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sibility of our proposal. In this report we describe the hydrolysis 
of a series of Schiff bases derived from cyclohexene-1-carb-
oxaldehyde (1). Several of these Schiff bases (2e-g) have in-

NR 
Il 

O 
2a, R = CH2CH2CH3 e, R = CH2COO-K+ 

b, R = CH2CH2OH f, R = CH2CH2COO-K+ 

c, R = CH2CF3 g, R = CH(COO-Na+ )CH2COO-Na+ 

d, R = CH2CONH2 

ternal carboxylate ions, enabling us to assess the existence of 
intramolecular catalysis by these groups. 

Results 

The series of cyclohexene-1-carboxaldehyde Schiff bases 
2a-g were synthesized by mixing the aldehyde (1) with the 
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Table I. Rate Constants for Nucleophilic Attack in the Hydrolysis of 2a-ga 

Schiff 
base 

2a 

2b 

2c 

2d 

2e 

2f 

2g 

P^a* 

8.34 ±0.03 
(8.32 ± 0.04) 
7.49 ± 0.02 

(7.51 ±0.04) 
4.36 ± 0.02 

5,81 ±0.02 

7.57 ± 0.02 
(7.62 ±0.05) 
7.76 ±0.03 

7.64 ± 0.02 

,0-3^ 1H 2O 5 

s-1 

0.109 
± 0.004 
0.628 

± 0.048 
720 
±80 
41.3 
± 1.4 
36.8 
±0.6 

2.0 ±0.1 

32.0 
±0.7 

10-4A:,0"-, 
M - 1 S - ' 

0.68 ± 0.02 

3.54 ±0.24 

62.6 ± 1.4 

13.8 ±0.6 

2.04 ± 0.04 

1.8 ± 0.1 

0.823 
±0.033 

ClAcO-

-10-3 

~0.03 

/c,cat, M-
AcO-

8.8 ±0.5 
X 10-4 

5.4 ±0.1 
X 10-3 

~2 

0.12 
±0.01 
0.011 

± 0.003 
2.5 ±0.3 

X 10-3 

1 S - ' 

H2PO4
2-

6.7 ±0.4 
X 10-3 

4.2 ±0.3 
x io-2 

10.8 
±0.8 
0.99 

±0.06 
0.083 

± 0.003 
0.0181 

± 0.0005 
0.046 

± 0.002 

Borate 

120 
± 10 

" Measured at 25 0C at ionic strength 1.0 (NaCl) from analysis of eq 2a. All errors are standard deviations. * Values in parentheses from 
kinetic data; other pKs values determined spectrally. 

appropriate amine at room temperature. The liquid Schiff 
bases (2a-c) were purified by preparative GLC or vacuum 
distillation, while the solid compounds (2d-g) were purified 
by recrystallization. All compounds gave spectra and elemental 
analysis consistent with the a,/3-unsaturated Schiff base 
structure (2). 

O 

,CH CH=NR 

H 

CH=NR 
RNH2 

1 2 2H+ 

A bathochromic shift of the absorption maxima in the uv 
spectra of 2a-g (from ca. 235 to ca. 260 nm) occurs in acidic 
solution. Such a shift is consistent with protonation of the imino 
nitrogen of 2 to give the conjugate acid, 2H+.19 Ionization 
constants for 2H+ were calculated using spectrophotometric 
methods (and also, in some cases, using kinetic data) as de
scribed in the Experimental Section and are shown in Table 
I. 

The hydrolysis of all seven Schiff bases was investigated over 
a wide pH range (generally 0-12) at 25.0 0C (M = 1.0). The 
product was identified spectrophotometrically. Ultraviolet 
spectra taken after completion of the reaction (at several pHs) 
were identical with spectra of 1 obtained under the reaction 
conditions. Routine checks of infinity absorbances of the ki
netic runs indicated greater than 90% conversion of 2 to 1 in 
all cases. Reaction rates were monitored either by observing 
the decrease in absorbance at 260 nm due to loss of the pro
tonated Schiff base or, under conditions where the Schiff base 
is largely unprotonated, by following the change in absorbance 
at 230-235 nm. Excellent first-order kinetics were obtained 
in all cases. The observed pseudo-first-order rate constants 
extrapolated to zero buffer concentration (/c0bsd°) are plotted 
vs. pH in Figure 1. The dependence of the rate on pH is ex
ceedingly complex, as several breaks in the curve are apparent 
for all of the Schiff bases. The relationship between the ob
served rate constant (A:0bsd) and the buffer concentration is also 
quite complex. At relatively high pH (above 5-7, depending 
on the identity of the imine), plots of k0bsd vs. the total buffer 
concentration ([B]t) are linear. However, at lower pHs there 
is pronounced curvature for all compounds (Figure 2). 

A complete analysis of these results may be obtained by 
using the generally accepted mechanism for Schiff base hy
drolysis, as recently modified by Sayer et al.20 Schiff base 
hydrolysis is known to proceed through the intermediate for

mation of a carbinolamine which subsequently breaks down 
to products (eq 1). Several investigations have established that 

NR 

A 
HNR 

Il 
HNR 

,[H-] / | \ 

& 

O 

C + RNH (1) 

formation of the carbinolamine (k \) is usually rate determining 
at high pH and breakdown to products rate determining at 
lower pHs.2'~25 

Above pH 5-7, depending on the Schiff base, the rate con
stants for 2a-g are satisfactorily accounted for by assuming 
rate-determining formation of carbinolamine so that /c0bsd is 
given by 

/USd = M H + V a H + ] + ^ ) (2) 

= (K1H2O + K1OH1OH-] + *,«t [ B]) ( [ " ^ ) (2a 

where k \ H 2°, k \OH", and k \cat are the rate constants for water 
attack, hydroxide ion attack, and general-base-catalyzed water 
attack on the protonated Schiff base (2H+). Calculated values 
of these parameters are given in Table I. 

