3982

group to a water molecule and reduces charge separa-
tion. Similarly, the transition state for the attack of
the weak nucleophile, water, on the imine (VIII) will
be stabilized by a general base which partially converts
the water molecule into hydroxide ion and reduces the
mutual repulsion of the two positive charges in VIII.
It is not clear how hydrogen bonding in transition state
VI, which is very similar to VIII, would provide appre-
ciable stabilization of this transition state relative to
the ground state or to other possible transition states.
Thus, we see no conflict between “anthropomorphic”
arguments, as commonly utilized by the organic chem-
ist, and an analysis of a reaction in terms of transition-
state theory.

These considerations are consistent with the simple
generalizations that catalysis occurs where it is most
needed and that reactions of this type generally proceed
by pathways which avoid the formation of unstable
intermediates.'* These may be restated in the form of a
rule, which we will call the Anthropomorphic rule, as
follows. In general acid-base catalysis of reactions
which involve proton transfer to or from nitrogen,
oxygen, or sulfur, bases will react with protons which
become more acidic and acids will react with atoms

which become more basic in the transition state (and
products). The degree of stabilization by such catal-
ysis will be determined by this change in acidity (or
basicity) compared to the basicity (or acidity) of the
catalyst and by the stabilization of the transition state
for the remainder of the reaction which is brought
about by partial proton transfer.

In this discussion we have deliberately avoided dis-
cussion of the exact position of the proton in the transi-
tion state; this subject will be considered in a future
communication. The possibility should be kept in
mind that proton transfer proceeds through an inter-
mediate water molecule.?! In respect to the matters
considered here it is only necessary to point out that
Bronsted « or B values are measures of the stabilization
of the over-all transition state by acids and bases of
different strength; they are not necessarily exact
indicators of the degree to which either proton transfer
or the making and breaking of bonds to carbon has
taken place in the transition state.

(31) E. Grunwald, A. Loewenstein, and S. Meiboom, J. Chem. Phys.,
27, 630 (1957); A. Loewenstein and S. Meiboom, ibid., 27, 1067 (1957);
W. P. Jencks and J. Carriuolo, J. Am. Chem. Soc., 82, 675 (1960).
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Abstract: Rate and equilibrium constants have been determined for the addition of a series of thiols to acetaldehyde
and other carbonyl compounds to form the corresponding hemithioacetals and hemithioketals. The gddmon
reactions occur by specific base catalyzed and general acid catalyzed pathways; no pH-independent reaction was
detected.  The solvent deuterium isotope effect on the rate of the hydronium ion catalyzed reaction, kg,0/kp,0. ‘is
0.59; the isotope effect on the addition equilibrium, Kgo/Kp,o, is 0.44. The Brgnsted « value fOI: general a<;1d
catalysis is large, on the order of 0.7. Evidence is presented that the unhydrated carbonyl qompound is the reactive
species. The acid-catalyzed reactions display a large sensitivity, but the base-catalyzed reactions almost no sensitivity

to the basicity of the attacking species.

It is suggested that the general acid catalyzed reaction involves proton

donation to the carbonyl group and that the base-catalyzed reaction ipvolves' attack of the thiol anion on the car-
bonyl group. Possible roles of the acid catalyst in general acid catalysis are discussed.

In 1885 Baumann® reported the reaction of benzene-
thiol with pyruvic acid in benzene to form a crystal-
line addition compound, to which he ascribed the struc-
ture of a hemithioketal. Since that time a number of
stable hemithioacetals and hemithioketals have been pre-
pared by the reaction under mild conditions of thiols with
aldehydes and ketones that contain electron-withdraw-
ing groups (eq 1).* In the earlier work, the assignment

(1) Contribution No. 441 of the Graduate Department of Biochemis-
try, Brandeis University. Supported by grants from the National
Science Foundation (GB-1648) and the National Institute of Child
Health and Human Development of the National Institutes of Health
(HD-01247). i

(2) Part of this work was carried out by G. E. L. with support from
a Public Health Service Fellowship from the National Institute of
General Medical Sciences (1-F2-GM-18,818-01).

(3) E. Baumann, Chem. Ber., 18, 258, 883 (1885).
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RSH + R'CR" > RS—CR'R"’ )

of the hemithioacetal or hemithioketal structure to such
compounds was generally based on their chemical
composition and their ready dissociation under certain
conditions into the component thiol and carbonyl
compounds. More recently, this evidence for the
a-hydroxy sulfide structure has been augmented: in
the case of crystalline hemithioacetals prepared from
phenylglyoxal by an examination of the infrared and
nmr spectra of the compounds,’ and in the case of the

(4) E. E. Reid, “Organic Chemistry of Bivalent Sulfur,” Vol. 2,
Chemical Publishing Co., Inc., New York, N. Y., 1960, p 205, and Vol. 3,
p 320; E. Campaigne in “Organic Sulfur Compounds,” Vol. 1, N.
Kharasch, Ed., Pergamon Press Inc., New York, N. Y., 1961, p 134,
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vacuum-distillable hemithioacetals formed from formal-
dehyde and benzenethiol and benzyl mercaptan by the
preparation of derivatives of the hemithioacetals.®
In addition, compounds of the type R,C(SH)YOH which
are stable enough to be isolated by vacuum distillation
have been made by reaction between hydrogen sulfide
and a number of aldehydes and ketones with fluoro and
chloro groups and have been thoroughly characterized.”
Woodward, et al., have prepared a stable internal hemi-
thioacetal, the structure of which was proven by X-ray
crystallography, as an intermediate in the synthesis of
cephalosporins.®

Although the reaction of thiols with carbonyl com-
pounds to form hemithioacetals and hemithioketals is
thus clearly established, there has been no thorough
study of the kinetics and equilibria of the reaction in
aqueous solution with simple thiols and carbonyl com-
pounds. A number of equilibrium measurements
have shown that the tendency of thiols to add to the
carbonyl group is considerably greater than that of
hydroxyl compounds or most amines.*® Addition
reactions of thiols commonly proceed by reaction of the
thiol anion, and Ratner and Clarke showed that the
addition of N-acetylcysteine to formaldehyde is base
catalyzed.!! However, careful examination of Ratner
and Clarke’s data suggests that this reaction does not
proceed exclusively by the base-catalyzed pathway at
low pH, and preparative work has shown that thiol
addition to the carbonyl group may occur also with
acid catalysis. 12

Experimental Section

Materials. The commercially available thiols were distilled
under nitrogen before use. 2-Methoxyethanethiol, bp 109-110°
(lit.13 112°), was prepared by the method of Chapman and Owen
and also by that of Swallen and Boord.1* Assay of these prepara-
tions by the method of Ellman'® gave equivalent weights of 93 to
95 (mol wt 92). The aldehydes were distilled under nitrogen within
a week of use and were stored under nitrogen in the refrigerator.
Sodium pyruvate purchased from Nutritional Biochemicals Corp.
was used without further purification. Commercial dichloroacetic
acid and difluoroacetic acid were redistilled. Commercial cyano-
acetic acid was twice recrystallized from benzene-acetone (4:6 by
volume) and stored in a desiccator over silica gel.1® Glass-distilled
water containing 10~¢ M disodium ethylenediaminetetraacetate
(EDTA) was used throughout. The ionic strength was always
maintained with potassium chloride. Solutions of the thiols and
aldehydes were generally prepared by weight on the day on which
they were used. Because of the volatility of ethanethiol its con-
centration in solution was measured just before use by the Ellman
method. 15

Equilibrium Constants. Equilibrium constants for the formation
of the thiol addition compounds were determined by measuring
the decreases in the carbonyl absorption in the region of 280 mu

(5) K. Griesbaum, A. A, Oswald, and B. E. Hudson, Jr., J. Am. Chem.
Soc., 85, 1969 (1963).

(6) H. Bohme and H.-P. Teltz, Ann. Chem., 620, 1 (1959).

(7) J. F. Harris, Ir., J. Org. Chem., 25, 2259 (1960); 30, 2190 (1965).

(8) R. B. Woodward, K. Heusler, J. Gosteli, P. Naegeli, W. Oppolzer,
R. Ramage, S. Ranganathan, and H. Vorbriiggen, J. Am. Chem. Soc.,
88, 852 (1966).

(9) For references, see W, P. Jencks, Progr. Phys. Org. Chem., 2, 63
(1964); see alsoref 10.

(10) R. G. Kallen and W. P. Jencks, J. Biol. Chem., in press.

(11) S. Ratner and H. T. Clarke, J. Am. Chem. Soc., 59, 200 (1937).

(12) G. A. Berchtold, B, E. Edwards, E. Campaigne, and M. Carmack,
ibid., 81, 3148 (1959); R. Mayer, J. Morgenstern, and J. Fabian, Angew.
Chem. Intern. Ed, Engl., 3, 277 (1964).

(13) J. H. Chapman and L. N. Owen, J. Chem. Soc., 579 (1950).
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(15) G. L. Ellman, Arch. Biochem. Biophys., 82, 70 (1959).

(16) F. S. Feates and D. J. G. Ives, J. Chem. Soc., 2798 (1956).
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in the presence of three or more concentrations of thiol at a con-
stant pH, with a Zeiss PMQ II spectrophotometer equipped with
a thermostated brass block. Each measurement was initiated by
the addition of an aliquot from a temperature-equilibrated solution
of the carbonyl compound to a temperature-equilibrated cuvette
with a tight-fitting Teflon stopper that contained the thiol and
buffer. The blank solution in the spectrophotometer was identical
with the reaction solution, except that water was added in place of
the aliquot of the solution of carbonyl compound. The change in
absorbance with time was followed until the absorbance remained
constant for at least 5 min. The apparent equilibrium constants
for hemithioacetal or hemithioketal formation, K ,.q = [hemithio-
acetal or hemithioketal]/{hydrated + unhydrated carbonyl com-
pound][thiol], were calculated from the absorbance changes and eq
2. In this equation, A is the difference between the equilibrium

A
€A+€s—€c/<so_

A A
€A + €g — Ec)(Ao - €a + €g — Ec> (2)

values of the absorbance of the aldehyde alone and of the aldehyde
plus thiol; e4, es, and ec are the extinction coefficients in M~1cm~1
of the unhydrated plus hydrated aldehyde, thiol, and hemithio-
acetal, respectively; 4, and S, are the initial molar concentrations
of the unhydrated plus hydrated aldehyde and the thiol, respectively.
This equation is derived for our experimental conditions, in which
the contents of the blank cuvette were identical with those of the
reaction solution with the exception that the blank did not contain
aldehyde. Except for methyl mercaptoacetate, es was sufficiently
small compared to ey to be negligible. Also, it was found that
except for the reaction of acetaldehyde with methyl mercapto-
acetate, constant values of K,usq were obtained overa large range of
thiol concentrations if ec was assumed to be negligible compared to
ea. This is in agreement with the observation that simple mono-
thioacetals do not absorb in the ultraviolet above 260 mu.!” In
the case of methyl mercaptoacetate and acetaldehyde, successive
approximations of ec were made until the data gave constant values
of Kypsa. The values of 8.50, 0.75, and 1.35 M~! cm™! were
found for ea, es, and ec, respectively, at 280 mu. In the study
of general acid catalysis of hemithioacetal formation from acetal-
dehyde and 2-methoxyethanethiol, individual values of Kb
were calculated for each buffer concentration from the initial con-
centrations of acetaldehyde and thiol and the equilibrium value of
the absorbance at the end of the kinetic run.

