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Abstract: Solvent effects on the ring closure of some thiol amides and hydroxy acids have been examined using sulfolane as a
solvent. In general, the relative reactivities in the dipolar aprotic solvent parallel those in water, but there are some deviations.
Solvent effects on rates of the individual reactions studied here as well as on related reactions are generally modest, but exam-
ples of changes in rate as large as 106 with changing solvent are noted if catalyst activity is considered. The role of solvation as
a factor in reactions at an enzyme surface is strongly dependent on the specific reaction; solvation cannot be a universal factor

in enzyme catalysis,

I. Introduction

Among the effects which may contribute to the high cata-
lytic efficiency of enzymes are possible solvation and mi-
croenvironmental effects. Both effects could presumably ac-
celerate a chemical reaction by taking advantage of the sen-
sitivity of many reactions to the nature of the surrounding
medium. For example, a reaction which proceeds faster in a
solvent of low dielectric constant might be accelerated by
binding in a hydrophobic active site. More subtly, the structure
of an enzyme active site might contain regions of very different
solvating properties arranged in such a way as to desolvate the
bound substrate but not the transition state for a reaction. Like
many other effects contributing to enzymatic rates, this one
is difficult to measure directly and is best approached through
model systems.

The simplest analogy to enzymatic solvation effects is the
effect of a change in solvent on the rate of a model reaction
such as ester hydrolysis.! It is widely appreciated that such
solvent effects vary from moderate to many orders of magni-
tude, particularly when dipolar aprotic solvents are involved
or a change in charge type occurs.2 Only limited efforts have
been made to extrapolate these results to enzymatic reactions,
leading to the conclusion that solvent effects certainly affect
enzymatic reactions, but probably are not a dominant factor.!
The question of microenvironmental effects is more difficult
to deal with quantitatively. Although microheterogeneous
environments can be created with micelles or polyelectrolytes,?
the specificity of placement of charges, etc., in an enzymatic
active site is difficult to mimic. Insofar as interpretation is
possible, the generally modest catalysis by micelles (1-2 orders
of magnitude) would argue against large microenvironmental
effects.? Related observations such as strong electrostatic ca-
talysis by LiClOy in ether demonstrate the powerful catalytic
effects of charge embedded in an apolar environment.# Even
in this case, very high concentrations of salt are required to
equal the solvating power of water. Thus the available evidence
would seem to indicate a limited role for solvation and mi-
croenvironment effects; nevertheless, a number of reactions
show quite spectacular solvent effects and the possibility of
important solvation catalysis by enzymes cannot be dis-
missed.

A related problem is the possible effect of solvation on the
intramolecular reactions often used as models of enzymatic
processes. The high rates of intramolecular reactions relative
to bimolecular counterparts can be taken as evidence that
placing two functional groups next to each other in a specific
alignment, as at an enzyme active site, enhances their rate of
reaction. In both enzymatic and intramolecular reactions, this
effect could arise because the groups are desolvated relative

to each other. In both situations, the groups may be held so
close that no solvent molecule can be interposed between them;
compared to a bimolecular reaction, no solvent molecules must
be removed from a solvation shell for reaction to occur. Such
an effect would be of interest because observed rate enhance-
ments of intramolecular over bimolecular reactions have been
used as evidence for other theories of enzyme action.’ In par-
ticular, a large range of relative rates for acid-catalyzed lac-
tonization or esterification in water of compounds IV-VI
shown in Table I is observed.® This and other examples of
sensitivity of rate to structure have been interpreted in terms
of orientation of functional groups. Although good evidence
was presented that these relative rates were not a consequence
of solvation, the possibility could not be totally ruled out.

Structural and solvation effects on such a series of reactions
could be completely separated by repeating the reactions in the
gas phase or by gas-phase quantum mechanical calculations,
but at least two kinds of problems arise in either case. Most
reactions of interest as biochemical model systems do not occur
in the gas phase, though such techniques as ion cyclotron res-
onance offer promise along these lines. Similarly, quantum
mechanical calculations sophisticated enough to be believable
remain extremely expensive and time consuming. In addition,
the significance of such results is questionable since stripping
away the solvent could substantially alter the mechanism.’

A more feasible approach to the observation of solvation
effects is to measure relative rates in two solvents of radically
different character. This approach has been used by Bruice and
co-workers® to examine relative rates for intramolecular vs.
bimolecular anhydride formation in water and Me,SO-water.
The individual reactions both involved nucleophilic attack by
carboxylate on aryl esters and showed quite large solvent ef-
fects on going from water to | M H,0 in Me,;SO. The ratio of
the two rates was only slightly affected, indicating that sol-
vation is probably not responsible for the high rate of the in-
tramolecular reaction.

We have undertaken a study of the effects of changing sol-
vent on series of intramolecular reactions for two reasons. First,
the extensive series of reactions used earlier as support for an
orientational theory of high enzymatic rates were mostly acid
catalyzed. Consequently, exclusion of solvation effects in our
systems based on a single example of a reaction proceeding by
a different mechanism was not proven. Second, the effect of
large changes in solvation on rates of individual reactions might
be useful as models for solvation effects in enzymatic reac-
tions.

The reactions chosen for reinvestigation in nonaqueous
media are shown in Table I. Lactonization or esterification of
the series [IV-VI was an obvious choice as the hydroxy acids

Journal of the American Chemical Society [ 99:22 [ October 26, 1977



were the most thoroughly studied series earlier. Thiolactone
formation from the series I-III was particularly interesting
because of the unusual relative rates observed in water with
I closing more rapidly than II. Thus this series seemed a
promising starting point for investigation of solvation. It also
offered two potential experimental advantages: the thiolactone
products absorb strongly in the UV region, making rates easy
to measure, and the amide group might be completely pro-
tonated by an acid catalyst, simplifying the interpretation.

Trifluoromethanesulfonic acid (HOTF) in sulfolane was
chosen as the nonaqueous solvent system. The dipolar aprotic
solvent sulfolane is quite similar to Me;SO in most solvent
properties such as dielectric constant and sufficiently different
from water to expose any solvation effects. Sulfolane was
preferable to Me,SO for our purposes because it apparently
could be obtained transparent down to at least 240 nm,? the
wavelength where thiolactones absorb,® because it lacks the
ability of Me,SO to oxidize thiols,!% and because of its general
high stability. Trifluoromethanesulfonic acid is an extremely
strong acid'! but is unlikely to oxidize thiols. A strong acid
catalyst offered the possibility of complete protonation of the
amide starting materials, eliminating changes in pK, of the
amides as a possible factor in relative rates. In addition, com-
plications due to partial dissociation of the catalyst could be
avoided with a sufficiently strong acid.

II. Experimental Section

General. Kinetic measurements monitored at constant wavelength
were made using a Gilford recording spectrophotometer Model 2000
with a cell compartment thermostated by a K-2/R Lauda/Brinkmann
circulating bath or a Zeiss PMQ II. UV spectra were determined using
a Cary Model 14 with cell compartment thermostated at 30 °C. In-
frared spectra were taken with a Perkin-Elmer Model 257 grating
infrared spectrometer using KBr pellets. NMR spectra were recorded
on a Varian Associates A-60 spectrometer. Melting points were de-
termined with a Thomas capillary melting point apparatus and were
uncorrected. Elemental analysis and Karl-Fischer determinations were
done by the Microchemical Analytical Laboratory, University of
California, Berkeley.

Lactones and Thiolactones. The preparation and purification of
these compounds have been described previously.®

y-Mercaptobutyramide (I). y-Thiobutyrolactone was treated with
anhydrous liquid ammonia in a Parr bomb for 24 h at room temper-
ature. The product was contaminated by a significant amount of the
disulfide dimer of y-mercaptobutyramide. The monomer was sepa-
rated from the oxidation product by silica gel chromatography using
acetone as a solvent. The product was stored under nitrogen in a
desiccator to prevent oxidation of the mercapto group: mp 91-93 °C;
IR (CHCl3) 1620, 1680 cm~! (amide I and II bands).

