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Analogous reduction of lithium aluminum hydride gave a 
product identical in infrared spectrum to that cited in Table 
IV, footnote^. The n.m.r. spectrum of this sample showed 
all the expected signals; phenvl, methine (quartet) , methvl 
(doublet), SCH2 (triplet), OCH2 (triplet) and OH. The 
peak assigned to OCH2 was missing in the n.m.r. spectrum 
of the deuterated material. 

Reduction of 4-Phenyl-3-thia-l,l-dideuteriopentanol. (a) 
With Lithium Aluminum Hydride-Aluminum Chloride.— 
The hydride solution was prepared from 13.34 g. (0.1 mole) 
of aluminum chloride in ether and 20 ml. (0.025 mole) of 
1.26 M ethereal lithium aluminum hydride. The alcohol 
(5.5 g., 0.03 mole) was added in ether solution and the re­
action allowed to proceed for 19 hours at reflux with stirring. 
The usual work-up procedure yielded an oil which was puri­
fied by chromatography in hexane solution on basic alumina 
and then distilled; yield 2.35 g. (74% taking into account 
2.0 g. of starting material recovered by ether elution of the 
chromatogram), b .p . 114-116° (20 mm.), »2 0D 1.5370 (c/. 
Table IV for the corresponding unlabeled material). 

The infrared spectrum and n.m.r. spectrum of the re­
covered starting material were identical with the spectra of 
the material put into the reaction. The n.m.r. spectrum 
of the product was compared with that of unlabeled a-
phenethyl ethyl thioether (Table IV, footnote s; the same 
material was obtained by treating a-phenethyl (3-hydroxy-
ethyl thioether with mixed hydride in the way described 
above for the deuterated compound). The unlabeled 
material showed signals for CeH5, CH3-CH (doublet), 
CfY (quartet) CH1S (quartet) and CH2CZf3 (triplet). In 
the spectrum of the deuterated product, the CH2S peak was 
a doublet instead of a quartet and was also diminished in 
intensity relative to the other peaks. The CH3 peak of the 
ethyl group was nearly a singlet (with perhaps small satel­
lites on either side) and was also diminished in intensity. 
This is what one would predict for a mixture of C6H6CH-
(CH3)SCH2CHD2 (A) and C6H6CH(CH3)SCD2CH3 (B); 
the observations are incompatible with a product which is 
all A. Thus rearrangement of the ethyl group has taken 
place during reduction. From the relative areas of the 

In the first paper of this series2 the dispro-
portionation of ^-toluenesulfinic acid (eq. 1) was 
studied in acetic acid containing 0.5-5.0% water 
and 0.0-1.3 M sulfuric acid. The reaction was 
found to be second order in sulfinic acid, markedly 

3ArSO2H >• ArSO2SAr + ArSO3H + H2O (1) 

Ar = /!-CH3C6H4-

retarded by added water, and only slightly ac­
celerated by added strong acid. In the slower 
runs at 1 M H2SO4 we noticed the experimental 

(1) To whom inquiries should be sent: Department of Chemistry, 
Oregon State University. 

(2) J. L. Kice and K. W. Bowers, / . Am. Chem. Soc, 84, 60S 
(1962). 

methyl (0.32) and methylene signals (0.18) of the ethyl 
group, the ratio of A to B was 1:1 within the limit of ex­
perimental error. 

(b) With Lithium Aluminum Deuteride-Aluminum Chlo­
ride.—This reduction was carried out in similar fashion, 
except that solid LiAlD4 (1.05 g.) was used instead of hy­
dride solution. The product boiled at 106-110° (12 mm.) , 
«2 0D 1.5380. The n.m.r. spectrum in this case showed 
only singlets for both the methylene and the methyl groups 
of the ethyl thioether function and the ratio of the two 
signal areas (CH3:CH2 = 9.00:8.75) was within limits of 
experimental error of that expected for a 1:1 mixture of 
C6H5CH(CH3)SCD2CH2D and C6H6CH(CH3)SCH2 CD3. 

Other Hydrogenolyses. (a) <ro«5-4-<-Butylcyclohexyl 0-
hydroxyethyl sulfide (5.6 g., 0.026 mole) was treated with 
mixed hydride from 6.9 g. (0.052 mole) of aluminum chlo­
ride and 15.5 ml. (0.013 mole) of 0.83 M lithium aluminum 
hydride a t reflux for 6 hours. There was obtained 1.4 g. 
(60.5% considering 2.5 g. of starting material recovered) of 
irani--4-i-butylcyclohexvl ethyl sulfide, b .p . 82° (0.25 mm.) , 
MMD 1.4893 (cf. Table IV). 

