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program, the amount of 2a remaining as a function of time. The 
results indicated that there is enough 2a left when the maximum in 
the A -Ao plot is reached for the steady state assumption regard­
ing the concentrations of PhSO- and PhS - to still be valid at that 
point. 

To determine the expected behavior of the concentration of la 
with time during the initial stage of its alkaline hydrolysis a 
Runge-Kutta program12 was constructed for a Xerox Sigma 6 
computer which would provide a simultaneous solution of the ki­
netic differential equations corresponding to the reaction scheme 
represented by eq 7-9. The computer output was displayed graphi­
cally on a Tektonix 4013 terminal and directly compared to experi­
mental data which had been plotted on a transparent plastic sheet. 
Particular attention was focused on the change in the shape of the 
curves representing [la]/[la]o for different reaction conditions 
with fairly marked changes in ki and k&. Fortunately, as one can 
see from Figure 6, the same values of k 7 and k% which can pro­
vide the excellent fit for the initial stage of the hydrolysis of 2a 
shown in Figure 5 also appear to be consistent with the experimen­
tally observed data for the hydrolysis of la. 

Detection of lb as an Intermediate in the Hydrolysis of 2b via a 
Product Study. To 2.01 g (7.2 mmol) of p-tolyl p- toluenethiolsul-
fonate (2b) in 200 ml of 60% dioxane was rapidly added with stir­
ring an equimolar amount (7.2 mmol) of sodium hydroxide, also 
dissolved in 60% dioxane. The solution, which immediately turned 
from colorless to pale yellow, was allowed to stand at room temper­
ature for 10 min and then extracted with two 100-ml portions of 
ether. The ether extracts were dried over anhydrous magnesium 
sulfate, and the solvent was then removed under reduced pressure. 
The residue was chromatographed on a 2 X 29-cm column of silica 
gel (40-140 mesh) according to a procedure described by Koch, 
Ciuffarin, and Fava.13 The fractions eluted early contained 0.34 g 
(1.4 mmol) of p-tolyl disulfide, then came fractions containing 
0.31 g (1.1 mmol) of unreacted 2b, and finally fractions containing 

Thiolsulfinates, RS(O)SR, sometimes also referred to as 
"sulfenic anhydrides," are generally many orders of magni­
tude more reactive than the corresponding disulfide RSSR 
in reactions leading to both homolytic and heterolytic cleav­
age of the sulfur-sulfur bond.2 This, combined with the fact 
that they can be formed by oxidation of disulfides with a 
variety of oxidizing agents, including singlet oxygen 
sources,3 suggests they should be considered as potentially 
important reactive intermediates in disulfide chemistry and 
argues for the desirability of more extensive study of their 
chemical behavior. 

0.32 g (1.2 mmol) of p-tolyl p- toluenethiolsulfinate (lb). The 
id*: tity of all of these compounds was proven by spectral and melt-
h. • int comparisons with known samples. 

Yhe aqueous layer from the ether extraction was also evaporated 
under reduced pressure. The amount of sodium p- toluenesulfinate 
present was estimated by titration with sodium nitrite, using the 
procedure described by Kice and Bowers.10 The amount found, 6.5 
mmol, was in reasonable agreement with that expected (after cor­
recting for the amount of 2b unreacted) from the presumed stoi-
chiometry of the reactions involved, 7.2 mmol. 
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If thiolsulfinates are ever produced from disulfides in liv­
ing systems, it seems likely that their subsequent reaction 
with some of the free sulfhydryl groups present in such sys­
tems will be important. That thiolsulfinates react readily 
with thiols is known.4 The stoichiometry of the reaction is 
shown in eq 1. The antimicrobial and antibiotic activity of 
alkyl thiolsulfinates has been attributed to the ability of 