Anal. (C4HgNOS) C, H, N, S.

2-endo-Mercaptomethylbicyclo[2.2.1]Theptane-3-endo-amide (II).
This amide was synthesized by treating 2-endo-mercaptomethylbi-
cyclo[2.2.1)heptane-3-endo-carboxylic acid thiolactone with anhy-
drous liquid ammonia in a Parr bomb at room temperature for 24 h.
The product was chromatographed on silica gel using acetone as a
solvent and recrystallized from benzene-n-hexane: mp 80-83 °C; IR
(KBr pellet) 1680, 1620 cm~! (amide I and II bands).

Anal. (CoHysNOS) C, H, N, S.

2-endo-Carboxamido-6- endo-thiobicyclo[2.2.1]heptane (III). The
corresponding thiolactone (0.5-1 g) was placed in a 20-mL glass vial
inside a thick-wall stainless steel Parr bomb. The bomb was capped
with a drying tube and cooled to liquid N, temperature. The vial was
quickly filled with liquid NH3, capped, and allowed to stand at room
temperature for 2 days. The bomb was then recooled with liquid N,
opened, and immediately placed in a lyophilizing flask. NH; was re-
moved by pumping overnight after careful evacuation to minimize
bumping. The resulting fluffy white powder was transferred to vials
under Ny in a dry bag and stored in the refrigerator.

The amide was identified by IR (KBr pellet), showing N-H bands
at 3360 and 3190 cm~! and C=0 bands at 1700, 1660, and 1620
cm™~1. Conversion was always incomplete. Extent of conversion was
determined by the increase in UV absorbance at 240 nm on complete
thiolactonization in HCl/H,O or sulfolane, and ranged from 10 to
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75%. (More recent experience indicates that the product is most stable
when stored at 0 °C over P,0s.)
2-endo-Hydroxymethylbicyclo[2.2.1]heptane-3-endo-carboxylic

Acid (V). The lactone of the above acid was stirred overnight with a
slight excess of | M NaOH and sufficient ethanol to solubilize lactone
to give the sodium salt of the acid. The solution was cooled in an ice
bath, and | equiv of acetic acid or concentrated HCI was added, giving
an immediate precipitate. Extraction of the mixture with chloroform,
separation, and evaporation of the chloroform layer gave the product
as a white powder: IR O-H 3475, C=0 1705 cm~! (no 1760 cm™!
lactone).

4-Hydroxybutanoic Acid (IV). This compound was too water soluble
for isolation as described above. Instead, the free acid was obtained
by potentiometric titration with methanolic HCI of sodium 4-hy-
droxybutanoate (obtained by hydrolysis of the lactone as above fol-
lowed by lyophilization) in methanol. Addition of 5 volumes of ether
and filtration removed NaCl, and the free acid was obtained as a
yellowish oil by evaporation of solvent at low temperature: IR
3200-3450 (broad), 1720 cm™! (broad).

Trifluoromethanesulfonic acid (HOTY) was obtained anhydrous from
Minnesota Mining and Manufacturing Co. It was conveniently han-
dled as an approximately | M stock solution in sulfolane, standardized
by dilution in water and titration with standard NaOH solution,

Sodium Trifluoromethanesulfonate. CF;SO;H (1.91 g) was
dissolved in about 20 mL of water, neutralized with dilute NaOH
using a pH meter, and evaporated to dryness. The resulting white
crystals were recrystallized from 50:50 acetone-benzene, mp
251.5-252.5 °C (lit. mp 248 °C).12

Ammonium Trifluoromethanesulfonate. CF;SO;H (2.54 g) in 15
mL of water was neutralized to pH 6.6 with aqueous ammonia,
evaporated to dryness, and recrystallized from 5:1 acetone-benzene,
mp 225.5-226.5 °C.

Hammett indicators were obtained as a set from Aldrich Chemical
Co. All other compounds were of reagent grade.

Sulfolane (Tetrahydrothiophene 1,1-Dioxide). Sulfolane was ob-
tained from Phillips Petroleum Co. or from Aldrich Chemical Co.
Aldrich material showed some visible light absorption and a solvent
cutoff (4 = 1) at 300 nm. Several purification procedures were tried,
all based generally on the procedure used by Coetzee, Simon, and
Bertozzi.!3 The best of several procedures to remove material ab-
sorbing in the UV requires heating to 180-200 °C for 24 hunder N,
in the presence of NaOH pellets, vacuum distillation of the resulting
black liquid, stirring overnight with 30% fuming sulfuric acid, and
redistillation. After standing over NaOH flakes for several days to
remove sulfuric acid, the solvent was rapidly vacuum distilled in small
batches (<500 mL) from CaH; and stored under nitrogen until used.
The resulting solvent had a UV cutoff (4 = 1) at 200-203 nm and was
transparent above about 210 nm. Karl-Fischer titration always showed
<0.1% water.

The initial heat step (to decompose sulfolene) and treatment with
concentrated HySO4 or oleum were common to all batches prepared.
In batches distilled from H,SQOy, fractional distillation under vacuum
or treatment with activated charcoal was usually necessary to remove
residual impurities before final distillation from CaH,. Slow distil-
lation of large batches from CaH; generally results in a slight increase
in UV absorption in the product and was avoided.

Slight decomposition of the solvent after heating overnight at 90
°C was usually observed either in the presence or the absence of
CF3SO;H. Generally this resulted in an increase of <0.1 4 at 240 nm,
but occasionally decomposition was extensive, resulting in visible color
or a new absorption peak at 255 nm. The tendency to produce ab-
sorptionin the UV varied somewhat from batch to batch, sometimes
increased as a particular batch got older, and could be retarded when
necessary by degassing of the solvent before use.

Kinetics. Most reactions were monitored directly in the UV. The
closure of thiol amides to thiolactones was generally followed by the
appearance of characteristic UV absorption at 240 nm (except 234
nm for I1I). Thiol amide concentration was generally <10~4 M and
such that a substantial excess of acid catalyst over thiol amide was
present. The ring closure of IV was routinely followed at 230 nm using
0.025-0.1 M substrate (A¢ = 2). Closure of compound V was followed
at 225 nm (Ae = 4). All rates for hydroxy acids were measured at 30
°C.

A stock solution of the reactant in sulfolane was diluted with sul-
folane or sulfolane-water in a 3-mL capped cuvette and allowed to
equilibrate thermally in the cell compartment. Reaction was initiated
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Figure 1. Hammett acidity of trifluoromethanesulfonic acid in sulfolane.
Each point represents a separate measurement of Ho at the acid concen-
tration specified. Indicators used were 4-chloro-2-nitroaniline, 2,4-di-
chloro-6-nitroaniline, and 2,4-dinitroaniline.

by addition of a concentrated stock solution of trifluoromethanesul-
fonic acid in sulfolane; changes in UV absorbance were followed for
at least 3 half-lives. A solvent-acid blank was included in all runs at
90.4 °C. Slight changes in solvent absorption were applied as a
baseline correction to the kinetics; if extensive changes in absorption
occurred, the run was discarded. The spectra of the products of rep-
resentative runs were determined using a Cary 14. A calibration curve
was established between the temperature of the circulating water bath
and actual reaction temperature using a thermocouple.

First-order rate constants were obtained using a shortened version
of the least-squares kinetic program LSKIN 1, provided by Professor
Streitwieser. Individual runs generally gave excellent first-order ki-
netics, with standard deviations of 2-3%.