(b) /3-Hydroxyethyl Benzyl Sulfide.—Using 20.5 g. 
(0.154 mole) of aluminum chloride and 28 ml. (0.0384 
mole) of 1.4 M lithium aluminum hydride for 6.0 g. (0.0357 
mole) of benzyl /3-hydroxyethyl sulfide, very little reduction 
occurred even after 48 hours at reflux and 24 hours a t room 
temperature. OnIv 0.7 g. of benzvl ethvl sulfide, b .p . 
100° (10 mm.) , ^0D 1.5355 (Ht.2' b .p . 98-99° (13 mm.)) 
was isolated by chromatography on alumina, in addition 
to 4.7 g. of starting material. 

Acknowledgment.—Our work in the area of hy­
dride chemistry has been aided by a grant from 
Merck and Co., Inc. We are indebted to J. Wilson 
and W. Breivogel for the preparation of 3-thio-l-
propanol. 

(27) J. Biichi, M. Prost, H. Eichenberger and R. Lieberherr, HeIv, 
Chim. Acta, SB, 1527 (1952). 

second-order rate constant increased slightly toward 
the end of the run. Because of the large initial 
concentration of sulfuric acid and the relative in-
sensitivity of the rate to strong acid, this was 
clearly not due to the small amount of sulfonic 
acid produced in the decomposition. Nor was it 
due to the thiolsulfonate produced, since a run 
with 0.03 M added thiolsulfonate showed no change 
in the initial second-order rate constant. However, 
it did show a more pronounced acceleration 
toward the end of the run. This led us to suspect 
that perhaps p-to\y\ disulfide, a known hydrolysis 
product of p-tolyl ^-toluenethiolsulfonate, ac­
celerated the rate of disappearance of sulfinic acid. 
Since the extent of hydrolysis of the thiolsulfonate 
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A new oxidation-reduction reaction involving a sulfinic acid and a disulfide is described. The reaction, studied with p-
toluenesulfinic acid and p-to\y\ disulfide, has the stoichiometry shown in eq. 2. In acetic ac id -1% H2O containing reason­
able amounts of sulfuric acid this reaction can be made to predominate over the normal disproportionation of sulfinic acids. 
Kinetic study of the reaction shows it to be first-order in sulfinic acid, with the rate strongly accelerated by increasing con­
centration of added strong acid and strongly retarded by increasing concentration of water. These facts, the somewhat un­
expected dependence of the rate on disulfide concentration (eq. 4) and the catalysis of the reaction by added diphemd sulfide, 
all seem most consistent with a mechanism involving equilibrium formation of the intermediate ion (I) (eq. 8 and 9) and its 
rate-determining decomposition, either by eq. 10, or by nucleophilic attack of disulfide (or sulfide) on this same ion, eq. 11. 
The thiolsulfonate is then presumably formed by the reactions 12, 13 and 15. 
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under these reaction conditions is no more than a 
few per cent, it was evident, if this picture were 
correct, that at reasonable concentrations of 
disulfide a disulfide-sulfinic acid reaction might 
well predominate over eq. 1. This has indeed 
proved true, and the present paper is devoted to 
the course and mechanism of this, to our knowledge, 
previously unreported reaction between a disulfide 
and a sulfinic acid (eq. 2). 

Results 
Figure IA, which shows runs with and without 

disulfide, demonstrates that the presence of p-
tolyl disulfide can greatly accelerate the rate of 
disappearance of sulfinic acid. The progress of 
the reaction was followed by the method described 
previously.2 

Kinetic Order with Respect to Sulfinic Acid.— 
Not only is the rate of disappearance of sulfinic 
acid much faster in the presence of disulfide, but 
also the kinetics are no longer second order in 
sulfinic acid. That the kinetics are in fact first 
order in sulfinic acid can be seen from Fig. IB. 

Products of the Disulfide-Sulfinic Acid Reac­
tion.—The run shown in Fig. IB was stopped after 
one hour (90.3% reaction) and the unreacted 
sulfinic acid was separated from the water-insoluble 
compounds present. The latter were then sepa­
rated by chromatography. From a volume of 
solution containing initially 10 mmoles of p-
toluenesulfinic acid and 20 mmoles of £-tolyl 
disulfide there was obtained 6.5 mmoles of p-
tolyl ^-toluenethiolsulfonate. This is 216% of 
the theoretical yield according to eq. 1, showing 
that the disulfide alters not only the kinetics but 
also the stoichiometry of the disappearance of 
sulfinic acid. On the other hand, the observed 
yield is 96% of theoretical for reaction according 
to eq. 2. The only other substance isolated from 

4ArSO2H + ArSSAr —> 3ArSO2SAr + 2H2O (2) 
the chromatography was a large amount of un­
reacted tolyl disulfide. 