2R'SH + RSSR —<- 2RSSR' + H2O (1) 
Il 
O 
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Abstract: The kinetics of the reaction of mercaptans with both phenyl benzenethiolsulfinate (1) and phenyl benzenethiolsul­
fonate (2) have been studied in a series of carboxylate buffers in 60% aqueous dioxane as solvent. The dependence of reaction 
rate on pH shows that in each instance the mercaptide ion RS - is at least 107 more reactive toward 1 or 2 than is the corre­
sponding RSH, a much larger difference in reactivity than might have been expected based on their relative reactivity in 
other substitutions. The thiolsulfonate 2 reacts considerably faster with mercaptide ion than does the thiolsulfinate 1, in 
marked contrast to the thermal stability of the two compounds, where 1 undergoes homolytic dissociation of the S-S bond 
much more readily than 2. As might be expected from the fact that attack of - S - anions on dicoordinate sulfur is generally 
very facile, the rate constants for reaction of mercaptide ions with 1 or 2 are all very large (105 to 2 X 10 7 M - 1 sec - '). 
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Table I. Kinetics of the Reaction of Phenyl Benzenethiolsulfinate with Thiophenol in 60% Dioxane at 25° 

10B[l]o, M 

7.2 

7.2 

16 

Buffer 

Acetate 

Formate 

Trifluoroacetate 

Buffer ratio 
[RCOO-]: 
[RCOOHp 

10:1 

5:1 

1:1 

1:2 
2:1 
1:1 
1:2 

10:1 
5:1 
1:1 

103[PhSH]„, M 

0.92 
1.44 
0.92 
1.44 
0.92 
1.44 
1.47 
1.47 
1.47 
1.47 
2.98 
2.98 
2.98 

ki," sec - 1 

6.7 
10.2 
3.3 
5.6 
0.68 
1.14 
0.50 
0.130 
0.067 
0.036 
0.00062 
0.00028 
0.000092 

/d/tPhSHlav" 

7.9 X 103 

7.5 X 103 

3.9 X 103 

4.1 X 103 

0.80 X 103 

0.83 X 103 

0.36 X 103 

93 
48 
26 

0.22 
0.10 
0.033 

" All runs at an ionic strength of 0.05.h Concentration of carboxylate ion, 0.05 M in all runs." k\ is experimental first-order rate constant. 
d [PhSH]1V is the average concentration of thiophenol during the run and is equal to [PhSHIo — [l]o. 

Table II. Kinetics of the Reaction of Phenyl Benzenethiolsulfonate with Thiophenol in 60% Dioxane at 25°° 

104[2]0, M Buffer 

Buffer ratio 
[RCOO-]: 
[RCOOHP 103[PhSH]0, M ki,c sec~ /W[PhSHW* 

2.3 

2.3 

2.3 

4.4 

Acetate 

Formate 

Chloracetate 

Trifluoroacetate 

10:1 
5:1 
1:1 
1:2 
5:1 
2:1 
1:1 
1:2 
2:1 
1:1 
1:2 

10:1 
5:1 
1:1 

1.44 
1.44 
1.44 
1.44 
1.47 
1.47 
1.47 
1.47 
1.47 
1.47 
1.47 
1.51 
1.51 
1.51 

3.8 X 10a 

1.8 X 102 

38.9 
16.9 
10.0 
4.11 
2.01 
1.15 
0.88 
0.44 
0.23 
0.0064 
0.0032 
0.00062 

2.9 X 105 

1.37 X 105 

0.30 X 105 

0.13 X 105 

7.56 X 103 

3.04 X 103 

1.49 X 103 

0.85 X 10' 
0.66 X 103 

0.33 X 103 

0.175 X 10 
4.6 
2.3 
0.45 

° All runs at an ionic strength of 0.05.h Concentration of carboxylate ion, 0.05 M in all runs.c k\ is experimental first-order rate constant. 
1 [PhSH]av is the average concentration of thiophenol during run and is equal to [PhSH] — Va[2]o. 

these compounds to react readily with biologically essential 
sulfhydryl groups.40 

In earlier work Kice and Large4b investigated the mecha­
nism of this reaction in rather strongly acid media. Much 
more germane to the question of reaction of thiolsulfinates 
with sulfhydryl groups under physiological conditions would 
be a study of the kinetic behavior of the reaction in roughly 
neutral media. This was the major objective of the present 
work. In it we have investigated the kinetics of the reaction 
of phenyl benzenethiolsulfinate (1, R = Ph in eq 1) with 
both thiophenol (R' = Ph) and 1-butanethiol (R' = n-Bu) 
in a series of carboxylate buffers in 60% aqueous dioxane as 
solvent. 

