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In the pH region 4.3-8.5, the oxidation of sulphur(IV) by peroxodisulphate (Eq. i) obeys the experi-

mental rate law (ii).

S,02" +S(IV)~ 3S(VI)

_ d[S<IV)]= kso3 Kd(2)+ kﬂso3 [H+]

ds H"]+ Ky

(PDSS(IV)]

(i)

.. (i)

where kgo; and kygo, are bimolecular rate constants for the $,08~ ~SO2~ and $,0¢” —HSOj; reac-
tions and K, is the dissociation constant of HSO; - ks, and kyso, values are 6 X 1072 and 2.8 x 193
dm’mol ~!s~ ! respectively at /= 1.0 mol dm~3 and 40°C.

Studies on the aqueous phase oxidation of dis-
solved sulphur dioxide, i.e. sulphur(IV) are im-
portant in understanding the atmospheric chemis-
try of this acid rain precursor'. Its oxidation with
dioxygen?, hydrogen peroxide’*, ozone®, organic
peroxo-acids® and peroxomonosulphate’ has been
studied. It is noteworthy that while in the oxida-
tion by oxygen’ and ozone’ sulphite ion is much
more reactive than bisulphite, the reverse is true
with hydrogen peroxide’* and peroxomonosulph-
ate’.

The interest in the present reaction emanated
from a desire to compare the relative reactivity of
sulphite and bisulphite ions in their oxidation with
peroxodisulphate, peroxomonosulphate and other
peroxo-oxidants. Previously, the kinetics of this
reaction has been studied by Tan and House® over
pH 5 and the results were interpreted in terms of
rate law (1). They assumed only sulphite ion to be
reactive. In an

_d[S(V))_ kK[S,01 Ts(1v )]
di (K+[H))

(1)

earlier investigation, Fomina et al® determinedkin-
etic orders in peroxodisulphate and sulphur(IV),
but there is some confusion' regarding the rate
law.

In the present investigation, the reaction has
been studied over a wide pH range and the results

are in agreement with both sulphite and bisulphite
ions being reactive.

Materials and Methods

Potassium peroxodisulphate (PDS) (E. Merck)
and sodium sulphite (BDH) were used as such. All
other chemicals were of reagent grade. As the au-
toxidation of S(IV) is trace-metal ion catalyzed,
the kinetics were studied in the presence of
1.0x 107 mol dm~* EDTA to supress this path
and eliminate interference with the main PDS-
S(IV) reaction'. For study in the pH region 4.0-
5.95 acetic acid-sodium acetate, and for higher pH
studies potassium dihydrogen phosphate-disodium
hydrogen phosphate buffers were used. For lower
PH studies, perchloric acid was used for adjusting
the initial pH. The ionic strength was maintained
by use of sodium nitrate.

The kinetics were studied in closed reaction
vessels which were immersed in a thermostated
water bath (1 0.1°). The kinetics were followed by
withdrawing the aliquot samples and quenching
the reaction with the use of ice cold water and
cracked ice. Unreacted S(IV) was estimated by
adding a known volume of standard iodine solu-
tion to the aliquots and back-titrating the uncon-
sumed iodine against standard sodium thiosulph-
ate solution using starch as an indicator'?. The ti-
tration was performed in slightly acidic medium.
The sulphur(IV )-iodine reaction (2) is so fast that
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.(2)

it is outside the time range of stopped-flow equip-
ment'?, Hence, even at low temperature, reaction
(2) is essentially complete during the time required
for mixing S(IV) and I, and hence the low tem-
perature, at which estimation of S(IV) was done,
did not affect the assay. The control experiments
showed that the assay of sulphite, in the range of
pH used in the present study, was unaffected by
the presence and the absence of PDS. Opviously
PDS -1~ and PDS-S,03" reactions must be of
no consequence. The rate of the thermal|decom-
position of PDS in the pH range 18-/.5 was
found to be very slow as compared to th¢ rate of
its. reduction by sulphur(IV) and hence there was
no complication due to the former reactipn. This
is in agreement with the reported slowness of the
decomposition under these conditions'’.

