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Abstract: The free energies of addition of nucleophiles to aromatic and conjugated aldehydes as well as to acyl derivatives have 
been estimated by an empirical method. The overall free-energy change upon addition is divided into two contributions: the 
change in free energy associated with the interruption of conjugation between the carbonyl function and the aromatic or ethyl-
enic group or the lone pair of the NR2, OR, or SR group, called the localization free energy; the change in free energy due to 
the addition of the nucleophile to the localized form. The localization free energy is obtained for aldehydes and amides from 
rotational barriers and for other derivatives indirectly from thermodynamic cycles. The free energy of addition to the localized 
form is calculated by extrapolation of the linear free-energy relationships of addition of the nucleophile to saturated carbonyl 
compounds. Only the resonance and inductive contributions of the aromatic, ethylenic, or X group have been considered; their 
steric effect has been neglected. The number of assumptions required for the calculations limits the accuracy of the results in 
the present form. For simple conjugated carbonyl and acyl compounds, the calculated free energies are generally within 2 kcal 
of those obtained by direct equilibrium measurements or from the analysis of the kinetics of the corresponding transacylation 
reactions. For unhindered acyl derivatives, the localization free energies are between 22 and 15 kcal/mol for amides and ani-
lides, between 18 and 14 kcal/mol for acids and esters depending on the structure, and 11 kcal/mol for ethylthioacetate. 

The equilibria of addition of nucleophiles to carbonyl 
compounds have been investigated very actively in recent years 
and a clear picture is now emerging from the effort devoted to 
the study of these reactions. It has been suggested for a long 
time that transacylation reactions go by an addition elimination 
mechanism through a tetrahedral intermediate. The inter­
mediates at the acyl level of oxidation are generally very un­
stable and have been isolated or detected in relatively few 
cases.2 Their involvement in a transacylation reaction was first 
proven for the acid and basic hydrolysis of esters by Bender.3 

The demonstration of their existence on the reaction pathway 
rests for most reactions on the analysis of the kinetics: from the 
observation of a change in rate-determining step with pH or 
buffer concentration, or from a variation in product distribu­
tion with no change in the overall rate.4 

Careful analysis of the kinetics of some transacylation re­
actions has even led to the determination of the equilibrium 
constant of formation of one of the tautomeric forms of the 
tetrahedral intermediate lying on the reaction pathway.5 

Recently, in a series of papers, Guthrie6 has developed an 
interesting method which allows him to obtain the free energies 
of hydration or alcohol addition to formic and acetic acids, 
their methyl esters and dimethyl amides, and trifluoroacetic 
acid and its methyl ester. This method is based on the experi­
mental determination of the heat of hydrolysis of ortho esters 
and ortho amide-dimethyl acetals, and on the use of a linear 
free-energy correlation of carbon basicities in alcohol and diol 
series. This approach rests on a sound thermodynamic basis 
and leads to a reasonably good determination of the free 
energies of addition of nucleophiles to the acyl derivatives 
mentioned. It is nevertheless limited by the fact that few ortho 
esters or ortho amides can be prepared so that a general picture 
of the effect of structure on the equilibria of formation of the 
intermediates by that system alone is difficult to obtain. 

We have used a different approach to the same problem, 
resting on the old idea that the instability of the tetrahedral 
intermediates at the acyl level of oxidation is due to the reso­
nance energy loss accompanying the addition of the nucleo­
phile. The equilibrium constant of addition of the nucleophile 
to the nondelocalized form of the acyl derivative is obtained 
from a free-energy correlation. The same method is applied 
to the calculation of equilibria of addition of nucleophiles to 
conjugated aldehydes. 

To the extent that both methods are based on different ap­
proaches and rest on different sets of experimental data, they 
appear to be complementary and should contribute to give a 
more detailed picture of the field. 

Method of Calculation. The instability of tetrahedral in­
termediates of transacylation reactions is due to the fact that 
the resonance energy of the carboxylic function must be lost 
during the addition of the nucleophile. For the purpose of es­
timating the free-energy difference between the reagents and 
the addition product, the overall process can be divided into 
two steps (Scheme I), where X and Y can be NR2, OR, SR, 

Scheme I 
OH 

R - C ; + H - Y - — = = * R—C—X 

or halogen. Then we have eq. 1 

A(7TO - AGioc + AGadd. x (1) 

In the first step, the conjugation between the lone pair of the 
X group and the carbonyl group is interrupted; in the second 
step, the nucleophile adds to the nonconjugated form of the 
acyl derivative. 

It is thus necessary to find a reliable method for measuring 
the localization free energy, in other words, the free-energy 
difference between the conjugated form (I) and the noncon­
jugated form (II) of the acyl derivative. For the second step, 
the assumption is made that the nonconjugated form will be­
have like an aldehyde or a ketone for the addition of the nu­
cleophile. The free-energy difference corresponding to this step 
can be estimated by the application of linear free-energy re-
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lationships for the addition of nucleophiles to aldehydes and 
ketones. 

A. Equilibria of Addition of Nucleophiles to Nonconjugated 
Forms. The equilibrium of addition of a nucleophile to the 
nonconjugated form of the acyl derivative will be calculated 
from the equilibrium of addition of the same nucleophile to the 
corresponding aldehyde, corrected for the difference in in-

OH 

R - C + H - Y "*=— R—C—Y 

i 
ductive effect between hydrogen and the X group by the ap­
plication of the linear free-energy relationship (eq 2). 

log tfadd. x = log KM + p*(a*x ~ <T*H) (2) 

1. The p* Value and the Choice of the Reference Compound. 
The general picture of substituent effects on the addition of 
nucleophiles to carbonyl compounds is presently well under­
stood. The best-studied reaction is the hydration reaction for 
which a large amount of data is available. The equilibrium 
constants of the hydrations of aldehydes and ketones have been 
correlated by a Taft equation applicable to derivatives in which 
the C=O group is not conjugated to a double bond or an aro­
matic ring. Several correlations have been proposed, the best 
known ones by Bell7 and Greenzaid.8 The latter correlates the 
hydration equilibrium constants for aldehydes and ketones on 
separate lines and formaldehyde is considered as a special 
case 

-log A:diss= 1.70 Sff* +2.03A-2.81 (3) 

where A is the number of aldehydic protons. Accordingly, the 
large difference between ketones, aldehydes, and formaldehyde 
will not be attributed to a steric effect but to an adjacent bond 
interaction effect analogous to a hyperconjugative stabilization. 
This seems reasonable to the extent that acetone hydrate is 
isosteric with neopentane which is essentially a strain-free 
molecule.9 Also the enthalpy of reduction of acetone is 3.00 
kcal less than that of acetaldehyde, itself 3.78 kcal less than 
that of formaldehyde;10 here too a steric effect is unlikely. 

This interpretation of the difference between ketones, al­
dehydes, and formaldehyde as an adjacent bond interaction 
effect has an important consequence for the choice of the ref­
erence compound used to calculate the equilibrium constant 
of addition to the nonconjugated form of the acyl derivative. 
The corresponding aldehyde (RCOH) and not the methyl 
ketone (RCOCH3) must be used as a starting point because 
the methyl group interacts with the C = O group both by in­
ductive (a* = 0) and hyperconjugative effects, and we want 
to take into account only the difference in inductive effect 
between the X group and the reference group. 

An accurate p* value is not available for the addition of 
every class of nucleophiles to carbonyl compounds in water. 
In the aliphatic series, good values are available only for hy­
dration (p* = 1.70 ± 0.07)8 and hemiacetal formation (p* = 
1.36 ± 0.19).'2 In the aromatic series, on the other hand, data 
are available for oxygen, sulfur, and nitrogen nucleophiles. The 
following p values have been reported: 1.1 for hydration,13 1.44 
for bisulfite addition,14 1.81 for semicarbazide addition in 25% 
ethanol,15 and 2.0 for methanol addition in methanol.16 The 
last two values appear to be comparatively large but they have 
been obtained in 25% ethanol and in methanol, respectively. 
The p values tend to increase with the decrease in solvent po­
larity; in these solvents, the p values for the ionization of ben­
zoic acid are 1.27l7a and 1.537,17b respectively. Much of the 
increase in p observed for semicarbazide and methanol addition 
is likely to be due to a solvent effect. That the p value remains 
relatively constant for most nucleophiles is shown by the ob­

servation of Sander and Jencks18 that the equilibrium constants 
of addition of nucleophiles to p-chlorobenzaldehyde can be 
correlated by an equation log K&i = A7 + A where 7 is the log 
of the ratio of the equilibrium constants of the addition of the 
nucleophile and methylamine to pyridine-4-carboxaldehyde. 
The slope A is close to unity. The data for formaldehyde are 
correlated in the same way although amines and alcohols fall 
on different lines. We have obtained a similar correlation for 
acetaldehyde with a A value of 1.03 ± 0.12 (r = 0.983) with 
oxygen and nitrogen nucleophiles on the same line.19 

We feel that in making the approximation that the p* value 
for the Taft relationship is constant for all nucleophiles only 
a relatively small error is introduced in the system. An over-
estimation of 0.4 in the p* value would lead to an underesti­
mation of the equilibrium constant of addition by a factor of 
2.2 for amides and aldehydes bearing the most electronegative 
substituents reported in this paper. This is due to the fact that 
((j*x — C7*H) remains relatively small for these compounds. 
For esters and other acyl derivatives, errors in the estimation 
of the inductive effect of the X group would not affect the 
calculated valucof the equilibrium constants directly but only 
the value of the localization free energies (see below). 