As the pH is lowered below 5-7, a sharp break occurs in the 
pH-rate profiles of most of the Schiff bases. This break is as
cribed to the usual transition from rate-determining attack of 
water at moderate pH to breakdown of the carbinolamine at 
low pH. As expected from previous studies" of Schiff base 
hydrolysis, A:0bSd° decreases with increasing [H+] for most of 
the pH-rate profiles shown in Figure 1. However, at still lower 
pH, another break occurs in the pH-rate profiles of 2b, 2d, 2e, 
and 2g. While breaks in the profiles of 2e and 2g may be ex
pected due to the protonation of the carboxylate groups at low 
pH, the breaks observed for 2b and 2d must be due to another 
change in rate-determining step below pH 3. The effect of in
creasing buffer concentration on /t0t,Sd at low pH is also sug
gestive of another change in rate-determining step. In contrast 
to the linear buffer plots obtained at high pH, plots of &0bSd vs. 
total buffer concentration ([B]1) at low pH are decidedly 
nonlinear, as illustrated for the hydrolysis of 2b at pH 3.45 
(Figure 2). Attempts to correlate these results with the 
steady-state equation for a simple two-step mechanism (eq 
3) 

kxKxk2 I [H+] \ 
obsd /^1[H

+] +AT1Jt2 V[H+] +Kj ^' 

Kx =* , /* - ! 
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Figure 1. pH-rate profiles for the hydrolysis of 2a (A), 2b (D), 2c (x), 2d 
(T), 2e (O), 2f ( • ) , and 2g ( • ) . extrapolated to zero buffer concentration 
at 25 0C and ionic strength 1.0 (NaCl). The complete profiles for 2a-d 
and 2f are theoretical curves calculated from eq 2, 3, and 4 and the kinetic 
parameters in Tables I and II. The curves for 2e and 2g are theoretical only 
above pH 7. 

were unsuccessful, and it became apparent that the breakdown 
of the carbinolamine itself undergoes a change in rate-deter
mining step as the buffer concentration is increased. For ex
ample, when values of K\k2 were determined from eq 3 as 
described in the Experimental Section and plotted vs. the total 
buffer concentration at constant pH, these plots were decidedly 
nonlinear (Figure 2, inset). Since A"i is a constant, the variation 
of ki with buffer concentration must be nonlinear. Conse
quently, there must be a change in rate-determining step for 
carbinolamine decomposition {k2) with increasing buffer 
concentration. 

Fortunately, there is precedent for this situation in the ele
gant work of Sayer et al.20 They found that several different 
pathways are available for carbinolamine breakdown to free 
amine plus the aldehyde or ketone (Scheme I). This interme-

Scheme I 

NR 

A 
PT 

K, 

HNR 

A ; [ H + j 

HNR 

A" OH 

H2NR 
h + kfm 

H2NR 

.C—O" 
'<i T- « j L-PJ ^ 

^C- OH k.t[H+] + J^B[BH+] / Q ~ 

C + RNH, 

diate may decompose through either a positively charged 
species (T+) or a zwitterion (T=1=). Furthermore, these species 
are interconvertible through a complex series of reactions. 
Using this mechanism, the rate constants for several different 
processes were determined by an examination of the variation 
of K\k2° (the value of K\k2 extrapolated to zero buffer con
centration) with pH. Values of K\k2° were calculated as de
scribed in the Experimental Section. 

2,0 

/ 2 . 0 

/ "h 1.0 

' 

/ 

D 010 (120 0.30 

[Acetate] tQta| IM) 

1 1 

0.30 

Figure 2. The variation of the observed rate constant (/c0bsd) for hydrolysis 
of 2b with the concentration of acetate buffer, 90% acid, at pH 3.45. The 
inset shows the dependence of the rate constant for rate-limiting carbi
nolamine breakdown. K\ki, on buffer concentration under the same 
conditions. The lines are theoretical curves based on the parameters/or 
2b in Tables I and Il and eq 2, 3, and 4a. 

Table II. Rate Constants for Carbinolamine Breakdown in the 
Hydrolysis of 2" 

IQ1KIk4, M - ' s"1 

106AiA4^6 . M"1 s"1 

104A i k 3/Kj+, s-' 
104K^iZKJ+, s"1 

* 3
B , M - ' S " 1 

ClCH 2 COO-
C H 3 C O O -

2a 

>1.0 

Schiff base 

2b 

1.6 
2.0 
1.0 
0.069 

0.0021 
0.10 

2c 

9.0 

170 

2d 

6.5 
30 

5.5 
6.5 

0.03 
1.0 

" At 25.0 0 C with ionic strength = 1.0 (NaCI); parameters, as de
fined in Scheme II, were determined using eq 4 as described in the 
Experimental Section. 

Application of the steady-state assumption to T0, T+, and 
T=1= of Scheme I gives an expression for K\ki° as a function of 
[H+] 

Kxk2° = AT1 L K., 
[H+] , k6K,(k,[H+]/Kj+ + k. 

k6K4 + k3[n+}/Kj+ + k T+ • + i] (4) 

where K4 = k4/k-4. The values of K\k2° for 2b and 2d were 
fit to eq 4 as described in the Experimental Section and the 
parameters obtained are summarized in Table II. It must be 
emphasized that all four parameters are required in order to 
obtain the excellent fit with the pH-rate profiles (Figure 1) 
for 2b and 2d. 

The rate of carbinolamine breakdown for the Schiff base 
from trifluoroethylamine (2c) showed a simpler kinetic be
havior. The value K\k2° was found to be linear with hydrogen 
ion concentration. This result can be readily accounted for if 
the term in ki[H+]/Kj+ makes no contribution to the ki
netics, i.e., there is no direct interconversion between T+ and 
T*. Equation 4 then reduces to 

Kxk2 -«[l • + • (5) 
AYr+ ' k6K4 + k4] 

A plot OfA^2
0 vs. [H+] gave values for K\k5/Ka

T+ (slope) and 
K\k(,K4k4/(k(!K4 + k4) (intercept). A comparison of the rel
ative values of k4 and K4k(, as a function of amine pKd for 2b 
and 2d suggests that K4kb » k4 for 2c. Consequently the in-
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Figure 3. Bronsted plots of the catalytic constants, £icat ' , for the general-
base-catalyzed hydrolysis of 2a (A), 2b (D), 2c (x), 2d ( • ) , 2e (O), and 
2f ( • ) . Values of &icat are from Table I; the p/Ca

cat values were obtained 
from pH measurements made under the experimental conditions (25 0C 
and ionic strength 1.0 with NaCl). 

