Mechanism of Decarboxylation of p-Aminosalicylic Acid
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Abstract [J The rate of decarboxylation of p-aminosalicylic acid (1) in
aqueous solutions was studied at 25°C (u = 0.5) as a function of pH and
buffer concentration. A pH—rate profile was generated by using the rate
constants extrapolated to zero buffer concentration. The profile was bell-
shaped, with the maximum rate of decarboxylation near the isoelectric
pH. The rate constants obtained in buffered solutions indicated general
acid catalysis. Bronsted behavior appeared to be adhered to. The two
ionization constants of 1 were determined spectrophotometrically at
25°C and at an ionic strength of 0.5. An HPLC method was used to
characterize the degradation products of the reaction. Kinetic solvent
deuterium isotope effects were studied to further confirm the mechanism
of decarboxylation. Below pH 7.0, the mechanism of 1 decarboxylation
is the rate controlling proton attack on the carbon-alpha to the carboxylic
acid group of 1 anion and the ampholyte, followed by the rapid
decarboxylation of the formed intermediate.

The objective of this study was to investigate the mecha-
nism of decarboxylation of p-aminosalicylic acid (1). The
most likely decomposition reaction in the pH region below
pH 10! is defined in Scheme 1.

Scheme |

The interpretation of the kinetics of 1 decarboxylation in
aqueous solutions is complicated by the fact that 1 and
similar acids can exist as neutral, zwitterionic, cationic, and
anionic forms in aqueous solution, depending on the pH of
the solution, and any one or more of these forms could
decarboxylate. The concentration of each species in solution
varies with pH, temperature, and ionic strength; consequent-
ly, the rates of decarboxylation will vary depending on these
conditions. Such variations have been used to indicate the
nature of the species undergoing decarboxylation. The ion-
ization scheme for 1 at pH values less than 7 can be defined
by Scheme II.

If the concentrations of HA and Z are represented by [HA]
and [Z], then the concentration of the total ampholyte, [N], is
equal to the sum of [HA] and [Z]. For most purposes, N can be
treated as a single species, since the ratio of zwitterion to
neutral molecule is independent of pH.

The macroscopic constants K; and Ky, shown in Scheme II,
are defined in Eq. 1 and 2, and the microscopic constants k&,
k1o, kg1, and kg, are defined by eq. 3 and 4:

K,

HAY = N +H 1
):¢3

N = A+ H* (2)
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The individual macroscopic constants are related to the
microscopic constants as follows:

Ky = ki1 + kg (5)
1/K2 = 1/k12 + 1/k22 (6)

The concentrations of each individual Bjerrum species? can
be obtained by following relationships:

HA* = (HT [1] 0
2 HTP+KMHET+ KK,
B K, [H"]
N = [H*]? + K;[H'] + K\K, L, ®
A = LSLO (11, 9

[(H*12 + Ki[H'] + KK,

where [1]; is the total concentration of 1.

In solution, [H;A*] and [A~] approach [1]; at high and low
hydrogen ion concentrations, respectively, and [N] reaches a
maximum when [H*] equals (K,K,)""2. This corresponds to a
pH equal to the isoelectric pH, pl, and is equal to (pK; + pKy)/
2.
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In principle any of the four forms of 1 could be involved in
the decarboxylation reaction, and the rate of decarboxylation
should be greatest at the pH where the concentration of the
most labile form is greatest. If the rate-controlling step in the
decarboxylation of 1 is the first-order decomposition of any
Bjerrum species or rate-limiting proton addition to any
Bjerrum species followed by its rapid decarboxylation, a plot
of the observed rate constants at zero buffer concentration
versus pH should show inflections corresponding to the
change in concentration of that species as a function of pH.

The kinetics of decarboxylation of 1 and similar acids have
been extensively studied in the past by other workers.!3-10 In
all of these previous studies, the mechanism of decarboxyl-
ation was inferred from the pH dependency of the reaction
along with chemical intuition and, in one case, from a
structure reactivity study.'® Other mechanistic probes, such
as the presence of buffer catalysis and isotope studies, were
minimally used to delineate the mechanism.

