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The temperature dependence of the rates of neutral hydrolysis of a series of alkyl trifluoroacetates 
(CF3COOR; R = methyl, ethyl, s-propyl, t-butyl) has been determined in both light and heavy water. 
From these studies the thermodynamic parameters (AH*, AS*) which characterize the activation process 
have been calculated. Sufficient rate data have been obtained in the case of the ethyl ester to calculate the 
heat capacity of activation (AC,*) for the hydrolysis of this compound in light water. Both the entropies 
and enthalpies of activation as well as the solvent isotope effects are consistent with the proposal that the 
primary and secondary esters react by an acyl-oxygen B,,2 mechanism, in contrast to the tertiary ester, 
which appears to react either by a carbonium ion (SN1) process or by a route which combines both the 
B,,2 and SN1 paths. 
Canadian Journal o f  Chemistry, 46,2887 (1968) 

Introduction Experimental 
The rate of neutral or spontaneous hydrolysis 

of simple alkyl esters related to the halogeno- 
acetic acids has frequently been studied (1-1 I), 
although no systematic body of rate data is 
currently available concerning the reactivity of 
these substances in pure water and deuterium 
oxide. The present study surveys the temperature 
dependence of the rates of hydrolysis in pure 
water and deuterium oxide of four esters derived 
from trifluoroacetic acid (CF,COOR; R = Me, 
Et, s-Pr, and t-Bu). 

On the basis of 180 tracer studies Bunton and 
Hadwick (8) have concluded that the sponta- 
neous hydrolysis of methyl trifluoroacetate in 
pure water takes place by an acyl-oxygen fission 
mechanism (BAC2). On the other hand, Moffat 
and Hunt (I) consider that t-butyl trifluoroace- 
tate reacts in acetone-water mixtures by a car- 
bonium ion (SNl) mechanism since the extent of 
olefin formation in this reaction is similar to that 
produced by the t-butyl halides reacting in the 
same media. These separate observations suggest 
that a change in mechanism (BAC2 -t SN1) is to 
be anticipated in the hydrolysis reactions of the 
series of trifluoroacetates mentioned above. A 
further aim of the present study was to locate 
the point or region of mechanistic change using 
the thermodynamic parameters (AG*, AH*, AS*, 
and ACp*), as well as the ratio of the rates of 
hydrolysis of each substrate in light and heavy 
water. 

General 
Nuclear magnetic resonance (n.m.r.) spectra were 

recorded on a Varian A-60 spectrometer and peaks are 
recorded on the r scale relative to tetramethylsilane as an 
internal reference. Carbon tetrachloride was used as a 
solvent. Infrared spectra were recorded on a Perkin- 
Elmer model 225 spectrometer using the liquid cell tech- 
nique with solvent carbon tetrachloride. 

Materials 
The methyl and ethyl trifluoroacetates were Fluka 

A.G. purum grade and were distilled prior t o  use. The 
s-propyl and t-butyl trifluoroacetates were prepared 
from the corresponding alcohols and trifluoroacetic 
anhydride in the presence of a small amount of silver 
trifluoroacetate (12). The boiling points and refractive 
indices agreed with the literature values (1-3, 12) and 
saponification values indicated that the esters were better 
than 98 % pure. The r values and carbonyl stretching fre- 
quencies for these esters are recorded in Table I. The 
excellent first order plots obtained from the kinetic 
studies also demonstrate the kinetic homogeneity of each 
sample used. 

Solutions 
(a) Light Water 
Solutions in the range 10-5-10-4 M of each ester 

were prepared by injecting the appropriate volume of 

TABLE I 
Physical properties of some esters 
derived from trifluoroacetic acid 

Nuclear mag- Infrared 
netic resonance v(C==p) 

Ester ( 4  (cm- ) 

'NBe Martin. *Literature values in parentheses are given in ref. 12. 
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ester from a micro syringe into stirred cells of a design 
similar to that originally described by Hyne and Robert- 
son (13). The cells had been previously filled with backing 
electrolyte which was prepared by allowing a suitable 
amount of the appropriate substrate to react with deion- 
ized water so as to reduce the initial resistance of the 
solution to a convenient value. In situations where super- 
saturation was prevalent, a saturated solution of the 
appropriate ester was prepared at the required tempera- 
ture. An aliquot of this solution (1 ml) was then with- 
drawn and injected into a suitable volume of backing 
electrolyte already in the cell. 