Stoichiometry—The  stoichiometric measure-
ments were made by allowing equal am¢unts of
PDS and S(IV) to react for sufficiently lgng time
so as to ensure completion of the reactipn. The
qualitative analysis indicated sulphate to be pres-
ent and dithionate to be absent. Quantitative esti-
mation of sulphate in the final product |solution
was made by precipitating it as BaSO,. The ratio
of sulphate formed to that expected from Eq. (3)
was found to be 0.96+0.1, which is in accord
with Eq, (3)

HSO; +1,+H,0~S0;” +21" +3H"

$,03" +S0%" +H,0~3802" +2H" .. (3)

and alsp with the work of Fomina et al{ and of
Aten erial'®. The latter authors have reported that
in acid imedium PDS oxidized about 1%| sulphur
(IV) only into dithionate. However, our repults are
at varignce with those of Tan and Houge?, who
have indicated the formation of higher ampunts of

dithionate, using a different method for stoichiom-
etric measurements.
Results

The rate measurements made with | varying

[S(IV)] {1.0-80.0 x 10~* mol dm™~3) and [PDS] (1.0-

8.0x107% moldm™3) at pH=5.02 and /=10
mol dm ™ fitted the second order rate law (4).
d|S(1IV
- -LH = k:[PDSJS(IV)] (4)
The value of second order rate constant,| k,, was
found to be (8.3 £ 0.8)x 10 ~* dm*mol ~'s !
From some kinetic runs, carried out under
pseudo-order conditions (with [PDS] i excess
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over [S(IV)]), pseudo-first order rate constants, k;,
were obtained. The values of k, obtained from k, -
agreed with the values determined under second
order conditions.

The effect of [H* | was studied by varying pH in
the range 1.49-7.72. The results of pH range
4.30-7.72 are in agreement with the rate law (5).

_ kso, Koy ¥ kusso, [H']
H*]+ Ky

k, . (5)

where K, is the dissociation constant of HSO;3
and kg, and kyso, are the rate constants for the
reactions of SO~ and HSO; with S,03". Equa-
tion (5) can be rearranged as Eq. (6).

. (6)

Using a recently determined value' of
50x1077 for Ky, the plot of k,([H*]+Kyy)
versus [H*] was linear. The values of k5o, Ky
and kyso, were found to be (3.0£0.7)x 1078
and (2.810.40)x 1073 dm?mol~'s™! respectively
at 40° and 7/=1.0 mol dm~3 and from the former,
a value of (6+1)x1072? dm®mol~!s™! for kg,
was obtained.

It is noteworthy that the rate is not affected by
a decrease in pH below 4.30. Indeed, the value of
k, is almost constant in the pH region 1.49-4.30
[(3.2+£0.4)x 10 3 dm3mol~!s~']. It indicates that
both SO,.H,0O (which is predominant in low pH
solutions) and HSO; are almost equally reactive.

On increasing ionic strength from 0.1-1.0
mol dm~? the rate almost doubled from 4.6 X 1073
to 9.1x1073 dm*mol~!s~! at 40°C and pH 5.02.
On increasing the concentration of mannitol, a
free radical scavenger, k, decreased only marginal-
ly from a value of 11x1073 dm’mol !s™! at
51073 moldm~3 mannitol to a value of
8.3x107% dmPmol 's™! at 15x107% mol dm~?
mannitol both at pH 5.82 and 40°C. Using Arrhe-
nius equation, and the values of k, the energies of
activation were determined to be 29 and 47 kJ
mol~! at pH 5.02 and 8.5 respectively.

ko (H* ]+ Ky2) = kso, Kuz)+ kuso, [H]

Discussion

The gross kinetics features are as follows. The
reaction is first order in both PDS and sulphur
(IV) which probably indicates involvement of both
species in the slow step. The nature of hydrogen
dependence requires both HSO; and SO3%~ to be
reactive, as in the present pH conditions HSO;
and SO?%~ only need be considered in consonance
with reported values's of Ky, (1.26 X 107?) and
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K42 (5.0x1077) for the acid dissociation equilib-
ria (7,8).

. (7)

.. (8)

Recalling earlier work is helpful in proposing
mechanism. The study of terminal groups of po-
lymers obtained in the system containing peroxod-
isulphate and sulphite indicated the formation of
SO, radical's. The comparative studies on PDS-
S(IV) reaction, and on thermal decomposition of
PDS in the presence of radical acceptors like p-
nitrosodimethylaniline (NDMA), methanol and
2-propanol which compete for free radicals
formed, showed the formation of SO, " radicals in
the primary step'’. Based on this information and
on the work of Wilmarth and Haim!®, the follow-
ing mechanism may be proposed.

$,03" +S02~ %5 50; " +50; +502"

Kd(l;
SO,-H,0 = HSO; +H*

- Kd(Z) 27—
HSO; = SO~ +H*

SO; " +50%~ % 502- +50;- (10)
SO; " +5,0%~ ¥1,50, + 502~ +50; (11)
SO; " +S0;5 %1502~ +50, (12)
and
S,03~ +HSO; “2 80;"+HSO;+502~ ... (13)
SO; " +HSO; ¥12,502- +HSO;, .. (14)
HSO;+8,0%~ u,H* +50,+80%" +S0;"

... (15)
SO; +HSO, 5502~ +H* + S0, ... (16)