The dependence of rate on disulfide concentra­
tion was investigated in a series of runs (Part A of 
Table I). In these runs, for the reasons outlined 
in footnote 3, the change in disulfide concentration 
during the course of any run is small enough 
(<10%) that within the accuracy of the kinetic 
measurements the disulfide concentration may be 
considered effectively constant during the run. 

To the extent there is any contribution from the 
normal disproportionation (eq. 1) the runs will 
display the kinetic behavior (eq. 3) expected for 

(3) From the stoichiometry of eq. 2 the amount of disulfide con­
sumed should equal only one-fourth the amount of sulfinic acid reacting. 
For the runs at 0.5 M H2SO4, even for the worst case, i.e., 0.1 M di­
sulfide, this would mean at most a 12% change in disulfide concentra­
tion during the run. However, since under these conditions, on the 
average, about 15% of the sulfinic acid decomposes by eq. 1, and since 
the reaction is not followed to completion, the actual change in the 
disulfide concentration is less than this, probably about 8-9%. 

For the same reasons in the 0.3 M H2SO* runs containing 0.1 and 0.2 
M disulfide the actual change in disulfide concentration during a run 
should be much less than would be obtained if all the sulfinic acid re­
acted according to eq. 2. In fact from the rate constants for reac­
tions 1 and 2 and the concentration range, 0.1-0.2 M ArS02H, over 
which the reaction was followed, one can estimate that the actual 
change in disulfide concentration during the 0.1 M disulfide run was 
only about 0.008 M, rather than the 0,025 M calculated for complete 
reaction by eq. 2. 

J I I L 

Fig. 1.—Rate of disappearance of ArSO2H in presence 

and absence of p-to\y\ disulfide. AU runs with 0.5 M 

H2SO4, 0.56 M H2O and initial ArSO2H concn. of 0.1 M; 

• , disulfide, 0.20 M; O, disulfide, 0.00 M. 

disappearance of ArSO2H by both a first- and 
second-order process. 

- d(ArS02H)/d< = /^1(ArSO2H) + fc>(ArS02H)2 (3) 

In all runs at 0.5 M H2SO4 and in the 0.3 M 
disulfide run at 0.3 M H2SO4 the h term in eq. 3 
is sufficiently small that the decomposition 
behaves for all practical purposes as one first-
order in sulfinic acid (Fig. IB). However, con­
sideration of the magnitude of the previously de­
termined2 k2 values and the size of the observed 
experimental first-order rate constants shows that, 
even though the kinetics appear clearly first order, 
there is a small but not always negligible contri­
bution to -d(ArS0 2H)/di from the ^2(ArSO2H)2 

term. In determining ki we have therefore pro­
ceeded as follows: The average value of ^2(Ar-
SO2H) during a given run was determined from the 
ki values of ref. 2 and sulfinic acid concentration 
range over which the run was followed. This quan­
tity, ^2(ArSO2H)3V, was then subtracted from the 
experimental first-order constant, i.e., the slope 
of the log (ArSO2H) vs. time plot. The result, 
&exP — &2(ArS02H)av, was taken as k%. 

In the other runs at 0.3 M sulfuric acid the di-
sulfide-sulfinic acid reaction occurs at a rate com­
parable to eq. 1, and a plot of log (ArSO2H) vs. time 
shows upward curvature. To evaluate k\ in these 
cases we used the procedure4 of plotting (ArSO2H) 

(4) A. Frost and R. Pearson, "Kinetics and Mechanism," 2nd ed., 
John Wiley and Sons, Inc., New York, N. Y., 1901, p. 1G5. 
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(SV6-

0.04 0.06 
(ArSO2H), H. 

Fig. 2.—Plot of data according to procedure of ref. 4 for 
run with 0.20 M H2SO4, 0.56 M H2O, 0.20 M disulfide and 
0.10 M (ArSO2H)0. Slope (3.41 M~l hr."1) equals k* 
(compare 3.5 M~x h r . _ 1 estimated from data of ref. 2). 
Intercept is ki (see Table I). 

vs. t ime and determining — d(ArS0 2H)/df a t 
various points along a smooth curve through the 
experimental data . We then plotted [—d(Ar-
SOiH)/dt/(ArSO2H)] vs. (ArSO2H), as in Fig. 2. 
The slope of such a plot should equal &2, a quant i ty 
already known from ra te studies in the absence 
of disulfide.2 The intercept is k\. The footnotes 
to Table I indicate which method was used in a 
given case to determine k\. 