Controls. The product solution obtained from closure of the 2,3-thiol
amide (II) appeared fairly stable to oxygen. At the end of a kinetic
run at 30 °C and 0.3 M acid, the solution in the cuvette was saturated
with oxygen for 20 min; its absorbance at 240 nm decreased only about
10%. The range of conditions over which usable data could be collected
was limited by a shift in Apax of the product absorption from 240 to
252 nm occurring at acid concentrations of 0.3-0.4 M. This shift was
found to be reversible, The absorption maximum of a product solution
could be changed repeatedly by dilution with solvent or addition of
acid. Individual kinetic experiments above 0.3 M acid gave good
first-order rates and the resulting rate constants fit satisfactorily a
first-order dependence on acidity. Nevertheless, these rates have been
omitted from consideration because of uncertainty in the nature of
the product.

For closure of thiobutyramide I, degassing of the solvent appeared
to have little effect on rates within the usual scatter. One run at 90.4
°Cand 1.54 X 1072 M acid was carried out in solvent saturated with
oxygen; in this case, extensive decomposition of the product was noted
in the later stages of the reaction. As with compound II, the useful
range of acidities was limited at the high end by a wavelength shift,
in this case from 234 to 244 nm.

The product was also identified by incubating a sulfolane solution
0.2 M in thiol amide I and 0.4 M in acid for 1.5 h at room temperature,
diluting 1:] with water and extracting with hexane. The residue ob-
tained by evaporation of the extract had an IR spectrum identical with
that of the authentic thiolactone.

Ring Closure of Thiobutyramide (I) by Thiol Determination. In order
to ensure that the reaction being followed was direct conversion of thiol
to thiolactone, two cuvettes were prepared as described above for
monitoring rates by UV except containing 10~3 M thiol. After initi-
ation of reaction by addition of acid at 90.4 °C, 0.1-mL aliquots were
removed from one cuvette and diluted to | mL with 0.2 M phosphate
buffer, pH 7.5, containing an excess of 5,5’-dithiobis(2-nitrobenzoic
acid) or DTNB over compound I. The amount of free thiol remaining
was determined by absorbance at 410 nm.!4 The rate of thiol disap-
pearance and the rate of thiolactone formation (monitored simulta-
neously by UV) were essentially identical.

Formation of Ethyl Acetate from Acetic Acid and Ethanol in Sul-
folane. Solutions of acetic acid and ethanol in sulfolane were thermally
equilibrated in a small volumetric flask and reaction was initiated by
addition of acid stock solutions. Aliquots were withdrawn and

quenched in 0.02 M phosphate buffer, pH 7. Concentrations of ethyl
acetate were determined by hydroxamate assay!5 and used to obtain
pseudo-first-order rate constants.

Initial Velocity of Thiobutyramide (I) Closure. Solutions of com-
pound I and acid in sulfolane were preheated separately to 90 °C and
reaction was initiated by adding 0.5 mL of acid stock to 0.5 mL of
compound I in a 1-mL stoppered volumetric flask. Aliquots were re-
moved and rapidly quenched in 20 vol % aqueous ethanol at room
temperature. Absorbance at 236 nm of the quenched solutions was
plotted as a function of time. Linear plots were obtained with Agp
ranging from 0.07 to 0.6. Reactions were monitored from 5 min to 2
h depending on concentration of acid. Velocities were calculated based
on a molar absorptivity of 4.5 X 103 for thiolactone in 20% etha-
nol.

Acidity Studies. Acidities of CF3SO;H-sulfolane solutions were
determined by preparing ~10™* M solutions of the appropriate
Hammett indicator in sulfolane or mixed solvent in a 3-mL capped
cuvette and equilibrating to 30 °C in the cell compartment of a Cary
14, The visible spectrum was determined, an aliquot of acid stock
solution was added, and the spectrum was redetermined. The observed
changes in absorption were converted into Hg in the normal manner.
Indicators used and their pK,s in sulfolane follow: 4-chloro-2-nitro-
aniline (—1.03), 2,4-dichloro-6-nitroaniline (—3.37), 2,4-dinitroaniline
(—4.36).16 In general, the technique used was designed to duplicate
the conditions of corresponding kinetic studies. No special efforts were
made to exclude traces of atmospheric water.

Protonation of acetamide or isobutyramide could also be observed
directly in the ultraviolet. In these studies, the absorbance at 212 nm
of amide solutions was monitored as aliquots of concentrated acid were
added. Plots of absorbance (corrected to constant volume) vs. log [H*)
showed the expected drop in absorbance as amide was protonated. The
lowest concentration of either amide for which a usable change in
absorbance could be obtained was 2.5 X 10~3 M. Even at this con-
centration, addition of 1 equiv of acid resulted in about 50% proton-
ation of amide. Combination of these data and information on acidity
as a function of acid concentration (eq 2, Results) indicates a pK, of
about —2 for acetamide and isobutyramide in sulfolane, but an ac-
curate pK, could not be obtained because of scatter and the necessity
of correcting for acid consumed in protonation.

III. Results

Ring Closure of Thiol Amides to Thiolactones. Kinetic
Procedures. The observed first-order rate constants Kopsq for
thiolactone formation in the presence of excess acid were fitted
to the equation

kobsd = ko + knoti(HOT) (1)

The structures of the compounds examined and the resulting
rate constants at 30 °C are given in Table I. More detailed
discussions of individual compounds are given below.

Acidity Studies. A rough estimate of the acidity of the me-
dium was obtained by the use of Hammett indicators in the
usual way. A plot of the function Hy against acid concentration
is given in Figure 1. Considerable scatter was observed even
for different points obtained using the same indicator; similar
scatter with low acid concentrations has been observed for
H,S0, in sulfolane!6 and is presumably a result of absorption
of atmospheric water by solvent. With the exception of two
points at high acidity, the data illustrate a first-order depen-
dence of acidity on acid concentration over the region used for
kinetic studies. A least-squares fit of points between 1.5 X 104
Mand 1.5 X 1072 M acid gives

Ho = —log [H*] — 5.1 )

Although acidity functions are subject to some uncertainty
in general and protonation of amides by H,SOy is known to
deviate from the Hammett scale,!” these results at least suffice
to give a rough measure of the acidity of the medium.

It was also demonstrated directly that acetamide or iso-
butyramide in sulfolane are about half protonated at a free acid
concentration of 1073 M by observing a decrease in UV ab-
sorbance at 212 nm with increasing acid concentration. Ex-
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Table I
ko min™h, kyoTe,M ™ min™!, kH3O+ kH2O’ min™', kHo
Reactant in sulfolane4 in sulfolaned in H,0¢ in H,04 in sulfolane¢
I 0.13 S5x 107 1.0x 107*
SH CONH,
11 0.09 29x 107* 7x 1077
CH.,SH
CONH.
I 1.5 x 1072 S 0.25 0.11 4 x107°
SH CONH,
m 18.7 8.58x 1072 0.10
OH COOH
\Y CHOH 920 7.23 5.1
COOH
0.95/ 1.09x 107 2.7x 1078

VI CH,CH,OH ]

CH,COOH

a Acid-independent first-order rate constant in sulfolane at 30 °C.  Second-ordsr rate constant dependent on concentration of trifluoro-
methanesulfonic acid (HOTY) in sulfolane at 30 °C. ¢ Second-order rate coustant dependent on dilute acid in water. From ref 6 or unpublished
work at 25 °C. dAcid-independent first-order rate constant in water. € Second-order rate constant dependent on acidity as measured by
Hammett H, in sulfolane. /Pseudo-second-order rate constants corrected to 1 M ethanol—sulfolane.

perimental difficulties precluded determination of a pKj,.

Ring Closure of 2-endo-Carboxamido-6-endo-mercapto-
bicyclo[2.2.1]heptane (III). Observed first-order rate constants
for thiolactone formation at 30 °C without added water and
with 0.185 M added water were plotted against acid concen-
tration over the range 1074~10~! M acid on a log-log scale as
shown in Figure 2. For both sets of data, clearly defined regions
of zero and first-order dependence on acidity are evident.
Considerable scatter among rate constants at similar acid
concentrations is observed above about 103 M acid, but no
systematic deviation in rates was noted for 65 runs in several
batches of solvent. Stock solutions of thiol amide in the absence
of acid were stable overnight or longer; thus the neutral reac-
tion is slow at 30 °C. Two rate constants were determined in
sulfolane containing 0.185 M D,0; comparison with simul-
taneous runs with 0.185 M water gave an isotope effect of
k1,0/kp,0 = 1.17 at 1.08 X 1073 M acid. An isotope effect
of 2-3 is clearly outside the range of experimental error. Ac-
tivation parameters based on the observed first-order rate
constant over the temperature range 30-90 °C at 1.08 X 1073
M acid without added water were AH* = 15.0 & 0.3 kcal/mol
and AS*¥=-253% 1.7 eu.