A different method was used to determine the equilibrium con-
stant for hemithioacetal formation from benzenethiol and iso-
butyraldehyde. It was found that this hemithioacetal has a
Amex at about 245 mu (e ca. 4900), whereas benzenethiol has Amax
at 236 mu (e 8100). This spectral shift is in agreement with the
reports that in ethanol benzenethiol has Amax 237 mu (e 7000)*
and the monothioacetal, phenylmercaptomethyl methyl ether, has
Amex 247 mu (e 7950)." Consequently, the decreases in absorbance
at 236 mu of 10~¢ M benzenethiol with varying concentrations of
isobutyraldehyde were measured against blank solutions with the
same concentrations of isobutyraldehyde and buffer as in the reac-
tion solutions. In this case the careful use of tightly stoppered
cuvettes was necessary because of the volatility of benzenethiol.
The equilibrium constant K,,.q Was obtained by use of eq 3 in which
the symbols have the same meaning as in eq 2. This equation is a

1 A
— = 3
Kobsd AO ( )

simplified form because at 236 mu ea is negligible with respect to
es and ec and because the concentration of isobutyraldehyde con-
verted to the hemithioacetal is negligible in comparison to its total
concentration. Plots of A against A/4, were linear over a large
range of isobutyraldehyde concentrations. In 1 N hydrochloric
acid and at pH 4.6, the value of g — ¢cis 5100 M—*cm~1.

For a number of calculations it was necessary to know the
equilibrium constant for the hydration of acetaldehyde in 1 N
KCl at 25°. This constant can be calculated from the equation,
Knya = [hydrated carbonyl compound]/[unhydrated carbonyl
compound] = (e — e4)/ea, in which ¢ is the extinction coefficient of

Kobsd =

A= So(Gs - Ec) -

(17) E. A, Fehnel and M. Carmack, J. Am. Chem. Soc., 71, 84 (1949).
a (18) V. Baliah and T. Rangarajan, Naturwissenschaften, 46, 107
959).
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Figure 1. Hemithioacetal formation from acetaldehyde and 2-
methoxyethanethiol. Equilibrium values of the absorbance at 280
mu of solutions initially 0.03 A/ in acetaldehyde as a function of
initial thiol concentration at 25°, ionic strength 1 M, 0.05 M acetate
buffer, pH 4.6. The line was calculated from the average value of
17.4 M~ for the equilibrium constant.

unhydrated acetaldehyde in water and e, is the extinction coefficient
of the hydrated and unhydrated acetaldehyde at the same wave-
length in 1 N KCl at 25°. The value of € at 278 mu was taken as
15.8 M~ cm™1, the average of values of 14.5 and 17.0 reported in
the literature.!® In order to determine es, the absorbance at 278
mu of a solution of acetaldehyde in 1 N potassium chloride and
0.05 M half-neutralized acetate buffer was measured at 25° in a
tightly stoppered 1-cm cuvette against a buffer-potassium chloride
blank. The concentration of acetaldehyde and its hydrate in this
solution was accurately determined by assay with C. F. Boehringer
and Soehne crystalline yeast alcohol dehydrogenase and nicotin-
amide-adenine dinucleotide.?® The value of e4 was found to be
8.55 M~1cm™?, and therefore Xj,yq4 is 0.85 in 1 N potassium chloride
at 25°. The same procedure was used for the determination of the
values of Kuyq for acetaldehyde in the different concentrated buffers
used to study general acid catalysis, except that the concentration
of acetaldehyde in a stock solution was calculated from the absor-
bance at 278 mu of an aliquot in 1 N potassium chloride at 25°
and the known extinction coefficient. The value of K4 for acetal-
dehyde at 25° in DO with 1 N potassium chloride was measured by
injecting with a micropipet in a cold room 0.010 ml of pure acetal-
dehyde into 3-ml solutions of 1 N KCI-0.003 N HCI-10-¢ M EDTA
in H:O and D,O that were in cuvettes with tightly fitting Teflon
stoppers. The equilibrium values of the absorbance were measured
at 25° against the appropriate blank. Five runs in H;O gave an
average absorbance of 0.485 =+ 0.008; in DO, 0.451 =+ 0.009.
The value of Kyyq in deuterium oxide was calculated as described
above and found to be 0.99. The deuterium isotope effect on the
hydration equilibrium, Kiyq(HyO)/Kn,o(D:O), is thus 0.86 in 1 N
KCI at 25° which can be compared with the reported!®® value of
0.84 in the absence of salts at 25°,

The extent of hydration of pivaldehyde in water was examined by
the method of Bell and McDougall.2* The spectral values found
for pivaldehyde are Auax 295 My (émax 15.4) in cyclohexane and Apax
286 mu (emax 15.1) In 0.01 N hydrochloric acid. Thus, Kiyq for
pivaldehyde is less than 0.1.

Kinetic Measurements. In general the rates of hemithioacetal
formation were followed by measuring the decrease in the carbonyl
absorbance near 280 mu with a sufficient excess of the thiol so that
the reactions were pseudo first order. Reaction mixtures which
contained all the components except the aldehyde were prepared in
stoppered cuvettes (4 ml, 1 cm for pivaldehyde reactions, and 20
ml, 5 cm for acetaldehyde reactions) and were temperature equili-
brated at 25°. The reactions were than initiated by the addition
of an aliquot of a temperature-equilibrated aldehyde solution, which

(19) (a) R. P. Bell and J. C. Clunie, Trans. Faraday Soc., 48, 439
(1952); (b) L. C. Gruen and P. T. McTigue, J. Chem. Soc., 5217 (1963).

(20) E. Racker, Methods Enzymol., 3, 293 (1957).

(21) R. P. Bell and A, O. McDougall, Trans. Faraday Soc., 56, 1281
(1960).

was rapidly mixed by inverting the stoppered cuvette several times,
and were followed in a Zeiss PMQ II spectrophotometer with a
thermostated cuvette compartment, usually against an appropriate
blank cuvette. It was possible to obtain initial readings of the
absorbance about 5 sec after the initiation of the reaction. The
first-order rate constants were obtained from semilogarithmic plots
of the difference between the absorbance at various times and the
final equilibrium absorbance against time by use of the equation
Koved = 0.693/11/,. In all cases the plots were linear for at least two
half-times. The rate constants were generally obtained from dupli-
cate rate determinations or from determinations at high and low
buffer concentrations in buffers which do not affect the rate. In
most instances final absorbances that were stable for at least five
half-times were obtained, and these absorbances had the values
expected on the basis of the equilibrium constants for the reactions.
However, at pH 2 or below there was a relatively slow decrease in
the absorbance beyond the expected equilibrium values for the
reactions of pivaldehyde with mercaptoethanol and 3-methoxy-
ethanethiol and of acetaldehyde with ethanethiol; oils subsequently
separated from the reaction mixtures in the latter two cases. The
oils may be the thioacetals, the formation of which is acid cata-
lyzed.* These secondary reactions were sufficiently slow relative
to hemimercaptal formation that linear, first-order plots were
obtained by using the stable equilibrium absorbances expected
from measurements at higher pH values.

The first-order rate constants were reproducible to within 5%
of the average value. In some experiments up to 107 of the thiol
was used during the reaction; in these experiments the thiol
concentrations at half-reaction were used in calculating the second-
order rate constants.

Measurements of pH were carried out with a glass electrode and a
Radiometer PHM-4b pH meter, which for measurements at low
pH were standardized at pH 1.10 with 0.1 & HCl and at pH 2.10
with 0.01 N HCI-0.09 ¥ KCL.2? The apparent pK values (pK.',
Table IT) of 2-methoxyethanethiol and ethanethiol at 25° and 1 M
ionic strength were determined by spectrophotometric titration at
240 my with approximately 1.5 X 10-* M thiol in dilute potassium
carbonate buffers.2® Those of 2-mercaptoethanol and methyl
mercaptoacetate at 25° and 1 M ionic strength were determined by
titration of 0.1 M solutions with standard sodium hydroxide. The
concentrations of general acid in the reaction mixtures used to study
general acid catalysis were corrected for dissociation of the acids by
subtracting the hydrogen ion activities from the concentrations by
weight of the general acids. These corrections were never more
than 1077 of the concentrations. The values of pK,’ for the
general acids at 25° and 1 M ionic strength were calculated from
the pH values of the reaction mixtures. The reaction mixtures for
the experiments shown in Figure 4 were prepared so that the pH
values were identical at the different concentrations of acid in each
experiment; the points at zero buffer concentration were obtained
in hydrochloric acid solutions at the same time that the rates with
buffer were measured.

Product Analyses. By analogy with the known addition com-
pounds of thiols with aldehydes and ketones (see introductory para-
graphs), it was expected that the products of the reactions reported
in this paper were the hemithioacetals and hemithioketals. The
evidence that this is the case is that the equilibrium constants
calculated from absorbance changes are constant over large con-
centration ranges only if it is assumed that the products of the
reactions are the adducts of one molecule of thiol and one of car-
bonyl compound (Table I).

Results

Equilibrium Constants. The equilibrium constants
for hemithioacetal and hemithioketal formation were
determined by measuring the decreases in the carbonyl
group absorbance of a constant concentration of alde-
hyde or ketone in the presence of increasing concentra-
tions of thiol. Figure 1 shows such measurements at
equilibrium for the reaction of acetaldehyde with
2-methoxyethanethiol at pH 4.6. The average value of
the equilibrium constant, K ,,q = [hemithioacetal]/[un-
hydrated + hydrated carbonyl compound][thiol],

(22) V. Gold, “pH Measurements,” John Wiley and Sons, Inc., New
York, N. Y., 1956, p 119.