From the stoichiometry of eq. 2 one would prob­
ably expect the disulfide-sulfinic acid reaction to 
be first order in disulfide. Surprisingly, this is not 
so, the ki/ (ArSSAr) values in Table I increasing 
markedly with increasing disulfide concentration. 
Figure 3 shows, however, t ha t the da ta are well 
accommodated by the following expression for ki 

ki = Ke [k0 + h{ ArSSAr)](ArSSAr) (4) 

Such an expression would result if the reaction 
of disulfide and sulfinic acid had the kinetic form 
outlined in eq. 5. One way in which the disulfide 
might promote decomposition of the intermediate 
(eq. 5c) is through nucleophilic a t tack by one of 

Ke 

ArSO2H + ArSSAr ~^~ intermediate (5a) 
fast 

intermediate > products (5b) 
slow 

ka 
intermediate + ArSSAr > products + (ArSSAr) (5c) 

slow 

the unshared pairs on sulfur. If so, then other 
sulfur nucleophiles might also promote decom­
position of the intermediate. Demonstrat ion of 
this sort of catalysis of reaction 2 would constitute 
powerful evidence in favor of the above picture. 
The succeeding paragraphs describe just such a 
demonstration. 

Catalysis by Diphenyl Sulfide.—Diphenyl sul­
fide, which should be a bet ter nucleophile than 
tolyl disulfide in a reaction such as 5c, is by itself 
completely without effect on the disproportionation. 
On the other hand, when it is added a t 0.1 M 
to a solution 0.2 M in disulfide and 0.05 M in 
sulfinic acid the ra te of reaction 2 is increased by 
a factor of four. The details of these experiments 
are shown in Table I I . 

0.3 M H2SO4 

(ArSSAr), (j. 

Fig. 3.—Dependence of rate on disulfide concentration. 
Data of Part A of Table I plotted according to eq. 4. Slope 
equals Kek0; intercept, Kek0. 

This powerful catalysis of the disulfide-sulfinic 
acid reaction by a sulfur nucleophile which is 
by itself without effect on the rate of disappearance 

T A B L E I 

KINETICS OP THE DECOMPOSITION- OF /J-TOLUENESULFINIC 

ACID IN THE PRESENCE OF ^ - T O L Y L DISULFIDE 

Solvent acetic acid with water as indicated at 70° 
(H2O), 

M 

0.56 

0.56 

0.56 

0.34 
.56 
.78 

1.10 
1.67 
2.22 

(H2SOO, (ArSO2H)0 
M U 

(ArSSAr), 
M 

ki X 10'," 
sec. l 

ki X IU" 
(ArSSAr) 

A: Effect of p-to\y\ disulfide concentration 

0.50 0.050 

0.30 0.100 

0.40 
.30 
.20 
.10 
.30 
.20 
.10 

2 .1 
1.14 
0.63 

.186 

.34 

.17* 

.0536 

B : Effect of sulfuric acid concentration 

0.70 0.100 
.60 
.50 
.40 
.30 
.20 

0.20 1.5 
1.0 
0.61 

.34 

.17" 

.07O6 

C: Effect of water concentration 

0.50 0.100 0.20 1.1 
0.61 

.33 
.211 
.083 
.038 

5.2 
3.8 
3.1 
1.86 
1.15 
0.85 
0.53 

7.5 
5.0 
3 .1 
1.70 
0.85 
0.35 

5. 5 
3.1 
1.65 
1.05 
0.42 
0.19 

" Unless otherwise noted h is determined from the experi­
mental first-order rate constant and ki( ArSO2H )aT.; see 
text. b h's determined by method of ref. 4 (see text). 

of sulfinic acid seems readily compatible only with 
intervention of reaction 5d. 

k. 
(CsHs)2S + intermediate *~ 

products + [(C6H5)oS] (5d) 

Assuming k\ is given in the presence of diphenyl 
sulfide by eq. G and in its absence by eq. 4 one can 
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TABLE II 

EFFECT OF DIPHENYL SULFIDE ON THE RATE OF THE p-
TOLUENESULFINIC ACID-^-TOLYL DISULFIDE REACTION 

All runs solvent acetic acid, 0.56 M water, at 70° 
(H2SO4), 

M 

1,00 

0.30 

0.50 

(ArSO2H)0 
M 

0.100 

.050 

.050 

(ArSSAr), 
M 

0.00 

.20 

.20 

(Ph»S), 
M 

0.00 
.10 
.00 
.10 
.00 
.10 

ki X 10», 
sec. - 1 

0.17 
.69 
.63 

~ 2 . 6 

feXlO 
M~l sec. 