Ring Closure of 2-endo-Carboxamido-3-endo-mercapto-
methylbicyclof{2.2.1]heptane (II). Rate constants were obtained
over the range 0.05-0.3 M acid at 30 °C and 0.02-0.1 M acid
at 90.4 °C, using thoroughly degassed solvent, and are shown
in Figure 3. In some earlier kinetic runs in which the solvent
was not degassed, individual rate constants showed a high
degree of scatter and a second-order dependence on acid con-
centration. A 1.5-order dependence of rate on acid concen-
tration observed at 90.4 °C may represent a vestige of the same
effect. At 30 °C, a good first-order dependence of rate con-
stants on acid concentration was observed.

Ring Closure of y-Mercaptobutyramide (I). Rate constants
determined at 90.4 °C over the acid range 2 X 1073 to 2 X
10~ M are shown in Figure 4. A good first-order dependence
on acidity of 27 rate constants measured in three batches of
solvent was obtained. Seven rate constants measured in the first
batch of solvent purified were a factor of 2-3 slower than ex-
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Figure 2. Observed first-order rate constants for thiolactene formation
from compound III at 30 °C in sulfolane. On a log-log scale, [H*] rep-
resents the concentration of CF3SO3;H added; acid was always present
in large excess over II1.

pected. At 30 °C, 18 rate constants over the range 0.03-0.15
M acid also showed a good first-order dependence. Above 0.15
M acid, the rate increased more slowly than expected with
increases in acidity. Activation parameters calculated from
these data were AH¥ = 11.4 kcal/mol and AS* = —37.4 eu
based on observed first-order rate constants at 0.1 M acid.
Stock solutions containing 4-mercaptobutyramide but no
added acid were stable, even overnight at 90 °C. Rate constants
could be obtained at less than 2 X 10~3 M acid, but the sharp
absorption peak of the product at 234 nm had been replaced
by a generally high but featureless absorption below about 330
nm.

The possibility that the observed catalysis resulted from an
electrostatic effect caused by the partially ionic character of
the acid rather than true acid catalysis was rendered less likely
by examining the effect of NH4OTf and NaOTf on ring clo-
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Figure 3. Observed first-order rate constants for thiolactone formation

from Il in sulfolane at 30 and 90.4 °C. On a log-log scale, line at 30 °C
has slope +1.

Table IL. Salt Effects on the Ring Closure of v-
Mercaptobutyramide (I) in Sulfolane®

Salt [Salt], M [HOTf],M k, min~! No. of runs
NH,OTf 0.045 0 0 1
NH4OTf 0 0.045 0.142 2
NH4OTf 0.045 0.045 0.087 2
NH4OTf 0.09 0.045 0.074 1
NaOTf 0.045 0 0 1
NaOTf 0 0.045 0.115 2
NaOTf 0.045 0.045 0.085 2
NaOTf 0.09 0.045 0.058 1

@ Average pseudo-first-order rate constants for ring closure at 90.4
°C with about 104 M reactant and the indicated amounts of triflu-
oromethanesulfonic acid and its ammonium or sodium salts.

sure rates. These effects are summarized in Table II. In both
cases, salt alone is incapable of catalyzing the reaction and
addition of salt to the acid-catalyzed reaction slows the reac-
tion.

This and other controls described in the Experimental
Section strongly indicate that the observed reaction is acid-
catalyzed ring closure of the thiol amide I to the thiolac-
tone.

Second-Order Rate Expression for Thiolactonization, The
observed first-order dependence of the measured pseudo-
first-order rate constants on acid concentration corresponds
to the behavior observed in aqueous solution. Nevertheless, the
high acidity of the medium compared to the pK, of normal
amides and the observation of a plateau region in the closure
of compound Il suggested that the amide substrates might be
completely protonated in this medium. If S represents the
starting material and P the product, the “normal’’ mechanism
of ring closure in water is usually assumed to follow the rate
law

—dS/dt = dP/dt = v = ko[S] + knore[S][H*] (3)

whereas the following rate law must be considered in sulfo-
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Figure 4. Observed first-order rate constants for thiolactone formation
from 1 in sulfolane. On a log-log scale lines are of slope + 1. Batch members
refer to batches of solvent purified at different times.

lane:
—dS/dr = dP/dt = v = ko[SH*] + knors[SH*][H*] (4)

If rates are always determined with a large excess of acid and
S is completely protonated throughout the range of acidity
studied, the two mechanisms are kinetically indistinguishable.
The only kinetic observation described so far which favors eq
4 is that the rate of closure of compound I1I in the plateau re-
gion between 10~3 and 10™* M acid is much faster than its rate
of decomposition in neutral stock solutions. The simplest al-
ternative explanation for this observation is that the equilib-
rium thiol amide = thiolactone + NHj lies to the left unless
acid is present. This alternative was ruled out by showing that
the UV spectrum of the thiolactone corresponding to com-
pound III was unchanged after 2 h in a sulfolane solution
saturated with anhydrous NHs.

Another way of distinguishing between the two rate laws is
raising the substrate concentration to a level comparable with
the acid concentration added. Although the kinetics then be-
come more complex because of the release of ammonia during
the reaction, eq 3 or 4 should adequately describe the initial
velocity of the reaction. The distinction arises because pro-
tonation of the amide consumes a substantial amount of acid,
so that the amount of acid added is no longer a good measure
of [H*].

The simplest examples are the limiting cases. If eq 3 holds,
the initial velocity can of course be predicted using kxoty from
pseudo-first-order experiments. If we define S, = (S + SH*)
and Hs = (SH* 4+ H*), then the other extreme occurs at
stoichiometric protonation when S = SH* for H, = S,. The
initial velocity is then

vi = ko[S] + knot[SiJ[H: — S (5)

For compound I where kg is very small, eq 3 predicts that the
first 10% reaction should require 0.63 minat 90.4 °C, H, =S,
= 0.05 M. Equation 5 predicts that no reaction should occur.
Solution for the general case of an amide with acid dissociation
constant K, (in terms of acid concentration) leads to more
complex equations but the same general conclusion.
Attempts to determine initial rates for the butyro compound
I at 90.4 °C with H, = S, = 0.05 M by following absorbance
at long wavelengths on the shoulder of the product peak failed,
apparently because the solution developed color. However, it
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Figure 5. Initial velocity of formation of thiolactone from In in sulfolane
at 90.4 °C (mol L~! min~1). Concentration of I = 0.05 M, O = experi-
mental values. - - - - expected values for a normal second-order reaction
with kporr = 3.5 M~ ' min~!. ____= expected values from eq S and from
eq 4 with ([S][H¥]/[SH*]) = 102 M.

was found that linear initial rates could be obtained for up to
10-40 min at 90.4 °C and S = 0.05 M by removing aliquots,
quenching them in aqueous buffer at room temperature, and
measuring absorbance at 234 nm. Under these conditions,
sharp product peaks were obtained. The measured initial ve-
locities are shown in Figure 5 along with theoretical lines cal-
culated using eq 3, eq 5, and equations using intermediate
values of K,.

