 10-3 M, [Acetaldehyde] = 5x 10-2 M
[Ag+] = 1287 x 10~ M, [Ag+] = 0-34 x 10—4 M (for aldehyde)

2, 3-butane diol

Temp. = 485 °C Acetaldehyde at 60 °C

Rate, mole/litre sec. 1-23x 10-3 7-949 x 10~
Frequency factor 1-82x 1010 2-082 x 1012
A E k cals/mole 15-1 21-36
AS E.TU. —12 4-4
DiscussioN

Rate of oxidation calculated for diol (at 60 °C and [Agt] = 0-34 x 10-% M)
comes out to be 635X 107¢ which is about eight times faster than the rate of
oxidation [7-9490x 1076 (Table VII)] of acetaldehyde. The reaction between
2, 3-butane diol and peroxydisulphate in absence of silver (I) ions is extremely
slow. The rate of (Agt+) ions catalysed reaction is proportional to the
concentration of (Ag') ions and of peroxydisulphate but independent of the
concentration of 2, 3-butane diol. Since the uncatalysed reaction between
peroxydisulphate and 2, 3-butane diol is extremely slow, it therefore suggests
that peroxydisulphate or sulphate radical ions do not react with 2, 3-butane
diol. However, to explain the increased rate of disappearance of peroxy-
disulphate on addition of substrate, it is necessary to postulate that reactive
gilver species and 2, 3-butane diol react to produce radical. The radical so
produced from the substrate further induces peroxysulphate decomposition.
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Gupta and Ghosh (1959) have proposed a mechanism involving an equilibrium
which is followed by a termolecular rate determining step,

8;0%" == 280, B ¢ )
280, +Agt —> 2805 +Agst. .. . (@
{slow)

The break-down of the peroxydisulphate into sulphate ion radicals appears
to be unlikely since one would expect that the sulphate ion radicals would
exchange electrons with sulphate ions at a rate comparable with their re-
combination to peroxydisulphate. However, no exchange has been observed
under the conditions of the kinetic experiments (Tsao and Wilmarth 1959;
Wiberg 1959; Maccalum and Enger 1954; Riesebos and Aten 1952). Con-
sequently any proposed mechanism of decomposition involving equilibrium
between peroxydisulphate and sulphate ion radicals, i.e. step (1), is probably
incorrect.

Alternatively catalytic effect of silver ions may be explained by consider-
ing the following reactions: '

Agt+8,07" —> Ag?t+S0; +80%" N )
Agt4+80; —> Ag+ 4807 . @

The nature of the silver intermediate in the oxidations by peroxydisulphate
is uncertain. Both Ag2?+ and Ag3+ ions have been postulated as intermediates
(Bawn and Margerison 1955; Carman 1934; Fronaeus 1956). The postulation
of Ag?+ and SO, as reactive species accords with the observation of Subba-
raman and Santappa (1966), and Higginson and Marshall (1957) that ome
electron transfer is more likely in oxidation reduction system between a
transition metal ion and an ion derived from non-transition element,

The fact that the rate of reaction is faster in solutions from which oxygen
has been removed suggests a chain mechanism. In view of the above con-
sideration, we are led to suggest the following mechanism:

k
Ag*+8,07" —2» Agt+ 80 +802 L (B
) |
Agt+80; —>Agrt+80F .. .. .. .. (da)
H
l
CHy—C—0—H b, CH,CHO-+H*
[ ag T
CH,CH(OH) CH;CH(OH) +Ag* . ®
. k
CH,CH(OH)+8,0; —> CH,CHO-+80] +80°"+H* ..  (§)

. k
CHyCH(OH)+80; —» CHyCHO-+S0%" + H* m
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On the basis of this mechanism

—d[8,0%°] _
) snentsot)
- where
KK, \}
K=Fk k{ 3 4} .
3+Ka Tkr

This mechanism leads to correct rate laws and explains the dependence of
rate constant on the first power of silver (I) ion concentration.
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