In conjunction with a study of the alkaline hydrolysis of 
both PhS(O)SPh, 1, and phenyl benzenethiolsulfonate (2), 
PhSC^SPh, described in an accompanying paper,5 it was 
important also to investigate the kinetics of the reaction of 
the thiolsulfonate with these thiols4c (eq 2) in the same 

O 
Il 

R'SH + P h S - S P h 

O 

R'SSPh + PhSO2H (2) 

buffers. The results of this study of the kinetics of reaction 
2 form the other principal part of this paper. 

Results 

Kinetics of the Reaction of Phenyl Benzenethiolsulfinate 
(1) and Phenyl Benzenethiolsulfonate (2) with Thiophenol. 

The kinetics of the reaction of PhSH with either 1 or 2 were 
studied at 25° in 60% dioxane in R C O O H - R C O O - buffers 
under conditions where the thiol was present in sufficient 
stoichiometric excess over 1 or 2 so that the concentration 
of the thiol remained effectively constant over the course of 
the reaction. The buffers used were all ones in which only a 
small fraction of the total thiol was present as the anion 
P h S - . (For exact determination of the fraction of thiol 
present as the anion vide infra.) The ionic strength was 
kept constant at 0.05 in all runs. 

The course of the reactions was followed by monitoring 
the change in the optical density of the solution at 295 nm. 
In the case of thiolsulfinate 1, reaction with thiophenol 
leads to a decrease in the optical density of the solution at 
this wavelength; in the case of thiolsulfonate 2 it leads to an 
increase. In each instance, however, good first-order kinet­
ics were observed for the disappearance of 1 or 2. For all of 
the runs except those in CF 3 COOH-CF 3 COO- buffers, the 
rates were so rapid that they were followed by stopped-flow 
spectrophotometry. 

The experimental first-order rate constants, k\. for the 
reaction of 1 with PhSH in the various buffers are collected 
in Table I. In the 10:1, 5:1, and 1:1 acetate buffers, runs 
were made at two different mercaptan concentrations. As 
indicated by the constancy of k i / [PhSH] with variation in 
[PhSH], k\ varies, as expected, linearly with thiophenol 
concentration. 

Table II presents the data on experimental first-order 
rate constants for the reaction of 2 with thiophenol. By 

Journal of the American Chemical Society / 96:26 / December 25, 1974 



8017 

comparison with Table I one can see at once that for any 
particular set of reaction conditions the thiolsulfonate 
reacts about 30 times faster than does the thiolsulfinate. 

The data in the two tables also show that the rate of both 
reactions is strongly dependent on pH in all buffers used, 
including the rather acidic trifluoroacetate buffers, and that 
the rate increases as the pH increases. A quantitative exam­
ination of the pH-rate profiles of the two reactions will be 
given in a subsequent section. 

Determination of Degree of Dissociation of Thiophenol in 
Different Buffers. One can take advantage of the marked 
difference in the molar extinction coefficients of PhSH and 
PhS - in the 285-300-nm region to determine spectrophoto-
metrically the actual degree of dissociation of PhSH in 10:1 
and 20:1 AcO-:AcOH buffers. The molar extinction coeffi­
cient of PhS - in 60% dioxane in the 285-310-nm region 
was determined by measurements of the optical density of 
solutions prepared by mixing known amounts of thiophenol 
with sufficient excess standard sodium hydroxide to convert 
the thiol completely to its anion. The molar extinction coef­
ficient of undissociated PhSH in the same solvent was de­
termined by standard procedures. Throughout the region in 
question t for PhS - is much larger than t for PhSH. For ex­
ample, at 295 nm <PhS-/«PhSH = 26. The optical densities of 
solutions of thiophenol in 20:1 and 10:1 AcO-:AcOH buff­
ers were then measured. From the measured optical densi­
ties at 295 and 300 nm and the known values of the e's for 
PhS - and PhSH at these wavelengths, one could estimate 
the fraction of the thiol present as the anion. The results in 
the two buffers were internally consistent. They indicated 
that in the most basic buffer used for the kinetic studies, the 
10:1 AcO~:AcOH buffer, the thiol was 9% ionized to PhS - . 
The extent of dissociation of PhSH in the other buffers can 
then be calculated from this and a knowledge of the differ­
ence between the pH of the 10:1 acetate buffer and the so­
lutions in question. 