2. Determination of a*. Some a* values needed for the 
calculations are not found in standard tables.23 They can be 
obtained from the pÂ a of the correspondingly substituted 
acetic acid(XCH2COOH) by application of the following 
relationship:24 

ff* = (4.77 - pKa)/0.663 (4) 

For basic substituents this method is not suitable, because 
the substituent is protonated in the pH range corresponding 
to the pKa of the carboxylic function. We use then the pA"a of 
2-substituted ethylamines (XCH2CH2NH2):25 

ff* = (10.50-pA:a)/0.76 (5) 

For various NHR groups, the a* values can also be obtained 
from a correlation of the pA^s of substituted hydrazines.26 

3. Steric Effects. Because relatively unhindered acyl de­
rivatives have been considered so far, no steric correction has 
been applied for the replacement of the aldehydic hydrogen 
by an RO- or R2N- substituent. This approximation is similar 
to the neglect of the steric correction in Greenzaid's correlation 
of the hydration data of aldehydes and ketones.8 Steric cor­
rections could in principle be obtained from molecular me­
chanical calculations of the steric energies, but the level of 
refinement of these calculations does not seem to be presently 
sufficient to make them applicable to the calculation of small 
energy differences in molecules containing heteroatoms or 
aromatic rings.9 

B. Localization Free Energy. 1. Amides and Conjugated 
Carbonyl Compounds. The rotational barrier of amides and 
conjugated carbonyl compounds has been taken as a measure 
of the free-energy loss when the derealization of the lone pair 
is interrupted. The rotational barriers have been intensively 
investigated and good data are available. The barriers for 
several compounds have been measured in various aprotic or 
protic solvents though rarely in water; fortunately, the barrier 
height varies little with the solvent.27'28 For some of the com­
pounds, only the AG* value at the coalescence temperature 
is available; however, the entropy of activation of this kind of 
process is negligible in most cases investigated so that AG* does 
not vary significantly with the temperature.27-29 

2. Other Acyl Derivatives. For carboxylic acids, esters, and 
thioesters, rotational barriers can in principle also be measured 
and some have been obtained by several methods; these mea­
sured barriers nevertheless do not correspond to the localization 
free energies because some conjugation is still present in the 
perpendicular form. We have then used the following meth­
od. 
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Scheme II 

R - C 

OH 

I 
R - C - N R 2 " 

OR' 
T>0 

+ R'OH R - C . 
NR2" XOR' 

+ NHR2" 

Table I. Equilibrium Constants of Addition of Nucleophiles to 
Aldehydes" 

Aldehyde Nucleophile £eq, M -

CH3COH 
CH3COH 
CH3COH 
C6H5COH 

(CHj)2NH 
NH2NH2 
CF3CH2OH 
(CH3)2NH 

61 ±5.6 
2.5 X 103±0.5X 103 

0.024,* 0.021c 

1.5 ±0.1 

" 25 0C, in water except for the trifluoroethanol addition equilibria 
measured in the alcohol. * Measured by UV spectrophotometry. 
c Measured by NMR. 

Scheme III 

OH 

R - C - N H R 2 ' 

OR' 

T+ 

OH 

I 
R - C - N R 2 " 

I 
OR' 

0" 

R - C - N H R 2 " 

R - C - N R 2 " 

I 
OR' 

T -

OR' 
T ± 

The equilibrium constant of formation of the tetrahedral 
intermediate for the addition of an alcohol or thiol to an amide 
is calculated (A"T<>I)- The equilibrium constant of the corre­
sponding overall transacylation reaction (A"eq) is then used to 
obtain the equilibrium of addition of the amine to the ester 
(A"TO2) (Scheme II), in which 

K^ = [amide] [alcohol]/[ester] [amine] = Km/KjO] (6) 

K T O , = [T°]/[amide][alcohol] 

and Kj02 = [T0]/[ester][amine] 

The free-energy change associated with the addition of the 
amine to the ester (AGTO2) can be separated in two contribu­
tions as in Scheme I: the free energy associated with the lo­
calization of the ester lone pairs and the free energy of addition 
of the nucleophile to the nonconjugated form of the ester (eq 
7). 

A G j ° 2 - AGioc ester + AG a dd . OR (7) 

The value of AGadd. OR is calculated from the equilibrium 
constant of the addition of the amine to the corresponding al­
dehyde corrected for the difference in inductive effects between 
the RO- group and hydrogen as explained above. From eq 7 
and the known AGT<>2 and ACadd. OR' the localization free 
energy is obtained. 

The localization free-energy value obtained in this way can 
be biased by a systematic error if the p* of addition of amines 
to the acyl derivative is actually different from 1.70. If the p* 
value is larger than 1.70, the localization free energy will be 
too small. For the calculation of the equilibrium constant of 
addition of another nucleophile, this possible systematic error 
in AGioc will not affect the results if the actual p* value for the 
reaction with this nucleophile is the same as for amines. Oth­
erwise an error proportional to Ap* X (a*x — <X*H) will be 
introduced in the equilibrium constant. 

C. Charged Forms of Tetrahedral Intermediates. Tetrahe­
dral intermediates can exist in essentially four different forms: 

neutral (T0), anionic (T ), cationic (T + ) , and zwitterionic 
(T*) (Scheme III). 

When the equilibrium constant of formation of the neutral 
species is known, the other ones can be obtained if the pKas of 
the various intermediates are available. These can be estimated 
from the plots of the pKas of various amines and alcohols versus 
a* values. 

For alcohols of general structure XYZCOH, a reasonably 
good correlation is obtained between the pKas and the sum of 
a* values; the pK^s of diols are correlated by the same line after 
statistical correction if the <x* value of OH is taken as 1.81.30 

A p* value of —1.4531 is found, 10% higher than the value 
calculated by Sho Takahashi et al.32 from a more limited series 
of pATas. 

For amines, two different correlations have been proposed 
with p* values varying between —1.1833 and — 1.75.6b The 
difference in p* is probably due to the different choice of 
amines included in the correlation. We have calculated cor­
relation lines for several series of amines based on a large 
number of individual pA^s and found the following p* values:34 

for XYZC-NH2 , = -1 .53; for X YZC-N(CH3)2 , P* = -1-46; 
for XCH2-N(C2Hs)2 , p* = -1.55; for XCH2-/V-morpholines, 
p* = —1.50. The mean value of — 1.5 is not significantly dif­
ferent from the value found for alcohols. However, these plots 
are not very satisfactory because the standard deviations are 
relatively large (of the order of 0.3-0.5) so that the estimated 
pKas could be wrong by as much as one pKa unit. As a conse­
quence, the equilibrium constants of formation of charged 
tetrahedral intermediates will be less precise than the values 
for the neutral forms. To minimize errors, the pK^s of the in­
termediates should be calculated by choosing a reference 
compound as closely related to the structure of the intermediate 
as possible. 

Results 

The equilibrium constants quoted in this paper are based 
on a standard state of 1 M for all reagents except for water for 
which the activity of the pure liquid is taken as 1.0. 

Most of the equilibrium constants of addition of nucleophiles 
to carbonyl compounds needed for the calculations have been 
obtained by several authors. Some new values have been de­
termined for this work; they are given in Table I. 

The equilibrium constant of addition of trifluoroethanol to 
acetaldehyde is very weak and had to be measured in pure 
trifluoroethanol. When the determination of the equilibrium 
constant was tried by addition of various quantities of triflu­
oroethanol to aqueous solutions of acetaldehyde, a larger in­
crease in absorbance than could be accounted for by the de­
crease in water concentration was observed. The most likely 
interpretation is that the alcohol decreases both the extent of 
hydration and hemiacetal formation by a solvent effect. A 
similar behavior has been found by Jencks with pyridinecar-
boxaldehyde.18 

The equilibrium constants of transacylation reactions have 
been obtained by measuring the rate of approach of the equi­
librium from both sides using reactions mixtures identical in 
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Table II. Equilibrium Constants of Formation of Acyl Derivatives" 

Acyl deriv 
AfCq=[RCOX]/ 

[RCOOH][HX], M - ' 

CH 3 COOCH 3 

CH 3 CONHNH 2 

CH 3 CON(CHs) 2 

0.107 ±0 .008* 
2.59 X 104 

7.05 X 104 

" 25 0 C, ionic strength = 1.0, water activity taken as 1. b 0.098 for 
the synthesis and 0.116 for the hydrolysis. 

buffer component in large excess over the changing reagents. 
For slow reactions, the ratio of the initial changes was used to 
calculate the position of the equilibrium according to the 
method of Fersht.36 From the known equilibrium constant of 
formation of acethydroxamic acid,37 the equilibrium constants 
of formation of the acyl derivatives have been calculated; they 
are reported in Table II. 

The equilibrium constant of acethydrazide formation is one 
fourth that of formhydrazide; the formamides are generally 
two to three times more stable toward hydrolysis than the other 
corresponding amides.36 On the other hand, dimethylacet-
amide is 86.5 times less stable than dimethylformamide. The 
value obtained here compares favorably with the value cal­
culated for A'-dimethylpropionamide at 25 0C from the data 
of Morawetz and Otaki:38 8.4 X 104M -1 . The difference be­
tween these amides is likely to be due to steric inhibition of 
resonance. 

Tetrahedral Intermediates Generated by Addition of Nu-
cleophiles to Amides and Aromatic Aldehydes. The principles 
exposed in the theoretical part can be applied to the calculation 
of several equilibrium constants. They can first be used to 
calculate some equilibria of the additions of nucleophiles to 
conjugated aldehydes. The calculation of the equilibrium 
constant of hydration of benzaldehyde will be detailed as an 
example. 

According to Scheme I, the formal equilibrium constant of 
formation of the localized form (II) is first calculated from the 
rotational barrier, 7.9 kcal:39 

Kioc = [H]/[I] = ^ W ^ = 1.6 X 10~6 

The equilibrium constant of hydration of the localized form 
is obtained from the equilibrium constant of hydration of 
formaldehyde (1.8 X 103)40 corrected for the difference in 
inductive effect between the phenyl group and hydrogen ac­

cording to eq 2: 

log Khydrdl) = log KhV(HH2CO) + L 7 (°-6 ~ °'49) 

Khydr([I) = [T0]/[Il] = 3.1X103 

The equilibrium constant of hydration of benzaldehyde is 
then 

Khydr(C6H5COH) = (3.1 X 103) X (1.6 X IO"6) = 5.0 X 10~3 

Several equilibrium constants of nucleophilic additions to 
unsaturated carbonyl compounds are collected in Table III 
where they are compared with experimental values. 