(23) R. E. Benesch and R. Benesch, J. Am. Chem. Soc., 77, 5877
(1955).
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Table I. Equilibrium Constants for Hemithioacetal and Hemithioketal Formation at 25° and 1 M Ionic Strength

Carbonyl
compd Thiol Wave- No. of
(initial (initial length, measure- Kobsa,® Khemi,®

concn, M) concn, M) mu pH ments M-1 Kyya® M-t
CH;CHO CH,OCH.CH,SH 280 4.64 5 17.4+1 0.85¢ 32
(0.030) (0.030-0.25)
CH;CHO CH;OCH.CH.SH 278 4.6,4in 5 36.4 = 4, 0.99,¢ 72
(0.030) (0.02-0.15) DO in D,O in D;O
CH;CHO CH;O0CCH.SH 280 4.64 6 3273 0.85¢ 60
(0.032) (0.018-0.27)
CH;CHO C:H;SH 280 4.6¢ 3 19.6 =3 0.85¢ 36
(0.034) (0.014-0.058)
(CH;),CHCHO CH;0CH,CH,SH
(0.025) (0.083-0.23) 285 2.0k 5 12.8 %1 0.24¢ 16
(0.025) (0.02-0.33) 285 4.34 6 11.8=+1 0.24¢ 15
(CH;)»CHCHO CsHSH*
(0.02-0.20) (10—9 236 1 N HCl/ 7 14.8 0.240 18
(0.01-0.38) (1079 236 4.64 10 14.8 0.24¢ 18
(CH;);CCHO CH;OCH.CH.SH 286 4.64 3 4.8+£0.7 <0.1¢ 4.8
(0.025) (0.06-0.25)
(CH;);CCHO HOCH,CH,SH
(0.025) (0.05-0.97) 286 0.4 N HCI* 4 4.2+0.5 <0.1¢ 4.2
(0.025) (0.026-2.0) 286 4.64 8 3.8+£0.5 <0.1¢ 3.8
CH;COCOO~ CH;O0CCH,SH 320 5.24 N 52=x0.2 Not hydrated! 5.2
(0.02) (0.05-0.28)
CH;COCH; CH;OCH:CH:SH 285 1.5/ 1 <0.2m Not hydrated~» <0.2
(0.05) (0.52)

¢ Konea = [hemithioacetal or hemithioketal]/[thiol][hydrated and unhydrated carbonyl compound].
calculated from each measurement = the difference between the average and the extremes of the individual values.
¢ Kremi = [hemithioacetal or hemithioketal}/[thiol]lunhydrated carbonyl com-
¢ See Experimental Section.
k At this pH the establishment of equilibrium requires about S min and the final absorbance is

carbonyl compound]/[unhydrated carbonyl compound].
pound] = Kouea(l + Knya). ¢ With 0.1 M or less acetate buffer.
ref 19b, isobutyraldehyde in 1 N NaCl at 25°.
stable for at least 10 min.
of the isobutyraldehyde is present as the hemiacetal in 0.6 M ethanol.
rium absorbance values are constant for at least 5 min.
are reached within less than 10 sec of mixing the reactants.

* 0.6 M ethanol was present in the benzenethiol reaction mixtures.
7 The absorbance changes are complete within 30 sec and the equilib-
* At this pH the equilibrium values of the absorbances for hemithioacetal formation
Then follows a further slow decrease in absorbance over several minutes and then

This value is the average of the values
b Knya = [hydrated
/ With HCI buffer. ¢ From the data in

Control experiments showed that less than 4 7

at the lower concentrations of mercaptoethanol the separation of a water-insoluble liquid which may be one or more of the possible acetal

compounds.
Strehlow, Z. Elektrochem., 64, 813 (1960). ™ An upper limit.
hr. n Seeref21.

derived from the data in Figure 1 (see Experimental
Section), is 17.4 M—1. The coincidence of the points in
Figure 1 and the solid line which has been calculated
from this value for the equilibrium constant demon-
strates the validity of the equilibrium expression over
the entire range of 2-methoxyethanethiol concentration.
In a similar manner the other values of K,p.q given in
Table I were obtained, with the exception that with
benzenethiol the reaction was followed by measuring
the absorbance changes of the thiol and the adduct.
Each value of K, ;4 was found to be constant over a wide
range of reactant concentrations. Since some of the
aldehydes used in this study are partially hydrated in
aqueous solution, it was necessary to multiply K .4 by
(1 4+ Khuyq) in order to obtain Ky, the equilibrium
constant for formation of the thiol adducts from the
thiols and unhydrated carbonyl compounds. The
values of Kpen; are given in the last column of Table I.
Kinetics of Hemithioacetal Formation. The pH
dependences of the observed first-order rate constants
for the reaction of acetaldehyde with excess methyl
mercaptoacetate, 2-methoxyethanethiol, and ethane-
thiol are shown in Figure 2. These rate constants were
obtained by following the decrease in the ultraviolet
carbonyl absorption of acetaldehyde, as described in
the Experimental Section. The concentrations of the
thiols used in these experiments were such that with
2-methoxyethanethiol and ethanethiol approximately

The equilibrium constants were calculated from the absorbances extrapolated to the time of mixing.
No change in absorbance from that of acetone without thiol occurred in 1.5

! M. Becker and H.

509 of the acetaldehyde and its hydrate was converted
to the hemithioacetal at equilibrium and with methyl
mercaptoacetate 6397 was converted. The reactions
at the basic extreme were carried out in formate and
acetate buffers, but correction for buffer catalysis was
unnecessary because hemimercaptal formation is not
catalyzed by these buffers (see Table IV for one exam-
ple). The pH-rate profiles show that the reactions are
both acid and base catalyzed. In each case the two
observed rate constants at the acid extreme are directly
proportional to the hydrogen ion activity and the two
rate constants at the basic extreme are directly propor-
tional to the reciprocal of the hydrogen ion activity.
Rate constants could not be obtained over wider pH
ranges, because beyond the extremes shown in Figure 2
the reactions are too fast for measurement by our
method.

The complete rate law for hemithioacetal formation
was derived from the pH-rate profiles as follows. At
any constant pH value the kinetic scheme for the reac-
tion is expressed by eq 4. The assumption that the

O
| Kdenya | k(RrsHI é
HO——(‘S——OH —C— — HO— ‘ —SR (4

knyd -

unhydrated carbonyl compound is the reactive species
in hemithioacetal formation will be justified subse-
quently. If hemithioacetal formation is the rate-
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kobs (min.")

pH

Figure 2. The effect of pH on the rate of hemithioacetal formation
from acetaldehyde and thiols at 25° and 1 M ionic strength: methyl
mercaptoacetate, O; 2-methoxyethanethiol, @; ethanethiol, A.
The initial total concentration of acetaldehyde was about 0.01 M
and that of the thiols was 0.060 M (ethanethiol 0.063 M). The
buffers used were: below pH 2.9, hydrochloric acid; pH 2.9-4.0,
0.1-1 M potassium formate; pH 4.34, 0.325 and 0.65 M potassium
acetate,

determining step in this scheme (kyyq > k{RSH]J), then
the relationship between the observed first-order rate
constant (k.p.q) and k. is given by eq 5, in which the

1
k2 = kobsd(l + Khyd)/([RSH] + K b d> =

kobsd(Khemi + KhemiKhyd)/(Khemi[RSH] +
1 4+ Kiya) (5)

K’s are the previously defined equilibrium constants,
the values of which are known (Table I). The fact
that, over the range of pH values shown in Figure 1
decreases in the carbonyl absorbance which obey the
first-order rate equation are observed, is evidence that
hemithioacetal formation is the rate-limiting reaction.
If dehydration occurred slowly relative to the es-
tablishment of the acetaldehyde-hemimercaptal equi-
librium (k[RSH] > kuyq), a rapid initial decrease in
absorbance followed by an increase in absorbance with
time caused by dehydration of the hydrate would have
been observed, since the reactions were initiated with an
aqueous solution of acetaldehyde in equilibrium with its
hydrate. Values of k,yq under the conditions of the
experiments shown in Figure 1 were calculated from
the reported catalytic constants at 25° for the hydration
of acetaldehyde?* and, with one exception, were found
to be at least five times, and generally more than ten
times, larger than the corresponding k,[RSH], calculated
from k.nsa and eq 5. The one exception is the reaction
of acetaldehyde with ethanethiol at pH 4.34 in 0.325
and 0.65 M acetate buffers, where the values of kpyq/ks-
[RSH] are approximately 2.3 and 3.9, respectively.

(24) R. P. Bell, M. H. Rand, and K. M. A. Wynne-Jones, Trans.
Faraday Soc., 52, 1093 (1956).

However, the fact that this twofold variation in buffer
concentration caused less than a 1097 change in kg
even though the dehydration of acetaldehyde is strongly
catalyzed by acetate buffers indicates that even in this
case hemithioacetal formation is almost completely
rate determining,

The values of ky-, the third-order rate constant for
hydronium ion catalysis of hemithioacetal formation,
and kgg-, the rate constant for the reaction of thiol
anion with the aldehyde, were calculated from the
values of k; at the acidic and basic extremes of the
pH-rate profile, respectively (Table II). Ifit is assumed
that these two terms are the only significant ones in the
rate law for hemimercaptal formation, the rate law can
be expressed as

v = ky-ag[RSH][>C=0] + kzs-[RS7][>C=0] (6)

and

/

Kopsa = (kH+aH' + kgrg- X

Kgsu )(Khemi[RSH] + 1+ Khyd> 7
Kpsu + au- Kpewi + KyemiKuya

The solid lines in Figure 2 were calculated from eq 7
and show good agreement with the measured values
of kopsq in the intermediate pH range, with the exception
that the calculated values are about 1597 lower than
the observed values for the methyl mercaptoacetate
reaction. This agreement shows that the above rate
law is sufficient to describe the pH-rate profiles and
that the uncatalyzed reaction of the uncharged thiol
with acetaldehyde is not a significant pathway for
hemithioacetal formation.