(b)  Heavy Water 
Deuterium oxide (ca. 11) was obtained from Atomic 

Energy of Canada and was used several times with no 
appreciable decrease in purity. Solutions were prepared 
as for light water. Following each set of runs the con- 
taminated heavy water was redistilled from a small 
amount of anhydrous sodium carbonate in an all glass 
apparatus. Subsequent analysis of the distillate using 
n.m.r. with purified acetonitrile as an internal standard, 
showed that the hydrogen content of the solvent collected 
from these distillations did not exceed 0.5 % by weight. 

Rate Measurements 
The rate measurements were made using the conduc- 

tance method, based on the Guggenheim treatment (14) 
in a form originally elaborated by Robertson (15). The 
equipment that was used was essentially that described 
in ref. 15 with minor modifications (16). Temperatures 
were measured by means of a Tinsley platinum resis- 
tance thermometer and bridge. The former was calibrated 
by the National Physical Laboratory, Teddington, 
England. 

The excellence of the Guggenheim-Robertson Method 
(G.R.M.) for determining solvolytic rates in pure water is 
now well established in cases where the acid related to 
the leaving group is strong (14). Since trifluoroacetic 
acid is relatively weak, (pK, = 0.23' at 25 "C (18)) the 
use and validity of the G.R.M. in this study requires fur- 
ther comment. For strong acids the reliability of the 
G.R.M. rests on the existence of a linear relationship 
between the conductance and concentration of the acid 
in a given reaction vessel. In the case of a weak acid 
(because of incomplete dissociation), this may not be 
correct and a quantitative assessment of the possible 
influence on this factor is required. 

Ives (20) has suggested that the classical Ostwald Dilu- 
tion Law stated in terms of conductance parameters, in 
a form which neglects the effect of ionic strength on both 
the activity and mobility of the ions of the weak electro- 
lyte, accurately represents the variation of the equivalent 
conductance of the weak electrolyte as a function of con- 
centration at high dilution (< M). For our present 
purpose Ives' proposal means that the variation of the 
equivalent conductance (A) of the weak electrolyte with 
concentration (C) is accurately represented by the equa- 
tion 

ZAn alternative pK, value of -0.26 has been quoted 
for trifluoroacetic acid by 0. Redlich and G. C. Hood 
(19). There appears to be some uncertainty concerning 
the pK, of this acid. 

where A. is the limiting equivalent conductance of the 
weak electrolyte and Kc is the classical dissociation con- 
stant which has not been corrected for either the variation 
of activities or mobilities with ionic strength. The equiva- 
lent conductance A is related to the experimental param- 
eters by the equation 

where R is the resistance, in ohms, of a solution of the 
electrolyte containing C moles/l in a cell of cell constant 
K. 

Combining eqs. [ I ]  and [2] gives after some manipu- 
lation 
t31 C = P/R + PZ/KcRZ 

where P is defined by the equation 

This latter quantity at a fixed temperature will be a con- 
stant, for a given electrolyte and reaction vessel (cell). 
Equation [3] shows that the simple relationship between 
the concentration of the acid and the reciprocal of the 
resistance used by Robertson (15) for strong acids, is 
modified in the case of a weak acid by a further term 
PZ/KcR2. 

The Guggenheim equation for the evaluation of the 
pseudo first order rate constant in a solvolysis experiment 
is 

[5] C,+ , - C, = Co exp -kt [l - exp (- ks)] 

where C,+, is the concentration of the product (acid) a t  
time t +  s and C, is the concentration at time t; Co is the 
initial concentration of ester, k is the pseudo first order 
rate constant and z is the arbitrary time interval between 
the two sets of observations required in a Guggenheim 
first order rate constant determination. Combining eqs. 
[3] and [5] gives after some manipulation 

[61 log (llRr+ - l /RJ  + 
log [1 + P(l/Rr+r + 1IRr)IKcI 

= log Co[l - exp (-kz)]/P - kt/2.3026 

Since the first term on the RHS of eq. [6] is a constant in 
any given experiment, a plot of log ( l /R,+,  - 1/R,) ver- 
sus time will only be linear if the second term on the LHS 
of eq. [6] is negligible. If, A. and Kc for the weak acid are  
known it is possible to calculate the magnitude of this 
particular term and hence estimate the importance of the 
second term in eq. [6]. A typical calculation of this sort is 
displayed in Table I1 (see columns 6 and 7). The effect of 
the second term on the LHS of eq. [6] is clearly very 
small and well outside the limits of reproducibility offered 
by the G.R.M. (see ref. 17). 