The experimental equilibrium constant of hydration of 
benzaldehyde is within a factor of 2 of the value obtained by 
Greenzaid.'3 The value for the addition of methanol to benz­
aldehyde is close to the experimental value. For semicarbazide, 
on the other hand, a large discrepancy is observed which can 
be related to the fact that the addition constant of amines to 
formaldehyde is about 10 times larger than that of an alcohol 
of identical y value.18 This behavior is at present not under­
stood. 

The equilibrium constants of addition of nucleophiles to 
amides are given in Table IV. The values of Kjo are obtained 
as for benzaldehyde; the values of Kj± are calculated from the 
pATas OfT+ — T0 (pATa,) and T+ — T± (pATa2)(Scheme III). 
The equilibrium constant of tautomerization is obtained from 
the relation ATtaut = K^2/'AT31. 

For morpholine for instance, the following constants are 
derived from the pATas of the reference compounds34,41 and a 
a* value of 4.31 for the morpholinium group calculated from 
the pATa of 2-morpholinoacetic acid (1.91)42 (Scheme IV): pK3] 

Scheme IV 

Table III. Equilibrium Constants of Addition of Nucleophiles to Aldehydes at 25 0C 

Aldehyde 

C6H5COH 

C6H5COH 
C6H5COH 
4-CH3OC6H4COH/ 
CHj=CHCOH 

gu0 H . 
Q - C O H -

Nuc 

HjO& 

CH3OH/ 
NHjNHCONHjfc 
H2O* 
CH3OH/ 

H2O* 

H2O" 

AGloc> 
kcal 

7.9<? 

7.9^ 
7.9c 
9.2^ 
7.02* 

10.0" 

10.0P 

^ T 0 calcd" 

5.0 X 10 ' 3 

3.2 X 10"3 

3.2 X 10' 
3.6 X 10- ' 
1.2 X 10-2 

9.1 X 10-" 

2.1 X 10-3 

^ T 0 exptla 

1.1 X 10"2<* 

3.6 X 10"3S 
1.32' 

9.4 X 10" 3 ' 

^T-CaICd'' 
M-' 

5.3 X 10"2 

3.0X 10"3 

5.2 X 10"2 

2.6 X 10-' 

•^T"exptl. 
M-1 

1.26 X 10- 'd 
1.8 X 10-'« 

1.09 X 10"2« 

1.7 X 10- '* 

7.8 X 10"2« 

a I n M"1 except for the hydration equilibria for which the activity of pure water was taken equal to 1.0. 6From the equilibrium constant of 
hydration of formaldehyde: 1.8 X 103.40 ^Reference 39. ^Reference 13. ^Reference 64. /From the equilibrium constant of addition of meth­
anol to formaldehyde: 1.3 X 103 M - 1 . " ^Reference 16. ' 'From the equilibrium constant of addition of semicarbazide to formaldehyde: 1.4 X 
1 0 7 M - ' . " 'Reference 1 5 . / C T * 4 . C H 3 O C 6 H „ - calculated from the p/Ta of 4-CH3OC6H4CH2COOH, extrapolated in water from values in 10, 50, 
and 75% ethanol,66 a* = 0.52. fcRe3feresnce 67a, the AH* value was used but the available data indicate that AS* is very small.673'13 'Reference 
20. ma* value for the 2-furyl group (1.1) calculated from the pATa of 2-furylacetic acid (4.04).68 "AG* at 25 0C calculated from the data 
given in ref 69. °0* value for the 2-thiophenyl group (1.32) calculated from the pATa of 2-thiophenylacetic acid (3.89). " P Reference 82. 
<7 From the pATas of the tetrahedral intermediates calculated from the equation given in footnote 31 and a statistical correction of 0.3; Kj- = 
(KTo x K3)IKw, O*OH =1-81 (see text). 
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Table IV. Equil ibrium Constants of Addi t ion of Nucleophiles to Amides ' 3 ' 6 

Amide 

HCONHNH 2 

HCONHCH 3 

/—\ 
HCON 0 

CH1CON I 

CH 3 CONHNH 2 

CH 3 CONHNH 2 

CH 3 CONHNH 2 

CH 3 CONHNH 2 

CH 3 CONHNH 2 

CH 3 CONHNH 2 

CH 3 CON(CH 3 ) , 
CH 3 CON(CH 3 ) 2 

CH 3 CON(CH 3 ) 2 

CH 3 CON(CH 3 ) 2 

CH3CON(CH 3 ) 2 

HCON(CH 3 ) , 
C 6 H 5 CON(CH 3 ) , 
HCONHC 6 H 5 

Nuc 

CH3OH 
CH 3OH 

CH 3OH 

NH 2 NH 2 

HN I 
\=N 

CH3CH2OH 
CF3CH2OH 
C6H5OH 
C2H5SH 
CH3OH 
CH3OH 
CF3CH2OH 
C6H5OH 
C2H5SH 
NH2NH2 

CH3OH 
CH3OH 
NH(CH3), 

^add. X,c 
M-' 

2.6 X 104<* 
2.2 X 103^ 

3.6 X 104<* 

1.8 X IO5'' 

2.6' 

1.0 X lO'o 
0.47« 

2.0X 10-' r 
IA X IO2* 
1.4 X 10'f 

1.2' 
3.8 X 10-29 
1.7 X IO"2 ' ' 
6.OX 10'* 
4.0 X 103< 
2.2 X 103<* 
6.0X 10-3 V 

4.9 X IO7* 

^ G l o c , 
kcal 

18.3« 
22.0? 

19.5>J 

10.5/ 

18.6"I 

18.6"i 
18.6"» 
18.6"» 
18.6"i 
18.6™ 
18.7" 
18.7» 
18.7» 
18.7» 
18.7» 
21.0» 
15.8w 
17.7^ 

^T°calcd, 
M-

1.0 X 
1.4 X 

1.7 X 

3.7 X 

6.1 X 

2.3 X 
1.1 X 
4.7 X 
1.7 X 
3.3 X 
2.1 X 
6.9 X 
2.9 X 
1.1 X 
7.7 X 
8.1 X 
1.5 X 
5.1 X 

-1 

10"' 
IO"13 

IO"10 

io-3 

IO"1 4 

IO" 1 3 

IO"1 4 

IO"1 5 

1 0 " " 

io-13 

IO" 1 4 

io-16 

IO"1 6 

io-12 

10"" 
IO"13 

IO" 4 

IO"6 

^ T * calcd. 
M"1 

5.2 X IO"14 

l.i x io-15 

3.1 X IO"1 5 

1.3 X IO"7 

2.1 X IO"1 8 

7.5 X IO"1 8 

3.1 X IO"1 9 

1.4 X I O " 9 

^ T * exptl-
M-' 

2.5 X I O " 1 4 / 

1.4 X I O " 1 5 / 

10" 6 f c 

4 X I O " " " 

1.4 X 1 0 " ' 7 P 
8.9 X 10" 1 8 P 
2.9 X 10" 1 9 P 

a I n aqueous solution at 25 0 C , standard state for solutes 1 M. b Apart from standard a* values, the following a* were used: a*j = 1.34, from 
the pA:as of i i ;3 4a*iii = 4 . 3 1 , from the pK&s of iv;42 CT*NH N H _ = 1.26, from the pKas of NH 2 NHCH 2 CH 2 NH, (this work) ; a * N H 2 N H 2

+ - = 

O N-
\ / NCH.CH.NH, NH+- NCH2COOH 

W TV PN-
H N - ' • 

4 .26 , from the relation < 7 * N R „ H + - = CT*NR2_ + (3.0 ± 0.1) obta ined from the differences in a* values between" the p ro tona ted and nonpro-
tonated forms of 10 amines; o " C 6 H 5 N H - = 1.24, from the p # a s of C 6 H 5 NHCH 2 COOH; 7 t cr*v = 1.60, est imated from the o* of vi = 1.0, (ob­
tained from the pKa of his tamine3 4) + 0.6 for the replacement of C by N; a*VH = 3.24 from the p £ a s of 1-imidazoleacetic acid.72 c Calcula ted 
from the equilibrium constants of addi t ion of the nucleophiles to the aldehydes (Kaid) an<r* a correct ion for the difference in inductive effect 
between the X group and hydrogen (eq 2, p * = 1.7). ^K3Id (H CO + CH OH) = 1-3 X IO3 M - 1 . 6 5 ? F r o m the rota t ional barriers of 
HCONHN(CH 3)CH 2- C6H5 or HCONHN(CH 2 C 6 H 5 ) 2 . 7 3 / F r o m tne kinet ics of aminolysis of methyl formate , 4 3 the overall equil ibrium constant 
of the react ion 3 6 and as assumed rate constant of p ro ton transfer of IO10 M - 1 s~' be tween OH" and T* and 1.3 X IO8 M - ' s"1 be tween hydra­
zine and T* (see tex t ) . SReference 7 4 . ^ T h I s work. 'K^ (CH3COH + NH N H J = 2-4 X 1 O 3 M - ' (this w o r k ) . / R e f e r e n c e 7 5 . fcMean value be­
tween 4.2 X IO" 6 and 2.8 X 1O - 7 M - 1 obtained from the kinetics of hydra2zinolysis of acetylimidazole4 4 and assumed limiting values for the 
rate of p ro ton transfer be tween T* and hydrazine (see t ex t ) . 'A"aid ( C H COH + imidazole) = 0.13 M - 1 . 7 6 mFrom the rotat ional barrier of 
constants of addit ion of the nucleophiles to the aldehydes (Ka\$) and a correction for the difference in inductive effect be tween the X 
group and hydrogen (eq 2, p * = 1.7). dKald ( H c o + CH 3 OH) = 1-3 x 1 0 3 M - ' . 6 S « F r o m the rota t ional barriers of HCONHN(CH 3 )CH 2 -
C6H5 or H C O N H N ( C H 2 C 6 H 5 ) 2 . 7 3 / F r o m the kinetics of aminolysis of methyl formate , 4 3 the overall equil ibrium constant of the react ion 3 6 