Figure 4. Correlations of the rate constants for water attack, &iH2° (B, 
slope -0.98), and hydroxide ion attack, k\OH~ ( • , slope -0.49) with 
Schiff base pK3 for the hydrolysis of 2a-g. 

tercept reduces to K\k^. These assignments of the two rate 
constants for 2c are consistent with the work of Sayer et al.20 

on carbinolamine formation. Their results show that as a Schiff 
base becomes less basic, the ratios A:3/̂ 5 and k-4/kd continue 
to decrease until the only significant routes for carbinolamine 
breakdown become zwitterion formation from T0 (k^) at 
moderate pH and breakdown OfT+ to products (ks) at low pH. 
Thus, only one change in rate-determining step is observed for 
a weakly basic amine corresponding to the usual transition 
from breakdown of the carbinolamine intermediate to its for
mation. 

A similar detailed analysis of the rate constants for carbi
nolamine breakdown could not be carried out for 2e, 2f, and 
2g owing to the complicating ionization of the carboxyl groups. 
For 2a only a minimum value for K\k^ could be obtained. All 
rate constants for carbinolamine breakdown are given in Table 
II. 

Discussion 
Rate-Determining Nucleophilic Attack. At sufficiently high 

pH (>5-7), the pH-rate profiles for all of the compounds in 
this study are satisfactorily explained by rate-limiting attack 
of water or hydroxide ion on the protonated Schiff base, similar 
to previous studies of Schiff base hydrolysis. "•'8 '2N25 As ex
pected,1 us.25 the attack of water is general base catalyzed by 
a wide variety of bases (Table I). A Bronsted plot of the cata
lytic constants for general base catalysis (/cicat) vs. the pKa 
of the general base gives a straight line for all Schiff bases, with 
slopes varying from 0.36 to 0.45 (Figure 3). These values are 
comparable to the Bronsted coefficients of 0.27 and 0.4 pre
viously observed for general-base-catalyzed attack of water 
on the cationic Schiff bases benzhydrylidenedimethylammo-
nium ion25 and 2,2,2-trifluoro-7V-(3-methyl-2-cyclohexenyl-
idene)ethylammonium ion,18 respectively. For all compounds 
studied, the rate constant due to hydroxide ion (k \OH~) shows 
a large positive deviation (ca. 102-fold) in the Bronsted plots. 
This deviation presumably arises from hydroxide ion acting 
as a nucleophile rather than a general base catalyst for water 
attack, similar to what has been observed for other Schiff 
bases. "-2^25 

The existence of intermolecular general base catalysis of 
water attack on 2H+ suggests that the internal carboxylate ions 
in 2e-g may be capable of acting as intramolecular catalysts. 
Evidence that this occurs may be found in Figure 3. Although 
the second-order rate constants for attack of water (k 1 H2°/55 
M) fall on the Bronsted plot for those Schiff bases without 
internal carboxylate ions (2a-d), this rate constant shows a 
positive deviation for the Schiff bases from both glycine (2e) 

and alanine (2f). The Bronsted plot for 2e exhibits a value of 
k 1 H2° which is ca. 30-fold larger than that predicted, whereas 
k\Hl° for 2f is about fivefold greater than expected. These 
enhanced rates for water attack on 2eH+ and 2fH+ are con
sistent with internal general base catalysis by the carboxylate 
ions. 

Another indication of the increased reactivities of the pro
tonated forms of 2e and 2f is found in a plot of k \ Hl° vs. the 
pKa of the Schiff base (Figure 4). Those compounds without 
an internal carboxylate ion (2a-d) generate a straight line of 
slope —0.98, similar to what was observed in the hydrolysis of 
Schiff bases from substituted benzaldehydes, and consistent 
with a late transition state.23 The rate constants for water at
tack for 2e and 2g, however, show positive deviations of 60-fold 
from this correlation, while the corresponding rate constant 
for 2f shows a more modest enhancement of about fivefold. The 
positive deviations for 2e-g in both the above plots clearly show 
an enhanced reactivity for their cations toward attack of water. 
The most reasonable mechanism to account for this result is 
internal general base catalysis by the carboxylate ions (3). 

HN' 
,(CH2)n \ x/ 

P 

- 0 — H O 
I 

H 

In contrast to the plot of log k\H2° vs. pKa, a plot of log 
A:iOH~ vs. pÂa shows no significant deviations for the rate 
constants for 2e-g from the line defined by 2a-d (Figure 4).26 

Similarly, plots of log &icaL vs. pKd for both acetate- and 
phosphate-catalyzed rates (not shown) have slopes of —0.82 
and —0.78, respectively, and reveal only minor rate enhance
ments (less than twofold) for 2e-g. The lack of any increased 
rates of these processes for Schiff bases containing carboxyl 
groups is consistent with internal general base catalysis. Such 
catalysis would only be expected for attack of water and would 
not be superimposed on external general base catalysis or nu
cleophilic attack by hydroxide ion. 

The enhancements of k]H2° for 2e and 2f observed in the 
Bronsted plots may be used to estimate the effective concen
tration of the carboxylate group arising from its forced prox
imity to the reactive site. The pKa of the carboxyl group in 2e 
should be comparable to the carboxyl pA"a of glycine (2.35), 
and from the Bronsted plot for 2e, a general base of this pKa 
should have an /«rermolecular catalytic constant of ca. 1.2 X 
10-3 M - ' s - i . By correcting the value of k iH2° for the small 

Journal of the American Chemical Society / 99:10 / May 11, 1977 



3383 

amount of water attack predicted by the Br^nsted plot and 
dividing by the projected rate for the intermolecular process, 
an estimate of ca. 30 M is obtained for the effective concen
tration of the internal base in 2e. An analogous calculation for 
2f gives an effective concentration of ca. 1 M for the carbox-
ylate group in this Schiff base. 

Owing to the presence of two internal general bases in 2g, 
the individual catalytic effects of each group are difficult to 
determine. However, if the carboxyl groups in 2g function with 
approximately the same catalytic ability as the corresponding 
bases in 2e and 2f, and if the slope of the Br^nsted plot for 2g 
is approximately the same as determined for 2b (0 ~ 0.44), 
then the intramolecular rate constant for 2g would be predicted 
to be ca. 3 X 10-2 s~l. This estimate is in good agreement with 
the measured value of 3.2 X 1O-2 s_1 and shows that the en
hancement in the rate of hydrolysis of 2g is also probably due 
to intramolecular general base catalysis. 