Table II. Rate Constants for Hemithioacetal Formation at
25° and 1 M lonic Strength
ky+b
M- krs-,°
Aldehyde Thiol pK’'gsu® min~! M~ min~?
CH,;CHO CH;O0CCH.SH 7.83 84 1.41 X 107
CH;CHO CH;OCH,CH.SH 9.50 530 2.82X 108
CH;CHO C:H:SH 10.25 1960 2.83 X 107
(CH;);CCHO HOCH,CH.SH 9.51 2004 5.8 X 10¢4
228¢ 6.4 X 10t
CH;OCH,CH.SH 9.50 180¢ 5.6 X 1054
e At 25° and 1 M ionic strength. * km+ = ks/ay-, where &, is

defined by eq 5 and &g+ is an average calculated from koueq at the
two lowest pH values in Figure 2. ¢ krg- = ko((K'rsu + @u -)K'rsi)
=~ky(ar +/K'rsu) where k, is defined by eq 5 and krs- is an average
calculated from k.psa at the two highest pH values in Figure 2.
4 From kopsq measured by pivaldehyde disappearance. ¢ From
konsa measured by pivaldehyde appearance.

The data in Table I1I show the dependence of kqpsq fOr
hemithioacetal formation from acetaldehyde and
2-methoxyethanethiol upon the thiol concentration at
pH 2.36, where the contributions from the acid- and
base-catalyzed pathways are equal. The fact that
k; calculated by eq 5 from this data is constant shows
that at any pH the forward rate of hemithioacetal
formation is first order with respect to the thiol and is
thus further evidence in support of the above rate law.

Values of k- and kgg- for the reaction of pivalde-
hyde with 2-mercaptoethanol and 2-methoxyethanethiol
were obtained by determining k,pq With 0.24 M thiol
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Figure 3. The reaction of acetaldehyde with 0.1 M (@) and 0.2 M
(O) mercaptoethanol in 0.02 M acetate buffer, pH 5.08, ionic
strength 1.0 M, at 25°. The arrows indicate the absorbance of the
same amount of acetaldehyde and its hydrate in the absence of thiol.

and 0.025 M pivaldehyde at 286 myu over the pH range
from 1.45 to 3.62 (Table II). The data were treated as
described for the acetaldehyde reactions, except that
Kunga is negligible for pivaldehyde. The values of
k.psq for these reactions at intermediate pH values agree
with those calculated from kyg+ and kgs-. The rates
of the reverse reaction were measured at 286 mu over
the pH range from 1.18 to 3.84 by following the appear-
ance of pivaldehyde after the addition of 0.20 ml of a
solution containing 0.25 M 2-mercaptoethanol pivalde-
hyde hemithioacetal, 0.50 M 2-mercaptoethanol, and

Table III. Dependence on Thiol Concentration of the
Rates of Hemithioacetal Formation from Acetaldehyde and
2-Methoxyethanethiol at pH 2.364

Acetaldehyde
CH;OCH.- and its kst
CH:SH, hydrate, kobad, M-1
M?b M min~! min~!
0.06 0.01 0.31 4.9
0.12 0.01 0.45 4.8
0.25 0.03 0.814 5.1

s Measured at 280 mu in HCI buffer at 25° and 1 M ionic strength
with 5-cm cuvettes. ° Initial concentrations. ¢ Calculated from
kovsa by €q 5. ¢ Measured with the reaction mixture in a 1-cm
cuvette.

0.125 M pivaldehyde in 1.7 M ethanol and 0.05 M
acetate buffer (5097 acetate) to 2.8 ml of reaction buffer.
From the observed first-order rate constants at the pH
extremes which were obtained in these experiments, the
values of ky+ and kgg- were calculated in the same way
as described for the acetaldehyde reactions. These
values of ky+ and kgg- are in tolerable agreement with
those derived from the measurements of pivaldehyde
disappearance (Table II).

From a comparison of the rate constants for acetal-
dehyde dehydration?* and the values of kgg-, it is
apparent that, at pH values more alkaline than those
in Figure 1, the dehydration of acetaldehyde should
become the rate-determining step in hemithioacetal
formation from acetaldehyde hydrate (kJRSH] >
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knyq). This prediction was verified by the observation
that upon the addition of a small aliquot of a solution
of acetaldehyde equilibrated with its hydrate in | N
KCl at 25° to a solution of 2-mercaptoethanol in 1.0
N KCI-0.02 M acetate buffer, pH 5.08, at 25° there is an
instantaneous drop in the absorbance at 280 mu (com-
plete within 5 sec of mixing) to a value much less than
that expected for the acetaldehyde alone and that this
drop is followed by a slower increase in the absorbance
which finally reaches a stable equilibrium value (Figure
3). The initial drop in absorbance is explained by the
establishment of the equilibrium between acetaldehyde
and its hemithioacetal at a rate which is too fast to
measure at this pH; the subsequent increase in absorb-
ance is caused by the slower dehydration of the
hydrate, which leads to the establishment of equilibrium
among all reacting species. Under these conditions,
with excess mercaptoethanol, the absorbance changes
obey the first-order rate equation and the relationship
between Kopsqs Knyds and Kgenyq derived from the kinetic
scheme (eq 4) is

Kobsa = Kaenya + Kuya/(1 + Kpemi[RSH]) — (8)

A value of 18.5 M—! for K.n; was obtained from the
equilibrium absorbances. A plot of k... against
1/(1 + Kuemil RSH]) gave 0.75 min—" for k4enyq and 0.57
min—! for kyyq, values which are in good agreement with
the values of 0.71 and 0.61 min—! calculated from
kopsa for acetaldehyde hydration in the absence of thiol
and Ky,,4. These experiments prove directly that acetal-
dehyde rather than its hydrate is the reactive species in
base-catalyzed hemithioacetal formation. Dehydra-
tion is also the rate-determining step in the addition of
thiols to formaldehyde!® and to methylglyoxal?s
hydrates.

General Acid Catalysis of Hemithioacetal Formation.
In Figure 4, the dependence of the apparent second-
order rate constants (k;) for hemithioacetal formation
from 2-methoxyethanethiol and acetaldehyde upon the
concentration of general acids present in the reaction
mixtures is shown. The values of k, were calculated
from the observed first-order rate constants (Kypsq) in
the buffers by use of eq 5. Since the values for K4
and K4 were changed somewhat by the buffers, which
were present in concentrations as high as 2.5 M, the
values of K4 and Ky, ,q were determined for each buffer
concentration (see Experimental Section), and these
individual values were used in calculating the factor
(1 + Kpnya)/({IRSH] + 1/K psq). The difference between
ky calculated with the individual values of this factor
and k, calculated with the equilibrium constants in
Table I (Khya and K,psq in 1 N potassium chloride and
dilute buffer) was never greater than 109 of k;. The
findings that the rates of hemithioacetal formation at
constant pH increase proportionally with the increase
in buffer concentration and that the slopes of the plots of
ki against acid concentration are the same at different
pH values indicate that the reaction is catalyzed by the
acidic species of the buffer.

The third-order catalytic constants taken from the
slopes of the plots together with the apparent pK values
of the acids at 25° and 1 M ionic strength are: dichloro-
acetic acid, 28 M~? min-!, 1.3; difluoroacetic acid,

(25) E. E. Cliffe and S. G. Waley, Biochem. J., 719, 475 (1961).
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Figure 4. Dependence of the apparent second-order rate constants
for hemithioacetal formation from 2-methoxyethanethiol and
acetaldehyde upon general acid concentration at 25° and 1 M ionic
strength. The buffers, with the approximate per cent acid at the
pH values, were: O, potassium cyanoacetate (61 %7, 2.21 and 727,
1.95); @, potassium dihydrogen phosphate (287, 2.20 and 487,
1.80); A, potassium dichloroacetate (257, 1.81 and 3777, 1.54);
A, potassium difluoroacetate (185, 1.85 and 327, 1.50). The
values of k» were calculated from kob.a by use of eq 5. The initial
concentrations were 0.060 M 2-methoxyethanethiol and 0.010 M
total acetaldehyde.

25 M-? min~!, 1.15; phosphoric acid, 23 M~? min™!,
1.7; cyanoacetic acid, 2.4 M—?min~!, 2.4,

Because high concentrations of buffer were needed to
demonstrate clearly the rate enhancements (Figure 4),
it was important to make certain that the rate increases
were not due to solvent effects. Consequently the
effects of orgamic solvents and variations in ionic
strength were determined in the pH range where the
catalysis is observed. It was found that the apparent
second-order rate constant for hemimercaptal formation
in 1 N KCl at constant pH decreases about 2097 with
2 N acetic acid (pK 4.7) and remains the same with 2
N acetonitrile and also that a change in the ionic
strength from 1 to 2 M results in a rate increase of
about 109 (Table 1V). These variations are small
compared to the increases in rate of 60 to 12097 ob-
served with the 1 M buffers of phosphoric, difluoro-
acetic, and dichloroacetic acids (Figure 4). Thus,
these acids are acting as general acid catalysts, and their
catalytic rate constants are probably accurate to within
+209. Since 2 M acetic acid slows the reaction, the
fact that 2 M buffers of cyanoacetic acid increase the
rate by about 5097 is evidence for its action as a general
acid catalyst as well. However, its catalytic constant
can only be considered a crude estimate, which the
inhibition by acetic acid suggests may be as much as
100 7, too low.