The “normal” mechanism of eq 3 predicts too high a velocity
by 2 orders of magnitude at 0.05 M acid and is thus ruled out.
The stoichiometric protonation mechanism of eq 5 provides
a much better fit above 0.05 M acid, but is still high by a factor
of 3. The region below 0.05 M may represent a plateau re-
flecting the ko term, but the scatter was too high to justify
calculating a rate constant from these data. The lack of
quantitative agreement between experiment and either pre-
diction may reflect either further subtleties of the mechanism
or scatter of the kind obtained earlier between solvent batches
for the pseudo-first-order rate constants; in either case, the
stoichiometric protonation mechanism provides a much more
nearly satisfactory description of the kinetics than does the
normal mechanism observed in aqueous solution.

The amide group can also be titrated directly under suitable
conditions using the Hammett indicator p-nitrodiphenylamine
(pK, = —2.40). The relationship between acid concentration
and indicator protonation was first established by observing
the absorbance of 104 M indicator at 397 nm in solutions
containing 4.75 X 1073 t0 4.75 X 1072 M acid. Aliquots of the
butyro compound I were then added to a solution containing
4.54 X 10~2 M acid and indicator and the amount of free acid
remaining was determined by indicator absorbance. Two
limiting cases can again be distinguished. If no protonation
occurs, then a plot of indicator absorbance against log [H, —
S} should be a horizontal line since addition of amide should
not affect the acid strength. If protonation is stoichiometric,
then [H, — S,] gives the concentration of acid actually present.
A plot of absorbance against log [H, — S,] should fall on the
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Figure 6. Titration of I with CF3SO3H using p-nitrodiphenylamine as
indicator in sulfolane at 30 °C. For stoichiometric protonation of the amide
I, all points should fall on the same curve. A constant low absorbance
(A—A) would result if I were not protonated.

same sigmoid curve as a plot of absorbance against the log of
the added acid in the absence of S (the protonation curve of the
indicator).

The curves obtained are shown in Figure 6. The effect of
adding substrate is to decrease the acidity to a level somewhat
lower than predicted. This result is consistent with stoichio-
metric protonation and with the initial velocity experiments,
in which the observed velocities were about three times slower
than predicted. Finally, it suggests that the extra rate decrease
seen in the kinetics may result from water or some minor im-
purity in the substrate rather than from some more complex
kinetic scheme than those taken into account here.

Considered together, these results strongly support the ap-
plication of eq 4 or 5 rather than eq 3 to the results obtained
with thiol amides.

Ring Closure of Hydroxy Acids to Lactones. This reaction
was initially followed in anhydrous sulfolane, but was found
to give very complex, poorly reproducible kinetics. Since a large
excess of substrate (0.05 M) over acid (1073-10=% M) was
used, these results probably reflect the effect of the substrate
hydroxyl group on the acidity of the medium. The solution
adopted was the addition of small amounts of water to mini-
mize the effect of substrate hydroxyl groups without markedly
affecting bulk solvent properties.

The rate constants obtained for hydroxybutyric acid IV with
0.37 M added water are shown in Figure 7. First-order rate
constants were essentially independent of substrate concen-
tration over the range 0.025~-0.1 M and exhibited a first-order
dependence on acid concentration. The titration curves ob-
tained in the presence and absence of 0.025 M substrate (4-
chloro-2-nitroaniline indicator) are also shown in Figure 8; no
effect of the substrate on acidity was observed. The rate con-
stants obtained for the 2,3 hydroxy acid V in 0.28 M water are
also shown in Figure 7. The reaction had a slightly higher than
first order dependence on acid concentration, but was found
to be independent of substrate concentration over the range
0.0125-0.05 M. Acid concentrations were too low to allow a
titration.

Bimolecular Reaction between Ethanol and Acetic Acid in
Sulfolane. Formation of ethyl acetate was followed by re-
moving aliquots, diluting them in pH 7 buffer, and determining
the concentration of ethyl acetate present by the hydroxamate
assay. Figure 9 shows the first-order rate constants obtained
with 0.37 M ethanol, 0.029 M acetic acid and 1.14 M ethanol,
0.058 M acetic acid. A first-order dependence of rates on acid
concentration was found at 1.14 M ethanol, but rates in 0.37
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Figure 7. Observed first-order rate constants for lactone formation from
hydroxy acids IV and V in sulfolane-water at 30 °C on a log-log scale:
O = compound V in sulfolane containing 0.28 M water; A = compound
1V in sulfolane containing 0.37 M water.
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Figure 8. Hammett acidity of CF3SO;H in sulfolane containing ethanol,

water, and hydroxy acid IV—abserbance of 4-chloro-2-nitroaniline as a
function of log [CF3SO3;H] at 30 °C. Compound IV has no effect on
acidity in sulfolane containing 0.37 M water, as compared to its rather
large effect in anhydrous sulfolane.

M ethanol were slower than expected at high acid concentra-
tions. If it is assumed that each equivalent of acid renders 1
equiv of ethanol unreactive by protonation, these rate constants
may be roughly corrected to 0.37 M ethanol by multiplying by
0.37/[0.37 — H*]. The corrected rates shown in Figure 9 ex-
hibited a first-order dependence on acid concentration and
were used to calculate the rate constant in Table I.

It is interesting to note that rates were almost identical in
0.37 and 1.14 M ethanol. This presumably reflects opposing
effects of increased ethanol concentration and lowered acidity
rather than a deviation from second-order kinetics at a constant
acidity. The acidity of 0.37 M ethanol was also determined
with the Hammett indicator 4-chloro-2-nitroaniline as shown
in Figure 8. The relationship between acid concentration and
acidity is seen to be similar in sulfolane containing either 0.37
M water or 0.37 M ethanol.

Calculation of Rate Constants at Unit Acidity in Sulfolane.
Since the acidity of the sulfolane solutions was much higher
than that of aqueous acids, a comparison of rate constants
based on acidity rather than acid concentration seemed de-
sirable. The rate constant k-, was defined as the rate at Ho =
0. For thiol amides, k,, was calculated using eq 2. For hydroxy
acids, it was calculated from data on indicator protonation at
0.37 M water (or ethanol) given in Figure 8. These results are
also given in Table I.
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Figure 9. First-order rate constants for formation of ethyl acetate from
acetic acid in sulfolane-ethanol mixtures at 30 °C on a log-log scale.
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IV. Discussion

Mechanism of Thiolactone Formation from Thiol Amides.
At low pH, the mechanism of ring closure of thiol amides to
thiolactones in aqueous solution is a simple acid-catalyzed
reaction involving rate-determining nucleophilic attack by
sulfur on a small equilibrium concentration of protonated
amide.!8

The reaction in sulfolane must involve uncatalyzed and
acid-catalyzed ring closure of the protonated amide. Mecha-
nisms consistent with the observed kinetics are shown in
Scheme I. Considering only the acid-catalyzed reaction shown
by all three compounds in 0.1 M acid, it is clear that a dipro-
tonated intermediate or transition state must be involved. Two
general alternatives can be distinguished depending on whether
formation or breakdown of the tetrahedral intermediate is rate
determining. If concerted or stepwise formation of I++ through
T+ is rate determining, then the transition state most prob-
ably resembles a diprotonated amide. Alternatively, the re-
action could proceed through preequilibrium formation of I+
from S+, followed by rate-determining breakdown either
through I** or concerted acid catalysis. Neither of these
pathways appears attractive; it is hardly surprising that no such
kinetic term is observed in hydrolysis of benzamides (up to 8
M aqueous HCl or H,S0Oy).1?

The kinetic data presented here cannot differentiate between
these pathways. One interesting possibility is that the inter-
mediate I+ requires water or a general base to facilitate its
breakdown to product through a zwitterion. In the absence of
water, breakdown of this intermediate might be slow and thus
subject to acid catalysis. Alternatively the observed acid de-
pendence may reflect simply the high acidity of the system. For
present purposes, the central point is that there are substantial
differences between the mechanism in water and sulfolane.
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Table III. Relative Rates of Ester, Lactone, or Thiolactone
Formation

Rel rate Rel rate
Compd No. in water in sulfolane
I 1.72 1.44
SH CONH,
11
£ :[ CH,SH ! !
CONH,
I 862 55.6
SH CONH,
EtOH
HOAc } v ! !
p v 79 20
H COOH
3
CH.oH v 6.6 X 10 970
COOH

Influence of Solvation on Relative Rates. The central ques-
tion addressed in this work is whether relative rates in the series
of compounds considered reflect structural or solvation effects.
As suggested earlier, solvation effects should manifest them-
selves as a change in relative rates with changing solvent.
Relative rates in water and sulfolane are given in Table I1I and
are plotted on a logarithmic scale in Figure 10.