Past studies of 1 decarboxylation have shown that the
maximum rate of decarboxylation occurs near the pl of 1.
This rate maximum shifts to the lower pH as the tempera-
ture is increased. Above pH 10, 1 undergoes hydroxyl-ion
catalyzed decarboxylation.6 Below pH 10 it has generally
been concluded that the most likely mechanism of 1 decar-
boxylation is either spontaneous decarboxylation of the zwit-
terion or the rate-controlling proton attack on 1 anion
followed by rapid decarboxylation. Based on the pH depen-
dency of the reaction alone, these two mechanisms cannot be
separated, since they are kinetically equivalent. Also, there
appears to be a contribution to decarboxylation from either
proton attack on either HA or Z or spontaneous decarboxyl-
ation of fully protonated 1 under strongly acidic conditions.3
Some doubt has been raised as to whether decarboxylation is
the only reaction under these conditions.!

Therefore, the purpose of this investigation, as stated
earlier, was to probe the mechanism of decarboxylation of 1
with tools other than the simple pH dependence of the
reaction, although the pH dependency of the reaction was
studied. The reactions were carried out under carefully
controlled conditions of constant temperature and ionic
strength. The presence of general acid catalysis was tested
for, and deuterium solvent isotope effects were used to
further probe the mechanism. A complete product analysis
by HPLC was used to confirm the decomposition product(s) as
a function of time and pH.

Experimental Section

Materials—Sodium p-aminosalicylate (Sigma Chemical Co.) was
recrystallized from an acetone—water mixture. Water used for kinet-
ics was deionized, glass distilled, freshly boiled, and purged with
nitrogen to displace oxygen and carbon dioxide. All glassware used
for the kinetic studies was thoroughly rinsed with deionized water.
All the chemicals used were American Chemical Society reagent
grade.

Buffers—Buffer solutions were prepared with chloroacetic acid
(Allied Chemicals) for the pH values 2.4-4.2, crystalline d-lactic acid
(99% pure, J. T. Baker Chemicals) for pH 3.5-4.1, methoxyacetic
acid (Aldrich Chemical Co.) for pH 3.5-4.0, acetic acid (Fisher
Scientific Co.) for pH 4.4-4.8 and hydrochloric acid (J. T. Baker
Chemicals) for pH values less than 2.0. The buffer concentration
range was 0.04—0.2 M. All the buffer solutions were adjusted to a
constant ionic strength of 0.5 with KCI. To prevent oxidation of 1 in
agueous solutions, buffers contained 2.5 x 107 M EDTA.

pH Measurements—All pH measurements were made at 25°C
with an Orion Research model 701 digital pH meter. The pH meter
was standardized with standard buffers (Fisher Scientific). Measured
pH values were reproducible to +0.003 pH units and are assumed to
be accurate to =0.01 units.

Methods—Determination of Ionization Constants—The two macro-
scopic ionization constants of 1 were determined spectrophotometri-
cally at 25°C (u = 0.5). Solutions of 1 (10~ * M) at 25°C and at various

pH values in the range of 0.61-5.84 were prepared with 0.04 M
acetate buffer and hydrochloric acid. A Zeiss spectrophotometer,
model PM6, with a thermostated cell holder maintained at 25.0 +
0.5°C was used. The appropriate buffer solution in a matched cell was
used as a blank. Absorbance was read at five different wavelengths
in the range of 250-270 nm. The two macroscopic ionization con-
stants were calculated by fitting the data to the following expression:

A= (A)- [H'P + ANK, [H'] + A Ky KD (10)

where D = [H']? + K, [H*] + K, K,; A,y is absorbance at any pH;
A+, Ay, and A, - are the absorbances of 1 in its cationic, ampholyte,
and anionic forms, respectively; K, and K, are the two ionization
constants; and [H*] is the hydrogen ion concentration.