and an assumed rate constant of p ro ton transfer of IO1 0 M ' ' s"1 be tween OH" and T* and 1.3 X IO8 M"1 s"' be tween hydrazine and T* 
(see text) . SReference 74. ftThis work . 'Ka[d ( C H C Q H + NH NH ) = 2.4 X IO3 M ' 1 (this work) . /Reference 75 . fcMean value be tween 4.2 
X IO"6 and 2.8 X 1O - 7 M - ' obta ined from the kinetics of hydrazinolysis of acetyl imidazole4 4 and assumed limiting values for the rate of 
p ro ton transfer be tween T 1 and hydrazine (see t ex t ) . lKald ( C H COH + imidazole) = 0-13 M" ' . 7 6 m From the ro ta t ional barrier of 
CH 3 CONH(CH 2 C 6 H 5 ) , . 7 3 "Mean value be tween 1.8 X 1 0 " 1 7 a n d f .2 X IO"1 8 M"1 (see f o o t n o t e d ) using the equil ibrium constant of the reac­
tion calculated from the free energy of hydrolysis of acethydrazide and of acetylimidazole (this work and ref 77) . ° Ka\<i (CH3COH + 
C H OH) = 0.5 M"1 .2 0 P F rom ref 5 and the equil ibrium constant of the reaction calculated from the free energy of hydrolysis of acethydra-
zi2des(this work) and the ester7 7 (see tex t ) . <7Kaid ( C H COH + CF CH OH) = 0-023 M ' 1 (this work) . ''A'aid calculated from the equil ibrium 
constant of addit ion of phenol to formaldehyde: k = C 6 H 5 O C H 2 6 H ] 2 / [ C 6 H 5 O H ] [H2CO] = 18 M"1 ,7 8 corrected by a factor of 5.5 X IO"4 

± 0.2 X IO"4 representing the difference in affinity be tween acetaldehyde and formaldehyde for water or alcohols (from data given in ref 
65 and 20). ^ a l d (CH3COH + C^H5SH) = 36 M"1 .7 9 ' K a l d (CH3COH + CH 3 OH) = 0.7 M"1 .2 0 »Mean value from ref 27. v t f a l d (C6H5COH + 
CH 3OH) = 3 . 6 10 -* M - ' . 1 ' " - . . < . . - - -. '6 " R e f e r e n c e 28. xKM ( H 2 C O + NH(CH 3 ) , ) = 2.6 i d 6 M"1 .8 0 ^Reference 8 1 . 

= pKa (ethylmorpholine) - 1.50(<T*OH + <r*ocH3 - <T*H) = 
7.70- 1.5(1.81 + 1.81 -0.49) = 3.01; PiVa2 = pATa(ethanol) 
- 1.45 (ff*viii + <T*OCH3 - <T*H) = 15.9 - 1.45(4.31 + 1.81 -
n AQ\ — 1 IA- tr = 1 «£ v m-5 1. . ^ Vu via • " wv_n3 " n / 

0.49) = 7.74; A:taut = 1.86 X 10 

N H + O 

If the two pA"as are calculated from methylmorpholine and 
methanol as starting points, they are different, pA âi = 3.42 and 
pA'aj = 8.12 but the value of A"taut is hardly affected: 2.0 X 
1O-5. To obtain #taut» the reference compounds should be 
chosen to make similar structural changes in the amine and 
the alcohol. If the individual p£as are used to calculate Kr+ 
or Kj-, it is advisable to calculate the p^as from several 
starting points and take the mean value. 

The calculated values Kj± (corresponding to Kj±\ in 

Scheme V) are compared in Table IV with the values obtained 
from the kinetics of aminolysis of esters or of acetylimidazole 
under basic conditions according to the detailed mechanism 
proposed by Jencks and co-workers (Scheme V).5-43-44 

For the base-catalyzed reactions, the observed rate constants 
are equal to 

<obsd = Kj±2 X /tb 

where k\> is a proton-transfer step. 
The equilibrium constants Kj±2 have been determined5 from 

the kinetics for the addition of hydrazine on methyl-, trifluo-
roethyl-, and phenylacetate as 6 X 1O-12, 1 X 1O-9, and 2 X 
1O-9 M - 1 , respectively, assuming a rate constant of IO10 M - 1 

•> for the deprotonation of T=*= by OH" and 1.3 X IO8 M - 1 

"' for the deprotonation by hydrazine. Using the same rates 
for the proton-transfer step, we have calculated the following 
Kr±2'- 1-4 X 1O-'5 for the addition of morpholine to methyl 
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Acyl deriv 

HCOOCH3 

HCOOH 

CH3COOCH3 

CH3COOH 

CH3COOCH2CF3 

CH3COOC6H5 

CH3COSCH2CH3 

CH3COOCOCH3 

Reaction used 

HCOOCH3 + HX O 

HCOOCH3 + NH2NH2 

HCOOCH3+ NH(CH3), 
HCOOH + NH2NH2 

HCOOH + NH(CH3)2 

CH3COOCH3+ NH2NH2 

CH3COOCH3 + NH(CH3), 
CH3COOH + NH2NH2 

CH3COOH + NH(CH3), 
CH3COOCH2CF3 + NH2NH2 

CH3COOCH2CF3 + NH(CH3), 
CH3COOC6H5 + NH2NH, 
CH3COOC6H5 + NH(CH3), 
CH3COSCH2CH3 + NH2NH2 

CH3COSCH2CH3 + NH(CH3), 
CH3COOCOCH3 + NH2NH, 
CH3COOCOCH3 + NH(CH3), 

Overall 

*eq* 

1.83 X 1 0 s / 

8.9 X 1 0 s / 
5.OX 1 0 7 / 
1.07 X 10 s / 
6.1 X 10 s / 
2.4 X 10s fe 
6.6 X lO'fc 
2.5 X 10" k 
7.1 X IO4^ 
1.15 X 108P 
3.12 X 1O8P 
6.8 X 109P 
1.85 x 10'0P 
4.37 X 1O1P 
1.2 X 108P 
8.5 X 1015<7 
2.8 X 10'6<? 

Kro2>
c 

M-' 

3.3 X 10-" 

8.9 X 10-4 

4.0X 10"s 

1.6 X 10"4 

7.3 X 10"6 

8.OX 10"8 

1.4 x 10-8 

1.2 X 10- 8 " 
2.3 X 10"9 

1.3 X 10"6 

2.4 X 10-7 

3.1 X 10"s 

5.9 X 10"6 

7.4 X 10"4 

1.3 X 10"4 

2.5 X 1O2 ' 
5.8 x 1 0 ' " 

*"add. X,d 

M 

3.2 X 

6.8 X 
4.6 X 
6.8 X 
4.6 X 
4.2 X 
1.1 X 
4.2 X 
1.1 X 
1.7 X 
4.4 X 
4.8 X 
1.2 X 
1.6 X 
4.3 X 
5.8 X 
1.5 X 

"' 

io8s 

10"" 
10 s ' 
10"! 
108 ' 
10 5 ' 
10"m 
105^ 
10"m 
107 ' .o 
10s m.° 
1 0 ' ' 
105m 
10 s ' 
103m 
io6'.* 
10s m's 

AGiooe 

kcal 

16.3 

17.6 
17.8 
18.6 
18.8 
17.3 
16.2 
18.5 
17.3 
17.9 
16.7 
15.2 
14.0 
11.4 
10.3 
6.Of 
4.7 ' 

a At 25 0C. 6AT63 = [RCONR",] [R'OH]/[RCOOR'] [HNR",] , unit free except for the equilibrium constants of formation of amides from 
acids and amines in M - ' because the activity of pure water is taken equal to 1.0. ^Calculated from eq 6 and the K^O1 values given in Tables 
IV and VI or in footnotes. d Calculated from the equilibrium constants of addition of the nucleophiles to the aldehydes [K^) and a correc­
tion for the difference in inductive effect between the X group and hydrogen (eq 2, p* = 1.7 and a* values taken from ref 23 except for 
a*OH = 1-81 (see text). e Calculated from Kj"2 and £ a d d x "sing eq 1 and AG = -RT In K. /From the free energies of hydrolysis of the 
amide" and of methyl formate.70SKald ( H 2 C O + morpholine) = 1-8 X 10s M"'.40 '80 ^KM ( H , C 0 + NH2NH,) = 4-0 X 107 M"1, from the 
equilibrium constant of addition of hydrazine to p-chlorobenzaldehyde K = 7.0 M - ' I S corrected by a factor (5.7 + 2.3) x 10s, representing 
the difference in affinity of formaldehyde and p-chlorobenzaldehyde for amines (from the data given in ref 18). 'K3id tH c o + NH(CH ) ) 
= 2.6 X 10s M-'.40 '80/Reference 36. k From the equilibrium constants given in Table II. 'K a l d ( C H C O H + N H NH ) = 2 ^ X 103 M' ' 3 2 

(this work). mKm (CH3COH + NH(CH3),) = 6-1 X 10' M"' (this work). "K xO 1 = 4.6 X 10'13 , calculated from K n y d r CH3COH = 1-0420 

and A G i o c C H 3 C O N H N H 2 = 18.6 (see footnote m Table IV). 0 a* O CH,CF 3
 = 2.76, estimated from o * O C H 3 (1.81) + o*NHCH2CF3 

(1.552S) - a*N HCH 3 (0-6) = 2.76; a*0Ph (2.43) + CT*NHCH2CF3 d-55) - o * N H P h (1.22, see footnote b, fable IV) = 2.76. P From the 
equilibrium constants given in Table II and in ref 77. Q From the equilibrium constants given in Table II and in ref 83. rKj«1, obtained from 
the equilibrium constant of addition of acetic acid to acetaldehyde (K = 0.07 M' ' ) under the assumption that the adduct is entirely the 
nucleophilic addition compound and not the hydrogen-bonded complex of AcOH to acetaldehyde hydrate84 and using AGioc values for 
CH3CONHNH2 and CH3CON(CH3), given in Table IV. *<J*OCOCH 3 = 2.48, calculated from the field component of CH3COO- substituent 
effect:46 aj = (0.6 X 0.679) - 0.01 and a* = 6.23aj. 'Lower limit subjected to condition explained in footnote r. 