2.24° 
2.2° 

" Data of ref. 2. b Run follows second-order kinetics in 
sulfinic acid. 

calculate values for the ratios (k0/kQ) and (ks/kc). 
h = Ke[h + U ArSSAr) + ^5(Ph2S) J(ArSSAr) (6) 

The value of (ks/kc) calculated from the 0.3 M 
H2SO4 data is 8.4. 

The initial step in the perbenzoic acid oxidation 
of sulfides and disulfides is believed to involve 
nucleophilic attack by sulfur on the -O-O- bond 
(eq. 7). In this reaction Marangelli, Modena and 
Todesco5 found that the initial rate of oxidation 
of diphenyl sulfide was 30 times greater than that 
of diphenyl disulfide. From data on the ease of 

: S / + O C - C 6 H 5 

/ I /-Il 
H + O 

\ 
: S ^ O 
/ 

HOOCC6H5 (7) 

oxidation of other disulfides,6 ^-tolyl disulfide 
should be about 1.5 times more reactive than di­
phenyl disulfide, or about one-twentieth as reactive 
as the diphenyl sulfide. This is close enough to the 
ninefold difference between ks and kc to demon­
strate that the relative effectiveness of tolyl di­
sulfide and diphenyl sulfide in promoting the de­
composition of the intermediate in eq. 5 parallels 
their relative nucleophilicities in another reaction. 

The mechanism in eq. 5 suggests that, although 
the over-all rate of reaction 2 could be markedly 
sensitive to sulfuric acid concentration, the ratio 
(&o/&c) should not be, since the acidity of the 
medium should have little influence on this ratio of 
rate constants. The k0/kc values calculated from 
the data at 0.5 and 0.3 M sulfuric acid are 0.076 
and 0.072, respectively, in gratifying accord with 
these expectations, especially when one remembers 
that the over-all rates differ by a factor of 3.6 in 
the two media. 

In the Discussion we will see that the structure 
for the "intermediate" in eq. 5 which is suggested 
by the dependence of the over-all rate on water and 
strong acid concentration is also one which should 
be readily subject to decomposition through nucleo­
philic attack. 

Dependence of Rate on Sulfuric Acid Concentra­
tion.—-A series of runs at 0.2 M disulfide was made 
in which the sulfuric acid concentration was varied 
between 0.2 and 0.7 M (Part B of Table I). Since 
ko/kc is independent of sulfuric acid concentration 
the variation of log ki with (H2SO4) at a given 
disulfide concentration should be independent 
of disulfide concentration. As a result the measure-

(S) U. Marangelli, G. Modena and P. E. Todesco, Gazz. Mm, itat., 
90, 081 (19G0). 

1.2 

1.0 

0.8 

0.6 

0 « 

0.2 

0,0 

-0,2 

-

-

- + 
* 

-

-/ 

I 

I 
1.7 

I 

1.9 

I I I 

/ i - l l o p t . 1.48 

I I 
2.1 2.S 2£ 

-

-

-

_ 

-

-

-

Fig. 4.—Dependence of rate on strong acid concentration. 
Data of Part B of Table I plotted vs. -H0. 

ments in Part B suffice to delineate fully the 
variation of over-all rate with acid concentration. 

The effect of acid concentration on the rate of 
reaction 2 is in dramatic contrast to its effect on 
the normal disproportionation. Thus changing 
the sulfuric acid concentration from 0.2 to 0.6 M 
produces about a 15-fold increase in ki. A similar 
change in acid concentration produced only a 
1.6-fold increase in the rate of eq. I.2 A plot of 
log k\ vs. H^ is linear but with a slope of 1.48 
(Fig. 4). The significance of this finding will be 
considered more fully in the Discussion, but 
clearly the rate of the disulfide-sulfinic acid re­
action is strongly dependent on the acidity of the 
medium. 

Dependence of Rate on Water Concentration.— 
The effect of the stoichiometric concentration of 
water on the rate was also studied (Part C of Table 
I). Although the response of the rate to changing 
water concentration is greater than that of the 
normal disproportionation, the difference in be­
havior is not as great as the difference in the re­
sponse of the two reactions to changes in strong acid 
concentration. Thus going from 0.56 to 2.22 M 
water decreases the rate of reaction 2 by a factor 
of 16, while a similar change in water content 
changed the rate of eq. 1 by a factor of about 
seven.2 In view of the pronounced dependence 
of the rate on H0 (see above) and the fact that an 
increase in water content at fixed sulfuric acid 
concentration decreases the acidity of the medium, 
the greater sensitivity of eq. 2 to changes in water 
content seems readily understandable. 