Although intramolecular general base catalysis of water 
attack is in accord with all the data, an alternate explanation 
for the increased reactivities of 2e-g toward water attack must 
be considered. This would involve nucleophilic participation 
by the carboxylate anion, generating an uncharged cyclic 
compound, such as 4, which could protonate to give 4H+ 

(Scheme II). Attack of water or hydroxide ion on either species 

Scheme I! 

products 

4H+ 

could presumably lead to products.27 Any significant contri
bution by such a nucleophilic mechanism to the rate of hy
drolysis is considered unlikely for several reasons. 

First, on the basis of the absorbance spectra of 2e, the 
equilibrium concentrations of the cyclized species, 4 and 4H+, 
must be quite small. The extinction coefficient of 2e at 260 nm 
is constant from pH 1 to pH 5 (1.9 X 104) and compares well 
to the extinction coefficients of the other protonated Schiff 
bases (ca. 2 X 104). In addition, the Ka value of 2eH+ was 
determined in solutions ranging in pH from 1 to 12 and no 
anomalies were observed. The absorbance change at 260 nm 
should be a more complex function of [H+] if any significant 
fraction of the Schiff base was converted to 4, owing to the 
possible protonation of 4 to form 4H+. Indeed, the pKa of 2eH+ 

is comparable to the p/^a of 2b, a Schiff base derived from an 
amine similar in basicity to glycine. 

The kinetic behavior of 2e is also entirely consistent with the 
hydrolysis of the protonated Schiff base, and the Kd value 
determined from a kinetic analysis agrees with that obtained 
spectrally. Although attack of water and hydroxide ion on 4 
(in rapid equilibrium with 2eH+) would also be consistent with 
the rate law (eq 2), the good correlation of k\OH~ for 2e with 
the rate constants for the other Schiff bases (Figure 4) argues 
that hydroxide ion attack on 4 is not significant, and the un-
catalyzed attack of water for the hydrolysis of an ester such 

as 4 would be much too slow to account for k]H2° (0.037 s_l). 
Water attack on 4H+ is inconsistent with the observed rate 
law,28 leaving hydroxide ion attack on 4H+ as the only viable 
alternative to explain the kinetic behavior of 2e. By this 
mechanism, the pH-independent rate at pH 6-7 for 2e (k]Hl°) 
would actually be represented by k]Hl° = K^k^OH'Kv./Ka'. 
Substituting values of k^0 (0.037 s"1), Kw (lO"14), and K./ 
(ca. 5 X 10-3, analogous to glycine) into this expression yields 
W N

O H " * 2 X 1010M-' S_1. On the basis of the large ex
tinction coefficient observed for 2e at pH 1, it is obvious that 
K^ is much less than 1, and this leads to a value for / :NO H~ 
which exceeds the rate of diffusion. Therefore, species 4 and 
4H+ cannot be kinetically significant in the hydrolysis of 
2e. 

By an analysis similar to that outlined above for 2e, nu
cleophilic participation by the carboxylate groups in the hy
drolysis of 2f and 2g is also considered improbable. The good 
correlation of k\OH~ for 2f and 2g with the rate constants for 
other Schiff bases (Figure 4), the reasonable pAVs, the large 
extinction coefficients in acidic solution, and the observed rate 
law all are consistent with the reactive species being the pro
tonated Schiff base. The minimum value of k\OH~ estimated 
for 2f, in an attempt to account for A;iH2° by hydroxide ion 
attack on a protonated cyclic species analogous to 4H+, is ca. 
5X10 8 M - 1 s - ' .29 Although this rate does not exceed the 
diffusion rate as it did for 2e, it seems unlikely for nucleophilic 
attack on an acyl carbon. Since nucleophilic catalysis appar
ently does not operate in the hydrolysis of 2e or 2f, it is rea
sonable to expect that such a mechanism does not occur in the 
hydrolytic reaction of 2g either. 

Other examples of internal catalysis of Schiff base formation 
or hydrolysis are rare. Intramolecular general base catalysis 
by an ionized o-OH group was originally suggested for the 
hydrolysis of Schiff bases derived from salicylaldehyde30 and 
from 3-hydroxypyridine-4-carboxaldehyde.3' However, sub
sequent investigation of the hydrolysis of o-, m-, and p-hy-
droxy-Ar-benzylidene-2-aminopropane and their methoxy 
analogues indicate that internal catalysis by - O - in the ortho 
position does not occur.32 Hine et al.33 presented evidence for 
internal acid-catalyzed dehydration of carbinolamines formed 
from acetone and various substituted amines. In addition, 
Sayer et al.20b concluded that substituted hydrazines with a 
moderately acidic proton may provide intramolecular general 
acid catalysis in the formation of carbinolamines from carbonyl 
compounds and amines. 

The larger effective concentration of the intramolecular base 
in 2e (30 M) compared to 2f (1 M) suggests that the insertion 
of an additional methylene group between the imine linkage 
and the internal base in 2f significantly decreases the efficiency 
of intramolecular catalysis. A similar effect was noted in the 
internal-acid-catalyzed dehydration of carbinolamines derived 
from monoprotonated diamines of the structure HN+-
(Me)2(CH2)«NH2.33 Thus, as n was increased from 2 to 3 or 
4, the rate of Schiff base formation decreased by ca. tenfold, 
although the increased basicity of the primary amine groups 
would be expected to increase the rate in the absence of internal 
catalysis. Therefore, the more efficient internal catalysis ob
served for 1,2-diamines closely parallels the 30-fold difference 
measured for 2e and 2f. 