Scheme V 

RNH2 + C - X RNH-C—X 

OH 

R N H 2
+ - C - X =F=* RNH-C—X 

formate (from the observed rate of the OH~-catalyzed path­
way43) and 2.4 X 1O-14 M - 1 for the addition of hydrazine on 
methyl formate (from the rate of the hydrazine catalyzed 
pathway). These A*x± values are dependent on the choice of a 
rate constant of deprotonation of T* by OH - . A value of 1010 

M - 1 s_1 was chosen. It could in fact be 2-2.5 times larger45; 
this would decrease the KT± values by a factor of 2-2.5. 

For the hydrazinolysis of acetylimidazole, the observed rate 
constant of the hydrazine-catalyzed pathway can also be used 
but the value of 1.3 X 108 M - 1 s - 1 applicable to the esters for 
the rate of proton transfer between hydrazine and T* is only 
a lower limit because of the characteristics of the mechanism 

of this reaction;44 an upper limit would be in the range of 2 X 
109M - 1 s-1;45 accordingly KT±2 is between 4.2 X 1O-6 and 
2.8 X 10-7M-1 . 

The Kj±\ constants given in Table IV are calculated from 
the Kj±2 given above and the overall equilibrium constants of 
the reactions. 

The localization free energies have been calculated for 
several esters and thioesters from the TrO2 values (Scheme II). 
They are given in Table V. The localization free energies of 
esters are ~4 kcal less than those for amides of comparable 
structure (compare dimethylformamide and methyl formate); 
the difference between an ester and a thioester is ~5 kcal. 
These differences seem reasonable in view of the differences 
in electronegativity and dimension of the atoms involved. For 
acetic anhydride, the value given is the localization free energy 
corresponding to the addition of a nucleophile to one of the 
carbonyl groups. This value is dependent on the assumption 
given in footnote r of Table V, that the equilibrium constant 
of interaction of acetic acid with acetaldehyde represents really 
a nucleophilic addition; otherwise this value of the localization 
free energy for acetic anhydride would be larger. 

The localization free energies have been used to calculate 
the equilibrium constants of hydration and addition of hy­
droxide ions (Table VI). 

Discussion 
The comparison between our calculated values and the 

values obtained by direct measurements of the equilibria for 
conjugated aldehydes or derived from the kinetics of the re­
actions for amides shows that the agreement is reasonable in 
most cases. Although a wide range of equilibrium constants 
between 2 X 10 -6 and 2 X 10 -19 M - 1 is covered for amides, 
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Table VI. Equilibrium Constants of Hydration ofVarious Acyl Derivatives3 

Substrate 

HCON(CH3), 
HCONHCH3 

HCONH2 

HCON 0 

HCONHNH2 

HCONHC6H5 

CH3CON(CH3), 
CF3CON(CH3), 
CCl3CON(CH3), 
C6H5CON(CH3), 
CH2=CH-CON(CH3) , 
CH3COOCH3 

CH3COOH 
CH3COOCH2CF3 

CH3COOC6H5 

CH3COSC2H5 

HCOOCH3 

HCOOH 

Kadd. x 6 

3.OX 103<* 
3.OX 103<* 
3.0 X 103<* 

5.OX 104^ 

3.7 X 10 4 d 

3.4 X 104<* 
1.7* 

2.3 X IO5 ' 
5.2 X IO4" 
1.8 X 10"2° 
3.5 X 10"2<7 
1.8 X 102^ 
1.8 X 102^ 
7.5 X 103fe 

2.1 X IO3* 
6.9 X 10'fc 
3.2 X 10s<* 
3.2 X IO5'* 

A G l o c 
kcal 

21.0e 

22.0/ 
18.7* 

19.5^ 

18.3' 
17.7/ 
18.7<* 
18.6"» 
15.0™ 
15.8P 
16.8^ 
16.8 
17.9 
17.3 
14.6 
10.8 
17.2 
18.7 

KjO 

1.2 X 
2.2 X 
5.8 X 

2.5 X 

1.4 X 
3.5 X 
3.3 X 
5.3 X 
5.2 X 
4.7 X 
1.7 X 
8.7 X 
1.4 X 
1.5 X 
4.0X 
8.2 X 
7.7 X 
6.1 X 

i o - 1 2 

i o - 1 3 

10"" 

i o - 1 0 

IO"9 

10"' 
i o - 1 4 

IO'19 

i o - 7 

IO"'4 

IO"14 

10"" 
io-" 
IO"9 

IO'8 

IO"7 

IO"8 

io-' 

Kj-f 
M"1 

5.1 X 10"'2 

9.4 X IO"13 

2.5 X IO"10 

3.2 X IO"8 

1.4 X IO"7 

3.2 X IO"7 

7.4 X IO"'4 

7.3 X IO"5 

8.2 X IO"3 

7.9 X IO'1 3 

2.5 X IO"13 

1.1 X IO"8 

2.5 X IO"9* 
4.4 X 10-" 
3.8 X 10"s 

4.3 X IO"5 

4.7 X IO"5 

5.7 X IO"6* 

^T°calor f 

1.8 X IO"15 

1.3 X IO"15 

1.0 X 10" ! 

4.OX IO"9 

4.5 X IO"7 

3.7 X IO"10 

a At 25 0C, standard state 1 M for all species except for water activity taken as 1.0. 6 Calculated from the equilibrium constants of hydration 
of the aldehydes (Khydr) and a correction for the difference in inductive effect between the X group and hydrogen (eq 2, p* = 1.7, a* values 
taken from ref 23 except for O*QH = 1-81 (see text) and a* values given in footnote b of Table IV). cFrom the pKa of the tetrahedral inter­
mediates calculated from equation given in ref 31 and a statistical correction of 0.3; Kj- = {Kj° x Ka)/Kw. dK^ydT H CO = 1-8 X IO3.40 

eMean value from ref 27./Reference 74. SReference 85. hThis work. 'Reference 73 (see footnote e, Table IV)./Reference 81. fe^hydr 
CH COH = 1-04.20 'From the equilibrium constant of hydration of chloral40 corrected for the difference in steric effect by a factor 5. 
'"Reference 86. »Khydt CCl3COH = 3.1 X IO4.40 °Khyil C6H5COH = 1-1 * IO"2.13 PReference 28. <?Khydr CH2=CHCOH = 2.1 X 10~2, 
calculated as shown in Table III for the addition of methanol on acrolein. ^Reference 63. ^Statistical correction of 0.48 on the pA â of T0 

(see footnote c). f Values given in ref 6a and 6b and revised in 6c. 

4 G l o c 

Kca l 

22 

20 

18 
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14 

12 
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2' CH CO-
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• / 
C H 3 S - / 
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CH3COO-

• 
C H j O > 

/ • 
/ ( C H 3 J 2 N -
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0.5 1.0 

^CH3CO " ^ X 

Figure 1. Localization free energies (see text) as a function of the difference 
in the resonance components of the substituent effect [K) between the X 
group and the C = O group. 

the experimental values are reproduced to within 2 kcal. In 
view of the many assumptions and approximations made in the 
calculations, as detailed in the theorical part, the agreement 
between the experimental values and our calculated values is 
somewhat comforting. Some compensations of errors are likely 
to play on our side. It nevertheless seems that it is possible to 
estimate with a reasonable degree of accuracy the free-energy 

change involved in the formation of a tetrahedral intermediate 
which is experimentally not available. 

Some of the values reported in this paper have been obtained 
by a different method by Guthrie.6 Some of Guthrie's values 
are given in Table VI for comparison. Relatively large dis­
crepancies exist between Guthrie's revised values and our 
values for the hydration of acetic acid, methyl acetate, and 
dimethylformamide and the addition of methanol to dimeth-
ylformamide. Guthrie's method is subject to the possibility of 
error accumulation because many individual measurements 
contribute to the final value and some experimentally inac­
cessible data such as solubilities of amide-dimethyl acetals and 
entropies of formation have to be extrapolated from reasonable 
models. Our method on the other hand is more empirical and 
as detailed earlier is dependent on a few assumptions. It is 
difficult at this stage to decide which method gives the best 
results because, for the equilibria investigated by the two 
methods, no direct experimental result is presently available 
with which to compare the calculated values. 

Another estimation of the reliability of the calculations can 
be obtained by using Scheme II for calculating the localization 
free energy for one acyl derivative from several transacylation 
equilibria. Table V includes several data of this kind. It can be 
seen that the localization free-energy values calculated in this 
way vary by <2 kcal, although all the errors of the individual 
steps could accumulate in these values. 