Discussion 
The mechanism shown in eqs. 8-15, involving 

the positive ion I as the "intermediate" of eq. 5, 
seems the one the most consistent with the ex­
perimental results. The succeeding paragraphs 

(Ii) (a) V. Gold and B. W. V. Hawes, J. Chan. Soc, 2102 (1951); 
(b) D. S. Noyce and L. R. Snyder, J. Am. Chem. Soc, 80, 4324 (11)58). 
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will be devoted to discussion of this mechanism 
and demonstration of its experimental justification. 

ArSO2H + H® ~^ ArSO® + H2O (8) 

Ks ffi 

ArSO® + ArSSAr T ^ Ar-S-S-S-Ar (9) 

i 
O A r (I) 

kin 
I >• Ar-S-S-Ar + ArS® (10) 

slow I 
O 

(ID 

I + ArSSAr — % - Ar-S-S-S-Ar + 11 (11) 
slow I 

Ar 
( I I I ) 

ArS® + ArSO2H > ArSO2SAr + H® (12) 

III + ArSO2H > ArSSAr + ArSO2SAr + H® (13) 

I I I •—•*• ArSSAr + ArS® (14) 

2Ar-S-S-Ar > ArSO2SAr + ArSSAr (15) 
I 
O 

With reactions 10 and 11 the slow steps the 
rate expression for the mechanism is given by eq. 
16, and k\ by eq. 17. We have already seen t ha t 

r - d ( A r S 0 2 H ) / d f l = 

L (ArSO2H) J 

I ' V l. rail4"/ArS°2H/ArSSAr"] , , 
A8A9AlO 7 , 1 + 

L OlIiO J* 10 J ( 

^ % f ^ 5 ° (ArSSAr) [ (ArSSAr) (16) 
«ioJ*n ' 

ki = A8A3Ai0(ArSSAr) —-•- .- • 1 + 
L OHiO / * I O J / 

kuh^f^ ( A r S S A r )» ( 1 ? ) 
K l O j * 11 ) 

an expression of the form of eq. 17 will adequately 
represent the variation in k\ with variation in 
disulfide concentration (see Fig. 3). 

Consider now the variation in k\ with sulfuric 
acid concentration. The earlier demonstration 
that ko/kc is independent of sulfuric acid concentra­
tion requires (&n/Ar&SAr/*io/£io/*n) be independent 
of (H2SO4). This is quite reasonable considering 
the nature of the activity coefficient ratio involved. 
Then, since all runs at varying acid were at the 
same disulfide concentration, for these runs we 
should have 
(for runs in Part B, Table I) 

ki = const. X — j ^ (18) 
L OH2O / * 10 J 

From eq. IS, k\ should clearly increase rapidly 
with increasing acidity of the medium, as it indeed 
does; bu t its exact behavior is somewhat uncertain 
due to uncertainty about the effect of changing acid 
concentration on the activity coefficient ratio in 
eq. 18. However, the change in ki would probably 
lie somewhere within the limits outlined below. 

At one extreme, if the behavior of the ratio 
(/ArSo2H/ArssAr//*io) were to approximate tha t of 
(/Ar.SO,H//Ar,SOH) Or ( / R O H / Z V ) , ~ log ki Should 
approximately follow the acidity function IIR. 
For the present solutions Gold6a reports JZR = 
2ZZ0 + constant, al though an actual plot of his 

data, which show some scatter, suggests a be t te r 
estimate is ZZR = 1.8ZZo + constant. At the 
other extreme, if the ratio varied in the same 
way with acid concentration as ( / B / / B H + ) for a 
typical H a m m e t t base, —log (kiau.o) would follow 
the H a m m e t t acidity function, H0. 

The actual experimental results do in fact lie 
between these two extremes, being somewhat 
closer to the second alternative than the first. 
Values for the relative activity of water in the 
solutions in question are given by Noyce and 
Snyder6b and are shown in Table I I I . 7 Table 
I I I shows tha t log(kiaH2o) +Ho, while not con­
stant, increases only slightly with acid concentra­
t ion—the slope of a plot of — log(£iaH2o) vs. ZZo 
being 1.10. A plot of log ki vs. - Z Z R is naturally 
also linear (see above and Fig. 4) and has a slope 
of 0.80. The variation of ki with acidity therefore 
seems consistent with the requirements of the 
mechanism. 