Two conclusions are evident from Figure 10. First, trends
in relative rates are preserved in every case—the dominant
factor influencing relative rates is clearly structure in spite of
a dramatic change in solvent. Second, some solvent effect is
evident: the range of rates observed in sulfolane is somewhat
compressed for the hydroxy acids and considerably compressed
for the thiol amides. However, even for compound III, which
shows the most discrepancy, the largest contribution to the rate
enhancement is structural (in terms of free energy).

Possible explanations for the observed solvent effects can
be grouped into two rough categories. The first is-a substantial
change in mechanism caused by a change in solvent or condi-
tions. Such an effect certainly must be considered for the clo-
sure of thiol amides which apparently involves acid catalysis
acting on the protonated amide.

It is interesting to attempt a comparison between compound
IIT and compound I in the “plateau’” region where uncatalyzed
closure of the protonated amide is rate determining. In very
early work we observed such a plateau for compound I with a
first-order rate constant £ = 5 X 10~* min~! at 90.4 °C and
3.2 X 10~* M acid concentration. As noted in the Results, these
rates were excluded from consideration because the observed
UV spectrum was not that of the product. Blanks containing
pure product decreased in absorbance and the nature of the
reaction was unclear. However, an alternative measure of the
“uncatalyzed” rate kg is available from the initial velocity
studies with compound I. In Figure 5, a plateau in initial ve-
locities occurs with a value ~10=4 M/min. From eq 5, ko =
2 X 1073 min~—! at 90.4 °C. Finally an upper limit of k¢ < 4
X 1073 min—! is set by the fact that no plateau is observed in
Figure 4. The rate constant for compound III in the plateau
region at 90.4 °C is 1.3 min~! as calculated using the activation
parameters given in the Results. The relative rate for I11/1 is
then 325-2600 at 90 °C in sulfolane. The corresponding rel-
ative rate in water is 500 at 30 °C.
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Figure 10. Relative rates of ring closure reactions on a logarithmic scale.
Rates and compound numbers are from Table I11.

The significance of this observation is limited by the data.
Neither of the techniques used gave clean, highly reproducible
results, although the initial velocity experiments probably give
a somewhat better estimate of kq. Insofar as these numbers are
reliable, there is little or no solvent effect on compound 111 in
the plateau region where the mechanism is probably similar
to that observed in water.

An equally plausible explanation for the observed effects
is that they arise purely from differences in solvation rather
than in mechanism. The decrease in the range of rates observed
in sulfolane would certainly be in accord with a model in which
partial desolvation of functional groups is a necessary prelude
to reaction. In such a model, the separate solvation shells
around each functional group must be replaced by a common
solvation shell enclosing both groups before reaction can occur.
If the structure of a compound held reactive functional groups
together such that they always share a common solvation shell,
they might be expected to react more rapidly. As the solvation
ability of the solvent decreased, this effect might become less
important and differences in rate would become smaller.

Regardless of the source of the observed solvent effect, the
basic point is that it is small compared to the range of rates
observed. The only compound for which a sizable solvent effect
occurs is compound III, where there is good evidence for a
change in mechanism. Consequently, the observed spread of
rates is best interpreted in terms of purely structural features
of the series of molecules. Bruice and Turner have reached a
similar conclusion in a comparison of intramolecular and bi-
molecular anhydride formation in water and 1 M water in
MeZSO.S

Storm and Koshland have considered a number of possible
factors which might account for the effect of structure on rate
in the series of hydroxy acids studied here.® They concluded
that the observed rates resulted largely from differences in
orientation of the reacting functional groups with respect to
each other. By eliminating solvation as a possible alternative
explanation, the present results strongly reinforce that con-
clusion.

Effects of Solvent on Acid- and Base-Catalyzed Reactions.
Table I illustrates both a considerable range of solvent effects
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Table IV
Reaction Range kglkw ke K kayg+ /K Ref
Me;Si—@—OCHJ +HO 8-28.8 MH,0 4.05 051 a
i in dioxane (HCl)
— MeSiOH + @—OCH‘,
PHCHCH=CHCH, —~ PhCH=CHCHCH, 20-100 vol % 0.27 0.33 b
| | dioxane in H,O
OH OH (0.1 M HCD)
PhCHCH=CHCH, -~ PhCH=CHCHCH, 40-100 vol % 2.88 0.35 3.6x 1077 b
| EtOH in H,0
OH OH (0.1 M HCD
PhCHCH=CHCH, -~ PhCH=CHCHCH, 40-100 vol % 3.93 0.155 b
l acetone in H,0
OH OH (0.1 M HCD
HC=CCHCH=CHCH,; - HC==C— CH=CH-—CHCH, 20-100 vol % 0.73 1.26 b
dioxane~H,O
OH OH (1 M HCD
HC=CCHCH=CHCH, -~ HC=C—CH=CH—CHCH, 20~100 vol % 0.69 0.26 b
| EtOH in H,0
OH OH (1 M HCD
HC=CCHCH=CHCH, -~ HC=C-CH=CHCHCH, 20-100 vol % 152 5.75 b
1 acetone in H,0
OH OH (1 M HCD
EtOCH,OEt + H,0 » HCHO + 2 EtOH 0-78 mol % 0.15 214 0.35 ¢
EtOH in H,0
CH“O (0.1 M HCI)
] 60-100 vol % 2.28 0.1 8.3x107° de
CH, C—0¢Bu + ROH EtOH-H,0
(0.01 M HCD)
CH,
CH,
60-95 vol % 042 0.4 d
— CH, COOH + RO-t-Bu or )k acetone in H,0
0.01 M HCD)
CH,
0] )
| I
CH,CCH, + 1, ~ CH,CCH,1 + HI 0—44.4 mol % 1.56 14 8.05 I
EtOH
in water (HCI)
(ﬁ
CH,COEt + H,0 + CH,COOH + EtOH 0~-60 vol % 0.72 147 gh
dioxane in H,0
(HC10,)
i
CH.CNH, + H,0 — CH,COOH + NH, 0-50 wt % 0.347 1.32 H
EtOH in H,0
(PhSO,H)
Reaction Range koK ki fow Ref
Sucrose hydrolysis 0—~60 vol % 1.34 134 g7
dioxane in H,0
(HCl1O,, HC])
CH,CH,COCH, + H,0 — CH,CH,COOH + CH,0H 0-759 wt % 0.316 3.16 bk
acetone in H,0O
(cor to 1 M HCI)
Base-Promoted Reactions
Reaction Range ks/kw ke ke Ref
i
CH,COEt + "OH ~ CH,COO ~ + EtOH 0-90 wt % 9.0 9x 1077 Lm
Me SO in water,
0.011 M "OH
(H)
CH,COCH, + "OH -» CH,COO ™ + CH,0H 0-49.3 mol % 0217 1.1 x 1072 n,0

EtOH in water
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Table IV (Continued)
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Reaction Range ks/k sy kp ke Ref
CH,CNH, + "OH — CH,COO ™+ NH, 0—50 wt % 0.185 19 x 107 io
EtOH in water
]
CICH,COEt + "OH - CICH,COO ™+ EtOH 0-91.8 wt % 0.076 25x 1073 op

