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Abstract: Values of the rate constant, AW', AS*, and AQ,' are reported for the hydrolysis of Cl3CCO2Et in H2O and D2O; 
the value of £H2OMD2O passes through a minimum near 44°. These values are combined with data for the partition of the 
tetrahedral intermediate to give the following parameters for the first step (addition of water to the carbonyl group) in the 
hydrolysis mechanism at 25°: &I,H2OAI,D2O = 2 - 2 < a n d fo r H 2 ° solutions AW1' = 8.4 kcal mol-1, AS1* = -44 cal deg-1, 
and AQ,, i' « -52 cal deg-1 mol-1. These values are quantitatively explainable on the basis of a transition state for the addi­
tion which includes a large extent of charge separation (e.g., one which is near in structure to a hydrogen-bonded dipolar in­
termediate, L2O- - -L2O+-C(CCl3)(OEt)-O-). The presence of additional specifically bound water molecules in the transi­
tion state is not required by these explanations. The solvent isotope effect on the partition ratio for the tetrahedral intermedi­
ate suggests that the eliminations of water and of ethanol from that intermediate may involve different rate-determining pro­
cesses. 

Heat capacities1-3 and entropies4 of activation together 
with solvent isotope effects1,5 are known to be useful probes 
of reaction mechanism and activated complex structure. 
The available evidence suggests that values of ACp* and 
^ H 2 O A D2O in particular are quite sensitive to changes in 
solvent configuration during the activation process. '-5 In 
order to improve our understanding of the factors which 
contribute to observed values of these parameters, it is de­
sirable to know such values for many different types of 
reactions. Unfortunately, few values of A C * are known for 
reactions other than hydrolyses of alkyl halides or sulfo­
nates. 

This paper reports a study of &H2O/&D2O, AC*, and AS* 
for the water-catalyzed hydrolysis of a carboxylic ester. The 
primary objective of this study was to obtain estimates of 
A C * and AS1 for the carbonyl addition step in the hydroly­
sis mechanism. Such estimates were sought in order to ex­
tend our previous efforts6 to separate the contributions to 
these parameters which are the results of covalent binding 
of individual solvent molecules and of cooperative structural 
reorganization in the surrounding solvent during the activa­
tion process. 

Partition ratios for the tetrahedral intermediate in this 
hydrolysis are known,7'8 and those ratios allow values of the 
activation parameters for the carbonyl addition step to be 
derived from the corresponding parameters which are ob­
served for the hydrolysis. Although some values of ACy for 
hydrolyses of carboxylic acid derivatives have been reported 
previously,9-13 for none of these earlier examples have data 
been sufficiently complete to allow the estimation of contri­
butions from separate steps in the mechanism; thus those 
ACp* values were not directly comparable to the values of 
A C * for other classes of reactions. 

Experimental Section 

Ethyl trichloroacetate and other reagents were as described else­
where.7 

Hydrolysis rates were measured conductometrically using an In­
dustrial Instruments RC-18 conductivity bridge. Conductance cells 
were designed in accord with the recommendations of Jones and 
Bollinger14 and used bright platinum electrodes; lengths of capil­
lary glass tubing (ca. 0.5-mm bore) connected the air spaces in the 
cell with the air above the bath to equalize pressure without allow­
ing significant loss of solvent vapor. Runs using H2O as solvent 
were usually made in cells of ca. 50-ml capacity, but rate constants 
measured using cells of ca. 10-ml and 200-ml capacities agreed 

with those from the 50-ml cell within experimental scatter; runs 
using D2O as solvent were made in 10-ml cells. 

Oil-bath temperatures were held constant to within ±0.003° 
and were measured with a Hewlett-Packard Dymec 2801 A quartz 
thermometer which was calibrated to within ±0.001° against a 
platinum resistance thermometer which in turn had been calibrat­
ed by the National Bureau of Standards. 