A further requirement of any precise determination of 
a rate constant is that this parameter should be constant 
over the complete reaction. Since the hydrolyses of tri- 
fluoroacetates are known to be acid catalyzed (6-8) it was 
important to demonstrate that no autocatalysis occurred 
with the present systems. The G.R.M. requires at least 
three half-lives for the determination of a rate constant 
since the parameters R,+, and R, are each observed over 
the period of one half-life (t,,,) and ideally the interval 
between the two sets of observations should satisfy the 
condition z > 2tIl2. This means that the rate constants as  
usually determined represent at least 87.5% of a com- 
plete reaction. This period was deliberately extended in 
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WINTER AND SCOTT: STUDIES IN SOLVOLYSIS. PART I 

TABLE I1 
Typical calculation for the determination* of a fist  order rate constant using eq. [6], T = 14.95 "C 

Time (l/Rr+x - l/Rd + l/Rt+t)P/Kc log D + 
(s) R, R,+, x 105 = D + l = ~  log D log M 

--- 

*P = K x 103/Ao calculated from A. (CF3COOH)* = 332 and Kc = 0.652. K = 0.1966; cell constant obtained via a solution of 
knolvn equivalent conductance. The former parameters were extrapolated to 15 "C using data from ref. 21. 

TABLE I11 
Rates of hydrolysis of ethyl trifluoroacetate 

*!I = number of separate runs a t  given temperature. 

the present study by measuring the resistances of a react- 
ing solution over four separate half-lives and observing 
the resistances at identical time intervals. The separation 
between the individual sets of observations was small, 
i.e. as soon as one set of measurements was complete the 
next set was started. From the four sets of resistances 
obtained in this way, three rate constants may be ob- 
tained and one of these covers at least 93.3 % of the reac- 
tion. The average rate constant from the four sets of 
observations was 1.762 ( k  0.004) x s-'. This 
particular experiment confirms that there is no percep- 
tible acid catalysis in these reactions and that the linear 
relationship between the conductance and the concentra- 
tion of the product (acid) is valid over the range of sub- 
strate concentrations used. 

The rate constants which have been measured in light 
and heavy water for the esters (R = Me, Et, s-Pr, and t- 
Bu) are recorded in Tables I11 and IV, together with the 
r.m.s. deviation obtained from 'TI' separate large scale 
first order plots. For the ethyl ester the temperature 
dependence of the rates could be expressed within the 
experimental error by the equation 

The numerical coefficients in eq. [7] were established 
by a least squares treatment (the individual rates were 
used; not the averageexperimental rates reported inTable 
111), and were converted to the thermodynamic quantities 
AHo+, ASo*, AC,', AH*, and AS*, using the procedure 
originally proposed by Robertson (17) (see Table VI). 

The temperature dependence of the methyl, s-propyl, 
and t-butyl esters over a shorter temperature interval 
reacting in light water was adequately represented by the 
equation 

18 1 log k/T = A/T + B 

and the same equation was also used to represent the 
temperature dependence of each ester reacting in heavy 
water. Values of A and B for each ester were determined 
by a least squares procedure (without averaging the indi- 
vidual rate constants at each temperature) and converted 
to the thermodynamic parameters AH* and AS*  via the 
relationships, 

[9 I A = - AH*/2.3026~ 
and 

[lo] B = AS*/2.3026R + log (kllz) 

The symbols R, k, and k in eqs. [91 and [lo] have their 
usual significance. The enthalpies and entropies of acti- 
vation calculated in this way are detailed in Table V for 
both light and heavy water. The k(H20)/k(D,0) ratios 
for each ester are reported in Table IV and are probably 
accurate to ca. 2 1.0 %. 

Discussion 

Relative Rates - Free Energies of Activation 
It is generally accepted that free energies of 

activation provide the most useful parameters 
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TABLE IV 
Rate constants and isotope effects for the solvolysis of trifluoroacetates in water 

and deuterium oxide 

T k(H,O) x lo4 (n) k(D,O) x 104(n) k(H,O)/ 
Ester PC) (s-I) (s-l) k(D20)* 

'Values calculated from rate constants which have been smoothed using eq. [8]. 