The Bronsted plot of the logarithms of the third-
order catalytic constants against the pK, values of the
acids shows at its center a cluster of the points for phos-
phoric, dichloroacetic, and difluoroacetic acids and at
its extremes the points for cyanoacetic acid and the
hydronium ion. The points do not fall on a straight

Table IV. The Effect of Ionic Strength, Organic Solvents, and
Carboxylate Buffers on the Rates of Hemithioacetal Formation from
Acetaldehyde and 2-Methoxyethanethiol at 25°

k2 =

kobsdf,

Kobsd,® Kobsa)® fe M

Solvent pH min~! M-! K4t M-1 min-!
0.022 N HCl 1.75 0.42 19.1 100 183 7.7

1NK1C1,0,02N 1.75 0.66 17.2 0.85 16.1 10.6
HC
2 NKCL 0015 N 1.75 0.76 18.1 0.75 15.6 11.8
HCI

1NKCL 2N 1.75 0.58 17.7 0.68 149 8.7
acetic acid, 0.012
N HCl1

0.045 N HCl 1.40 0.81 18.1 1.00 17.9 14.5

1 NKCL, 0.040 N . 18.1 0.85 16.5 20.8
HClI

1 NKCI, 2 N ace- 1.40 1.43 19.5 062 14.7 21
tonitrile, 0.042 N
HCl

0.1 N potassium
formate buffer,
0.98 N KCl

1 N potassium
formate buffer, 0.8
N KClI

0.2 N potassium
formate buffer, 0.9
N KCli

1 M potassium
formate buffer, 0.5
N KCl

._.
'
o
—
[
=

2.98¢ 0.64 17.4/ 0.85 16 10.2

2.94¢ 0.61 17.4/ 0.85 16 9.8

3.59¢ 2.10 17.4/ 0.85/ 16 33.6

3.63¢ 2.13 17.4/ 0.85/ 16 34.1

e Measured at 280 mu with initial concentrations of 0.060 M
2-methoxyethanethiol and 0.01 M acetaldehyde and its hydrate in
S5-cm cells. ® For the solvents used. ¢ f = (1 + Knya)/((RSH] +
1/Kopsa). ¢ About 807 formic acid. © About 507 formic acid.
/ These values were not measured for the solvent used; they are the
ones obtained in dilute buffer with 1 N KCl at 25°.

line so that a unique value of the slope, «, is not
determined, but the results do indicate that the value
of @ is large. A line drawn through the points for the
carboxylic acids has a slope of 1.0, which is reduced to
0.7 if it is assumed that the rate constant for cyanoacetic
acid is low by a factor of 2 because of a solvent effect;
a line through the points for the hydronium ion and the
strong carboxylic acids has a slope of 0.4. The absence
of detectable catalysis by formic and acetic acids also
indicates that the value of « is large.

At higher pH values, with weaker general acids (0.8 N
formic acid and pH 2.94, Table 1V), no general acid
catalysis is observed. It is obscured by the base-cata-
lyzed reaction pathway, which at higher pH values
occurs at a rate much greater than the acid-catalyzed
pathways. The absence of a rate enhancement at
pH 3.6 in 1 M formate buffer with 0.5 N potassium
formate (Table IV) shows that there is no significant
general base catalysis of hemithioacetal formation by
formate ion.

Kinetic Deuterium Isotope Effect. The rate of
hydronium ion catalyzed hemithioacetal formation
from 2-methoxyethanethiol and acetaldehyde in water
was found to be 0.59 of the rate in deuterium oxide
solution (Table V).

Discussion

Equilibria of Thiol Addition. The equilibrium con-
stant for the addition of a molecule of thiol to acetone
is at least 100-fold smaller than for addition to acetal-
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Table V. Kinetic Deuterium Isotope Effect in the '
Hydronium Ion Catalyzed Reaction of 2-Methoxyethanethiol
and Acetaldehyde at 25° and 1 M Ionic Strength

k2,4 k'm+°
kobsd)a Khemi;o M M—ﬁ
Solvent min~!  Kpyq,? M-1 min~! min~!

H,0, 0.02 N HCI 1.65 0.85 32 10.3 515
H,0, 0.03 N HCI 2.38 0.85 32 14.8 493
DO,/ 002NDCl 2.21 0.99 72 16.6 830
D,0,/ 0.03 NDCl 3.50 0.99 72 26.2 873

¢ Determined at 280 mu with initial concentrations of 0.030 M
acetaldehyde and its hydrate and 0.25 M 2-methoxyethanethiol in
1-cm cuvettes. The values are averages of duplicate determina-
tions. ® See Experimental Section. ¢ From Table I. ¢Cal-
culated from Ki,¢ and Kiem: with eq 5. ¢ k’'m+ = ko/[H;O0%].
/ Greater than 98 %7 D:O.

dehyde, which is in turn some 20-fold smaller than for
addition to formaldehyde hydrate.’® This order is
similar to that for hydration equilibria?' and pre-
sumably reflects in large part the hyperconjugative and
steric effects of methyl substituents. The order of
decreasing equilibrium constants in the series CH;CHO
> (CH;):CHCHO > (CH;);CCHO also reflects steric
effects.

There is only a twofold variation in the equilibrium
constants for hemithioacetal formation from acetal-
dehyde and three thiols which vary in pK over a range
of 102 This finding shows that the equilibrium, RS-
4+ >C=0*H = RS> COH is altered by the variations
in the structure of R (-CH,CH,, -CH;OCH;, -CH,CO-
OCH;) almost quantitatively to the same extent as the
analogous equilibrium, RS- 4+ H;O+ = RSH + H,0.
Thus, the inductive effects of the substituents in the
thiols have nearly the same effect upon the strength of
the S—C bond which is formed in the hemithioacetals as
upon the S-H bond in the thiols.

The much larger tendency of thiols than of water to
add to the carbonyl group® is again evident in this
series. This high affinity of thiols for the carbonyl
group is not predicted from the usual tables of average
bond energies.?® For example, hemithioacetal forma-
tion from acetaldehyde and thiols should be unfavora-
ble by 11 kcal/mole, according to the average bond
energies.?® A possible explanation for this discre-
pancy is that the hemithioacetal is stabilized by double
bond-no bond resonance of the type

| | i
R——§=({: O—H <> R——S——(‘S——O——H <> R—S~ C—=OH

1
I 11

Hine has made a convincing case for the importance of
such resonance in the stabilization of compounds with
two or more fluorine or oxygen atoms attached to the
same carbon atom. ¥

In the formation of a hemithioacetal the S-H bond of
the thiol disappears and an O-H bond is formed. The
observation that the equilibrium constant for this
reaction is 2.27 times larger in deuterium oxide than in
water is explained, in part, by the difference in the
stretching frequencies of the S—-H and O-H bonds. The
S-H stretching frequencies of thiols generally lie between
2550 and 2600 cm~?, regardless of structure or the degree

(26) J. S. Hine, “Physical Organic Chemistry,” 2nd ed, McGraw-Hill

Book Co., Inc.,, New York, N. Y., 1962, p 32.
(27) J. Hine, J. Am. Chem. Soc., 85, 3239 (1963).
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of hydrogen bonding.?® The difference between these
values and that of approximately 3400 c¢cm—! for the
O-H bond gives calculated values of Kpy,0/Ku,0 in the
range 1.4-1.7 according to the treatment of Bunton
and Shiner and depending on the assumptions which are
made regarding the stretching frequencies within
hydrogen bonds to the solvent.?® This is smaller than
the observed isotope effect, which suggests that the
difference between the bending frequency of O-H
(about 1420 cm~! for alcohols®) and that of S-H (the
in-plane deformation frequency of S-H has been ob-
served at 832 cm~! by Raman spectroscopy?) also
contributes to the isotope effect. A deuterium isotope
effect of about 2 in the hemithioacetal equilibrium is
also expected on the basis of measurements made by
Hobden, et al., of the equilibrium constants for iso-
topic hydrogen exchange in the systems ethanethiol-
water and 1-pentanol-water.! Their data show that
the equilibrium constant for the distribution of deu-
terium between liquid pentanol and liquid ethanethijol
at 25°, K = [C;H,OD][C,H;SH]/[C;H,OH][C.H;SD],
is 2.5.

Base-Catalyzed Hemithioacetal Formation. The re-
sults of the kinetic study of the base-catalyzed forma-
tion of hemithioacetals show that the unhydrated
carbonyl compound is the reactive species. A mech-
anism consistent with the kinetic data is one in which
the rate-determining step is the attack of the thiol
anion upon the carbonyl group to form the hemithio-
acetal anion, a step which is preceded and followed

by faster proton-transfer reactions (eq 9-12). The
RSH === RS- + H* 1))
AN ks ‘
RS- 4+ C=0 —=RS—C—O- (10)
/ - 1
1 1
RS—C—0O- + H* === RS—C—OH (11)

1 |

Rs—c::—o— + HO :@ RS—(I:——OH +O0H- (12
rate constant for reaction 9 is 32 sec™! for mercapto-
ethanol,?? which indicates that reaction 9 is not rate-
determining under the conditions of our measure-
ments. The ratio k—s/k4 is equal to k3K, /Kpemik—sKy,
in which K is the acidic dissociation constant of the
thiol. The rate of reaction 12 is presumably diffusion-
controlled in the reverse direction3® so that k_, =
~10% M-1sec™!. Substitution indicates that reaction
12 proceeds at an adequate rate with weakly acidic
thiols, but becomes significantly slow compared to the
back reaction of eq 10 as the thiol becomes more
acidic; for methyl mercaptoacetate k_g/k, = ~0.6.
The rate of reaction 11 is probably adequate to give
rapid protonation of the intermediate under the condi-

(28) L. J. Bellamy in “Organic Sulfur Compounds,” Vol. 1, N. Khar-
asch, Ed., Pergamon Press, Inc., New York, N. Y., 1961, p47; 1T
Edsall, Biochemistry, 4, 28 (1965); R. N. Jones and C. Sandorfy in
“Technique of Organic Chemistry,” Vol. 9, A. Weissberger, Ed., Inter-
science Publishers, Inc., New York, N. Y., 1956, pp 432, 546.

(29) C. A. Bunton and V. J. Shiner, Jr., J. Am. Chem. Soc., 83, 42,
3207, 3214 (1961).

(30) N. Sheppard, J. Chem. Phys., 17, 79 (1949).

(31) F. W. Hobden, E. F. Johnston, L. H, P. Weldon, and C. L.
Wilson, J. Chem. Soc., 61 (1939).

(32) M. M. Kreevoy, D. S. Sappenfield, and W. Schwabacher, J.
Phys. Chem., 69, 2287 (1965).

(33) M. Eigen, Angew. Chem. Intern. Ed. Engl., 3, 1 (1964).
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tions of our experiments, but it would be expected that
at higher pH values and with acidic thiols the protona-
tion step would become Kkinetically significant. It is
probable that the carbonyl group is initially hydrogen
bonded to water so that the proton-transfer process can
occur as shown in eq 13; in this case the diffusion-

| 1 |
RS({:——O‘- --HOH > RSC—OH- - -OH~ — RS({:OH + OH-

|
(13)

controlled separation of RSCOH:--OH- is likely to
become Kkinetically significant with more acidic thiols.
The rate of the proton-transfer step of the thiol (eq 9)%233
is also not adequate to maintain an equilibrium concen-
tration of thiol anion at more alkaline pH values, so that
the reaction of eq 9 may also become rate limiting under
alkaline conditions. The similarity of the rate constants
for the reactions of thiol anions which vary 250-fold in
basicity (Table II) is evidence that diffusion-controlled
steps do not become significant in these reactions under
the conditions of our measurements, because the magni-
tude of the over-all rate constants requires that any rate-
determining, diffusion-controlled step (e.g., eq 12) be
preceded by an unfavorable equilibrium step (e.g., eq
10) and any such equilibrium would be expected to be
different for thiol anions of different basicity.