Estimated pAf a's of Buffer Carboxylic Acids in 60% Diox­
ane. Precise measurements of the pAYs of acetic (7.44) and 
formic (6.10) acids in 60% dioxane are available in the lit­
erature.6 No such data are available for chloroacetic and 
trifluoroacetic acids, however. To get a reasonably accurate 
value of the pKa of chloroacetic and trifluoroacetic acids, 
we obtained titration curves for these acids and formic acid 
in 60% dioxane and then used these to estimate the pKa dif­
ference between the two acids and formic acid in this sol­
vent. 

From this the pKa for chloroacetic acid was estimated to 
be 5.48, and that of trifluoroacetic acid to be 2.81. 

pH-Rate Profiles for Reactions of 1 and 2 with Thiophe­
nol. From the estimated pATa's for the various carboxylic 
acids and the buffer ratios, we calculated the pH of the var­
ious buffer solutions. The circles in Figure 1 represent a 
plot of log k i /[PhSH]total vs. pH for the kinetic data of 
Tables I and II. The two lines of unit slope drawn on the 
figure fit almost all the data for the two reactions in the 
various buffers very well. Even in the relatively acidic triflu­
oroacetate buffers, where no more than one part in 106 of 
the thiol is present as PhS -, the kinetically important reac­
tion for both 1 and 2 is still that with the thiolate anion and 
not reaction with the undissociated mercaptan. 

Kinetics of the Reaction of 1 and 2 with 1-Butanethiol. 
The kinetics of the reaction of 1-butanethiol with either 1 or 
2 can also be followed in RCOO --RCOOH buffers in 60% 
dioxane using the same general procedures employed to 
study the reaction of thiophenol with these substrates. The 
results of an investigation of the kinetic behavior of these 
two reactions in acetate and formate buffers are shown in 
Table III. Comparison with Tables I and II shows that in a 

Kice, Rogers 

Figure 1. pH-rate profiles for reactions of thiophenol (circles) and n-
butyl mercaptan (squares) with phenyl benzenethiolsulfonate and ben-
zenethiolsulfinate in carboxylate buffers in 60% dioxane at 25°. Ordi­
nate equals logarithm of experimental first-order rate constant, Ar1, di­
vided by stoichiometric mercaptan concentration. Runs are in: acetate 
buffers, O and • ; formate buffers, • and • ; chloroacetate buffers, C; 
trifluoroacetate buffers, ©. Ionic strength = 0.05 in all runs. 

given buffer the rate of reaction of n- BuSH with either 1 or 
2 is roughly 103 slower than the rate of reaction of PhSH 
with the corresponding compound. 

The squares in Figure 1 represent a plot of log k \ / 
[BuSH]total vs. pH for the runs in Table III. The lines on 
the plot are drawn with unit slope. It is evident that the de­
pendence of rate on pH is similar to that observed with thio­
phenol, and that reaction with n-BuS - rather than n-
BuSH is the kinetically dominant term for either substrate 
in this pH region. 

Discussion 

The pH-rate profiles in Figure 1 demonstrate that under 
all the reaction conditions used in the present work attack 
of the thiolate anion on either 1 or 2 is much more impor­
tant kinetically than attack of the undissociated thiol. This 
is true even in buffer solutions in which less than one part in 
a million of the total thiol is present as the anion. For exam­
ple, from spectrophotometric measurements thiophenol is 
9% dissociated into PhS - in 60% dioxane in a 10:1 
CH3COO~:CH3COOH buffer. Given the p# a difference 
between acetic acid and trifluoroacetic acid, it should there­
fore be only about 10-4% dissociated in a 5:1 CF3COO-: 
CF3COOH buffer, and yet in this solution where only 1 
part in 106 of the thiol is present as PhS - , one can see from 
Fi gure 1 that over 90% of the measured reaction rate is still 
due to nucleophilic attack of PhS - , rather than PhSH, on 1 
or 2. Therefore PhS - must be at least 107 more reactive as 
a nucleophile toward either of these substrates than is 
PhSH. 