Rate-Limiting Breakdown of the Carbinolamine Interme
diate. As noted in the Results, the rate constants for breakdown 
of the carbinolamine intermediate do not vary with pH as ex
pected for the simple two-step mechanism for Schiff base hy
drolysis." The pH-rate profile for 2b clearly indicates another 
break below pH 3. The initial decrease in the rate of hydrolysis 
of 2b that occurs below pH 4 is no doubt due to the transition 
from rate-determining nucleophilic attack on 2bH+ to de
composition of an intermediate. Usually, the rate of Schiff base 
hydrolysis decreases linearly with respect to hydroxide ion 
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Table III. Calculated Values of Rate and Equilibrium Constants 
for the Processes of Scheme I 

PH 
Figure 5. pH-rate profile for the hydrolysis of 2b, illustrating the various 
changes in rate-determining step. 

concentration at low pH."'2 3-2 5 This has been ascribed to the 
concentration of the zwitterion intermediate (T=1=) decreasing 

"O—C—NH -R 
tT 

H O ^ C - -NH,- -R 

T+ 

in direct proportion to pH, which results in the formation of 
the unreactive (or, at least, less reactive) protonated carbino-
lamine ( T + ) . " The rate of hydrolysis of 2b, however, levels off 
near pH 2.5, only to decrease further and level off again as the 
pH is lowered (Figure 1). 

Unusually high rates of hydrolysis at low pH have been re
ported for some aromatic Schiff bases,23'25 but these anomalies 
had gone unexplained until the recent elegant work by Sayer 
et al.20 These authors have shown that carbinolamine forma
tion can occur by two separate mechanisms: (1) acid-catalyzed 
amine attack in a "more or less concerted" manner, and (2) 
a stepwise process involving uncatalyzed formation of a zwit
terion that is subsequently trapped by proton transfer from 
water or acids. Accordingly, the reverse process, Schiff base 
hydrolysis, can occur as outlined in Scheme I. 

Using this mechanism, the pH-rate profile for the hydrolysis 
of a typical Schiff base (2b) may be rationalized in the fol
lowing way (Figure 5). At high pH (>4), the rate-determining 
step is carbinolamine formation (k\); between pH 4 and 6 at
tack takes place by water on the protonated Schiff base 
(A: i " 2 ° ) , whereas above pH 6 hydroxide ion is the nucleophile 
(k iOH~). The break at ca. pH 8 is due to ionization of the Schiff 
base. As the pH is lowered below 4, a rapid prior equilibrium 
exists between the protonated Schiff base and the carbino
lamine, and the rate-determining step becomes the proton-
switch203 process (£4) which interconverts T0 and T*. Slightly 
below pH 3, the stepwise pathway for conversion of T0 to T* 
(kj/Ka

T+) becomes competitive with kt, and the pH-rate 
profile levels off. At still lower pHs (<2), /t_3 [H+] is greater 
than Ac6, and k6 becomes rate limiting. At higher acidity (pH 
(H0) < O), the neutral transition state from T* becomes less 
stable than the positively charged one from T + and the reaction 
proceeds through rate-limiting breakdown OfT+ (A^). 

Values for the microscopic rate and equilibrium constants 
of Scheme I were obtained by using the procedure of Sayer and 
Jencks20c to calculate pKa

T+ and Kj, and by noting that k-i 
should be diffusion controlled ( ~ 1 0 I 0 M _ I s~'). The calculated 
values are given in Table III. Consistent with the observation 
of this type of multistep mechanism, the rate of breakdown of 
T + to products (kf,) is faster than the equilibration of T0 and 
T + through a "proton switch" mechanism {k-4). The values 
of k-4 for 2b and 2d (ca. 107 s~') are in the range previously 
observed for this process (106-10 s s - 1)-3 4 The rate constants 
for breakdown of T* (Ac6) are also comparable to the rate 
constants for other systems in which multistep reaction path-

lb 2c 2d 

PKJ+ 

KuM-' 
K3, M - ' 
K4, M- 1 

k3,s-' 
k-3,M~' s"1 

A r 4 1 S " 1 

k-4, s-' 
/Us- ' 
A6, S-' 

7.9 
2.5 X lO- ' 3 

4.4 X 10"'° 
4.1 X 1(T2 

4.4 
1010 

6.5 X 105 

1.6 X 107 

0.30 
2.0X 108 

3.6 

2.4 X 10~9 

9.6 X 10"6 

24 
1010 

6.1 
5.3 X 1 0 - " 
7.6 X lO - 1 0 

1.0 X 10"3 

7.6 
1010 

1.2 X 104 

1.2 X 107 

9.0 
5.5 X 108 

ways of this type can be inferred. The analogous rate constant 
for amine expulsion from the intermediate T + from p-ch\o-
robenzaldehyde and methoxyamine20a is 5.3 X 10 8s - 1 ; for the 
intermediate from /?-chlorobenzaldehyde and semicarbazide,35 

it is 2 X 109 s - ' . It should be noted, however, that these in
termediates are both derived from relatively weakly basic 
amines (pKd = 4.70 and 3.86, respectively). It is expected34'35 

that the kf, term should decrease with increasing amine ba
sicity, however, so that zwitterionic tetrahedral intermediates 
having more basic amine moieties should decompose sub
stantially slower. For example, the rate constant for breakdown 
of T* from methylamine (pKa = 10.6) and isobutyraldehyde 
is about 4.9 X 10 6 s - 1 . 1 3 It is initially surprising then that the 
k(, values for 2b and 2d are similar to those for zwitterions 
derived from weakly basic amines and about 100-fold faster 
than the rate constant from the zwitterion of isobutyraldehyde 
and methylamine. Indeed, to our knowledge, these changes in 
rate-determining steps have not previously been observed with 
amines as basic as ethanolamine and glycinamide, presumably 
due to kf, being less than k4 in these cases. 

The most reasonable explanation for the accelerated 
breakdown of T + from 2b and 2d is an enhanced stability of 
cyclohexene-1-carboxaldehyde (1) relative to the other al
dehydes. The existence of a,/3 unsaturation no doubt provides 
an extra driving force for elimination of amine over that 
available with p-nitrobenzaldehyde or isobutyraldehyde. 
Support for this hypothesis may be found in the fact that both 
p-nitrobenzaldehyde and isobutyraldehyde are significantly 
hydrated in aqueous solution (20 and 38%, respectively),36'37 

whereas cyclohexene-1-carboxaldehyde shows no detectable 
formation of hydrate.38 These results suggest that elimination 
of a nucleophile (e.g., amine) from a tetrahedral intermediate 
should be more favorable when 1 is produced rather than p-
nitrobenzaldehyde or isobutyraldehyde. Consequently, com
plex kinetics, characteristic of several changes in rate-deter
mining steps, are observable for more basic amines with 1 than 
with /5-nitrobenzaldehyde (or other aldehydes). 