A mechanism in which hydroxide ion removes the
proton as the thiol attacks the carbonyl group (mech-
anism 14) is improbable in view of the absence of

N
HO- —~ H—S C=0 (14)
R /

catalysis of the reaction by bases other than hydroxide
ion and the fact that the third-order rate constant for
such a reaction with methyl mercaptoacetate would
have to be 3.5 X 10! M—2sec™!. This is larger than
the rate constant for a diffusion-controlled bimolecular
reaction,®® and it does not appear possible to divide this
reaction into a series of bimolecular reactions which
would proceed at less than diffusion-controlled rates.
The fact that the rate constants for the reaction with
acetaldehyde increase only twofold with a 250-fold
increase in the basicity of the thiol anion is surprising.
The slope of a plot of log k against pK for the reaction
of thiol anions with p-nitrophenyl acetate®* is only
about 0.4, compared to 0.8 for several other series of
nucleophilic reagents,® but the corresponding slopes
for the reactions with an oxime acetate, 3¢ acrylonitrile, ¥
and ethylene oxide® are approximately 0.86, 0.38, and
0.36, respectively. The very small value of this slope
for acetaldehyde would not seem to be an expression of
a similarity of the transition state to reactants,?® in view
of the fact that the equilibrium constant for the reac-
tion of eq 10 is almost certainly unfavorable. Baker and
Harris have pointed out that the low basicity and
stretching frequency of the carbonyl group of thiol

(34) J. R. Whitaker,J. Am. Chem. Soc., 84, 1900(1962); J. W. Ogilvie
J. T. Tildon, and B. S, Strauch, Biochemistry, 3, 754 (1964),

(35) T. C. Bruice and R. Lapinski, J. Am. Chem. Soc., 80, 2265
(1958); W. P. Jencks and J. Carriuolo, ibid., 82, 1778 (1960).

(36) J. J. O’Neill, H. Kohl, and J. Epstein, Biochem. Pharmacol, 8,
399 (1961).

(37) M. Friedman, J. F. Cavins, and J. S. Wall, J, Am. Chem. Soc.,
87, 3672 (1965).

(38) J. P. Danehy and C. J. Noel, ibid., 82, 2511 (1960).

(39) G. S. Hammond, ibid., 77, 334 (1955); J. E. Leffler, Science, 117,
340(1953).

esters suggest an important contribution of the reso-
nance form (III) in which there is electron donation

PY
C

C
SN > /-
R SR’ R SR

I

’

from the oxygen atom to the d orbitals of sulfur.4
This and other evidence for the utilization of the d
orbitals of sulfur suggest that in the transition state
for the addition of the thiol anion to acetaldehyde,
back-bonding from the carbonyl group (IV) may

—0O

— SR’
P

C
R/ \H
v

stabilize the transition state and account for the absence
of substitutent effects on the rate. A back-interaction
of = electrons with sulfur has been suggested by Fried-
man, et al.,¥ as an explanation for the larger nucleo-
philicity of sulfur anions than of amines of comparable
basicity toward acrylonitrile.

Acid-Catalyzed Formation of Hemithioacetals. The
finding that the formation of the hemithioacetals is
catalyzed by phosphoric acid and by strong carboxylic
acids suggests that the catalysis by hydronium ion is
also general acid catalysis or its kinetic equivalent.
Possible transition states for the rate-determining step
of these acid-catalyzed reactions with acetaldehyde are
V-VIII, in which B is water, phosphate monoanion,
or carboxylate ion. Transition states V and VI depict
general acid catalysis and the kinetically equivalent
specific acid-general base catalysis, respectively, of the
attack of the thiol upon the unhydrated carbonyl group
of acetaldehyde. Transition states VII and VIII show
the same types of catalysis for the nucleophilic dis-
placement of water from acetaldehyde hydrate by the

thiol. Mechanisms in which proton transfer alone is
H..'B 1‘-1
Cl) Cl?&-i-
CH,—C—H CH;—C—H
R—S**—H R—S...H-- B
v VI
H-.-B f—l
H—O H—O%
: /OH : AOH
CH;— / CHa——C<
: “\H i “H
R—S$%*—H R—S---H.--B
vil VIl

the rate-determining step are unlikely for reasons which
will be discussed in a later section. Estimates of the
rate of the proton-transfer steps?® suggest that proton
transfer can occur faster than the observed over-all
reaction rate. The following arguments suggest that
the direct nucleophilic displacement mechanisms (transi-
tion states VII and VIII) are improbable. (1) All
known substitution reactions of carbonyl hydrates and

(40) A. W. Baker and G. H. Harris, J. Am. Chem. Soc., 82, 1923
(1960).
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hemiacetals, including the base-catalyzed addition of
thiols, proceed by an elimination-addition mechanism
with addition to the free carbonyl group.® (2) The
third-order rate constant for the acid-catalyzed addition
of CH;OCH,CH,SH to acetaldehyde in water is 400
times larger than the second-order rate constant for the
acid-catalyzed hydrolysis of CH;SCH,CH(OCH:CHj;).
in 509 dioxane-water.4! It has been proposed*! that
the latter reaction proceeds by intramolecular nucleo-
philic participation of the sulfur atom to give the
intermediate

CH;S*
AN
CHOCH:CH;
H,C

Since intramolecular reactions ordinarily exhibit larger
rate constants than their intermolecular analogs,
this suggests that the intermolecular addition of thiol to
acetaldehyde does not proceed by nucleophilic attack
of thiol on acetaldehyde hydrate. (3) There is sug-
gestive evidence that the hydrolysis of cyclic monothio-
acetals proceeds by an AI mechanism with expulsion
of the exocyclic thiol¢? (eq 15). According to the

0 SR + 0) +HO
H —_—
CKru B &
0 OH
(_)(H + HSR + HY (15

principle of microscopic reversibility, the reverse reac-
tion would then proceed by addition of thiol to a car-
bonium ion, rather than by nucleophilic attack of thiol
on saturated carbon. If the attack on a hemiacetal
does not occur by direct nucleophilic displacement, it
is unlikely that attack on a hydrate occurs by nucleo-
philic displacement either.

The transition state for monothioacetal hydrolysis
by an Al mechanism implies complete protonation in a

+HSR

pr—
e —

| H
RO*=C...SR’
|

prior equilibrium step (i.e., the Bronsted & = 1.0) and
is similar to VI except for the substitution of an alkyl
group for hydrogen. If it is accepted that monothio-
acetal hydrolysis proceeds by an Al mechanism, then
the value of « should be 1.0 for a reaction which pro-
ceeds through transition state VI. The fact that the
addition of thiols to acetaldehyde is subject to detectable
general acid catalysis means that « is not equal to 1.0
and that VI is not the correct transition state for this
reaction. A similar argument supported by more ex-
tensive data has been used against preequilibrium pro-
‘tonation of the carbonyl group in the addition of ROH
and HOH to aldehydes.®

(41) J. C. Speck, Jr., D. J. Rynbrandt, and I. H. Kochevar, J. Am.
Chem. Soc., 87, 4979 (1965). The rates of acid-catalyzed hydrolysis of
acetals in water and 507 dioxane-water are about the same. For ex-
ample, the second-order rate constants for acetaldehyde diethyl acetal are
15.2 M-1 min—! in 50% dioxane—water at 25° and 44 M~-1 min—! in
water at 20°: J. N. Brgnsted and W. F. K. Wynne-Jones, Trans.
Faraday Soc., 25, 59 (1929).

(42) C. Bamford, B. Capon, and W. G. Overend, J. Chem. Soc., 5138
(1962); R. L. Whistler and T. Van Es, J. Org. Chem., 28, 2303 (1963).
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The relationship between the Bronsted parameter, «,
and the nucleophilic reactivity of the compound which
is attacking the carbonyl group has been discussed
previously®##4¢ in terms of equations derived from the
Bronsted and Swain-Scott equations. The experi-
mental data for a series of nucleophilic reagents of
widely varying reactivity show values of a which are in
agreement with transition state I and with the predic-
tions of other structure-reactivity correlations.®® It
is convenient to rearrange the equations in the forms

PK: — pKi = cfss — 1) (16)
ny = cfag — ay) (17)

in which » is a measure of nucleophilic reactivity and is
often proportional to the basicity of the nucleophile, s
is a measure of sensitivity to nucleophilic reactivity, the
pK’s refer to catalyzing acids, ¢, is the negative of the
previously defined C,, and the other subscripts refer to
individual reaction series. Equation 16 states that if a
substrate is made more reactive because of catalysis by a
stronger acid, its sensitivity to the nucleophilicity of the
attacking reagent will decrease. If this is accepted, the
conclusion of eq 17 follows with no further assumptions
other than the original assumption of the applicability
of the Brgnsted and Swain-Scott relationships. Equa-
tion 17 states that as the nucleophilicity (basicity) of the
attacking reagent increases, the sensitivity to the strength
of the catalyzing acid, «, decreases. For the addition
of thiols to acetaldehyde, this relationship is illustrated
by the fact that the addition of the highly nucleophilic
thiol anion occurs without detectable acid catalysis
(i.e., a = 0), while the addition of the very weakly
basic free thiol shows a high sensitivity to acid catal-
ysis with a large value of a.

The analogous equations for general base catalysis
are

pK: — pKi = cs(s1 — so) (18)
Bo — B (19)

in which the Bronsted B is a measure of the sensi-
tivity of the reaction to the strength of the catalyzing
base. The interpretation of these equations is similar
to that for acid catalysis and states that the sensitivity
to general base catalysis, 8, will decrease as the nucleo-
philicity of the attacking reagent increases. For a
given series of reactions &« = 1 — 3, depending on
whether the reaction is interpreted as general acid
catalysis (mechanism V) or general base catalysis of
attack on the conjugate acid of the substrate (mechanism
VI), and these relationships predict opposite behavior
for the two mechanisms. If mechanism VI held, the
observed value of « should increase (i.e., 8 decreases)
as the reactivity of the nucleophilic reagent is increased.
We know of no data for general acid catalysis of
carbonyl addition reactions which are in accord with
this prediction. Swain and Worosz have reached this
same conclusion for the reaction of amines with car-
bonyl compounds by applying the ‘‘solvation rule”
and the “reacting-bond rule.” 45

nis =

9(23) E. H. Cordes and W. P. Jencks, J. Am. Chem. Soc., 84, 4319
(1962).