Solutions of the ester (ca. 1 X 10-3 M) were degassed by boiling 
briefly in vacuo at room temperature before being transferred to 
the cell, which was then immersed in the oil bath. Conductances 
were measured during the second, third, and fourth half-times of 
the hydrolysis; the omitted first half-time was sufficiently long at 
all temperatures to allow the cell contents to approach sufficiently 
closely to thermal equilibrium with the bath. (Conductances of 
NaC104 solutions measured in the same cells were constant within 
±0.027% after the same time interval.) The solvent in most runs 
contained 1.0 X 10~3 F NaC104 as backing electrolyte; within ex­
perimental scatter, no change in rate constant was observed when 
1.0 X 10"3F HClO4 was substituted for the NaClO4. (The com­
mon practice1'14 of using the product of the hydrolysis as backing 
electrolyte could not be followed since it exacerbates the error in 
the rate constant which arises from the drift in conductance caused 
by decarboxylation of the trichloroacetate anion.) Rate measure­
ments at HClO4 concentrations up to 0.05 F were used to estimate 
the increase in the observed rate constant which resulted from acid 
catalysis by the product trichloroacetic acid and by HClO4 back­
ing electrolyte. This increase was found to be always less than 
0.1%. 

Results 

The electrical conductance ( C ) at time t of a dilute 
aqueous solution of ethyl trichloroacetate increases as hy­
drolysis of the ester occurs and accurately obeys a first-
order rate law (eq 1) for longer than 8 hydrolysis half-

In ( C - O = -kht + constant (1) 

times.15 The value of k^, the first-order rate constant for 
hydrolysis, was usually calculated by the Guggenheim 
method16'17 using a time interval between members of a 
pair of readings which was near 1.5 half-times. Drift-cor­
rected values of k^ calculated for a single run by the 
Guggenheim method and from eq 1 agree within the experi­
mental uncertainty (0.1-0.2%). 

The temperature dependence of k^ was characterized by 
fitting the observed values to the Robertson equation1 (eq 
2) by least-squares. The observed values of k^ are given in 

log kh = A/T + B log T + C (2) 
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Table I. Rate Constants for the Water-Catalyzed Hydrolysis 
of Ethyl Trichloroacetate 

A # / = R[-A In 10 

Temp,d 104Arn in H20,a sec -1 

0C Obsd^ Calcdc 
104Zcn in D2O," sec - 1 

Obsdk Calcd^ calcd 

5 
10 
15 
20 
25 
30 
35 
40 
45 
50 
55 

0.927 
1.301 
1.786 
2.399 
3.188 
4.153 
5.336 
6.744 
8.426 

10.385 

0.928 
1.299 
1.783 
2.404 
3.186 
4.154 
5.333 
6.749 
8.425 

10.380 

0.1631 
0.2387 
0.3413 
0.4762 
0.6504 
0.8716 
1.1402 
1.4739 

0.1631 
0.2388 
0.3411 
0.4762 
0.6504 
0.8704 
1.1425 
1.4724 

3.886 
3.808 
3.744 
3.696 
3.660 
3.636 
3.622 

a Solvents contain 1.0 
nd 14 ot 

<*±0.003° 

J X 10""3FNaClO4. b Average of between 2 
and 14 observations. c From eq 2 with parameters from Table II. 

20 30 
T « m p » r a t u r « 

Figure 1. Temperature dependence of AHt. Values of A//' are from ec 
8 using 10° temperature intervals. The least-squares lines of best fit for 
H2O and DjO are shown. 

Table 1 together with the corresponding values predicted 
from eq 2 using the A, B, and C parameters of best fit. 
Those parameters are given in Table II along with the 
values of A / / / and A S / (for 25°) and the values of AC7,,/ 
(averages over the experimental temperature ranges) which 
can be calculated from them via eq 3-5. ' The standard de-

A S / = R[C In 10 

+ (B- I)T] (3) 

In (k/h) + (B- I)(In T + I)] (4) 

A C , , / = R(B - 1) (5) 

viations given in Table II for A / / / , ASV, and AC7,,/ are 
calculated from the standard deviations in A, B, and C, to­
gether with coefficients from the error correlation matrices 
given in eq 6 and 7 for A, B, and C taken in that order.18 

R (for H2O) 

R (for D2O) 