Although microscopic rate constants could only be deter
mined for three of the Schiff bases, it is informative to consider 
the trends in these parameters as the amine pKa is varied 
(Table III). It is noteworthy that the dependence of k$ on 
Schiff base basicity for 2b and 2d (A log k5 = -0.9ApK11) is 
substantially greater than the dependence of A6 (A log Ac6 = 
-0.3ApK11). This result suggests that the transition state for 
the breakdown from T + (k5) is much further along the reaction 
coordinate than the one for breakdown from T=1= (Ar6). In their 
study of Schiff base formation, Sayer and Jencks20a found that 
variation in the aldehyde portion also had more effect on the 
rate of breakdown to aldehyde plus amine from T + than from 
T±. 

The general-base-catalyzed breakdown of the carbinolamine 
intermediate observed at moderate pH is due to catalysis of the 
proton transfer from the protonated carbinolamine to give the 
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zwitterion (kj). If a simple proton transfer is rate determining 
for the general-base-catalyzed process, the Br^nsted slope 
should be near zero when the proton transfer is thermody-
namically favored (at high pKa for the base catalyst), and 
approch 1.0 as the base catalyst decreases in p# a . 4 0 Strong 
bases could not be used in the low pH region to confirm the 
expected curvature in the Br^nsted plot but the estimated /3 
from the k^B values for 2b is near 1.0 and supports the rate-
determining transfer of a proton. 

Although general base catalysis by external buffers of car-
binolamine breakdown was clearly observable for 2, it was not 
possible to unambiguously determine whether intramolecular 
general base catalysis of this process exists. The inability to 
determine all the kinetic parameters for more than two Schiff 
bases precludes a comparison of these rate constants in both 
the presence and absence of a carboxylate ion. The pH-rate 
profiles of 2e and 2g are further complicated by the ionization 
of the internal bases in these two compounds. The increases 
observed in £0bSd° for 2e and 2g as the pH is lowered below 2.5 
(Figure 1) may be attributed to protonation of the carboxylate 
groups. Neutralizing the carboxylate anion decreases the ni
trogen basicities of 2e and 2g which then leads to increases in 
the rates of carbinolamine breakdown. The plateau from pH 
0 to 2 in the profile of 2e is similar to that observed for 2d and 
probably reflects the decrease in the iminium pKd of 2eH+ by 
~ 2 pÂ a units. This pKa decrease is analogous to that observed 
when the carboxylate group of glycine is replaced by an amide 
or ester function. 

Experimental Section 

Materials. Distilled water was used for all kinetic solutions. Buffers 
were reagent grade and used without purification. Ethanolamine and 
rt-propylamine were purified by distillation, as was 2,2,2-trifluo-
roethylamine after neutralization of its hydrochloride salt. Glyci-
namide was obtained from its hydrochloride salt by neutralization with 
sodium hydroxide in methanol followed by removal of the solvent. The 
crude glycinamide was repeatedly dissolved in absolute ethanol, 
cooled, and filtered until 95% of the theoretical amount of sodium 
chloride was separated; recrystallization from absolute ether yielded 
the pure amide. Glycine, /3-alanine, and aspartic acid were reagent 
grade and used without purification. Cyclohexene-1-carboxaldehyde 
(1) was prepared according to the procedure of Braude and Evans,41 

bp 61-63 0C (11 mm) (lit.41 bp 72 0C (15 mm)). The Schiff bases 
(2a-g) were prepared from 1 as described below. 

Preparation of Schiff Bases of Cyclohexene-1-carboxaldehyde. 
Schiff bases 2a-e were prepared by mixing the amine (5 mmol) with 
1 (5 mmol) in 5 mL of absolute ether over molecular sieves at room 
temperature. After 1-2 h, analysis by IR revealed that no aldehyde 
remained; decanting from the sieves and removal of the solvent gave 
quantitative yields of the Schiff bases. Schiff base 2d was obtained 
by an analogous procedure using absolute ethanol as the solvent. 
Compounds 2e-g were prepared by reacting the potassium or sodium 
salt of the amino acid (17 mmol) with 1(17 mmol) in 10 mL of ab
solute methanol for 30 min under nitrogen, analogous to the procedure 
given by Heinert and Martell.42 The solvent was removed, the gummy 
residue treated with dry acetonitrile and evaporated to dryness under 
vacuum, and the residue treated with absolute ether to yield crystals. 
Purification procedures, spectra, and elemental analyses are given 
below. The salts 2e-g (recrystallized) were sealed in capillary tubes 
and were used to prepare fresh stock solutions in absolute methanol 
shortly before use. Stock solutions of purified 2a-d were prepared in 
dry acetonitrile and were stable indefinitely when stored under re
frigeration. 

2a. Analytic and kinetic samples were obtained by GLC (Silicone 
DC-55): IR (Et2O) 1642 and 1629 crrr1 (C=N and C=C); NMR 
(CCl4) <5 7.38 (s, 1, CH=N), 5.75 (m, 1, C=CH), 3.20 (t, J = 1 Hz, 
2. C=NCH2), 2.38-1.8 (m, 4), 1.85-1.30 (m, 6), 0.86 (t, J = 7 Hz, 
3); UV (H2O, pH 2) Xmax 259 nm (e 1.87 X 104). 

Anal. Calcd for C10H17N: C, 79.41; H, 11.33; N, 9.26. Found: C, 
79.26; H, 11.28; N, 9.11. 

2b. Purification by vacuum distillation; bp 80 0C (0.05 mm); IR 
(Et2O) 1644 and 1629 cirr1 (C=N and C=C); NMR (CDCl3) b 

7.78 (s, 1), 6.15 Cs, l),3.9-3.4(m,5),2.4-1.9(m,4), 1.9-1.4 (m, 4); 
UV(H2O, pH 2) Xmax 262 nm (« 1.94 X 104). 

Anal. Calcd for C9Hi5NO: C, 70.56; H, 9.87; N, 9.14. Found: C, 
70.42; H, 9.80; N, 9.38. 