TABLE V 
Thermodynamic parameters for the solvolysis of trifluoroacetates in 

water and deuterium oxide (derived from the rates reported 
in Table IV) 

AH* (H20) AH' (Dz0) AS* (HzO) AS* @zO) 
Ester (kcal/mole) (kcal/mole) (e.u.) (e.u.) 

TABLE VI 
Thermodynamic parameters for the 
hydrolysis of ethyl trifluoroacetate 
in water at various temperatures 

T A HT* AST* 
("K) (kcal/mole)* (e.u.)* 

'Calculated using the usual thermodyna- 
mic expressions with AC,* = -66.95 cal 
mole-' deg-'. 

for discussing the influence of structure on the 
reactivity of organic molecules and much has 
been written to substantiate this point of view 
(22-26). The present series of solvolytic sub- 
strates would appear to offer an interesting ex- 
ception to this principle. Thus the relative rates 
of hydrolysis of the four esters follow the se- 
quence Me >Et > s-Pr > t-Bu at 3.37 "C and 
give an acceptable Taft (27) linear free energy 
relationship at this temperature (see Fig. 1). 

This correlation suggests that a common 
mechanism is operating and that the reactivities 
of the esters are dominated by the inductive 
effect of the alkyl group. Further inspection, 
however. reveals that these ideas are untenable. 

Thus extrapolation of the rates of solvolysis 
to 25 "C gives a sequence of reactivity Me > 
Et > t-Bu > s-Pr leading to the breakdown of 
the Taft correlation for the tertiary ester (see 
Fig. 1). Moreover, the sequence of reactivity 
observed at 3.37 "C is typical of SN2 processes 
but the range of reactivity is rather small when 
compared with better established SN2 reactions 
(28). On the other hand, the trend in reactivities 
at  25 "C is typical of an SN2-SN1 sequence with 
the change in mechanism occurring in the region 
of the s-Pr ester, but again the range of reactivity 
is relatively small. However, these mechanistic 
conclusions based solely on relative rates are 
inconsistent with the H,"O and olefin produc- 
tion studies mentioned in the introduction. 
These latter experiments are best interpreted in 
terms of acyl-oxygen fission for the methyl ester 
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WINTER AND SCOTT: STUD1 !ES IN SOLVOLYSIS. PART 1 2891 

FIG. 1. Correlation of rates of hydrolysis of alkyl 
trifluoroacetates with the Taft o* parameter. A extra- 
polated rates at 25 "C; Q extrapolated rates at 3.73 "C; 
the scale on right hand side IS for rates at 25 "C. 

and alkyl oxygen fission (SN1 ?)3 for the ter- 
tiary ester. The point of change in mechanism 
(BAc2 -t SN1) for the complete series of sub- 
strates clearly remains to be established. 

The observation that the rates of hydrolysis 
of a series of ethyl esters derived from a se- 
quence of halogenoacetic acids decrease as the 
pKa of the related acid increases (see Table VII), 
suggests that nucleophilic attack at the carbonyl 
carbon is the main driving force for the ethyl 

TABLE VII 
Rates of neutral hydrolysis of a series of 

ethyl esters related to acetic acid 

Ester PK, * k (s-' at 25 "C) 

*Taken from ref. 18, value in parentheses from ref. 19. 
tThis work. 
SReference 29. 
$From ref. 4, with a rough correction for ionic strength effects. 

3The possibility of a mechanistic trichotomy has not 
been overlooked. If mixed kinetics is a valid concept it is 
feasible to assume that the tertiary ester might react by 
three routes, i.e. BA,2, SN1, and SN2. The problem of decid- 
ing between the SN1-SN2 description for the tertiary ester 
is outside the scope of the present study but the prob- 
lem is recognized. The incursion of a mixed BA,2-SN1 
process will, however, be discussed here below. 

esters and we therefore conclude that ethyl tri- 
fluoroacetate also reacts by the BAc2 mechanism. 
This is the limit of useful information which 
can be gleaned from a consideration of relative 
rates alone, but we wish to emphasize again that 
without ancillary information, these quantities 
are mechanistically ambiguous. 