The AGioc values can be correlated with the difference in Jl 
substituent constants of Swain and Lupton46 between the X 
group and the C=O group47 (Figure 1). The resonance in­
teraction between two C=O groups is calculated from the 
difference between the experimental value of the hydration 
equilibrium constant of 2,3-butanedione (2.O)8 and the value 
calculated from the hydration equilibrium of acetaldehyde 
(1.04),20 by application of eq 2 with a a* value of 1.65 for 
CH3CO;23 the ratio of KC!L\cd/Kexpt\ of 50 corresponds to a 
localization free energy of 2.3 kcal/8 The point corresponding 
to the phenyl ester (OCeH5) deviates significantly from the 
plot; this behavior must be related to the fact that the phenyl 
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ring in the ester has been shown to lie in a plane perpendicular 
to the plane of the ester function.52 

The values of the localization free energy can also be com­
pared with the resonance energy data derived from thermo-
chemical measurements. To the extent that rotational barriers 
are essentially enthalpic; there should be a reasonable agree­
ment between the two sets of data. The comparison is made in 
Table VII for several compounds with the resonance energy 
values obtained by Klage and by Franklin53 or from compar­
isons of heats of hydrogenation. 

A consideration of the equilibrium constants of formation 
of tetrahedral intermediates from both sites of the transacy-
lation reaction is instructive. Let us look for instance at several 
transamidation equilibria from a single amide (Scheme 
VI). 

Scheme VI 

OH 

I 
R - C - N H 2 

8-OSHU^ NHR' N A * , 

J> K sP 
R_r/ + H2NR' • " * R - < + NH3 

It is known that the overall equilibrium constants are cor­
related by a Bronsted plot: log K^ = 0 p/Ta + C, with a value 
of/3 between 0.5 and O.6.36-54 On the other hand, the equilib­
rium constants of the additions of nucleophiles to carbonyl 
compounds show very little sensitivity to the pA"as of the nu­
cleophiles.18'55 Accordingly, the Kjo\ value should depend very 
little on the p £ a of the amine. The equilibrium constants of 
addition of one amine to several amides should then vary ac­
cording to log KjO2 = 0.5 pA â + C, where the pA"a refers to the 
amine constituting the amide. In the formanilide series, the 
formal equilibrium constants of formation of the localized 
forms vary with the pA âs of the constituting anilines with a 
slope of 0.2.56 The difference between this value and the overall 
effect of the substituent, 0.5, is due to the change in inductive 
effects of the substituents NHPhX on the A^d. NHPhX values. 
In other words, electron-withdrawing substituents favor the 
addition of the nucleophile both by lowering the localization 
free energy and by increasing the inductive effect on A^dd.-
These two factors are nearly equal. 

The separation of the overall equilibrium constants of the 
transacylation reactions into several formal steps leads to a 
better understanding of the factors involved in the thermody­
namic stability of the acyl derivatives. Several anomalies have 
been reported, for instance in the equilibrium constants of 
hydrolyses of amides. Formamide is ~ 3 kcal less stable than 
predicted from the BrySnsted plot relating equilibria of for­
mation of amides to the pK^s of the constituting amines.36 This 
difference has been attributed to an anomalously good solva­
tion of ammonia in water. From a consideration of the rota­
tional barriers, it is more likely to be due to a lower dereali­
zation energy compared to /V-methyl and TV-dimethylform-
amide. 

Dimethylpropionamide has been reported to be ~ 3 kcal less 
stable than dimethylformamide;38 however, it is generally 
accepted that the equilibrium constants of hydrolyses of amides 
do not depend significantly on the structure of the acyl portion 
of the amide.36 The previous method of measurement of the 
equilibrium constants from kinetic data under different con­
ditions for the forward and the reverse reactions made it pos­
sible that this difference was in fact illusory. The equilibration 
in identical buffers for the forward and reverse reactions that 
we have used here gives more reliable results. It is found that 

Table VII. Comparison of Resonance Energies Obtained from 
Thermochemical Measurements and Derealization Free Energies 
Reported in This Work" 

ER, £R , £R, 
Compd Klage* Franklin* hydrogen AGi1I0C 

HCOOH 12 14 17.24' 18.7 
CH3COOH 13 14 17.17c 17.9 
HCOOCH3 15 19 17.2 
CH3COOCH3 18 19 16.8 
HCONH2 22 21 17.56^ 18.7 
HCONHC6H5 23e 23.6g 17.7 

" Kilocalories/mole. * Reference 53. c Calculated from the dif­
ference in enthalpy of formation between the aldehyde, the acid and 
their reduction product, the alcohol, and the diol at 298 K, vapor phase 
(data from ref 11). d Using the same method as for the acids; the 
enthalpy of formation of H2NCH2OH is obtained indirectly from the 
experimental value AWf(CH3ONH2) and its isomerization energy 
from MO calculations.87 e Resonance energy of the anilide minus the 
resonance energy of aniline. 

dimethylacetamide is also 2.7 kcal less stable toward hydrolysis 
than dimethylformamide. Here too the difference is entirely 
reflected in the difference in the heights of the rotational 
barriers. The smaller rotational barrier for dimethylacetamide 
is likely to be due to steric interactions in the planar form of 
the amide. In fact, secondary amides exist predominently as 
the Z form.57 This kind of consideration explains why, al­
though dimethylformamide is hydrolyzed faster than di­
methylacetamide, because of the difference in steric hindrance; 
the hydrolysis of the sterically less hindered /V-methylpro-
pionamide is slower than that of dimethylpropionamide. 

So far we have examined relatively simple derivatives for 
which the approximation made in neglecting the difference in 
steric effects between the X group and hydrogen is not likely 
to lead to large errors. For more crowded systems, steric effects 
could play a significant role both by inhibiting the dereali­
zation in the acyl derivative and by decreasing the equilibrium 
constant of addition on the localized form. To what extent these 
two factors would compensate is not known. 

The fact that the equilibrium constants of formation of 
tetrahedral intermediates from conjugated carbonyl com­
pounds and acyl derivatives can be estimated with a reasonable 
degree of accuracy by considering only resonance and inductive 
effects for unhindered systems shows that the instability of 
these tetrahedral intermediates is quantitatively accounted for 
by the conjugation loss which is relatively large in all cases, 
between 7 and 11 kcal for conjugated aldehydes and up to 22 
kcal for amides. 

Experimental Section 

Materials. Acetaldehyde (UCB Analar) was freshly distilled twice 
under nitrogen from a 40% methanolic solution. Benzaldehyde was 
freshly distilled under nitrogen before use. Trifluoroethanol (Aldrich 
Gold Label), hydrazine hydrate (BDH Analar), dimethylamine, a 
20% titrated solution in distilled water made from Fluka, water-free 
dimethylamine, methylacetate, acetic acid, and dimethylacetamide 
were commercial products used without further purification. 

Acethydroxamic acid was prepared according to the method of 
Jencks37 and recrystallized from ethyl acetate, mp 89.5-91 0C (lit. 
89-92.5 0C). 

Acethydrazide was prepared according to the method of Curtius58 

and vacuum distilled, mp 65 0C (lit. 67 0C). 
/V-Formylmorpholine was prepared from formic acid and mor-

pholine59 and vacuum distilled bp 235 0C. 
2-Aminoethylhydrazine was made by reaction of hydrazine hydrate 

and ethylenimine60 and vacuum distilled, bp 86-87 0C (15 mm). 
Methods. The p/tas of acethydroxamic acid and 2-aminoethyl-

morpholine were measured by titration with a radiometer PHM 64 
pH meter and a Radiometer GK 2301C glass electrode; 0.1 M solu-
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Table VIII. Experimental Conditions for the Determination of the Equilibrium Constants of Transacylation Reactions 

Estd 
?i/2, h 

Acyl 
deriv Buffer composition 

Time of 
measurement, h 

CH3COOH 5MCH 3 OH/46.5MH 2 0/ l MHCl 
CH3COOCH3 5MCH 3 OH/46.5MH 2 0/ l MHCl 
CH3CONHOH 0.7 M NH2OH-HC1/0.7 M NH2NH2 

+ 0.3MHCl 
CH3CONHNH2 0.7 M NH2OH-HC1/0.7 M NH2NH2 

+ 0.3 M HCl 
CH3CONHOH 1 M NH20H-HC1/1 M NH(CH3)2 
CH3CON(CH3)2 1 MNH2OH-HCl/! MNH(CH3); 

40 

40 

1500 
1500 

45* 
45* 

125<-

125c 

482 f 

482<-

a 25 °C, acyl derivative concentration 10 2 in all cases. * A^q given in Table II. c Keq calculated from the ratio of initial changes/ 

tions in 1 M KCl were titrated with 1 M NaOH or 1 M HCl. The 
following pA"as were found: acethydroxamic acid 9.35 ± 0.02, 2-
aminoethylhydrazine, 9.50 and 8.07. 

Equilibria of Addition of Nueleophiles to Aldehydes. The addition 
of dimethylamine to benzaldehyde and hydrazine to acetaldehyde 
were measured by UV spectrometry on a Cary 16K spectrometer. For 
benzaldehyde, 100 tiL of a 5 X 10 - 2 M solution of aldehyde was added 
to a solution of dimethylamine-80% free base in distilled water. The 
decrease in absorbance at 280 nm (AA) was extrapolated to zero time 
to take into account the iminium formation. The amine concentration 
was varied between 4 and 0.33 M. The equilibrium constant was 
evaluated from a plot of AA vs. AA/[amine]. 

For acetaldehyde, the absorbance at 278 nm of several solutions 
1.54 X 1O - 3 M in acetaldehyde and between 6.25 and 1.25 X 10 - 3 

M in hydrazine-50% free base, were measured 10 s after mixing in 
a 2-cm optical path cell. The equilibrium constant was calculated from 
the following formula: 

[CH3COHIc 
= 1 + ^hydr + ' 

A:am[amine]0 

[CH3COH] " "'""' 1 + K a m [CH 3COH] 

where Khydr is the hydration equilibrium constant equal to 1.0420 and 
Kam is the equilibrium constant of amine addition; [CH3COH]0 refers 
to the total acetaldehyde concentration, free, hydrated, and complexed 
with hydrazine; [aminejo refers to the nonprotonated initial amine 
concentration; [CH3COH] is the free acetaldehyde concentration as 
measured from the optical density of the solution; the extinction 
coefficient, f, for acetaldehyde in water is the value determined by 
Kurz,61 15.77. Because of the low concentrations used, the equilibrium 
constant is comparatively less accurate. 