I 1.0000 
0.9998 

^-0.9998 

/ 1.0000 
0.9999 

,-0.9999 

0.9998 
1.0000 

-1.0000 

0.9999 
1.0000 

-1.0000 

-0.9998X 
-1.0000 (6) 
1.0000/ 

-0.9999 \ 
-1.0000 (7) 
1.0000/ 

As a check on the suitability of eq 2 and on the value of 
ACp* from eq 5, values of Ai/* were calculated for each 10° 
temperature interval from eq 8 and plotted against the 

Aff* = [RT1T2AT2 - T1)] In (Ze2T1A1T2) (8) 

arithmetic mean temperatures of the intervals. The plots 
are shown in Figure 1; the slope of such a plot is AC7,*. Al­
though the arithmetic mean temperatures are only approxi­
mations to the correctly defined temperatures for use in 
such a plot, this approximation should lead to no significant 
error in AC7,*.2 The least-squares slopes of the lines in Fig­
ure 1 are included in Table II; for both solvents, these slopes 
are identical, within the experimental uncertainty, with the 
values of AC7,

1 calculated from eq 5. 
While these papers were in preparation, an independent 

report1 la of values of A / / / , A S / , and AC7,,/ for the hy­
drolysis of ethyl trichloroacetate in light water appeared. 
Those values are included in Table II and are in satisfactory 
agreement with our values. 

The solvent isotope effect on &h, A:h,H2o/&h,D2o, can be 
seen from Table I to decrease monotonically as temperature 
increases. However, a short extrapolation (via eq 2) to tem­
peratures higher than those for which reliable values of 
^h.D2O could be measured predicts that ^h,H2o/^h.D2o will 
pass through a minimum value of 3.619 at 44.36°. This be­
havior is in qualitative agreement with that reported for sol­
vent isotope effects on the hydrolysis rates of carboxylic 
anhydrides;10 previous data for carboxylic ester hydrolyses9 

do not cover a sufficiently wide range of temperature to in­
dicate whether the solvent isotope effect passes through an 
extremum. For ethyl trichloroacetate at 25°, 5 [A/ / / 1 9 = 
- 4 0 2 ± 10 cal mol-1 and 5 | A S / = 1.25 ± 0.04 cal deg - 1 

mol - 1 ; also 5|ACp./ = 20 ± 2 cal deg - 1 mol - 1 , although an 
additional error of a few cal deg - 1 mol - 1 may be present in 
this last quantity because of the 10° difference between the 
midpoints of the temperature ranges investigated for the 
two solvents. 

Table II. Derived Parameters for the Uncatalyzed Hydrolysis of Ethyl Trichloroacetate0 

In H,06 In D,O* 

Ac 

Bc 

<y 
A//h*(298.15)d 

ASh*(298.15)e 

ACP,h*f 

ACP,h*8 

-5673.77 ±56.075 
-26.5256 ± 0.42382 

81.0467 ± 1.2369 
9653 ± 7 cal mol-1 

(9692 ± 28ca lmor , y 
-42.72 + 0.03 cal deg"1 mol" 

(-42.63 ± 0.09 cal deg-1 mol" 
-55 + 1 cal deg-1 mol"1 

(-57 ±4 cal deg"1 mol"1)'' 
-55 + 1 cal deg"1 mol-1 

)h 

-7115.19 ± 82.784 
-36.9788 ± 0.64616 
111.179 ± 1.8767 

10055 ± 7 cal mol-1 

-43.97 ± 0.02 cal deg"1 mol" 

-75 ± 1 cal deg"1 mol"1 

-76 ± 1 cal deg-1 mol"1 

a AU uncertainties are standard deviations. b Solvents contain 1.0 X 10 3 FNaClO4. c From eq 2. d From eq 3. e From eq 4. /From eq 5. 
S From the slopes of Figure 1. H From ref 11a. 
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Discussion 

Parameters for Carbonyl Addition. As discussed in the 
preceding paper,8 hydrolysis presumably takes place via the 
mechanism in eq 9. The first-order rate constants and acti-

o o - o 
Il k. I *„ Il 

(9) 

Table III. Parameters for the ft, Step" 

25° 45°" 