(44) L. do Amaral, W, A, Sandstrom, and E. H. Cordes, ibid., 88,
2225 (1966).

(45) C. G. Swain and J. C. Worosz, Tetrahedron Letters, No. 36,
3199 (1964).
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While these considerations argue against transition
state VI and are in accord with mechanism V, the
possibility should be kept in mind of a cyclic proton-
transfer mechanism and the occurrence of proton transfer
through intervening water molecules.2%4 In the acid-
catalyzed thiol addition reaction, the proton which is in-
itially on the thiol may be accepted by the conjugate base
of the catalyst before the diffusion-controlled separation
of the products. This may be called a “one encounter,”
as opposed to a “concerted” mechanism.

The acid-catalyzed addition of thiol to acetaldehyde
occurs faster in deuterium oxide than in water, with a
ky/kp tatio of 0.59, in spite of the fact that the reaction
is general acid catalyzed. Similar inverse isotope
effects have been observed for the dehydration steps of
oxime# and semicarbazone* formation and the isotope
effects for acid-catalyzed acetaldehyde hydration,4®
semicarbazide addition,*® and glucose mutarotation®
are only 1.3, 1.2, and 1.37, respectively. The inter-
pretation of such isotope effects will be mentioned below
and it will only be pointed out here that an inverse
isotope effect does not rule out general acid catalysis
and that in the case of the thiol addition reaction there
is an equilibrium isotope effect which favors addition
of the deuterated thiol and which does not exist in the
other reactions.'®®#  The fact that the equilibrium
constant for hemithioacetal formation is 2.27 times
larger in deuterium oxide than in water means that the
kinetic isotope effect for the acid-catalyzed decomposi-
tion of the hemithioacetal, kx,0/k 1.0, is 1.31.

In contrast to the situation with thiol anions, the
reactivity of thiols for acid-catalyzed addition to acetal-
dehyde increases with increasing basicity of the thiol
(Table II). The basicity of the substituted thiols is not
known, but is presumably inversely proportional to
their acidity and a plot of the rate constants for the
acid-catalyzed reaction against the pK values of the
thiols is linear with a slope of 0.56. There are few
data of this kind in the literature, but it has been re-
porteds! that the rate of acid-catalyzed addition of
substituted benzamides to formaldehyde exhibits a p
value of —1.1, which is similar to the p value for the
basicity of these amides.5? It is of interest that the
third-order rate constant for the acid-catalyzed addition
of ethanethiol to acetaldehyde is about the same as that
for the addition of water,24 in spite of the fact that the
basicity of thiols is some five orders of magnitude less
than that of water.5® This indicates that the free thiol
group is an extremely effective nucleophilic reagent
toward the carbonyl group. The fact that most
addition reactions of thiols are observed to proceed
rapidly by base-catalyzed pathways is only a reflection
of the still greater nucleophilicity of the thiol anion and
the ease of its formation from the free thiol. The anion
of methyl mercaptoacetate adds to acetaldehyde more
rapidly than hydroxide ion,24 although it is some 108
less basic than hydroxide ion.

(46) M. Eigen, Discussions Faraday Soc., 39, 7 (1965).

(47) A. Williams and M. L. Bender, J. Am. Chem. Soc., 88, 2508
(1966).

(48) B. M. Anderson and W. P, Jencks, ibid., 82, 1773 (1960).

(49) Y. Pocker, Proc. Chem. Soc., 17 (1960).

(50) W. H. Hamill and V. K. La Mer, J. Chem. Phys., 4, 395 (1936).

(51) M. Imoto and M. Kobayashi, Bull. Chem. Soc. Japan, 33, 1651
(1960).

(52) J. T. Edward, H. S. Chang, K. Yates, and R. Stewart, Can. J.
Chem., 38, 1518 (1960); K. Yatesand J. B. Stevens, ibid., 43, 529 (1965).

(53) E. M. Arnett, Progr. Phys. Org. Chem. 1, 223 (1963).

The Role of Proton Transfer in General Acid-Base
Catalysis. In reactions which involve only proton
transfer, usually to or from a carbon atom, the role of
the catalyst as a nucleophilic agent or leaving group
and the mechanism of the reaction may be considered
in the same framework as other displacement reactions.
In a large class of reactions which involve catalysis of
proton transfer to or from oxygen, nitrogen, or sulfur,
the situation is far more complex, because the principal
energy barrier to the reaction is some reaction other
than the proton transfer itself. General acid catalysis
of the addition of thiols and other nucleophilic reagents
to the carbonyl group is a typical example of this class
of reaction. The complexity of these reactions arises
from the multiplicity of atomic motions and energies
which make up the reaction coordinate. For the addi-
tion of HX to >C==0 the over-all reaction involves the

removal of a proton from HX Iand the addition of a

proton to >C==0 to form X—(IZ—O—H, and the energy
profiles for these proton transfers not only influence the
(larger) energy barrier for the formation of the X-C
bond and breaking of the carbonyl double bond, but
are themselves influenced by the latter processes.
Proposals as to the nature of general acid-base catal-
ysis, and the proton-transfer process in these reactions,
have ranged all the way from a process divided into two
separate steps in which the proton transfer itself is the
rate-determining step to a fully “‘concerted’’ process in
which proton transfer occurs at the same time as the
energetically more difficult step.?2933.43.54=37  We wish
to restate the problem, as we understand it, at this
time.

The kinetics of the general acid catalyzed addition of
HX to a carbonyl group require that the transition
state be made up of the elements of HX, >C==0, and
HA. For purposes of discussion, it will be assumed
that the role of the catalyst is to transfer a proton to the
carbonyl group, but similar considerations apply to
other mechanisms. The following cases may be con-
sidered.

(1) The proton transfer alone is rate-determining
and follows a rapid and reversible addition of XH to
>C==0 (eq 20, ¢f. ref 9 and 54). This requires that
k- > kj[HA] in order that the first step be at equi-

AN 2 | ka[HA] | ks
XH + C=0 —=*X—C—0~ —= *X—C—OH —=
/ kot H | k-2:(A-1 H | fast

|
X——(‘S—OH (20

librium. At high acid concentrations, this mechanism
is unlikely in any case in which the acid, HA, is suffi-
ciently strong that proton transfer to the intermediate,

HX*—(IZ—O—, is favored by the equilibrium because such

|
a proton transfer will be diffusion controlled,??® and

(54) (a) A. R. Butler and V. Gold, J. Chem. Soc., 2305 (1961): (b)
Y. Pocker, Proc. Chem. Soc., 17 (1960); (c) S. L. Johnson, J. Am. Chem.
Soc., 84, 1729 (1962).

(55) (a) R. P. Bell and B. De B. Darwent, Trans. Faraday Soc., 46,
34 (1950); (b) C. A. Bunton and R. H. DeWolfe, J. Org. Chem., 30,
1371 (1965); (c) A. J. Kresge and R. J. Preto, J. Am. Chem. Soc., 87,
4593 (1965); (d) E. H. Cordes Progr. Phys. Org. Chem., in press;
(e) H. Zimmerman and J. Rudolph, Angew. Chem. Intern. Ed. Engl., 4,
40 (1965); (f) R. P. Bell, Discussions Faraday Soc., 39, 16 (1965).

(56) C. G. Swain, D. A. Kuhn, and R. L. Schowen, J. Am. Chem.
Soc., 87, 1553 (1965).

(57) 1. J. Weiss, J. Chem. Phys., 41, 1120 (1964).
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the reverse of step 1 cannot occur at a rate which is
faster than diffusion controlled. Furthermore, the
rate of such a reaction would show no dependence on
the strength of the catalyzing acid. The same step

must be rate determining in both directions of the over-
|

all reaction. Thus, the reaction of A— with HX*+-C-OH

|

would be rate determining when the reaction proceeds
from right to left, and if the equilibrium for proton
transfer were in the opposite direction from that in-
dicated above, this reaction would be diffusion con-
trolled and would proceed at a rate independent of the
basicity of A~. Although an example of this type of
rate-determining proton transfer has not been demon-
strated, it is approached in the base-catalyzed thiol-
addition reaction and may occur with less basic thiol
anions than those examined here.

(2) If case 1 does not hold, the addition of HX to
the >C==0 group provides the greater part of the energy
barrier in the rate-determining step, and the problem is
to define the behavior of the proton which is initially
on HA and is finally on the oxygen atom. To approach
this problem, it would be desirable to know how much
time elapses between the instant a pair of molecules
which are going to react come together in solution and
the instant that the transition state is reached, and the
amount that the character of the carbonyl oxygen atom
changes during this interval. In other words, is it
more probable that the (many) >C=0 and XH mole-
cules in a low-energy state will be brought to the transi-
tion state by one or a few (rare) high-energy collisions,
or that the (rare) HX- - - >C==0 pairs which have been
brought to a high-energy state by many low-energy
collisions suffer one (of many) further low-energy
collisions to reach the transition state. Without an
answer to this question, it is not possible to decide
whether the proton of an HA molecule which is hydro-
gen bonded to the carbonyl group can reach an equi-
librium state in respect to HX: - - >C==0 immediately
before the transition state, or even whether it is possible
for a molecule of HA to diffuse to the reacting complex
between the time of first contact and the transition
state. A definite answer to this question for reactions
in solution is apparently not availble at the present time.
It is probable, but not proved, that the HA molecule is
hydrogen bonded to the carbonyl group before reaction
with HX occurs; if this is the case, the diffusion of HA
does not have to be considered and only the behavior
of the proton is in question. The following limiting
cases may be considered.

(a) The proton is in a stable potential well, does not
itself undergo movement, and facilitates the reaction
only by the stabilization which results from hydrogen
bonding. The potential curve for the proton, the shape
of which is dependent on the basicity of >C=0 and
the acidity of HA, is shown in Figure 5A. The species
IX and X undergo reaction with XH with rate constants

K
>C=0—H...A=>>C=0...-H—A

lkx[HXl lkz[HXl
product product
IX X

k, and k., respectively. Although the concentration
of IX is very low, k, will be very large. The over-all
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Figure 5. Schematic energy diagrams to indicate the state of the
proton in general acid catalysis of addition to the carbonyl group.

deuterium isotope effect for this reaction will be a
function of the isotope effect on the equilibrium con-
stant for the formation of the hydrogen-bonded com-
plex, the equilibrium constant, K, and the relative
magnitudes of k; and k.. The relative catalytic effi-
ciency of acids of different strength, as expressed by the
Bronsted coefficient, «, will be a function of the same
factors.