The ionization constants for the buffers were determined by
titrating a 102 M solution of the acid form of the buffer against 0.5
M NaOH (x = 0.5 with KCI). The ionization constants were calculat-
ed from the titration data using the method of Albert and Serjeant.12

Product Analysis—Past studies!! have reported that besides m-
aminophenol (and carbon dioxide), resorcinol and 2,4-dihydroxyben-
zoic acid may be possible decomposition products of 1. An HPLC
method was therefore developed to separate these possible degrada-
tion products from 1 itself. Separation was accomplished at ambient
temperature (25°C). Conditions for the HPLC analysis were as
follows: column, ODS Hypersil 5 um, 15 cm in length; pump, Altex
110A; injector, Water Associates U6K injector; detector, Water
Associates 440 at 280 nm; flow rate, 2.0 mL/min; range, 0.20; chart
speed, 5 cm/min; injection volume, 20 uL; retention volumes, I (0.9
mL), m-aminophenol (0.24 mL), resorcinol (0.4 mL), resorcylic acid
(2.68 mL); mobile phase, 55 parts methanol, 45 parts 0.05 M
phosphate buffer (pH 7.0) containing 1 mM tetraoctylammonium
bromide as an ion-pairing agent.

Mixtures of 107* M 1 at various pH values (pH 1.0-5.0) were
followed at 25°C. Mixtures were sampled and analyzed at times
corresponding to 10, 25, 50, and 75% reaction.

Rate Measurements—The change in the concentration of 1 with the
time at various buffer concentrations and pH values was followed by
using a spectrophotometric method.* Specifically, 50 mL of 3 x 107%
M 1 in an appropriate buffer were freshly prepared. The mixtures
were then maintained at 25.0 = 0.5°C in a temperature-controlled
water bath. The mixtures were sampled at time zero and at the
predetermined time intervals. One-milliliter aliquots of the mixture
were withdrawn and diluted with 2 mL of 0.5 M sodium citrate
solution, to raise the pH of the solution to ~ pH 6.7. The absorbance
at 300 nm (absorbance of reaction preducts negligible at this wave-
length) was followed for approximately six to seven half-lives. The
pH of the mixture was measured at various times during the run and
at the end of the run and was found to be within 0.005 units of the
initial pH values. Samples were refrigerated until analyzed. By
raising the pH of the solution and storing the samples in a refrigera-
tor, it was found that there was no significant further decomposition
of 1 when analyzed before 3—4 days. The absorbance of the solutions
at 300 nm were determined on a Perkin Elmer Lambda 1 UV/VIS
spectrophotometer. Plots of the logarithm of the absorbance change
against the time gave excellent linear fits.

Deuterium Solvent Isotope Effect Studies—Deuterium solvent iso-
tope studies were undertaken as a further probe of the mechanism of
decarboxylation of 1. The kinetics of 1 decarboxylation in D,O were
followed similarly to those in H,O. Buffers used were deuterium
hydrochloride (Sigma Chemical Co.) and 0.04 M acetate buffer in
deuterium oxide (Stohler Chemicals). The pH values studied were
1.1, 2.1, 3.1, 3.9, and 4.6, corresponding pD readings of 1.5, 2.5, 3.5,
4.3, and 5.0. Solutions of 3 X 107* M 1 in the deuterated solvents
were maintained at 25.0 = 0.5°C (u = 0.5 with KCl). Change in the
concentration of 1 was followed spectrophotometrically at 300 nm by
a procedure identical to that used for the H,O studies.

Results

Product Analysis— The two possible routes of 1 decompo-
sition in the aqueous solutions are shown in scheme 1. After
proton attack on 1 anion, the intermediate formed either
undergoes rapid decarboxylation to give m-aminophenol (2)!
or deamination to give 2,4-dihydroxybenzoic acid (3), which
can subsequently decarboxylate to resorcinol (4).2! The deg-
radation products of the reaction at various pH values were
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analyzed by HPLC. Figure 1A shows an HPLC chromato-
gram obtained for the separation of all four compounds
shown in scheme III. Figure 1B shows a typical chromato-
gram obtained for 75% 1 decomposition at pH 1.0, showing
only two peaks, 1 and 2. For all reactions at all pH values
these were the only two peaks observed. From these results it
is evident that 2 and carbon dioxide are the only degradation
products of 1 decomposition in the pH range of 1-5.
Ionization Constants—The macroscopic ionization con-
stants of 1 at 25°C and ionic strength of 0.5 were determined
spectrophotometrically and, for the buffers, titrimetrically.