Cl3CC-OEt 

+ 2H2O 
fe-i 

Cl3CC--OEt 

OH 
+ H3O

+ 

— - Cl3CC-OH 

+ HOEt 
+ H2O 

vation parameters for the carbonyl addition (k\) step are 
related to the corresponding quantities observed for the 
overall hydrolysis by eq 10-14,1 0 , l l a where a = k-\/ki. 

fe, = feh(l + d) (10) 

LH1* = Atfh* + r ^ - ( A / / . / - LH2*) (11) 

A S / = ASh" + T—£ (AS . / - A S
2 " - RIn a) + 

R In (1 + a) (12) 

AC,,!* = AC,,h* + r ^ ( A C , , . 1 * - AC,,2*) + 

a ^LHJ-M1V (13) 
(1 + a)2 RT2 

*I ,H,O *h,H,o (1 + %,o) 

?1,D 20 ^h9D9O (1 + ttD2o) 
(14) 

Since values are known7'8 for all of the quantities on the 
right-hand sides of eq 10-14 except AC7,,-]* - ACP,2*, it is 
possible to evaluate k\, AH]*, ASi*, and A:I,H2O/&I,D2O; 
these values are given in Table III along with the value 
which ACp, i * would have if ACn,-, * = ACp12

1.20 

Carbonyl Addition Activated Complex Structure. The ki­
netic parameters which are observed for water-catalyzed 
addition of water to carbonyl groups have often2 ' -25 been 
regarded as implying the relatively tight binding of several 
(greater than two) water molecules into the activated com­
plex. One water molecule is presumably covalently bound to 
the carbonyl carbon in the transition state, a second is ab­
stracting a proton from the first, and many others are pres­
ent in the immediate neighborhood of the transition state. 
The question is: are any of those others sufficiently tightly 
bound to make it desirable to include them explicitly when 
writing the mechanism? For the carbonyl addition under 
study here, the values of AS1*, AC7,,]

1, and ^ I , H 2 O / ^ I , D 2 O 
can be compared with the corresponding parameters for 
model equilibria; these comparisons show that no binding in 
excess of that present in the solvation of stable ground-state 
molecules is required in order to account for the observed 
values. 

The k\ step (eq 9) converts reactants which have no 
charge separation into products which contain fully charged 
H 3 O + and CCl 3C(OEt)(OH)O- moieties. Attempts to esti­
mate the extent of charge separation in the transition state 
which lies between those end points can be made in two 
ways; unfortunately, these two methods of estimation give 
quite different answers. First consider the Br^nsted /3, 
which should be an approximate indicator of the extent of 
proton binding to the catalyzing base molecule in the transi­
tion state. The value of /3 for the general-base catalyzed hy­
drolysis of ethyl trichloroacetate is uncertain since values 
for only two bases (water and acetate) are known. However, 
the /3 for ethyl dichloroacetate hydrolysis is 0.47, and the 
acetate/water rate constant ratios for these two esters are 
nearly identical;26 thus /3 for ethyl trichloroacetate should 
be near 0.5. / / the two processes of proton transfer and nu-
cleophile-carbon bond formation have taken place to the 

103fc,,sec-' 
AH1*, kcal mor1 

AS1*, cal deg"' mol-1 

ACp1 *, cal deg"1 mol" 
*i ,H a o/fc i ,D a O 

1.01 ± 0.02c 
ca. 8.4<*>* 
ca. - 4 4 - ^ 
ca. -Sl^.i 
2.2 ± 0.2' 

2.48 + 0.06c 
7.3 ± 0.2d 

-47.6 ± 0.7/ 
-52 ± IM 

"Quoted uncertainties are standard deviations propagated from 
the standard deviations in Table II and ref 8. 6The midpoint of the 
temperature range covered by measurements of kjk^ is 45°.s 

eFrom eq 10 with k^ from Table I and a from ref 8. dFrom eq 11 
with AH^* from Table II (via eq 3) and other parameters from ref 
8. eAssuming AH^1* - AH2* to have the same value at 25° as at 
45°. /From eq 12 with AS^* from Table II (via eq 4) and other 
parameters from ref 8. £ Assuming AS^1* - AS2* to have the same 
value at 25° as at 45°. hFrom eq 13 with ACp,h* from Table II. 
assuming that ACp.t* = ACp,2* (see text). 'If ACp,h is signif­
icantly temperature dependent, then some additional small error in 
the estimated value of ACp,* could arise from the difference be­
tween the midpoints of the temperature ranges used for measuring 
ACp,h* (32° from Table I) and AHe* - AHh* (45°).'/From ref 
7; ionic strength = 1.0. The value of ap 0 ' s known only at 25° 
with ionic strength = 1.0. 