Enthalpies and Entropies of Activatiorl 
If the free energies of activation prove to be 

mechanistically equivocal, the same cannot be 
said of the entropies and enthalpies of activation. 
These parameters fall into two distinct catego- 
ries, the primary and secondary esters which 
have enthalpies of activation which are virtually 
constant at 10.5 kcal/mole, and the entropies of 
activation which are relatively constant in the 
vicinity of 35 e.u. The second category is pro- 
vided by the tertiary ester which shows dramatic 
changes from the parameters listed above. For 
this ester the enthalpy of activation is ca. 15 
kcal/mole higher than that observed for the 
primary and secondary esters and the entropy 
of activation is ca. 50 e.u. more positive. The 
above considerations are consistent with the 
BAC2 description for the primary and secondary 
esters and alkyl-oxygen fission (SN1) for the 
tertiary ester. The actual magnitude of the en- 
thalpies and entropies of activation are also 
comparable with the 'average values' of thermo- 
dynamic parameters which characterize these 
two mechanisms (for a detailed discussion, see 
refs. 30, 31, and 16). 

Solvent Isotope Effect 
Further substantiation of these mechanistic 

conclusions obtained from the response of AH* 
and AS* to structure is provided by the solvent 
isotope effect (s.i.e.) studies. Thus the primary 
and secondary esters give s.i.e. ratios in the 
range 3.4-3.8, which have predicted to be 
characteristic of spontaneous BAc2 processes 
(32). On the other hand, the tertiary ester gives 
a s.i.e. ratio of 1.2 which is typical of a wide 
range SN1-SN2 substrates studied by Laughton 
and Robertson (33-36). The s.i.e. is considered 
to be a rather blunt tool for distinguishing be- 
tween SN1 and SN2 solvolytic processes (37). The 
data in Table V shows that the s.i.e. arises from 
concomitant changes in both the enthalpies 
and entropies of activation, but any attempt to 
rationalize such a dissection of the isotope 
effect would seem premature. These observations 
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do, however, suggest that the zero-point energy 
model used by Bunton and Shiner (32) is over- 
simplified. Some further points concerning the 
solvent isotope effects are discussed in the sec- 
tion (given below) dealing with heat capacities 
of activation. 

The Heat Capacities of Activation 
The heat capacity of activation for ethyl tri- 

fluoroacetate (- 66.95 cal mole-' deg- ') ap- 
proximately bisects the range of values (-30 -t 

- 100 cal mole- ' deg- ') obtained by Laughton 
and Robertson (33) and others (38) who have 
measured this parameter in water and mixed 
solvents for a wide range of solvolytic sub- 
strates and attempted to use it to build a more 
complete description of solvolytic displacement 
reactions. A detailed understanding of the mag- 
nitude of the heat capacity of activation for any 
particular substrate seems out of the question at  
the present time, but several qualitative points 
arising from the present study are worthy of 
mention. Since the evidence presented above 
indicates that the ethyl ester solvolyses by a BAc2 
mechanism it is clear that heat capacities of 
activation alone will not distinguish between 
this path and the SN1-SN2 type mechanisms. 
However, it may be possible to distinguish be- 
tween the BAc2 mechanism and the SN1-SN2 
type via ACp* within a series of trifluoroace- 
tates. A decision with regard to this matter must 
await f~~r the r  work in progress in the laboratory. 

The strongly negative entropies and heat 
capacities of activation which appear to charac- 
terize the BAC2 process (30) suggest that activa- 
tion involves the cooperation of several solvent 
molecules. Similar proposals with regard to the 
composition of the activated complex have been 
put forward for SN1-SN2 reactions although the 
entropies of activatioil for these substrates may 
be both positive and negative (17) contrasting 
with the heat capacity of activation, which is 
invariably negative. The latter presents some 
rather awkward interpretative problems. It  has 
been cogently argued (37) that the magnitude 
and sign of the heat capacity of activation is 
primarily a consequence of the variable heat 
content of the initial state solvation shell which 
is generally expected to show a maximum sta- 
bility as the interaction of the water envelope 
with the substrate decreases. This rather curious 
conclusion is a consequence of the peculiar 
properties of aqueous solutions of neutral 