10 20
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R
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o
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Figure 1—(A) HPLC chromatogram for the separation of m-amino-
phenol, resorcinol, p-aminosalicylic acid (1), and 2,4-dihydroxybenzoic
acid. (B) Typical chromatogram for the 1 decomposition reaction be-
tween pH 1-5. Shown is a 75% reaction of 1 in hydrochloric acid buffer
at pH 1.0.
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The ionization constants of 1 at 25°C, u = 0.5, were as
follows: K; = 1.58 + 0.18 x 107% K, = 2.51 + 0.51 x 10™%
pK; = 1.80 + 0.04; pK; = 3.60 = 0.07. Table I reports the K
and pK, values with their standard deviations for the buffers.

Rates of Decarboxylation—Rate constants for the decom-
position of 1 were obtained by fitting the spectrophotometric
data to eq. 11:

InfA - A™) = In(Ay — A™) — k¢ (11)
where A is the absorbance at time ¢, A, is the absorbance at
time zero, and A, (0.010) is the absorbance at t.. Figure 2
shows representative plots of In(fA — A.) versus time. The
slope of such a line allows the calculation of the observed rate
constant k.. Excellent straight lines were obtained confirm-
ing that 1 decarboxylation was indeed first-order. The slopes
of the plots were obtained by linear regression by the method
of least squares. In most cases the correlation coefficient was
>0.998. Rate constants were obtained for different reactions
at a constant temperature (25°C) and ionic strength (u = 0.5)
but at varying buffer concentrations and pH values. Table II
lists the values of the observed rate constants with their
standard deviations. The observed pseudo-first-order rate
constants, when plotted against total buffer concentrations at
constant pH, gave linear plots. Figure 3 shows typical plots
for the chloroacetic acid buffer run at pH values of 2.4-4.2.
The slopes of these lines represent the second-order catalytic
rate constants, k... The lines extrapolated to zero buffer

Table |—lonization Constants for the Buffers (Acid Form) at 25°C,
pn =052

Buffer K, x 10° PKa
Chloroacetic acid 2.090 + 0.050 2.68 + 0.01
Lactic Acid 0.460 = 0.010 3.34 = 0.01
Methoxyacetic acid 0.400 = 0.010 3.40 = 0.01
Acetic acid 0.029 + 0.001 454 + 0.01

@ Results are means * standard deviations.

(Abs—Abs )

0.01 1 1 1 1 1 I
50 100 150 200 250 300

TIME (h)

Figure 2—Aqueous decarboxylation of p-aminosalicylic acid (1) at
25°C, u = 0.50. Semilogarithmic plot of absorbance change against
time, for 1 decarboxylation in 0.04 M methoxyacetic acetate buffer, at pH
35(0), 3.75 (1), 4.0(0), and 0.04 M acetate buffer at pH 4.4 (@), 4.6
(A}, and 4.8 (W).



Table ll—Decarboxylation Rates of p-Aminosalicylic Acid in Buffer Solutions at 25°C, u = 0.5