same extent when the reactants reach the transition state, 
then this value would suggest that charge separation is 
about half complete. A second estimate of the extent of 
charge separation can be made from the free energies of ac­
tivation for the forward {k\) and reverse (k-\) directions of 
the addition: AG,* = 21.5 and AG_i* ~ 3.8 kcal mol- ' . 7 

These values suggest that structural reorganization is ca. 
80-90% complete at the transition state. 

It is probable that /3 and AG* are most sensitive to differ­
ent structural components of the activation process (e.g., /3 
to the extent of proton transfer and AGi * to changes in car­
bon-oxygen covalent bonding); however, such speculation 
does not provide any sure basis for using either parameter 
to estimate the extent of charge separation. Further, the use 
of either as an indicator of activated complex structure 
carries the possibility of significant error; conclusions based 
on /3 can be wrong if interactions are present in the transi­
tion state which are absent in both the reactant and product 
states,27-28 and the use of AGi* and AG-i* in this way as­
sumes implicitly that the slope of the reaction profile (i.e., 
the slope of G° as a function of the reaction coordinate) has 
the same mean magnitude on both sides of the transition 
state. 

In the following discussion it will be shown that if charge 
separation has proceeded to the extent of ca. 90% in the 
transition state (in agreement with the AG* criterion), then 
neither enhanced hydrogen bonding nor additional orienta­
tion of solvent molecules is required by the values of AS]1 

and ACp.i* to be present in the transition state to an extent 
beyond that which is present in the equilibrium solvation of 
stable ground-state solutes. On the other hand, if charge 
separation has proceeded to the extent of only ca. 50% in 
the transition state (in agreement with the /3 criterion), then 
such hydrogen bonding or orientation is required to account 
for the values of ASi* and ACp, 1*. The value of /CI,H2O/ 
k 1 ,D2O could be consistent with either extent of charge sepa­
ration but depends on how that charge is distributed. 

Entropy and Heat Capacity of Activation. In the k \ step 
of eq 9, two processes occur which would be expected to 
contribute significantly to AS1*; a covalent bond is formed 
between a water oxygen and the carbonyl carbon, and 
charge separation occurs to give a positive charge on a Iy-
onium ion and a negative charge on the former carbonyl 
oxygen (or possibly on an O L - in the transition state.)29 '30 

The maximum contribution to AS\ * from the covalent bond 
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formation would correspond to formation of a full bond and 
should be close to that observed for the equilibrium addition 
of L2O to CCI3CHO in aqueous solution (about —26 cal 
deg - 1 mol - 1 for both H2O and D2O).31 The maximum con­
tribution from the charge separation would correspond to 
complete separation and should be close to that observed for 
the equilibrium ionization of CCl3CH(OH)2 to give 
CCl 3 CH(OH)O- + H 3 O + ( - 22 cal deg"1 mol- ' in 
H2O)32 or to that observed for the autoprotolysis of water 
(about - 2 7 cal deg- ' mol- ' for both H2O and D2O if L2O, 
L3O+ , and L O - all three have molar standard states).33 

The sum of these two maximum contributions to ASj* is 
thus either —48 or —53 cal deg - 1 mo l - ' (depending on the 
location of the negative charge). The value of AS] * is —44 
cal deg - 1 mol - 1 at 25° in H2O (Table III); this is ca. 80-
90% of that estimated to correspond to complete charge 
separation and bond formation and thus agrees with the 
AG* criterion. 