The equilibrium constant of addition of dimethylamine to acetal­
dehyde was measured by recording the pH drop of 1 mL of a 0.05 M 
solution of dimethylamine-50% free base upon addition of 1 mL of 
solutions between 1 M and 0.3 M in acetaldehyde and extrapolating 
to zero time according to the method of Le Henaff.22 

The equilibrium constant of addition of trifluoroethanol to acet­
aldehyde was estimated from the integration of the areas of the NMR 
peaks corresponding to the free aldehyde and the hemiacetal of a 10% 
trifluoroethanol solution of acetaldehyde and from the apparent <E of 
a 0.13 M solution of acetaldehyde in trifluoroethanol, taking the e for 
the free acetaldehyde to be equal to the value observed in hexane 
(16.2).7 

Equilibria of Transacylation Reactions. The experimental conditions 
for the determination of the equilibria are given in Table VIII. For 
the esterification equilibria, the alkaline hydroxamate assay of Hestrin 
was used.62 Samples (0.5 mL) were added to 1 mL of a freshly pre­
pared mixture of 1.33 M hydroxylamine hydrochloride and 2.67 M 
NaOH. After 5 min, 1.5 mL of 20% FeCl3-6H20 in 4 N HCl was 
added and the absorbance at 540 nm was measured after 10 min. A 
calibration curve was made using standard solutions of methyl ace­
tate. 

For the hydroxamic acid formation and aminolysis, 0.5 mL of 
sample solutions were added to 2 mL of 20% FeCl3-6H20 in 1.4 N 
HCl. The absorbance at 540 nm was measured against a blank. The 
pH was read at the end of the experiment and the hydroxylamine 
content was measured by titration to make sure that the hydroxyl­
amine had not decomposed significantly during the time of the 
equilibration. 

Rotational Barrier. The rotational barrier of iV-formylmorpholine 
was determined from the analysis of the proton decoupled 13C NMR 
spectra of neat samples of methylmorpholine. The analysis was done 

according to the intensity ratio method63 between 70 and 100 0 C for 
the /3 carbons (AG* = 19.55 ± 0.18 kcal) and 100 and 110 0 C for the 
a carbons (AG* = 19.53 ± 0.08). The spectra were taken on a Varian 
CFT 20 NMR spectrometer. 

Supplementary Material Available: A list of the pK3 and a* values 
used to obtain the pA â vs. a* relationships (7 pages). Ordering in­
formation is given on any current masthead page. 

References and Notes . 

(1) Chercheur qualifie du Fonds National Beige de Ia Recherche Scientifi-
que. 

(2) (a) Noncyclic cases: F. Swarts, Bull. Soc ChIm. BeIg., 35, 414 (1926); M. 
L. Bender, J. Am. Chem. Soc, 75, 5986 (1953); G. Fraenkel and J. Watson, 
ibid, 97, 231 (1975); S. G. Entelis and O. V. Nesterov, Dokl. Chem., 148, 
174, (1963). (b) For cyclic systems, detectable tetrahedral intermediates 
are more common. For a recent review, see ref 6a. See also G. Lucente 
and A. Romeo, Chem. Commun. 1605 (1971); W. Drenth and H. J. de 
Gruijter, Reel. Trav. ChIm. Pays-Bas, 89, 379 (1970); B. Bubranoki and M. 
Sladowska, Rocz, Chem., 46, 451 (1972); A. Rogers and T. C. Bruice, J. 
Am. Chem. Soc, 95, 4452 (1973), and 96, 2431 (1974); N. Gravitz and W. 
P. Jencks, ibid., 96, 489 (1974). 

(3) M. L. Bender, J. Am. Chem. Soc, 73, 1626 (1951). 
(4) (a) S. L. Johnson, Adv. Phys. Org. Chem., 5, 237, (1967); (b) W. P. Jencks, 

"Catalysis in Chemistry and Enzymology," McGraw-Hill, New York, N.Y., 
1968, pp 463-554; (c) T. C. Bruice and S. J. Benkovic, "Bioorganic 
Mechanisms", Vol. I, W. A. Benjamin, New York, N.Y., 1966, pp 1-211. 

(5) A. C. Satterthwait and W. P. Jencks, J. Am. Chem. Soc, 96, 7018 
(1974). 

(6) (a) J. P. Guthrie, J. Am. Chem. Soc, 95, 6999 (1973); (b) J. P. Guthrie, ibid, 
96, 3608 (1974); (c) J. P. Guthrie, Can. J. Chem., 53, 898 (1975); (d) J. P. 
Guthrie, ibid, 54, 202 (1976). 

(7) R. P. Bell, Adv. Phys. Org. Chem., 4, 1 (1966). 
(8) P. Greenzaid, Z. Luz, and D. Samuel, J. Am. Chem. Soc, 89, 749 

(1967). 
(9) E. M. Engler, J. D. Androse, P. v. R. Schleyer, ibid, 95, 8005 (1973). 

(10) Calculated from heats of formation of the aldehydes or acetone and the 
corresponding alcohols at 25 0C from the data given in ref 11. 

(11) (a) S. W. Benson, F. R. Cruickshank, D. M. Golden, G. R. Haugen, H. E. 
O'Neal, D. S. Rodgers, R. Shaw, and R. Walsh, Chem. Rev., 69, 279 (1969); 
(b) D. D. Wagman, W. H. Evans, V. B. Parker, I. Halow, W, M. Bailey, and 
R. H. Schumm, Nat. Bur. Stand. {U.S.), Tech. Note, No. 270, "Selected 
Values of Chemical Thermodynamic Properties" (1968). 

(12) Calculated from the data quoted in ref 6c: log Kheml = (1.36 ± 0.19)tr* -
(3.42 ± 0.35), /1 = 5, r = 0.971, for the formation of hemiacetals from 
ketones and methanol; the point for (CF3)2CO is uncertain and was not 
included; corrections for steric effects would Increase the p" value. 

(13) P. Greenzaid, J. Org. Chem., 38, 3164 (1973). 
(14) P. Geneste, G. Lamaty, and J. P. Roque, Reel. Trav. ChIm. Pays-Bas, 91, 

188(1972). 
(15) B. M. Anderson and W. P. Jencks, J. Am. Chem. Soc, 82, 1773 (1960). 
(16) M. R. Crampton, J. Chem. Soc, Perkin Trans. 2, 185 (1975). 
(17) (a) In 25% ethanol, p - 1.266 from G. M. Brauer, G, Durany, H. Argentar, 

J. Res. Natl. Bur. Stand., Sect. A, 71, 379 (1967); R, C. Thuaire, C. R. Hebd. 
Seances Acad. Sci., Ser. C, 267, 993 (1968). (b) In methanol, p = 1.537, 
from H. H. Jaffe, Chem. Rev., 53, 191 (1953). 

(18) E. G. Sander and W. P. Jencks, J. Am. Chem. Soc, 90, 6154 (1968). 
(19) From the following KacW: H2O, 1.9 X 10"2 M"1;20 CH3OH, 0.73 M"1;20 

ethanol, 0.5 M"1;20 isopropyl alcohol, 0.23 M - 1 ;2 0 H2O2, 48.0 M"1;21 

glycine, 39.0 M"1;22 alanine, 21.5 M - 1 ;2 2 morpholine, 20.5 M - 1 ;2 2 hy­
drazine, statistically corrected, 1.25 X 103 M - 1 , this work and the y values 
given in ref 18. 

(20) Ph. Le Henaff, C. R. Hebd. Seances Acad. Sci., Ser. C, 265, 175 
(1967). 

(21) P. L. Kooiman, W. L. Ghijsen, Reel. Trav. ChIm. Pays-Bas, 66, 205 
(1947). 

(22) B. Gaux and Ph. Le Henaff, Bull. Soc. ChIm. Fr., 2501 (1972). 
(23) (a) R. W. Taft, Jr., in "Steric Effects in Organic Chemistry", M. S. Newman, 

Ed., Wiley, New York, N.Y., 1956, Chapter 13; (b) G. B. Barlin and D. D. 
Perrin, Quart, Rev. Chem. Soc, 20, 75 (1966). 

(24) From a correlation of 37 pKas of substituted acetic acids (XCH2COOH) with 
standard a" values: pK„ = (4.768 ± 0.014) - (0.663 ± 0.008) a', r = 
0.997, s = 0.056; the data used are given as supplementary material. 

Journal of the American Chemical Society / 99:21 / October 12,1977 



7013 

(25) From a correlation of 23 p/fas of 2-substituted ethylamines with a-" values 
found in standard tables" or calculated from the pKa of the corresponding 
acetic acid: pKa = (10.49 ± 0.04)- (0.76 ± 0.02)<r", r = 0.993, s = 0.128; 
the data used are given as supplementary material. 

(26) R. Pollet and H. Vanden Eynde, Bull. Soc. ChIm. BeIg., 77, 341 (1968). 
(27) W. E. Stewart and T. H. Siddal, Chem. Rev., 70, 517 (1970). 
(28) K. Spaargaren, P. K. Korver, P. J. Van der Haak, and Th. J. de Boer, Org. 

Mag. Res., 3,605,615(1971). 
(29) (a) For an amide with a AG* value of 20 kcal, a AS* of 5 eu and a co­

alescence temperature of 100 0C, the assumption that the AG* value at 
25 0C is the same as at the coalescence temperature would lead to an error 
in the AG* value at 25 0C of 0.38 kcal. This in turn would lead to an error 
of a factor 1.9 in the calculated equilibrium constant, (b) Even when the 
AG* value is entirely enthalpic, it is not an exact measure of the localization 
energy of the T system especially for unsymmetrical amides or aldehydes 
for which the potential energy as a function of the angle can be described 
by the expression 2 \Zn/2(1 - cos n6). If the series is limited to three terms, 
the sum (V^ + V3) is equal to the energy difference between the cis and 
trans forms. The fact that both isomers are observed means that this sum 
is small. By using the experimental rotational barrier from the most stable 
isomer, we are adding the nucleophile to the actual perpendicular form 
of the carbonyl compound. 