2c. Purification by GLC (5% Carbowax); IR (Et2O) 1643 and 1629 
cm"1 (C=N and C=C); NMR (CCl4) & 7.45 (s, 1), 5.93 (m, 1), 3.71 
(q, J = 9 Hz, 2, CH2CF3), 2.4-1.9 (m, 4), 1.9-1.4 (m, 4); UV (H2O, 
pH 2) Xmax 260 nm (e 2 X 104). 

Anal. Calcd for C9H12NF3: C, 56.54; H, 6.32; N, 7.33. Found: C, 
56.45; H, 6.40; N, 7.35. 

2d. The crude crystals were extracted with dry ether and the solution 
concentrated with cooling to promote crystallization. A white powder 
was isolated in 60% yield. Analysis by NMR revealed the presence 
of <5% glycinamide. Attempts to purify the powder further by re-
crystallization only resulted in discoloration and a lowered melting 
point. The elemental analysis given below shows a slightly low carbon 
content which can be explained by the presence of 3-4% glycinamide. 
Small amounts of glycinamide were shown to have no effect on the 
kinetic behavior of 2d in dilute solutions: mp 81-84 0C; IR (CHCI3, 
4%) 3510, 3450, 1680 (CONH2), 1642 and 1628 cm-' (C=N and 
C=C); NMR (CDCl3) 5 7.52 (s, 1), ca. 6.5 (broad s, 2, CONH2), 
6.01 (m, l),3.92(s,2),2.5-1.9(m,4). 1.9-1.4 (m, 4); UV (H2O, pH 
2)Xmax264nm(e 1.9 X 104). 

Anal. Calcd for C9H14N2O: C, 65.03; H. 8.44; N, 16.86. Found: 
C, 63.60; H, 8.42; N, 17.10. 

2e. Recrystallization twice from ethanol-ether (1:5) gave white 
needles in a 70% yield. Elemental and IR analyses revealed that 2e 
exists as a monohydrate; this is not unusual for potassium salts of 
amino acid derived Schiff bases.35 Ir(KBr) 1590 (broad). 1400,750 
(COO-K+). 1640 and 1625 cm"1 (C=N and C=C); NMR 
(MeOH) 5 7.40 (s, 1), 5.98 (s, 1) 3.83 (s, 2); UV (H2O. pH 1 -4) Xmax 
261 nm(e 1.9 X 104). 

Anal. Calcd for C9H12NO^K-H2O: C, 48.41; H, 6.32: N. 6.27. 
Found: C, 48.44; H, 6.07; N. 6~.40. 

2f. Recrystallization from acetonitrile-methanol (5:1) yielded 
hygroscopic crystals: IR(KBr) 1585 (broad), 1395, 748 (COO-K+), 
1640 and 1624 cm-' (C=N and C=C); NMR (MeOH) 5 7.50 (s, 
I) and 6.02(s, 1); UV(H2CpH 1-5) Xmax 262 nm (e 1.75 X 104). 

Anal. Calcd for C10H14NO2K: C, 54.76; H. 6.43; N, 6.39. Found: 
C, 54.35; H, 6.75; N, 6.30. 

2g. Recrystallized from methanol-ether; IR (KBr) 1585 (broad) 
and 1410(COO-), 1640Cm"1 (shoulder,C=N orC=C): UV (H2O, 
pH l)Xmax264nm(« 1.80X 104). 

Anal. Calcd for Ci ,H n NO 4 K^H 2 O: C, 39.15; H. 5.03: N. 4.14. 
Found: C, 39.36; H, 5.27; N, 4.05. 

Determination of Schiff Bases Ionization Constants. The K11 values 
for all Schiff bases were determined spectrally. A constant volume 
of a stock solution of the purified Schiff base was mixed with buffer 
solutions of varying pH at constant ionic strength (1.0. NaCI) and 
temperature (25.0 ± 0.2 0C). Initial absorbance readings at 260 nm 
(A) were obtained by extrapolation to the time of mixing and used to 
calculate K11 from the equation 

where [H+] was obtained from the measured pH. and A11 and /Ib are 
initial absorbances at 260 nm measured at pH 2 and 12. respectively. 
A least-squares fit of the above equation was forced through an in
tercept of zero to give the K11 values listed in Table I. 

For some Schiff bases (2a, 2b, and 2e) K11 values were also deter
mined using a rearranged form of eq 2a in the text: 

In this equation, A:0bsd° is ôbsd extrapolated to zero buffer concen
tration, and k' = (10 -14 k\OH~)/K-d, which is the observed pH-inde-
pendent rate constant obtained at high pH. Least-squares fits of this 
equation yielded K11 values from the slopes which are also listed in 
Table I. 

Kinetic Methods. All kinetic measurements were carried out at 25.0 
± 0.2 0C and at ionic strength maintained at 1.0 with NaCl. pH 
measurements were made on a Radiometer Model 26 pH meter. 
Spectra were obtained on a Cary 16K and rates were followed using 
either a Gilford 2000 or 2400 spectrophotometer. All observed rate 
constants were pseudo-first order and were calculated using a non
linear least-squares analysis. Rates of Schiff base disappearance were 
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measured at 235 nm when 2 was present primarily as the free base or 
at 260 nm when the Schiff base was protonated. In some cases, the 
rates of appearance of 1 at 240 nm were also monitored and the ob
served rate constants were found to agree with rates measured at 260 
nm within 5%. 

Except at pH 0-3 and 11-13, where HCl or NaOH was used, 
buffers were employed to keep pH constant. Rate constants were 
extrapolated to zero buffer concentration as described below. 

(a) In the pH region where attack on protonated 2 is predominantly 
rate determining (above pH 5-7, depending on the Schiff base), plots 
of observed rate constants vs. total buffer concentration, [B]t, were 
linear and were extrapolated to zero buffer concentration using a 
weighted least-squares analysis. The slopes obtained were first cor
rected for the fraction of 2 present as the free base (i.e., slope X (KA 

+ [H+])/[H+]) and these corrected slopes were plotted vs. the frac
tion of the buffer present as the free base to give rate constants for 
base-catalyzed water attack (k icat) listed in Table I. Catalysis by the 
acid form of the buffer was zero within experimental error in all 
cases. 