Although, lacking a measured pA"a for 1-butanethiol in 
60% dioxane, we cannot say exactly what fraction of this 
thiol is dissociated in the acetate and formate buffers used 
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Table III. Kinetics of the Reaction of Phenyl Benzenethiolsulfinate (1) and Benzenethiolsulfonate (2) with 1-Butanethiol 
in 60% Dioxane at 25°a 

Substrate, concn (M) 

1, 7.6 X 10"5 

2, 2.3 X 10-4 

10'[BuSH]0, 

1.43 

1.43 

1.33 

M Buffer 

Acetate 

Formate 

Acetate 

Formate 

Buffer ratio 
RCOO- : 
RCOOHb 

10:1 
5:1 
1:1 

10:1 
5:1 
1:1 

10:1 
5:1 
5:1 
1:1 

Wk1', sec"1 

1.91 
1.07 
0.22 
0.14 
0.065 
0.0158 

13.4 
6.8 
0.43 
0.089 

/W[BuSH]0/ 

14.2 
7.9 
1.63 
1.04 
0.48 
0.117 

101 
52 

3.5 
0.74 

0 All runs at an ionic strength of 0.05. b Concentration of carboxylate ion, 0.05 M in all runs.c ki is the experimental first-order rate con­
stant. d [BuSH]av is the average concentration of 1-butanethiol during the run. 

for the kinetic runs, we can probably make a reasonably 
good estimate by assuming that the pKa difference between 
PhSH and n- BuSH will be approximately the same as what 
it is in water,7 which is 4.1 pK units. If that is so then 1-bu­
tanethiol should be dissociated into n- B u S - to the extent of 
only about 1 part in 105 in the 10:1 CHsCOO-iCHaCOOH 
buffer. Since Figure 1 shows that a strict proportionality 
between rate constant and pH is maintained at least down 
to formate buffers having a pH 1.5 units lower than the 10: 
1 acetate buffer, it is clear that K-BuS - must also be at 
least 107 more reactive toward 1 or 2 than is n- BuSH. 

Although from previous work89 a thiolate ion would be 
expected to be a much more reactive nucleophile than the 
corresponding thiol, what is surprising about the present re­
sults is that the magnitude of the difference in reactivity is 
much larger than those reported earlier. Thus, Pearson, 
Sobel, and Songstad8 state that in methanol P h S - is 2 X 
104 more reactive than PhSH toward CH3I and 103 more 
reactive toward Pt(py)2Cl2, while Davis, et al.,9 report that 
in water H 3 N + C H 2 C H 2 S - is about 500 times more reac­
tive than H 3N+CH2CH2SH toward /3-propiolactone. All of 
these are much smaller than the ratio of & R S - / £ R S H ^ 107 

for nucleophilic attack on 1 and 2 in 60% dioxane. One 
should note, however, that both the reaction of 1-bu­
tanethiol with p- toluenesulfinyl p-tolyl sulfone10a and also 
the addition of HOCH 2 CH 2 SH to quinazoline10b exhibit 
very large k R S - / & RSH ratios, comparable to or greater than 
that found for the reaction of 1 or 2 with mercaptans. 

Quite frankly, at present we have no satisfying explana­
tion of why &RS-/&RSH f° r the reaction of mercaptans with 
1, 2, or the sulfinyl sulfone10a in 60% dioxane, or for the 
reaction of HOCH 2 CH 2 SH with the quinazoline,10b is so 
much larger than for the other substitutions8,9 mentioned. 
Certainly, however, given the results discussed in another 
accompanying paper,11 it cannot be attributed for 1 and 2 
to substitutions at sulfenyl sulfur being markedly more sen­
sitive to nucleophile basicity than those at the sp3 carbon. 