CORRELATION OF 
(H2SO1), 

id 

0.20 
.30 
.40 
.50 
.60 
.70 

aii20u 

(1.00) 
0.83 

.70 

.60 

.51 

.44 

TABLE 

RATE WITH 
log 

-4 .1(3 
- 3 . 8 5 
- 3 . 6 2 
- 3 . 4 4 
- 3.21) 
- 3 . 1 8 

I I I 

ACIDITY AT 

Ih 

- 1 . 5 8 
- 1 . 8 6 
- 2 . 0 7 
- 2.23 
- 2 . 3 7 
- 2 . 4 8 

0.56 

(* i 

M H2O 
log 

[OH20) + Ih 

- 5 . 7 4 
- 5 . 7 1 
- 5.09 
- 5 . 6 7 
— 5.60 
- 5.66 

0 Activity shown is anao/aHio.o^ .v HISOI) as taken from 
data of ref. 6b. 

At present lack of data on a ^ o , I'h and ZZR for 
most of the solutions involved precludes any mean­
ingful correlation of the variation of k\ with water 
concentration. This much, however, can be 
said. Since ki is proportional to ( J H V 0 H 2 O it 
should certainly decrease markedly with increasing 
water concentration and furthermore should do 
so more rapidly than the rate constant for the 
normal disproportionation (£2) which is,2 to a first 
approximation, equal to 1/OH2O- This is what is 
observed, and to this extent the dependence of 
rate on water concentration is, a t the least, not 
inconsistent with the mechanism. 

There is good reason to believe tha t the inter­
mediate I should be readily subject to nucleophilic 
a t tack by disulfide (eq. 11) or sulfide (eq. 5d). 
The excellent review of Kharasch and Parker8 

provides ample evidence from the work of Fava9 

and others tha t nucleophilic displacements a t 
divalent sulfur occur with unusual ease, especially 
relative to the rates of the same displacements a t 
tetrahedral carbon. Moreover, intermediate I 

+ 
has ArS(O)SAr as the leaving group. This should 

be a very good leaving group, particularly in com­
parison to such as R S - in a disulfide, RSO 2 -
in a thiolsulfonate, and perhaps even to C l ­
in a sulfenyl chloride. In the case of sulfenyl 

(7) Rfusous hiive been given in ref. 2 indicating why these data seem 
the best presently available estimates of <w2o for these solutions. 

(8) A. J. Parker and N. Kharasch, Chcm. Revs., 59, 583 (1959). 
(9) A. Fava. A. Iliceto and E. Camera, J . Am. Chem. Soc. 79, 833 

(1957); A. Fava and A. Iliceto, ibid.. 80, 3478 (1958). 
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chlorides the recent studies of Moore and Porter10 

suggest clearly that disulfides are strong enough 
nucleophiles to attack the S-Cl group (ArSSAr + 

+ 
Ar'SCl-*-ArS-S-SAr' + Cl-). Consequently it 

Ar 
seems probable the disulfide should react with I at 
a quite rapid rate. 

The conversion of thiolsulfinate II to thiolsulfo-
nate is postulated to occur by reaction 15. This is 
a well-known reaction of thiolsulfinates.11 Fur­
thermore, Vinkler and Klivenyi have shown1- that 
this reaction occurs most readily in the presence of 
acid. This suggests it should occur very rapidly 
under the present reaction conditions. 

Examination of the mechanism shows that sub­
stitution of an aliphatic disulfide (RSSR) for 
tolyl disulfide should lead to the production of the 
unsymmetrical thiolsulfonate ArSO2SR. This has 
indeed been found to be the case. Dimethyl 
disulfide (0.2 AI) was found to react very rapidly 
with p-toluenesulfinic acid (0.1 AI) in acetic acid-
0.56 M H2O containing 0.3 AI sulfuric acid, the sul­
finic acid being completely consumed in 10 minutes 
at 70°. Examination of the products showed that 
a large amount of methyl ^-toluenethiolsulfonate 
had been formed. Some £>-tolyl ^-toluenethiolsul-
fonate was also formed, but this would be expected 
from Barnard's1 lb observation that the dispropor-
tionation of thiolsulfinates (eq. 15) is not just a simple 
transfer of an oxygen atom between the two ArS(O) 
SAr molecules. The extension of this reaction to 
other aliphatic disulfides and a more quantitative 
study of its course are currently under study. 
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Experimental 
^-Toluenesulfinic acid was prepared as previously de­

scribed.2 />-Tolyl disulfide (Columbia Organic Chemicals) 
was purified by chromatography on alumina using hexane 
as eluents followed by one recrystallization from methanol; 
m.p. 45-40°. Diphenyl sulfide (Eastman Kodak Co. white 
label) was distilled before use; b.p. 152-153° (15 mm.) . 
Dimethyl disulfide (Eastman Kodak Co.) was fractionally 
distilled before use; b.p. 110-111°. 