EtOH in water

aC. Eaborn, J. Chem. Soc., 3148 (1953). PE. R. Braude and E. S. Stern, ibid., 1976, 1982 (1948). ¢P. Salomaa, Acta Chem. Scand., 11,
461 (1957). 4V. R. Stimson, J. Chem. Soc., 2010 (1955). €V. R. Stimson and E. J. Watson, ibid., 2848 (1954). fD. P. N. Satchell, ibid., 2878
(1957).£C. A. Bunton, J. B. Ley, A. J. Rhind-Tutt,and C. A. Vernon, ibid., 2327 (1957). hR.p. Bell, A. L. Dowding, and J. A. Noble, ibid.,
3106 (1955).¢K. I. Laidler and P. A. Landskroener, Trans. Faraday Soc., 52, 200 (1956).7P. M. Leininger and M. Kilpatrick, J. Am. Chem.
Soc., 60, 2891 (1938). ¥I. L. Hockersmith and E. S. Amis, Anal. Chim. Acta, 9, 101 (1953). IE. Tommila and M. -L. Murto, Acta Chem.
Scand., 17, 1947 (1963). " D. Dolman and R. Stewart, Can. J. Chem., 45,911 (1967). #R. A. Fairclough and C. N. Hinshelwood, J. Chem.
Soc., 538 (1937). K. Bowden, Can. J. Chem., 43, 2624 (1965). PG. J. Nolan and E. S. Amis, J. Phys. Chem., 65, 1556 (1961). 4 Calculated
as pseudo-first-order rate constants: k¥ =k, at [TOH] = 1 M or H_. = 14, Assumes H_ linear in base concentration.

on rates and a surprising constancy of rate constants for hy-
droxy acid ring closure in either water or 0.37 M water in
sulfolane when based on Hammett acidity. The latter obser-
vation was unexpected and raised the general question of
whether many solvent effects in enzyme model systems reflect
largely changes in “activity” of a catalyst.

The effect of solvation on organic reactions has of course
been studied intensively; quite sophisticated empirically based
treatments are available, with primary emphasis on solvolysis,
nucleophilic displacements on alkyl and aryl systems, and
proton transfer.2 Because of our focus on reactions of more
direct significance as enzymatic models, we undertook to find
other examples of solvent effects on acid-catalyzed hydrolysis
or related reactions involving a protonation preequilibrium and
on basé-promoted hydrolysis. A brief survey of the literature
revealed 19 reactions for which sufficient data were available
to compute rates at constant catalyst concentration and at
constant Hammett acidity or basicity over a reasonably wide
range of solvent composition. Rate ratios for these reactions
are given in Table 1V,

For each reaction, ordinary second-order rate constants
based on concentrations were first compared at the extremes
of the solvent composition by dividing the rate ks in less
aqueous solvent by the k., in more aqueous solvent.

Somewhat surprisingly, the solvent effects ks/k,, based on
concentration are not large; of the 19 reactions cited, only 2
show an effect of more than a factor of 10. Of course, the
changes in solvent character are less fundamental than in the
familiar cases of spectacular solvent effects. For instance, both
series investigated here in sulfolane all show rate increases
greater than an order of magnitude. Closure of thiol amides
shows quite a large solvent effect, but one which may plausibly
be attributed to the change in mechanism discussed above.
Nevertheless, the range of solvent properties covered in most
of the reactions in Table IV is quite substantial. The small
observed solvent effects suggest that these reactions are not
highly sensitive to changes in solvation. Most of the reactions
in which spectacular solvent effects are observed involve either
the generation of charge (solvolysis or amine quaternization)
or formation of delocalized anions (nucleophilic aromatic
substitution), although this generalization is not universally
true (e.g., nucleophilic displacement on methyl iodide). Inall
of the cases cited here, the catalyst and the transition state are
of the same charge type.

Qualitatively, small observed solvent effects mean only that
changes in solvation affect reactants and products in a similar
manner, not that no changes in solvation have occurred. In
order to separate solvent effects on individual species in a re-
action, some measure of the change in activity of one species
is necessary. The Hammett acidity or basicity of a solvent-

catalyst mixture is often taken as a rough measure of acid or
base strength. A number of solvent effect studies correlating
Hammett acidity and kinetic data have been reported and data
are available in the literature for a number of other systems.
These data have been collected in Table IV under the heading
kyo/kwor kp_fk.. In each case rate constants were computed
at unit acidity (Hg = 0) or “unit basicity”” (H_ = 14) at both
extremes of the solvent composition; the ratio of rate in less
aqueous to rate in more aqueous solvent is given.

In general, the acid-catalyzed reaction rates in Table IV vary
by little more than an order of magnitude with change in sol-
vent: ester hydrolysis, which may be compared to the esteri-
fication reported here, is particularly insensitive to changes in
solvent composition. Again, closure of thiol amides (Table I)
is an exception, probably because of the change in mecha-
nism.

These results still do not imply that the solvation of indi-
vidual species is insensitive to changes in solvent. However, the
results do indicate that solvation of Hammett indicators is
similar to that of the reacting species.??

A rigorous determination of the size of solvent effects on the
transition state for these reactions requires an absolute mea-
surement of the activity of the hydrogen ion catalyst. No such
absolute measurement is thermodynamically possible, but good
approximate methods are becoming available.?4 An approach
based on the assumption that tetraphenylarsonium and te-
traphenylborate are equally solvated appears to be relatively
reliable?® and data for the activity of H* in ethanol-water
mixtures are available based on this assumption.26 Rate ratios
at constant activity of H* are also given in Table IV, where the
ratio kg4 /kw is defined as before. For two of the five reactions
for which data are available, these solvent effects are signifi-
cantly larger than those based on Hammett acidity or acid
concentration. This observation suggests that the expected
compensation between solvation of catalyst and transition state
does occur to some extent, with solvation of single ionic species
in different ethanol-water mixtures affecting rates by as much
as 102,

Considered as a whole, the acid-catalyzed reactions show
only a limited sensitivity to solvation regardless of the measure
of catalyst activity employed. The very limited results for
base-promoted hydrolysis reactions present quite a different
picture. Much more marked solvent effects are apparent if H—
is used as a criterion of base strength, including a rate some 109
slower in 91% Me,SO than in water. In general, these large
solvent effects result from marked increases in basicity of OH~
as measured by H_ in the less aqueous solvents with relatively
little change in actual rate constants. Interpretation of these
results is attended by the same difficulty encountered in in-
terpreting solvent effects based on Ho; the observed solvent
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effects depend both on solvation of the reaction itself and sol-
vation of the Hammett indicator used to measure H—. Nev-
ertheless, the large observed effects clearly demonstrate that
the reactant and transition state are solvated differently than
the Hammett indicators. The qualitative interpretation of H_
values as an indication that the activity of OH™ is higher in
nonaqueous solvents has received some experimental support.23
The insensitivity of measured rates to solvent changes, or the
decrease in ky_/kw, most likely results then either from de-
creasing solvation of the transition state or increasing solvation
of the reactant. Either effect is qualitatively reasonable though
effects on the charged transition state seem more likely.

Solvation Effects on Enzymatic Rates. The specific results
above regarding effects of solvent on the rates of acid- and
base-catalyzed reactions suggest that solvent effects alone
cannot account for enzymatic reaction rates—of 19 reactions
examined using several measures of catalyst activity, only one
example of a very large (3>102) solvent effect was observed.
Before this suggestion can be accepted, further examination
of this and other data is necessary.

Solvation effects on enzymatic rates can conveniently be
divided into those affecting k¢, and those affecting kcar/ K.
The second-order rate constant k¢, /Kn, is easier to analyze
since the enzyme can increase this rate only by increasing the
stability of the transition state relative to the transition state
in water, but not by decreasing the stability of the ES complex
or other intermediate species. For ionic or very polar transition
states, it is unlikely that charged groups in enzyme active sites
could provide a far better solvating environment than water.!
Additional recent evidence for this contention is provided by
Pocker’s investigations of ionic reactions in LiClO4~¢ther so-
lutions:* 6 M LiClQy, in ether was necessary to give a solvent
with the ionizing power of 60% ethanol-water, as measured
by Winstein’s Y value. The effect of charge in a more polar
environment is seen in the generally modest effects of ionic
strength on reaction rate.