In initiating kinetic studies of the reaction of mercaptans 
with 1 and 2 in carboxylic acid buffers, we had hoped that it 
would be possible to find conditions where general base ca­
talysis of the reaction of RSH with these substrates could 
be observed and studied. The very large value of A:RS-/ 
k RSH, however, now indicates that such a search is almost 
certain to be fruitless, because in any solution where one 
has a significant concentration of any reasonably effective 
general base one will also probably have enough R S - ion 
for its reaction with 1 or 2 to be the kinetically dominant 
process. 

Since we know the extent of dissociation of PhSH in the 
various buffers, we can calculate from the rate data in Fig­
ure 1 the actual second-order rate constants for the reaction 

of PhS with both 1 and 2. The values so obtained are 
shown over the arrows in eq 3 and 4. One sees that the thiol-

A3 = L O x 1 0 5 M " 1 s e c - 1 

PhS" + PhSSPh • PhSSPh + PhSO" (3) 

O 

Il *4 = 3. 2 x 1 0 s .Vf" 1 s e c - 1 

PhS" + PhSSPh • PhSSPh + PhSO2" (4) 
Il 
O 

sulfonate (eq 4) is approximately 30 times more reactive 
than the thiolsulfinate (eq 3). We are inclined to attribute 
the greater reactivity of the thiolsulfonate to the fact that 
P h S O 2

- , being almost certainly less basic than P h S O - , is 
probably a better leaving group. The greater reactivity of 
the thiolsulfonate in such a nucleophilic substitution stands 
in marked distinction to the thermal stability'2 of the two 
compounds. There homolytic dissociation of the S-S bond 
in the thiolsulfinate occurs much more readily than for the 
thiolsulfonate. 

Reviews discussing nucleophilic substitution in organic 
sulfur chemistry13 usually suggest that substitutions involv­
ing attack of - S - anions on dicoordinate, or sulfenyl, sulfur 
are normally very rapid. The size of the rate constants for 
eq 3 and 4 is entirely consistent with this picture. 

As pointed out earlier, although we do not know the 
exact P ^ 3 of «-BuSH in 60% dioxane, a good approxima­
tion to the correct value is to assume that its pA"a differs 
from that of PhSH by the same number of pA â units as in 
water. Using that assumption in conjunction with the rate 
data in Figure 1, one can arrive at the estimated values for 
the rate constants for reaction of n- B u S - with 1 and 2 • 
shown in eq 5 and 6. 

*- = 2 .9 x 10 6 J f - * 

H-BuS- PhSSPh-

O 

H-BuSSPh + PhSO" (5) 

[| *e = t . 9 x 10 ; .M-I sec" 1 

H-BuS" + PhSSPh • 
!I 
O 

H-BuSSPh + PhSO2- (6) 

On comparing these rate constants with k3 and kt, one 
sees that the increase in reactivity on going from P h S - to 
K-BuS - is somewhat larger for 1 (k5/k3 = 29) than for 2 
(kblkt, = 6). A possible explanation for this could be that 
in the case of 2 the rate constant for reaction of n- B u S - has 
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become so large (>107 M~' sec-1) that one is entering the 
region where the rate constant is close enough to the diffu­
sion-controlled limit that changes in inherent nucleophile 
reactivity now cause much less change in rate than would 
normally be the case.14 

It is interesting to note that (&BuS-/&Phs-) for 1 is very 
similar to the relative reactivity of EtS - and PhS - in anoth­
er substitution involving nucleophilic attack on dicoordinate 
sulfur. Ritter and Krueger15 measured the rates of reaction 
of E tS - and PhS - with trithionate ion (eq 7) and found 

RS- + "O3S-S-SO3- • RS-S-SO3" + SO3
2" (7) 

(&Ets-/&PhS-) = 26, which is, of course, very similar to the 
value of 29 observed for reaction of 1 with BuS - and PhS -

in the present work. 