(10) C. G. Moore and M. Porter, / . Chem. Soc, 2890 (19.58). 
(11) (a) H. J. Backer and H. Kloosterziel, Rec. trav. Mm., 73, 129 

(19.54); (b) D. Barnard, J. Chem. Soc, 4675 (1957). 
(12) E. Vinkler and F. Klivenyi, Acta CMm. Acad. Hung., 22, 345 

(1900); Magyar Kemiai Folyoirat, 62, 48 (1956). 

Procedure for Kinetic Runs.—The preparation of the sol­
vents and standard solutions has been described.2 The 
procedure was basically that previously used for the normal 
disproportionation.2 The disulfide was weighed out and 
added to the solution before the sulfuric acid was added. 
Diphenyl sulfide, when used, was added as a 2.0 JIf stock solu­
tion in acetic acid. Test experiments showed the presence 
of sulfide or disulfide did not affect the determination of 
sulfinic acid by the nitrite method. 

Stoichiometry of the Tolyl Disulfide-Sulfinic Acid Reac­
tion.—^-Toluenesulfinic acid (10.0 mmoles) and p-tolyl 
disulfide (20.0 mmoles) were dissolved in 100 ml. of a solu­
tion of acetic acid-0.56 M water containing 0.5 M sulfuric 
acid. The solution was heated for 1 hour at 70° using the 
procedure of the kinetic runs. At the end of this time titra­
tion of a 5-ml. aliquot showed 90.3% of the sulfinic acid had 
reacted. The reaction was stopped at this point, and 
the reaction mixture poured into 1 liter of distilled water. 
The resulting mixture was extracted several times with 
ether. The combined ether extracts were washed with 
aqueous bicarbonate until neutral. After drying, the ether 
was removed by distillation and the residue chromato-
graphed on a 2 X 40 cm. column of acid-washe••'. alumina. 
Elution with 400 ml. of pentane gave 3.4 g. (14 mmoles) of 
recovered disulfide in a state of high purity. Subsequent 
elution with 400 ml. of ether gave 1.81 g (6.5 mmoles) of p-
tolyl ^-toluenethiolsulfonate, m.p. 76°. No other products 
were found. No attempt was made to determine whether 
the workup method leads to a quantitative recovery of un-
reacted disulfide. Trial experiments did show that it was 
quantitative for the thiosulfonate. 

Reaction of Dimethyl Disulfide and Sulfinic Acid.—Di­
methyl disulfide (20 mmoles) and ^-toluenesulfinic acid (10 
mmoles) were dissolved in 100 ml. of a solution of acetic 
acid-0.56 JIf H2O containing 0.3 JVf sulfuric acid. The solu­
tion was heated at 70° using the usual procedure. After 10 
min., titration of an aliquot with standard nitrite solution 
showed all the sulfinic acid was gone. The reaction mixture 
was then poured into water, extracted with ether, etc., in the 
manner described above. The residue after removal of the 
ether was chromatographed on a 2 X 80 cm. acid-washed 
alumina column, eluting with the following solvent mix­
tures: pentane, 800 ml.; pentane-ether 19:1, 200 ml.; 
9 :1 , 200 ml.; 7.1, 200 ml.; 4 : 1 , 100 ml.; 3 :1 , 100 ml.; 
ether, 700 ml. Fractions of 20 ml. were collected, and the 
solvents were removed by fractional distillation through a 
micro-Widmer column to minimize product loss. The fol­
lowing products were obtained: Methyl ^-toluenethiolsulfo-
nate (0.61 g., 3.0 mmoles) was identified by infrared and 
mixed m.p. comparison with a known sample, m.p. 58°, 
prepared by the method of Gibson.13 Only 0.43 g. (1.5 
mmoles) of />-tolyl ^-toluenethiolsulfonate was isolated. A 
large amount of dimethyl disulfide was recovered unreacted. 
No methyl methanethiolsulfonate could be found. A signi­
ficant amount of a compound believed from its infrared spec­
trum and point of elution from the chromatographic column 
to be methyl £-tolyl disulfide was isolated. Definitive identi­
fication is planned for the future, but such a disulfide would 
be one of the products expected to the extent that dispro-
portionation of methyl ^-toluenethiolsulfinate occurs accord­
ing to the equation 

2ArS(O)SMe >- ArSO2SMe + ArSSMe 

(13) D. T. Gibson, J. Chem. Soc, 2037 (1931). 