(b) Below pH 5-7 plots of &0bsd vs. [B]t were not linear and buffer 
independent rate constants were obtained by two different procedures. 
At low pH, where carbinolamine breakdown is largely rate deter
mining, plots of &0bsd vs. [B]t could be extrapolated to zero buffer 
concentration to yield &0bsd° directly because curvature of the plots 
was minimal at low [B]t in this pH region. Values of K\k2° were cal
culated from fc0bsd° using eq 3 and values of k i0 obtained from results 
at higher pH. However, at moderate pH plots of &0bsdvs. [B]t showed 
more pronounced curvature (Figure 2) and direct extrapolation to give 
&obsd° was difficult. In this transitional pH range, where neither for
mation nor breakdown of the carbinolamine is predominantly rate 
limiting, plots of K1Ii2 vs. [B]t were effectively linear at low [B]t 
(Figure 2, inset) and were used to obtain K1Ic2

0. The plots of K\k2vs. 
[B], were generated using eq 3 from /c0bsdand values of k\ calculated 
from the kinetic parameters obtained for carbinolamine formation 
at higher pHs (Table I) using eq 2a. Therefore, values of/c°0bSd in this 
transitional pH region were calculated from K]k2° and k \° using eq 
3 and were used to construct the pH-rate profile in this pH range 
(Figure 1). 

Analysis of the pH-Rate Data. A. Rate-Determining Nucleophilic 
Attack. In the region above pH 5-7 the observed rate constants, ex
trapolated to zero buffer concentration (£0bsd°), were corrected for 
dissociation of the protonated Schiff base using the measured Ka and 
then plotted vs. hydroxide concentration according to the equation 

^0ObSd ( [ H y ^ a ) = *'H2° + *.OH"[OH-] 

which is a rearranged form of eq 2a in the absence of buffer. A least-
squares fit of this equation yielded a slope of k \ OH~ and an intercept 
of k i H 2°. For most Schiff bases this analysis gave values of k \ H2° quite 
close to the maximum rate observed at pH 5-7; this arises because the 
change in rate-determining step to carbinolamine breakdown does 
not occur, in most cases, until the Schiff base is nearly completely 
protonated. However, the calculation of k i H2° for 2c required a large 
extrapolation because nucleophilic attack is predominantly rate 
limiting only above pH 6.5. Although the pKa of 2c is accurately 
known (4.36 ± 0.02), the large corrections necessary above pH 6.5 
magnify any errors in the data. For this reason the &!H2° value for 2c 
is somewhat uncertain. All calculated values of Ai1^0 and £iOH~, 
along with standard deviations, are summarized in Table I. 

B. Rate-Determining Breakdown of the Carbinolamine Intermediate. 
Sufficient data were obtained for the hydrolysis of 2b to allow the 
variation of K\k2° with [H+] to be analyzed in terms of eq 4 of the text 
as follows. 

At high [H+], H0 = -0.214 3 topH 1, eq 4 reduces to 
K,k2° = KMk5[H+]/Kj+) + k<,K4\ 

and a plot of A:,^0 vs. [H+] gave K,k5/Kj+ and K^k6K* from the 
slope and intercept, respectively. At low [H+] (pH~4), ki[H+]/Kj+ 

< k4 and the K\k5[H+]/ Kj+ term is negligible; thus, eq 4 reduces 
in this limiting case to 

K,k2° = Kik6K4k4/(k6K4 + k4) 

which was used to give a good estimate of the quantity K\ k4 from the 
value of K\kbK4 determined above. Values for K\ k}/Kj+ were then 
calculated from data in the intermediate pH region 1-4. All the pa
rameters were finally varied slightly to obtain the best fit for the ex

perimental values of K]k2° to eq 4. The constants for 2b given in Table 
II describe the entire pH region below pH 4 very well (the root mean 
square deviation of the experimental points is 1.4%). 

Parameters for the breakdown of the intermediate in the hydrolysis 
of 2d were also obtained by the procedure outlined above. In this case, 
however, the values of K\k5/K3J

+ and AT] A:3ATa
T+ were comparable 

which resulted in the expression for K\k2° being relatively insensitive 
to the magnitude of K\K4k(„ even at low pH. The root mean square 
deviation of the experimental and calculated points for the parameters 
(Table II) obtained for 2d is 3.5% over a pH range of H0 = —0.21 to 
pH4.43. 

Catalytic rate constants for carbinolamine breakdown (k3
B) were 

obtained from plots of K\k2 vs. [B] by assuming that the conversion 
of T+ to J+ is the only process in carbinolamine breakdown which is 
significantly catalyzed by buffers at moderate pH (Scheme I).20a 

Therefore, in the presence of buffers eq 4 becomes 

K\k2 - K\ T + 

I / v a 

k6K4[(k, + k^[B])[H + ]/Kj+ + k4] ] 
k6K4 + (k3 + £3

B[B])[H+]/Ka
T+ + k4\

 a> 

Values for kjB were varied until plots of K\k2 vs. [B] were satisfac
torily described by this expression using the other parameters of Table 
Il (see Figure 2). 
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The rate equation for an acid-catalyzed reaction of the 
general type 

S + H + <=> S H + — t — products (4) 
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Abstract: Equations to correlate rate constants with the acidity of the medium are derived from the hypothesis, already verified 
in protonation equilibria measurements, that linear free energy relationships exist between acidity functions. These equations 
require plotting against (Ho + log [H+]) the quantity log k^ — log ([SH+]/[S]sl), where the ratio [SH+] /[S]st assumes differ
ent values depending on the basic strength of the substrate. The slope parameters obtained give information on the differences 
in solvation requirements on going from protonated substrates (strongly and moderately basic compounds) or from the sub
strate (weakly basic) in its free base form to the transition state. Information on the structure of the transition state may be in
ferred from the comparison of these solvation requirements with those observed in protonation equilibria studies. The hydroly
sis rates of methyl tert-buty\ ether, tert-buty\ acetate, phenyl /erf-butyl sulfoxide, and /V-te77-butyl-2,4-dinitroaniline are re
ported as a function of the acid concentration and discussed, together with selected examples from the literature, in the light 
of the above treatment. 