A small rate decreasing effect of mannitol
shows it to be a poor competitor for SO, radi-
cals. The alternative non-radical mechanism
(17,18 is ruled out on the basis of the work of

... {(17)
... (18)

$,02" +S02 -S,0%~ +S02-
$,02” +H,0—~2S0; " +2H*
Lezina et alV, as it will not explain the NDMA

competition and polymerization experiments. The
steps (8,9-16) will lead to rate law (19).

dS(IV) k k k 1/2 k k k 1/2
— dt = [( SkTI 10) Kd(2)+ 12k1: 14 [H+]
1

[S,05 IS(IV)]
((H']+ Kqp)

.. (19)
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which is same as experimental rate law (5) through

k k k 1/2
kso,= ( 8k9 10_) ...(20)
1t
and
172
kyso, = (klzz_lsk“) ... (21)
15

A survey of rate constants!® shows kso, for O - —

SO2~ to be more than 2.0x10° dm’mol~!s~1,
and kHsoj for SO, —HSO; reaction to be only 2.5
times this value. It can, therefore, be safely as-
sumed that kg=k;;, k,,=k, and k;;=k,s and
then Eqs (20) and (21) lead to Eq. (22). ‘

Kso _ ( ks) 172

— ... (22)
kHso_, ki, )

On substituting the values of kso3( and kyso,
obtained in this study in Eq. (22), one obtains kg/
k,, = 10°. Interestingly, a similar reactivity ratio for
SO%~ and HSOj; has been found with O; (Table
1) also. The ratio of rates. of substitution?® of
SOi~ and HSO; in the complexes trans-
[Ru(NH,),«(SO,;XH,0)P* and trans{Ru(NH,),
(HSO;)H,0O]* by pyrazine too has a similar value
of ~1x10° On the other hand, in the oxidation
of S(IV) by H,0,, peroxomonosulphate, methyl
hydroperoxide and peroxoacetic acid, the reactiv-
ity trend is inverted, ie., kuso,> kso, (Table 1).
On the basis of the relative kHSO3 and kg, values,
the S{IV) oxidation reactions {Table 1) fall in two
categories which occur by two different mechan-
isms. Hoffmann> has explained the reactivity
trend, kSO,{>kHSO37 by postulating that the reac-
tions involve a nucleophillic attack by SO3~ and
HSO; on O,, which is in accord with nucleophi-
licity order SO3~ > HSOj . It is interesting to point
out that in forming benzaldehyde-sulphur (IV) ad-
ducts?!, the nucleophilicity of SO}~ and HSOj is
the main rate determining factor and almost a si-
milar value of ~10* for kygo ./ kso, has been
found. The reactivity order, kHSO3> kyo., for per-
oxomonosulphate, and H,0, and its derivatives
has been explained by proposing a nucleophillic
substitution mechanism which involves substitution
of a —0,X group on sulphite sulphur. The pres-
ence of two —SO; groups on both sides of
—0O—-0- bond in PDS precludes the operation
of this mechanism.
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| Table 1—Rate constant, kyso, and k..., fi

or the reaction of HSO; and SO~ with different oxidants

Oxidant kso, kyso, Reference
dm’mol~s~!  dm’mol~!s™!
Potassium petoxodisulphate 6.0x10°f 2.8 x1073(40°, I=1.0 mol dm3) This work
- ‘ 8.20x 10~*(25°C, I=1.0 mol dm3) (8)
Peroxomonogulphate — 1.21 x 108 (5°, I=0.2 mol dm™3) (7)
Ozone 1.5x10° 3.70 x 10° (25°) (3)
Hydrogen peroxide — 7.2x107(18°) (6)
0.20 (25° - (4)
3.5x10%(12°) (3)
Methylhydroperoxide — 1.7 x107(23°) (6)
Peroxyacetic acid - 3.5x107(18°) (6)
The rate constants for PDS reaction (Table 1) 2 Martin L R, SO,, NO and NO, oxidation mechanisms. Ar

are several orders of magnitude lower than for

others and this could possibly be due to steri
derance caused by the presence of two

groups on both sides of —O—O— linkage. A
preliminary investigation in this laboratory
vealed the reaction between peroxodiphos
and S(IV), under similar conditions, to be 3

imperceptible.

The energy of activation in the present ¢
similar in magnitude to that in the oxidation
Fe?* and [several Fe(Il) and Os(1l) complexe:
much lower than the energy of ~ 141 kJ mol
homolysis; of peroxide bond'. The much
energy of |activation for these reactions' has
taken as deing indicative of the stabilization
tivated camplexes caused by transfer of an
tron from the S(IV) to a nascent sulphate r
ion as in Eq. (23) which supports the steps (9
(13) in the mechanism proposed by us.

Fe?™ +S,0; ~Fe’* +SO; " +SO;~
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