Buffer pH Buffer conc., mol/L ks X 102, h™'2 Buffer pH Buffer conc., mol/lL Ky X 102, h™12
Chloroacetic acid 24 0.04 1.61 + 0.05 41 0.04 0.70 = 0.06
0.06 1.64 = 0.10 0.06 0.72 = 0.06
0.10 1.73 = 0.10 0.10 0.78 £ 0.08
0.15 1.81 = 0.01 0.15 0.86 = 0.05
0.20 1.98 + 0.02 0.20 0.93 + 0.08
28 0.04 1.56 + 0.10 Methoxyacetic acid 3.5 0.04 1.51 £ 0.05
0.06 1.69 = 0.10 0.06 1.55 = 0.08
0.10 1.78 = 0.02 0.10 1.59 = 0.07
0.15 1.83 = 0.05 0.15 1.62 + 0.05
0.20 1.95 + 0.04 0.20 1.66 = 0.03
3.2 0.04 1.55 = 0.10 3.75 0.04 1.19 = 0.04
0.06 1.52 = 0.10 0.06 1.21 = 0.05
0.10 1.60 = 0.10 0.10 1.27 £ 0.05
0.15 1.65 + 0.10 0.15 1.28 = 0.03
0.20 1.71 £ 0.10 0.20 1.35 = 0.06
3.8 0.04 0.93 £ 0.08 4.0 0.04 0.89 = 0.02
0.06 0.98 + 0.03 0.06 0.92 =+ 0.01
0.10 1.01 = 0.05 0.10 0.95 + 0.03
0.15 1.03 =.0.05 0.15 0.99 + 0.03
0.20 1.09 = 0.07 0.20 1.05 = 0.06
4.2 0.04 0.49 + 0.05 Acetic Acid 4.4 0.04 0.43 = 0.07
0.06 0.62 + 0.02 0.06 0.47 = 0.09
0.10 0.65 * 0.02 0.10 0.52 = 0.10
0.15 0.65 + 0.02 0.15 0.58 = 0.10
0.20 0.66 = 0.04 0.20 0.61 = 0.10
Lactic Acid 3.5 0.04 142 £ 0.10 4.6 0.04 0.35 = 0.10
0.06 1.45 + 0.10 0.06 0.33 = 0.06
0.10 1.53 + 0.10 0.10 0.34 £ 0.09
0.15 1.60 = 0.10 0.15 0.40 = 0.06
0.20 1.69 = 0.10 0.20 0.45 *+ 0.06
3.7 0.04 1.18 + 0.12 4.8 0.04 0.23 *+ 0.06
0.06 1.23 + 0.10 0.06 0.25 + 0.06
0.10 1.34 = 0.11 0.10 0.29 * 0.06
0.15 1.42 £ 0.10 0.15 0.30 = 0.06
0.20 1.46 = 0.10 0.20 0.33 + 0.07
2Results are the means + standard deviations.
e.or P concentration give the values of the observed rate constants

1 I} 1 A
o} 0.05 .10 0.15 0.20

TOTAL BUFFER CONCENTRATION [B], (moliL)

Figure 3—Dependence of rate constants of decarboxylation of p-
aminosalicylic acid (1) at 25°C, u = 0.50, on the buffer concentration
and pH of the solution. Decarboxylation of 1 in chloroacetate buffer at pH
24(A), 28 (W), 3.2(0), 3.8(N), and 4.2 ().

for 1 decarboxylation at zero buffer concentration, k.,
which were then used to generate the pH-rate profile. Plots
similar to those shown in Fig. 3 were done for all the buffers
to obtain the k. and k', values for all buffers and pH
values. Table Il summarizes these results.

pH-Rate Profile—A pH-rate profile for the decarboxyl-
ation of 1 in water, as shown in Fig. 4 (solid circles), was
generated by using the values of &' ;. The profile obtained
was approximate bell-shaped, with the maximum rate near
the apparent isoelectric pH, pl. The rate of decarboxylation
decreases to an apparent constant value at low pH values and
drops off at higher pH values. The points are the experimen-
tal values, and the line was theoretically generated by the fit
of the data to the following expression:

k’obs = kH [H+] FN + k’H [H+] Fl— (12)

where k', is the observed rate constant at zero buffer concen-
tration; ky is the rate constant for the proton addition to 1
ampholyte, N; &'y is the rate constant for the proton addition to
1 anion; Fy is the fraction of 1 in its ampholyte form; and F,- is
the fraction of 1 in its anionic form. These fractions can be
calculated by using eq. 8 and 9 by dividing the concentration of
the species by the total concentration of 1.
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Table lil—Catalytic Rate Constants (k.,;) and Observed Rate
Constants at Zero Buffer Concentration (k') for the
Decarboxylation of p-Aminosalicylic Acid at 25°C, u = 0.5

2 2

Buffer pH krc\:dal 1><h1_(1)a, klob}s‘I_X1 a10 y
Chloroacetic acid 2.4 2.40 = 0.01 1.50 + 0.005
2.8 1.80 = 0.01 1.58 + 0.005

3.2 1.20 = 0.01 1.47 *+ 0.005

38 0.80 + 0.01 0.93 = 0.004

4.2 0.30 = 0.01 0.60 = 0.004

Lactic acid 3.5 1.70 = 0.01 1.37 = 0.005
3.7 1.20 * 0.01 1.13 = 0.005

4.1 0.80 = 0.01 0.68 + 0.004

Methoxyacetic acid 35 0.93 = 0.01 1.48 = 0.005
3.75 0.73 + 0.01 1.18 + 0.004

4.0 0.63 = 0.01 0.87 + 0.004

Acetic acid 4.4 1.00 + 0.0t 0.40 + 0.005
4.6 0.71 = 0.01 0.30 = 0.004

4.8 0.55 = 0.01 0.21 = 0.004

2 Results are the means = standard deviations.

Klos (077)