Experimental Section 
Preparation and Purification of Reagents. Phenyl benzenethiol-

sulfinate (1) was prepared as described previously.20 Phenyl ben-
zenethiolsulfonate (2), mp 43-44.5° after recrystallization from 
absolute ethanol, was prepared by oxidation of phenyl disulfide 
with 2 mol of w-chloroperbenzoic acid in chloroform in a proce­
dure patterned after that of Marangelli, Modena, and Todesco.16 

Dioxane was purified by the procedure described by Wiberg.17 The 
freshly distilled material was then frozen and stored in the freezer 
to prevent formation of peroxides prior to use. Acetic acid was also 
purified by a procedure described by Wiberg.18 Sodium acetate, 
sodium formate, lithium trifluoroacetate, formic acid, trifluo-
roacetic acid, and monochloroacetic acid were all analytical re­
agent grade and were used without further purification, n- Butyl 
mercaptan and thiophenol were purified by fractional distillation 
under reduced pressure and were redistilled frequently. 

p£„ Determinations in 60% Dioxane. The pAYs of chloroacetic 
and trifluoroacetic acids in 60% dioxane were estimated in the fol­
lowing way. A 0.10 iV solution of formic acid in 60% dioxane 
(using C02-free distilled \vater) was titrated with standard 0.10 N 
sodium hydroxide solution, also in 60% dioxane. The titration was 
followed using a pH meter and the apparent p£ a determined from 
the titration curves of duplicate runs. The same titration procedure 
was then applied to 0.10 N solutions of chloroacetic and trifluo­
roacetic acids in 60% dioxane. The measured differences between 
the apparent pAYs of these acids and formic acid were 0.62 pK 
units for chloroacetic and 3.29 pK units for trifluoroacetic. Using 
the known pKz of formic acid in 60% dioxane6 (6.10) as the stan­
dard, the pATa's of ClCH2COOH and CF3COOH are calculated to 
be 5.48 and 2.81, respectively. 

The pK a of thiophenol in 60% dioxane was determined as fol­
lows. First, the ultraviolet spectrum of a solution of freshly distilled 
thiophenol in 60% dioxane was determined. Then, the ultraviolet 
spectrum of PhS - was determined over the same wavelength range 
by adding excess sodium hydroxide to a solution of PhSH in 60% 
dioxane and measuring the absorbance of the resulting solution. 
The ultraviolet spectra of solutions of a known amount of PhSH in 
10:1 and 20:1 acetic acid:acetate buffers in 60% dioxane were then 
determined. At any given wavelength the concentration of PhS -

can be calculated from the relationship 

fPhS'l = ~ 6PhSH^PhSH 
€PhS ePhSH 

where A is the measured absorbance of the buffer solution, CphsH 
is the stoichiometric concentration of thiophenol, and the e's are 
the extinction coefficients for the various species involved. The 
ratio of [PhS-]/[PhSH] in each buffer was then calculated from 
these data. The results for the two buffers were internally consis­
tent. Since the p£ a of acetic acid in 60% dioxane is known,6 one 
can also calculate the pKa for thiophenol in this same solvent. This 
was estimated to be 9.48. 

Procedure for Kinetic Runs. All solutions were prepared fresh 
immediately prior to use. The procedure for the stopped-flow runs 
was as follows. A stock solution of the proper concentration of ei­
ther 1 or 2 was prepared and placed in one of the reservoir syringes 
of a Durrum-Gibson Model D-IlO stopped-flow spectrophotome­
ter. A stock stolution of either n- BuSH or PhSH in the desired 
buffer in 60% dioxane was prepared and placed in the other reser­
voir syringe. The course of the reactions was then monitored at 295 
nm on the storage oscilloscope. In all cases duplicate runs showed 
excellent reproducibility. 

For the runs that were followed by conventional spectrophotom­
etry 4 ml of a solution of the mercaptan in the appropriate buffer 
was placed in a 1-cm spectrophotometer cell and thermostated at 
25° in the cell compartment of a Perkin-Elmer Model 402 spectro­
photometer. Once the solution had reached thermal equilibrium, 
the reaction was initiated by the rapid mixing of 50 u\ of a relative­
ly concentrated solution of either 1 or 2 with the solution in the 
cell, and the change in absorbance was followed at 295 nm. 

Pseudo-first-order rate constants for each run were determined 
from the slope of plots of log (A -AJ) or log (A „ —A) vs. time. 
Excellent linearity was observed in all the plots. 
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