molecules. Substances which contain no lyo- 
philic groups, e.g. carbonyl or sulfoxide, induce 
the solvent to interact more strongly with itself 
and form a stronger 'iceberg'. Those substrates 
which contain hydrogen bonding groups such as 
those mentioned above, tend to reduce the 
stability of the 'iceberg' by providing centers of 
interaction between the solvent and solute, 
which partially 'liberates' the surrounding water 
molecules from the 'frozen' structure of the 
water in the immediate vicinity of the substrate. 
Arguments of this kind provide a qualitative 
explanation of the more positive heat capacities 
of activation observed for the sulfonates as 
compared with the halides (39). However, the 
heat capacity of activation for  ethyl trifluoro- 
acetate is approximately 30 cal mole-' deg-' 
more negative than the sulfonates although both 
series of compounds evidently contain hydrogen- 
bonding groups. This is presumably a conse- 
quence of an intrinsically more negative heat 
capacity of activation for the BAc2 mechanism, 
and this proposal is in line with the shift in the 
entropy of activation between the sulfonates 
(17) and structurally related trifluoroacetates. 

For the SN1-SN2 solvolytic displacements 
Robertson and Laughton (40) have proposed 
that the magnitude of the s.i.e. is a manifestation 
of the same factors which determine the magni- 
tude of the heat capacity of activation, i.e. 
the stability of the initial state solvation shell.4 
Thus the more positive heat capacities of activa- 
tion of the sulfonates compared with the halides 
correlate with a reduced s.i.e. for the former 
series of compounds. The limited heat capacity 
data reported here do not confirm this correla- 
tion since a marked increase i n  the s.i.e. which 
characterizes the BAc2 mechanism is accom- 
panied by only a moderate shift in the heat 
capacity of activation. 

It is worth pointing out at  this juncture that 
if solvent isotope effects are t o  be rationalized 
in terms of zero-point energies (32) the statistical 
theory of equilibria vitiates any fundamental 
correlation between the s.i.e. and ACp* since 
zero-point energies make no contribution to 
heat capacities. 

Sonze Further General Comments 
In the present communication we have 

attempted to assign the mechailism of four rate 

4For another point of view, however, see refs. 41 and 
42. 
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processes on the basis of the thermodynamic 
parameters and solvent isotope effects which 
characterize the thermal activation of these 
molecules. We are fully aware of the limitations 
of such a procedure and in the present section 
we wish to examine these limitations more 
closely. Although the response of AH* and AS* 
to structural changes in the present series of 
substrates is marked, the question arises as to 
just how different such parameters must be 
before a change in mechanism can be legitimately 
inferred. We are forced to the conclusion that 
there is no satisfactory answer to this question 
at the present time and it must be admitted that 
without the product and tracer studies men- 
tioned earlier in this paper the present data 
would only be marginally convincing. Taken 
together, however, the two types of evidence 
make the case for a change in mechanism that 
much stronger. The possibility that the tertiary 
ester reacts by a mixed BAc2/SN1 mechanism 
cannot be ruled out. Bunton and Hadwick (7) 
have shown that benzhydryl trifluoroacetate 

1 has an activation energy which increases with 
I temperature and the present data for the tertiary 
I ester also manifests an activation energy which 

increases with temperature, but the range of 
temperatures studied is too small to warrant ' any definite conclusion concerning this matter 
at the present time. If this trend is verified by 
future studies which are now underway, then 

I the thermodynamic parameters reported for the 
tertiary ester will not be appropriate to a single 
process. Nevertheless, a change of mechanism 
in these circumstances is still evident but the 
change is not complete. Such a description is 
consistent with the sensitivity of the Taft corre- 
lation to temperature. 

There are several reasons for expecting a 
change of mechanism in the hydrolysis reaction 
of the four esters studied. The most important 
of these is the increased stability of the trimethyl 
carbonium ion compared with the corresponding 
carbonium ions derived from the primary and 
secondary esters. However, other factors will 
tend to decrease the stability of the transition 

, state for the BAc2 process as the size of the alkyl 
I group increases. The formation of a tetrahedral 
I intermediate (43) will involve a decrease in the 
1 CF,-alkyl group distance and this would be 

expected to raise the energy of the transition 1 state in the order f-Bu > s-Pr > Et > Me. 
Although the inductive effect of the alkyl groups 

is attenuated by the intervening oxygen atom, 
this effect will also follow the steric effect men- 
tioned above and will raise the energy of the 
transition state by reducing the positive charge 
at the carbonyl carbon atom. All of the factors 
mentioned above will decrease the stability of 
the BAc2 transition state with increasing cl- 

methylation and it is reasonable to deduce that 
alkyl-oxygen fission becomes an important 
reaction path for the tertiary ester. 
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