T 117

T

0 1 ! 1 | i ot
0 | 2 3 4 5 6

pH/pD

Figure 4—Dependence of the rate constants of decarboxylation of p-
aminosalicylic acid (1) at 25°C, u = 0.50, on the pH and pD of the
solutions. A plot of logarithm of rate constants versus pH (@) and pD (O)
for decarboxylation of 1 in water and deuterated water.

Data were fitted to eq. 12 by the program MULTI!? to
estimate the parameters ky, k'y, Ky, and K,. The values for
the rate constants ky and &'y and the lpKa values of 1
obtained were £y = 0.153 = 0.009 M ' h™! &'y = 150 = 10
M'h',pK, =16 +0.1,pK, =38 =0.1,andpl = 2.7 =
0.1.

Equation 12 is mathematically equivalent to eq. 13:

k'ops = ky F1+ + &', Fx (13)
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where

ky = ku K, (14)
ky=kuK, (15)

and ky represents the specific unimolecular rate constant for
rate controlling decarboxylation of the fully protonated spe-
cies, k', represents the specific unimolecular rate constant
for rate-controlling decarboxylation of the ampholyte, and
F;+ and Fy are the fraction of 1 fully protonated and
ampholyte species, respectively. Later discussion will sug-
gest that the reaction scheme consistent with eq. 12 is a more
likely mechanism than that defined by eq. 13.

Buffer Catalysis—By following the loss of 1 as a function
of pH and buffer concentration, the presence of buffer cataly-
sis for the decarboxylation could be verified. Plots of kg,
versus total buffer concentration, [B);, were fit to eq. 16:

kobs = k’obs + kcat [B]t (16)

There is an observed significant increase in the kg, with an
increase in the buffer concentration, indicating the presence
of buffer catalysis. The values obtained for the k ., were used
to analyze the presence of general acid or general base
catalysis.

Normally, a typical plot of k. versus the fraction of the
buffer in its acid form, Fp,, should be a linear with k., = kg
at F, = 0.0 and &, = kg, at Fy, = 1.0. For 1 decarboxyl-
ation, however, the buffer plots are likely to be more complex
and possibly defined by eq. 17:

keat = kga Fx Fpa + k'ga F,- Fpa + kgb Fx Fa‘
+ kg Fy F, an

where k., is the catalytic rate constant, k., is the general
acid rate constant for the reaction of acid form of the buffer
with 1 ampholyte, &',, is the general acid rate constant for
the reaction of acid form of the buffer with 1 anion, kg, is the
general base rate constant for the reaction of anionic form of
the buffer with 1 ampholyte, &'y, is the general base rate
constant for the reaction of anionic form of the buffer with 1
anion, Fyy and F;- are the fraction of 1 ampholyte and anion,
respectively, and Fy, and F,- are the fraction of the buffer in
acid and anionic form, respectively.

A plot of k., versus F},, may be nonlinear, as the fraction of
1 reactive species, Fy and F,-, are included in eq. 17. One
way to estimate the general acid or base rate constants is to
linearize eq. 17 by testing various approximations. From
early plots of k., versus Fy,,, it was observed that 1 decarbox-
ylation did not appear to be subjected to a significant general
base catalysis. Assuming, therefore, that there is a zero or a
negligible general base catalysis, it may be possible to
neglect the third and fourth terms on the right side of eq. 17
to give eq. 18:

kcat = kga FN Fha + krga F]‘ Fha (18)

From the pH-rate profile, &'y, the rate constant for proton
addition to 1 anion, is about three orders of magnitude larger
than kg, the rate constant for proton addition to 1 ampholyte.
Assuming the same is true for the relative magnitudes of &'y,
and kg,, it may be possible to neglect the first term in eq. 18,
resulting in eq. 19:

kcat = k’ga Fl' Fha (19)