(30) This a*OH is then equal to the <T*OCH3; this is consistent with the fact that 
tf*CH20H (0.555) is nearly equal to <7'CH2OCH3 (0-52). 

(31) pKa = (17.47 ± 0.14) - (1.45 ± 0.03)2a*, r = 0.993, S = 0.317, n = 27; 
the pKas used in the correlation are given as supplementary material; they 
are derived from conductimetric, spectrophotometric or potentiometric 
measurements in water; values obtained from kinetic measurements are 
less certain and have not been included. 

(32) Sho Takahasi, L. A. Cohen, H. K. Miller, and E. C. Peake, J. Org. Chem., 
36, 1205(1971). 

(33) J. P. Fox and W. P. Jencks, J. Am. Chem. Soc, 96, 1436 (1974). 
(34) The pKBs were taken from D. D. Perrin, "Dissociation Constants of Organic 

Bases in Aqueous Solutions", Butterworths, London, 1965, and Supple­
ment, 1972. pKaS obtained at 20 or 30 0C were corrected by subtracting 
or adding 0.15 p/fa units, respectively, as found to be the general rule for 
amines for which data at several temperatures are available. The a" 
constants were taken from standard tables23 or calculated from the p/<a 

of the corresponding acetic acid or from the rule <T*CH2X = <rV2.5;3Sthe 
pXas used are given as supplementary material. The following least-square 
equations were obtained: for XYZC-NH2, pK, = (11.55 ± 0.13)-(1.53 
± 0.06)2<r', r = 0.959, s = 0.46, n = 54; for XYZC-N(CH3)2, pKa = (10.98 
± 0.16) - (1.46 ± 0.09)2CT*, r = 0.956, s = 0.46, n = 27; for XCH2-
N(C2H5J2, pKa = (10.48 ± 0.20) - (1.55 ± 0.14)<r*x, r = 0.956, S = 0.51, 
n = 13; for XCH2-/\Amorpholines, pKa = (7.68 ± 0.1) - (1.50 ± 0.09)a*x, 
r = 0.988, s = 0.31, n = 9. 

(35) R. P. Wells, "Linear Free Energy Relationships", Academic Press, New 
York, N.Y., 1968, p 39. 

(36) A. R. Fersht and Y. Requena, J. Am. Chem. Soc, 93, 3493 (1971). 
(37) W. P. Jencks, M. Caplow, M, Gilchrist, and R. G. Kallen, Biochemistry, 2, 

1313(1963). 
(38) H. Morawetz and P. S. Otaki, J. Am. Chem. Soc, 85, 463, (1963). 
(39) F. A. L. Anet and M. Ahmad, J. Am. Chem. Soc, 90, 118 (1968). 
(40) Ph. Le Henaff, Bull. Soc Chim. Fr., 4687 (1968). 
(41) P. Ballinger and F. A. Long, J. Am. Chem. Soc, 82, 795 (1960). 
(42) A. L. Remizov, Zh. Obshch. Khim., 34, 3187 (1964); Chem. Abstr., 62, 

4106g(1965). 
(43) G. M. Blackburn and W. P. Jencks, J. Am. Chem. Soc, 90, 2638 

(1968). 
(44) M. I. Page and W. P. Jencks, J. Am. Chem. Soc, 94, 8828 (1972). 
(45) M. Eigen, Angew. Chem., Int. Ed. Engl., 3, 1 (1964). 
(46) C. G. Swain and E. C. Lupton, J. Am. Chem. Soc, 90, 4328 (1968). 
(47) The Ji value for N(CH3J2 was calculated from the expression Ji = 1.47CTP 

— 1.37<jm (derived from the equations given in ref 46); the a values were 
taken from D. H. McDaniel and H. C. Brown, J. Org. Chem., 23, 425 (1958); 

a -^N(CH3)J value of —0.93 was found. 
(48) A value of 2.40 ±0 .6 kcal can also be estimated from the far-IR spectrum 

of glyoxal if the torsional potential around the C-C bond is analyzed in terms 
of v\8) = 2,_3V„/2(1 - c o s n6) taking the V = (1/, + 4 V2 + 9 V3) = 13.7 
kcal as given in ref 49, the energy difference between the cis and trans 
forms (Vi + V3) = 3.2 kcal,50 and the V3 term = 0.9 ± 0.3, in the range 
found for butadiene and acroleine from a complete analysis.51 The barrier 
is equal to (V , / 2+ V2+ V3I2). 

(49) W. G. Fateley, R. K. Harris, F. A. Miller, and R. E. Witkouski, Spectrochim. 
Acta, 21, 231 (1965). 

(50) G. N. Currie and D. A. Ramsay, Can. J. Phys., 49, 317 (1971). 
(51) L. A. Carreira, J. Phys. Chem. 80, 1149 (1976). 
(52) L. A. Cohen and Sho Takahashi, J. Am. Chem. Soc, 95, 443 (1973). 
(53) G. W. Wheland, "Resonance in Organic Chemistry", Wiley, New York, N.Y., 

Chapman and Hall, London, 1955, p 99. 
(54) W. P. Jencks, B. Schaffhausen, K. Tornheim, and H. White, J. Am. Chem. 

Soc, 93, 3917(1971). 
(55) Ph. Le Henaff, personal communication; J. Hine and F. A. Via, J. Am. Chem. 

Soc, 94, 190 (1972); W. R. Abrams, Diss. Abstr. Int. B, 32, 4387 (1972); 
J. M. Sayer, M. Peskin, and W. P. Jencks, J. Am. Chem. Soc, 95, 4277 
(1973). 

(56) Obtained from the rotational barriers given in ref 81. 
(57) L. A. La Planche and M. T. Rogers, J. Am. Chem. Soc, 337 (1964). 
(58) T. Curtius and T. S. Hofmann, J. Prakt. Chem., [2] 53, 524 (1896). 
(59) L. Medard, Bull. Soc. ChIm. Fr., 3, 1343 (1936). 
(60) K. Eiter and E. Truscheit, German Patent, 1 108 233; Chem. Abstr., 56, 

P 14080b (1962). 
(61) J. L. Kurz, J. Am. Chem. Soc, 89, 3524 (1967). 
(62) S. Hestrin, J. Biol. Chem., 180, 249 (1949). 
(63) M. T. Rogers and J. C. Woodbrey, J. Phys. Chem., 66, 540 (1962). 
(64) W. J. Bover andP. Zuman, J. Electrochem. Soc, 122, 368 (1975). 
(65) Ph. Le Henaff, C. R. Hebd. Seances Acad. ScL, Ser. C, 262, 1667 

(1966). 
(66) A. J. Hoefnagel and B. W. Wepster, J. Am. Chem. Soc, 95, 5357 

(1973). 
(67) (a) M. S. de Groot and J. Lamb., Proc Roy. Soc London, Ser. A. 242, 36 

(1957); (b) R. L. Lipnick, Tetrahedron Lett., 931 (1973). 
(68) S. Nakaya, H. Kinoshita, and S. Ono, Nippon Kagaku Zasshi, 78, 940 

(1957). 
(69) K. I. Dahlqvist and S. Forsen, J. Phys. Chem., 69, 4062 (1965). 
(70) A. R. Fersht, J. Am. Chem. Soc, 93, 3504 (1971). 
(71) A. Brison, N. R. Davis, and E. P. Serjeant, J. Am. Chem. Soc, 85, 1933 

(1963). 
(72) V. Sunjic, F. Kajfez, and P. Mildner, Croat. Chem. Acta, 41, 107 (1969). 
(73) W. Walter and K. J. Reuben, Chem. Ber., 103, 2197 (1970). 
(74) R. C. Neumann, Jr, V. Jonas, K. Anderson, and R. Barry, Biochem. Biophys. 

Res. Commun., 44, 1156 (1971). 
(75) J. Elguero, A. Fruchier, L. Kructsoon, R. Lazaro, and J. Sandstrom, Can. 

J. Chem., 52,2744(1974). 
(76) Y. PockerandJ. E. Meany, J. Phys. Chem., 71,3113(1967). 
(77) J. Gerstein and W. P. Jencks, J. Am. Chem. Soc, 86, 4655 (1964). 
(78) P. W. Kopf and E. R. Wagner, J. Polym. ScL, Polym. Chem. Ed., 11, 939 

(1973). 
(79) G. E. Lienhard and W. P. Jencks, J. Am. Chem. Soc, 88, 3982 (1966). 
(80) R. G. Kallen and W. P. Jencks, J. Biol. Chem., 241, 5864 (1966). 
(81) R. E. Carter, Acta Chem. Scand., 22, 2643 (1968). 
(82) R. A. Pethrick and E. Wyn-Jones, Trans. Faraday Soc, 66, 2483 (1970); 

only the AW* value is available. 
(83) W. P. Jencks, F. Barley, R. Barnett, and M. Gilchrist, J. Am. Chem. Soc, 

88,4464(1966). 
(84) L. C. Gruen and P. T. McTigue, Aust. J. Chem., 18, 1299 (1965). 
(85) T. Drakenberg, J. Phys. Chem., 74, 1 (1970). 
(86) R. C. Neumann, Jr, and V. Jonas, J. Am. Chem. Soc, 90, 1970 (1968). 
(87) L. Radom, W. J. Hehre, and J. A. Pople, J. Am. Chem. Soc, 93, 289 

(1971). 

Fastrez / Free Energies of Addition of Nucleophiles to Carbonyl Compounds 