If charge separation were only about 50% complete in 
agreement with 0, then the contribution to ASi* from that 
source would be reduced to near —11 or —14 cal deg - 1 

mol - 1 . The contribution from covalent bond formation 
would remain near —26 cal deg - 1 mol_ i if the extent of 
that formation were reduced to near 50%, because changes 
in bond force constants do not lead to significant changes in 
vibrational entropies unless the bond order is near zero. The 
sum of these two contributions falls short of the observed 
—44 cal d e g - ' mol - 1 by 4 or 7 eu. This deficit could be 
made up by specially oriented or hydrogen-bonded waters; 
the contribution of each such water molecule should be 
somewhat less negative than -AS0(fusion) (ca. —5 cal 
deg - 1 mol- ' for both H2O and D2O).34 

The value, —52 cal deg - 1 mol - 1 (Table III), estimated 
for AC,,, 1 * in H2O is also ca. 90% of the value estimated for 
complete bond formation and charge separation. For equi­
librium addition of H2O to CH 3CHO, A C / « - 1 0 cal 
deg - 1 mol - 1 .6 For water autoprotolysis, AC7,

0 = —47 and 
—55 cal deg - 1 mol - 1 for H2O and D2O, respectively.35 For 
ionization of CCl3CH(OH)2 into H + and CCl3CH(O-
H ) O - , AC7,

0 is not known but is —37 cal deg - 1 mol - 1 for 
the closely related compound, CF3CH(OH)2 .3 2 The expect­
ed sum of the contributions to AC7,,]* from complete bond 
formation and charge separation is thus —47 to —57 cal 
deg - 1 mol - 1 . Contributions to AC7,, i* from additional hy­
drogen-bonded waters might be larger than the correspond­
ing contributions to ASi* since AC7,

0 (fusion) is significant­
ly larger (ca. 9 cal deg - 1 mol - 1) 3 1 than AS0 (fusion) and 
since heat capacity changes which accompany changes in 
solvation are often quite large.36 

Solvent Isotope Effect. In the above discussion of ASi* 
and AC7,,!*, explicit proposals of possible structures for the 
activated complex were deliberately avoided; those values 
can be explained by a wide range of structures; if any signif­
icant amounts of charge separation and covalent bonding 
are assumed to be present, inclusion of additional hydrogen-
bonded waters can bring the "predicted" values of ASi * 
and ACn 1 * into agreement with observation (or if the pre­
dictor prefers, a late transition state can be assumed to ex­
plain the observations without the invocation of additional 
waters). 

The value of &I ,H 2 OMI,D 2 O (2.2, Table III) can be ex­
plained easily only on the basis of a more restricted range of 
structures. For the assumed general-base catalyzed mecha­
nism, an "alpha" 30 structure is more likely than a "beta" 
structure. Five such a-structures are shown as 1-5. In these 
representations, a dotted line denotes a reacting bond, while 
a dashed line represents a stable hydrogen bond in which 
the proton lies in a potential minimum and participates in 
"solvation catalysis." 30 Structures 1 and 2 represent acti-

R L R 
6 - [ U " B ) " + / 6 - I 5+ / 
O — C - - - 0 - - - L — O 0 ^ C - - - O - L - - - 0 

EtO L I 
1 

R L 
6- 6« / 

O = C O-•-L---O 
I I \ 

EtO L L 
3 

R 

EtO L 

R L 
0 -6 ) * 6 , / 

-O—C-O-- -L-- -O 
I \ 

EtO L L 

8- I 6. / 
O ^ C - - - 0 - - - L - - - 0 

! I \ 
EtO L 

vated complexes for addition mechanisms in which carbon-
oxygen bonding defines the reaction coordinate in the rate-
determining step and lyon transfer either precedes (1) or 
follows (2) the rate-determining transition state. Similarly, 
3 and 4 depict activated complexes in which lyon transfer 
defines the reaction coordinate in the rate-determining step, 
and 5 is meant to portray the activated complex in a con­
certed or "diagonal" 37 mechanism. 

The ability of each of these structures to account for the 
observed solvent isotope effect can be assessed by Schow-
en's30 approximate method. Structure 1 can be eliminated 
immediately since the L 3 O + moiety which it contains would 
contribute a factor of (1.5)3 which is by itself far larger 
than the total observed effect of 2.2. 