(b) The proton is certainly not completely motion-
less in the transition state. Even if it is fixed in the
lower energy potential well of Figure 5A and it is
assumed that the transition state is reached in a single
collision, the preferred mode of reaction should be
that in which the proton approaches the carbonyl group

HX:..>C=0..-H-A

rather than that in which it is furthest from the carbonyl
group.

HX...>C=0..-H-A

Immediately after the transition state, the basicity of the
carbonyl oxygen atom will be greatly increased so that
the shape of the potential well for the proton will be
changed to that shown in Figure 5B, and the proton
will jump to the oxygen atom.

(c) The proton undergoes translation toward the
carbonyl oxygen atom and is at the top of a potential
barrier in the transition state. Swain, er al., have
suggested that this is unlikely for a symmetrical transi-
tion state because the observed small deuterium isotope
effects for such reactions suggest that the proton has
not lost its zero-point energy.®® Such a mechanism
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requires that the energy lost in raising the proton to this
transition state be gained in lowering the energy of the
potential barrier for formation of the X-C bond.

(d) 1If the transition state is reached relatively slowly
in a number of collisions, the potential wells for the
proton will change as the carbonyl oxygen atom in-
creases in basicity (Figure 5C). In the course of this
change, the barrier for proton transfer, which is initially
large, will progressively decrease. The size of the
barrier at the moment the transition state is reached is
not known, but it is certainly small. Since the rate
of proton-transfer processes between oxygen and nitro-
gen atoms is limited by diffusion (1010-1011 M—1gec™1!),
the proton-transfer process itself must be even faster,
on the order of 1012 sec—!, and there is other evidence
that proton transfer in a hydrogen-bonded system is
extremely fast and may occur by tunneling.??35%57.58
There have been many explanations proposed for the
low deuterium isotope effects which are often seen in
proton-transfer reactions.?%%»%65 ]t js difficult to
predict the isotope effect under conditions in which the
time scale is so short that stable potential wells for the
proton are unlikely to exist and the proton transfer is
not itself rate determining. To the extent that the
proton can be located in a potential well and the zero-
point energy maintained, the isotope effect will be
small.?%%8 As the oxygen atom becomes more basic
and the potential surface for the proton changes rapidly,
the proton may fall into the new potential well, and there
is theoretical and experimental evidence that the isotope
effect for hydrogen transfer becomes small as the energy
for the transfer becomes favorable and the energy
barrier becomes small.®

(e) The barrier to proton transfer may effectively
disappear so that the proton is in a single potential well
in the transition state as shown in Figure 5D. (The
shape of the curve in the figure should not be interpreted
literally.) A single potential well has been proposed
on experimental grounds for strong hydrogen bonds and
on theoretical grounds even for relatively weak bonds,
and it is expected that the single potential well will be
approached as the acidity and basicity of the reacting
pair become more favorable.®!

The Bronsted coefficient, «, is an experimental
measure of the extent to which a reaction is catalyzed
by acids of different strength and is frequently extrap-
olated to serve as a measure of the “amount” of proton
transfer in the transition state. While this extrapola-
tion is undoubtedly roughly correct, it may not be
possible to define the precise location of the proton in
the transition state, and it is apparent that « will have
somewhat different meanings for the different mech-

(58) (a) C. C. Costain and G. P. Srivastava,J. Chem. Phys., 41, 1620
(1964); (b) R. Rein and F. E. Harris, ibid., 43, 4415 (1965), and ref-
erences therein; (¢) M. M. Kreevoy and C. A, Mead, Discussions
Faraday Soc., 39, 166 (1965).

(59) (a) F. H. Westheimer, Chem. Rev., 61, 265 (1961); (b) J. Bigel-
eisen, Pure Appl. Chem., 8, 217 (1964); (c) D.J. Cram, C. A. Kingsbury,
and B. Rickborn, J. Am. Chem. Soc., 83, 3688 (1961); (d) R. F. W,
Bader, Can. J. Chem., 42, 1822 (1964); (e) M. M. Kreevoy, P. J. Stein-
wand, and W, V. Kayser, J. Am. Chem. Soc., 88, 124 (1966); V. Gold
and M. A, Kessick, J. Chem. Soc., 6718 (1965).

(60) G. Chiltz, R. Eckling, P. Goldfinger, G. Huybrechts, H. S.
Johnston, L. Meyers, and G. Verbeke, J. Chem. Phys., 38, 1053 (1963).

(61) G. C. Pimentel and A. L. McClellan, ‘“The Hydrogen Bond,”
W. H. Freeman and Co., San Francisco, Calif., 1960; L. Golicand J. C.
Speakman, J. Chem. Soc., 2521, 2530 (1965); M. Weissmann, J. Chem.
Phys., 43, 119 (1965); S. L. Johnson and K. A. Rumon, J. Phys. Chem.,
69, 74 (1965), and references therein.

anisms described above, so that & may not necessarily
be an exact measure of the amount of proton transfer
for different reactions. For a reaction catalyzed by
two acids of different strengths, it would be expected that
the potential energy-distance curves and, hence, the
amount of proton transfer would be different in the
transition state, even though both acids correspond to
the same value of .2 Furthermore, the nature of the
nucleophilic reagent HX (for example, the relative
importance of basicity and polarizability) may influence
the relative amount of stabilization of the transition
state by acids of different strength at a given optimal
degree of proton transfer.

There has been some discussion as to the extent to
which these reactions are “stepwise” or ‘“‘concerted,”
with both of these terms often being used in different
senses by different authors. We suggest (in contrast to
a recently expressed view?®®) that it is profitable to think
of these reactions as concerted in the sense that: (a) the
proton is not motionless in the transition state, and it
has almost certainly moved toward the carbonyl oxygen
atom, compared to its position in the starting material;
(b) the potential energy of the proton in the transition
state, to the extent that this can be defined, is affected by
the change in the properties of the groups between
which it is being transferred, and the potential energy of
this other part of the reaction is itself affected by the
position of the proton; and (c) there does not appear
to be good reason to regard the proton transfer and the
rest of the reaction as occurring in separate steps, any
more than the approach to the transition state of any
other reaction is thought of as occurring in discrete
steps.

Enzymatic Reactions. A number of enzymatic
reactions in which a thiol ester is formed from an
aldehyde and a sulfhydryl group appear to occur by
the addition of the sulfhydryl group to the aldehyde
followed by hydride transfer from the hemithioacetal
to an acceptor.®® These include the conversion of
methylglyoxal and glutathione to S-lactoylglutathione,
a reaction catalyzed by the enzyme glyoxalase I, in
which the ketone carbonyl of the methylglyoxal is the
hydride acceptor;?> the reaction of glyceraldehyde
3-phosphate with the enzyme glyceraldehyde 3-phos-
phate dehydrogenase to form a thiol ester with a sulf-
hydryl group of the enzyme, a process in which nico-
tinamide-adenine dinucleotide is the hydride acceptor ;¢4
and the formation of thiol esters from coenzyme A or
glutathione and simple aliphatic aldehydes, with
hydride transfer to nicotinamide-adenine dinucleo-
tide.® Cliffe and Waley have shown that under some
conditions the rate of the glyoxalase I reaction is
independent of the enzyme concentration and approxi-
mates that for the dehydration of methylglyoxal.?s
The kinetic studies reported here indicate that, in general
at pH values near neutrality, the addition of thiols to
aldehydes occurs much more rapidly than the addition
of water. Thus, it seems likely that conditions could
be found under which the rates of the other enzymatic
reactions of this type are independent of enzyme con-
centration, being controlled by the rate of aldehyde

(62) M. Caplow, personal communication.

(63) W. B. Jakoby, Enzymes, 7, 203 (1963).

(64) S. F. Velick and C. Furfine, ibid., 7, 243 (1963).

(65) R. M. Burton and E. R. Stadtman, J. Biol. Chem., 202, 873
(1953); Z. B. Rose and E. Racker, ibid., 237, 3279 (1962).
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dehydration. Alternatively, some of these enzymes
may catalyze the dehydration of their aldehyde sub-
strates.
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Kinetics of the Addition of Grignard Reagents to Ketones.
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Abstract: The rate of addition of methylmagnesium bromide to 2,4-dimethyl-4’-methylmercaptobenzophenone in
diethyl ether at 25.0° has been measured for Grignard concentrations from 0.04 to 1.5 M. The ultraviolet spectrum
of reacting solutions has been interpreted in terms of a complex in equilibrium with the Grignard reagent and ketone

which gives rise to the formation of addition products.

ecause of wide applicability in synthesis, the reac-
tions of Grignard reagents have received extensive
study.® An understanding of the mechanism of, e.g.,
the addition of Grignard reagents to ketones depends
in part on knowledge of the nature of the Grignard
reagent as well as the composition of the transition state
and potential intermediates. 4°
Recent magnesium exchange data,%? X-ray studies,?
and molecular weight determinations® on various
Grignard reagents in ether have been interpreted in
terms of a monomeric reagent, RMgX, at low con-
centrations® (<0.1 M). Attributing all deviations of
observed molecular weights® in ether from theoretical
values to association suggests®®* that dimerization
becomes important at concentrations above ca. 0.1
M *¢f the extent of association being a function of the
specific reagent. Measurements of Smith and Becker®
of the heat of reaction (3.6 kcal/mole) of diethyl-
magnesium with magnesium bromide were interpreted 1
as indicating that, for this reagent in ether, equilibrium
strongly favors the formation of the Grignard, EtMgBr,
at0.1 M.
Most of the various species conceivably present in an
ether solution of a Grignard reagent have been impli-

(1) Research supported by a grant from the National Science Founda-
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(2) Alfred P. Sloan Fellow.
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(4) S. G. Smith, Tetrahedron Letters, 7, 409 (1963).
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(6) D. O. Cowan, J. Hsu, and J,. D. Roberts, J. Org. Chem., 29, 3688
(1964).

(7) (a) R. E. Dessy and G. S. Handler, J. Am. Chem. Soc., 80, 5824
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