Correcting k., for the fraction of 1 anion at any given pH
leads to eq. 20:

k,cat = kcat/FI* = k,ga Fha (20)



If all the assumptions are correct, then a plot of &'
against Fy, should be linear, giving %'y, at Fy, = 1.0, and
pass through zero at Fy, = 0.0. Figure 5 is a plot of k',
versus Fy, for the acetic acid buffer data. The data suggest
that no general base catalysis exists, as the Fy, = 0.0
intercept is not statistically significantly different from zero.
Therefore, the plot for acetic acid was fit by forcing the data
through zero at Fy, = 0.0. Plots for each of the other buffers
were similar, k',, values being determined from the Fy, =
1.0 intercept. Taile IV is a summary of these values, and Fig.
6 is a Bronsted plot of the logarithm of &', versus the pK, of
the buffer. The plot appears to be linear, with a slope of
-0.60.

Deuterium Solvent Isotope Effect—As a further probe of
the decarboxylation of 1, the reaction was also studied in
deuterium oxide. Figure 4 is the combined plot for the pH and
pD profiles. There is an observed shift to the right in the pD
profile due to the shift in the pK, values of 1 in the D;O. The
downward shift in the profile is due to the decrease in the
reaction rate in the deuterated solvent. The reaction proceeds
approximately five times faster in water than in deuterated
water. This appears to confirm that water, probably in the
form of a proton addition, is involved in the rate-controlling
step.

The values for kp and k' were obtained by fitting the D;O
data to eq. 21:

k’obs = kD [D+] FN + k’D [D+] Fl'

Buffer extrapolation was not done for D50, as at a buffer
concentration of 0.04 M, minimal buffer catalysis was ob-
served for the H;O studies. The pK, values for 1 were not
experimentally determined in Dy0O, but it has been shown by
others that carboxylate and amino group pK, values are

(21)

2.0+
—~ t.5F
£
T
= 1.0 +
&
o
b (]
>
w OS5
3
x
0.0 |
0.0 0.5 1.0
Fra

Figure 5—Dependence of catalytic rates of p-aminosalicylic acid (1)
decarboxylation on pH of the solution. A plot of the catalytic rate
constants versus the fraction of the buffer in acid form for 1 decarboxyi-
ation in acetate buffer at various pH values.

Table IV—General Acid Rate Constants for the Buffers, in
Aqueous Solution Kinetics of p-Aminosalicylic Acid at 25°C, p =
0.5

:

Buffer pK? pH Range Kdi,xhlg)a’
Chloroacetic acid 2.68 2.4-4.2 1.00 £ 0.20
Lactic acid 3.34 3.5-4.1 0.72 = 0.01
Methoxyacetic acid 3.40 3.5-4.0 0.39 + 0.01
Acetic acid 4.54 4.4-48 0.17 = 0.01

2Results are the means * standard deviations.

Ty rrri

k1ga (M—1h—1)

0.01 | ! 1 | Il

PKa

Figure 6—Bronsted relationship. A plot of logarithm of general acid rate
constants versus the pK,s of the buffer acids.

shifted upward by 0.50 pH units with the change of solvent
from H,0 to D,0.15 Values for kp of 0.135 M~* h™! and for
k'p of 70 M~ h™! were found to adequately describe the pD-
rate profile.

Discussion

The pH dependency of the decarboxylation of 1 below pH 5
is shown in Fig. 4 (solid circles). The pH-rate profile is
approximately bell shaped and can be described by eq. 12 or
13. The pH dependency is consistent with the experimental
observations of others.-%,1¢ Equation 12 implies a bimolecu-
lar mechanism for 1 decarboxylation involving proton attack
on 1 anion and ampholyte, N, followed by decarboxylation to
give the products (Scheme IV), and eq. 13 implies a unimole-

CO0~
OH KkylH")
——> PRODUCTS
NH,
dloKa,=3.6
C00~ COOH
OH OH Ky [H"]
= ——> PRODUCTS
NH, NH,
+
\”\pKo|= 1.6
COOH
OH
——>¢—> NO PRODUCTS
NH;

Scheme IV
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cular mechanism, involving the first-order decarboxylation
of the ampholyte, N, and the cation (fully protonated species).