Structure 4 can also be rejected. It implies a secondary 
contribution of ca. (1.5) l + 5 so that the primary contribution 
from the proton in transit could not exceed 2.2/1.5 = 1.5. 
Such a low primary effect would require either a very early 
(<5 » 0) or a very late (<5 » 1) transition state. A late transi­
tion state would lead to a secondary effect which was too 
large, and an early transition state could not account for the 
observed /3, AS 1 * and AC7,, 1 *. 

Structure 3 represents that class of transition states for 
which the dominant contribution to the activation process is 
similar to autoprotolysis. Such mechanisms have been pro­
posed29'30 to account for the very large solvent isotope ef­
fects sometimes observed for water-catalyzed additions of 
water since the secondary isotope effect by itself could be as 
large as 7. If 3 were correct for the addition under study 
here, then it would require 8 < 0.5. If 8 = 0.5, then the sim­
ple interpretation of /3 is correct, but no primary isotope ef­
fect from the lyon in transit could be present. While this is 
not impossible,38 we consider it to be less likely than the ex­
planation below based on structures 2 and 5. If 8 < 0.5, a 
primary effect up to a maximum value of 2.2 could be pres­
ent, but the small S value which is implied by such a low 
primary effect is again in conflict with conclusions based on 
/3, AS1* and AC7,,,*. 

Structures 2 and 5 are those which appear to be most 
probable. Both predict secondary isotope effects of (1.5)25, 
and 5 predicts that a primary contribution will also be pres­
ent. If the observed effect is entirely secondary, then 5 » 1; 
smaller values of 8 are possible if a small primary effect is 
present. Thus a relatively late transition state with either 
structure could account for the observed isotope effect with­
in the uncertainty of the Schowen approximation. 

The inverse solvent isotope effect7 on a is less easily ex­
plained.39 If the k2 transition state had the same general 
type of structure as the kx transition state (2 or 5 with the 
EtO and OL interchanged and about the same value of <5), 
then the range of expected values would be 1 < aH?o/«D2o 
< 1.5. If 3 were the structure of both transition states (that 
for Zc2 again having EtO and OL interchanged), the value 
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could be as high as 2. The inverse observed effect seems to 
require that the k-\ and k2 steps have different mecha­
nisms. For example, if the k2 transition state were of the 1, 
3, 4, or 5 type, while the k\ transition state had the 2 struc­
ture, then the solvent isotope effect on k2 could be larger 
than that on k-\, and the observed inverse effect on a could 
be explained. Perhaps such a dissymmetry in the mecha­
nisms of the two paths open to the intermediate could also 
account for their observed7 unsymmetric catalysis. 
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Abstract: The carbonic anhydrase (human C and bovine) catalyzed rate of exchange of oxygen-18 between bicarbonate and 
water was measured at chemical equilibrium with and without buffers. An increase of the buffer 1,2-dimethylimidazole (pK3 

= 8.3) from 0 to 10 mM was accompanied by an enhancement of up to 80% in the rate of catalyzed oxygen-18 exchange 
near pH 8.3; this enhancement diminished as pH increased. However, the rate of exchange was not further enhanced by the 
addition of buffer beyond a 10 mM concentration. Similar effects were observed using tris sulfate. The addition of these 
buffers had no influence on the uncatalyzed rate of oxygen-18 exchange. Furthermore, 1,3-dimethylimidazolium sulfate and 
pyrrole, which are not buffers in the pH range studied, did not increase the carbonic anhydrase catalyzed exchange rate. 
Ionic strength was held constant in all experiments using Na2SO<i; bicarbonate concentrations were as low as 0.5 mM, and 
enzyme was 5 X 1O-9 M. We interpret these results as evidence for the involvement of a buffer-assisted proton transfer in 
the hydration-dehydration mechanism of carbonic anhydrase. In the absence of added buffers, the enzymatic rate is deter­
mined by alternating hydration-dehydration steps at equilibrium, which do not require proton transfer to the enzyme. In ad­
dition, bicarbonate itself may act as a buffer. As the buffer concentration is increased, the exchange data show a change in 
the rate-determining step. In the region of low buffer concentration, proton transfer is rate limiting and the catalytic ex­
change rate increases as buffer increases. Near 10 mM buffer, the maximum enzyme activity is reached and further buffer 
does not affect the catalytic rate. 
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