Large second-order rate accelerations by solvation are
possible in other cases. The most plausible examples are those
in which the transition state itself is nonpolar and thus solvated
far better by a hydrophobic active site than by water. For ex-
ample, reactions involving conversion of NAD* to NADH
might be subject to such acceleration. The observation that
mono- and divalent metal ions are solvated better by dipolar
aprotic solvents than by water28 suggests that solvation effects
might be important in metalloenzymes. Such effects are dif-
ficult to quantitate, however, since metal ions in active sites
are normally bonded to several complex ligands.

The second, more widely considered class of solvent effects??
are those which operate by desolvating the ES complex relative
to the transition state. Accelerations of kg, relative to a
nonenzymatic model can be rationalized, but the necessary
energy is obtained at the expense of binding energy. For ex-
ample, a large acceleration might be obtained by binding a
polar substrate in a hydrophobic environment.

In applying model systems to these effects, a further sub-
division is useful. In one mechanism, the microscopic envi-
ronment of the active site allows selective solvation of transition
states but not substrates—a simple example is the oxyanion
hole of subtilisin and chymotrypsin.3® To determine the im-
portance of this effect, information about the detailed solvent
properties of the active site and about the sensitivity of indi-
vidual species to solvation is necessary. This information is
generally difficult to obtain and must be considered case by
case based both on crystal structures and extensive model
studies. There is no reason to believe that such effects are not
both common and large, but little quantitative information is
available.

In a second mechanism, the enzyme active site is uniformly
different from water in solvating ability, but the substrate has

a different sensitivity to solvation than does the transition state.
An extreme example would be a charged substrate but a neu-
tral transition state. Solvent effects of this type can always be
detected in an appropriate model system—since the active site
behaves as a homogeneous medium, transfer of an exact
nonenzymatic model to a solvent with the same solvating
properties should show a similar effect. The solvent effects on
acid- and base-catalyzed reactions in Table IV can be con-
sidered in this context. With one exception, transfer of these
reactions between solvents led to only modest solvent effects.
This observation suggests that homogeneous solvent effects
are unlikely to provide major rate accelerations of k¢, Such
a conclusion is doubtless true for many enzymatic reactions,
in spite of the crude nature of the model reactions in Table IV.
For example, the hydrolysis of p-nitrophenyl acetate by im-
idazole can serve as a better model for reactions catalyzed by
serine proteases. This reaction proceeds 187 times faster in
water3! than in acetonitrile containing 1 M water.32 The
charge relay system can be mimicked by adding a carboxylate
ion, but the rate in acetonitrile~water containing 1 M benzoate
is only about twice as fast as imidazole-catalyzed hydrolysis
in water. Thus model reactions for serine proteases suggest that
homogeneous solvation effects are relatively small for these
enzymes. Large accelerations of k., by solvation could
plausibly arise only from specific effects such as the oxyanion
hole.

The conclusion that homogeneous solvation effects are small
certainly is not applicable to all enzymatic reactions for two
reasons. First, none of the reactions discussed so far involve
changes in charge or large changes in charge delocalization.
Second, most of the changes in solvent properties do not involve
dipolar aprotic solvents or extremes such as nonpolar sol-
vents.

Quite large effects of solvation on k¢, might be expected
for reactions involving changes in charge type. Reactions which
develop charge are unlikely to be accelerated relative to their
rate in water because water is such a good solvent for charged
species, but large accelerations could be obtained by con-
ducting a reaction which destroys or delocalizes charge in a
nonpolar environment. Such solvation effects have now been
observed in several cases, with moderate changes in solvent
polarity leading to changes of 103-108 in rate.33-35 The classes
of reactions represented by these models could conceivably be
markedly accelerated by transfer from water to a homogeneous
medium of low polarity such as a hydrophobic active site. Other
classes of reactions might be susceptible to the same kind of
acceleration depending on the catalytic groups in the active
site.

In conclusion, solvation effects may prove to be a significant
factor in enzymatic catalysis in some types of reactions. The
microscopic environment of the active site could certainly lead
to rate accelerations in k¢, although such accelerations are
difficult to predict from simple models. Very high rates induced
by solvation are plausible for both ¢y and kca/ K for those
reactions where the transition state is less polar than the
reactants. These reactions probably constitute a major class
of enzymatic reactions. Conversely, reactions with polar
transition states are likely to be accelerated by solvation only
to the extent that the active site is highly heterogeneous. Fi-
nally, the potential size of many of these effects is predictable
from the organic chemistry of model reactions.
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Abstract: Neutral 4-aminopyrazolo[3,4-d]pyrimidine (4APP) exists in water in two tautomeric forms, 1-H4APP and 2-H-
4APP (K = 2-H4APP/I-H4APP = 0.1 at 10 °C, AH jauiomerization = 0.9 kcal mol~!). The interconversion of the two forms is
catalyzed by H* and OH™ and proceeds through either an intermediate cation common to both neutral tautomers or through
the intermediate anion. 13C NMR spectroscopy shows that 1-/-Pr4 APP (the nontautomerizable model compound for the |-
H4APP tautomer) protonates mainly at N(5). 2-i-Pr4 APP (model for 2-H4APP) protonates to similar extents at N(5) and
N(7). Temperature-jump relaxation confirms this scheme; cation exchanges are catalyzed by H*, H,0 acting as a base, OH™,
and the corresponding neutral N-substituted 4APP. It is inferred from the corresponding methylated derivatives that together
with the abundant species, 1-H and 2-H4APP, there are small proportions of 7-H4APP (a10~3) and 5-H4APP (2 X 107%).
7-H4APP exists only as an amino tautomer, whereas 5S-H4APP in water has a partial imino structure ([amine]/[imine] = 10);
the interconversion of the tautomeric 5-H4APP is catalyzed by OH~, cationic 5-H4APP, and H,O as proved by the kinetic
study of the model compound, 5-Me4APP. Biochemical implications of the location of the basic sites and of the presence of

an imino tautomer are tentatively discussed.

The adenine analogue, 4-aminopyrazolo[3,4-d]pyrimi-
dine (4APP), has proved to affect nucleotide synthesis in two
different ways. It can either bind to adenine phosphoribosyl-
transferase, an enzyme responsible for the transfer of the
phosphoribosyl group from PP-ribose-P to exogenous purine,!-2

or it can inhibit purine synthesis de novo (from nonpurine
components).3 In the latter case, the mechanism of the inhi-
bition is not clearly understood, but it is suggested? that it may
arise from the interaction of 4APP with some enzyme involved
in the early steps of the reaction. Inhibition of purine synthesis
de novo has been considered as the cause of the cytotoxic ac-
tivity of 4APP. The fixation of adenine phosphoribosyltrans-

ferase would involve the electron donor property (the basicity)
of the nitrogen atoms at positions 3 and 7 of adenine.! It can
be thought that the reaction of adenine with the protein which
catalyzes synthesis de novo will also be dependent on the ba-
sicity of the various nitrogen sites. This conclusion can be re-
conciled with the early empirical rule stating that the effec-
tiveness of purine analogues as cytotoxic drugs is related to
their basicities as measured by their pK, (proton gained), i.e.,
the closer their values to those of natural purines, the higher
the efficiency.?

Understanding 4APP activity at the molecular level ne-
cessitates, as a starting point, a reexamination of the basicity
criterium, not in terms of the overall basicity, as evaluated
from the pK,, but in terms of the partial basicity? of the var-
ious atoms as determined by the protonation site(s) of the
molecule.

Moreover, theoretical considerations suggest that the cy-
totoxic activity of neighbor compounds aminopyrazolo[4,3-
d]pyrimidines might arise alternatively from the existence of
rare imino tautomers capable of mispairing with cytosine when
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