As stated earlier, eqs. 12 and 13 are mathematically
equivalent but imply different mechanisms for 1 decarboxyl-
ation. A simple pH dependency study does not allow the
differentiation of the two equations and the possible mecha-
nisms consistent with these equations.

As seen from the pH profile, above pH 2.0, the major
contribution to the 1 decarboxylation rate is by the second
terms in the egs. 12 and 13, whereas below this pH a major
contribution to the rate is by the first terms in the equations.
Thus the mechanism of decarboxylation of 1 will be discussed
separately for these two pH regions.

Mechanism of Decarboxylation of 1 for pH above 2.0—
The three possible mechanisms for 1 decarboxylation consist-
ent with the second terms in the equations 12 and 13 are: (1)
rate-controlling proton addition to the anion (step 1 in
Scheme V) followed by rapid decarboxylation of the interme-
diate to give 2; (2) fast proton addition to the anion followed
by rate-controlling decarboxylation of the intermediate to
give 2 (step 2 in Scheme V); and (3) unimolecular decarboxyl-
ation of the zwitterion or the neutral species.

OQCI//O__HA OQC/O—
OH Hon -CO, OH
R
step| step 2
NH, NH, NH,
Scheme V

Since general acid catalysis was observed in this study, at
pH values greater than 2.0, the most likely mechanism of
those presented above is rate-controlling proton attack on the
anion (bimolecular eletrophilic substitution, SE, mecha-
nism) followed by rapid decarboxylation of the intermediate
[mechanism 1]. This observation is consistent with those in
previous investigations!17 on the decarboxylation of a series
of substituted o-hydroxybenzoic acids. The Bronsted plot
(Fig. 5) with a negative slope of 0.60, is consistent with a 60%
transfer of a proton from the general acids to the carbon
alpha to the carboxylate group in the rate controlling step. A
possible transition state, TS, shown in Scheme VI

+
Osc?— Ha | Osg-078 RN
H
# Ny OH OH OH fast OH
J — e — —>

\( -C0,

NH NH, NH NH,

1 T.S. 2

Scheme VI

The proton addition to the carbon alpha to the carboxylate
group is favored by the presence of two electron-donating
groups in the ortho and para positions and also the coulombic
attraction due to the presence of the carboxylate anion. This
is also consistent with the findings of Brown!? on the decar-
boxylation of a series of substituted o-hydroxybenzoic acids.

Since a proton transfer appears to be the rate-controlling
step, the reaction should show a significant deuterium sol-
vent isctope effect. The observed &'y/k'p ratio of ~2.8-3.0 is
consistent with and strongly suggestive that this is in fact
the case (see Appendix). Thus, 1 undergoes decarboxylation
by mechanism 1 in this pH region (Scheme VI).
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Mechanism of Decarboxylation of 1 for pH below 2.0—
At pH values below 2.0, the first terms in eqs. 12 and 13
contribute significantly to the observed rate constant for the
decarboxylation reaction. The three most probable mecha-
nisms are: (4) rate-controlling proton addition to the zwitter-
ion Z or the molecular acid HA, followed by rapid decarboxyl-
ation of the intermediate to give 2; (5) fast proton addition to
the zwitterion Z or the molecular acid HA followed by rate-
controlling decarboxylation of the intermediate to give 2; (6)
unimolecular decarboxylation of the protonated species.

Because it was not possible to determine whether general
acidic catalysis was occurring at these low pH values, it was
not possible to distinguish between mechanisms 4-6 on this
basis. The thousand-fold decrease in the rate constant ky
relative to &'y is consistent with the unfavored proton
addition to the alpha-carbon atom. This is due to either the
loss of the electron donating ability of the p-amino group
when it becomes protonated or to the loss of the coulombic
attraction contribution when the carboxylate anion becomes
a carboxylic acid group.

A deuterium isotope effect is expected for either proton
addition to the zwitterion or the molecular acid (mechanisms
4 and 5) or the spontaneous decarboxylation of the fully
protonated species (mechanism 6). The magnitude and the
direction of the expected deuterium solvent isotope effects for
mechanisms 4-6 are discussed in the Appendix. The ob-
served effect of ky/kp ~1-2 is most consistent with a proton
transfer in the rate controlling step. Thus the most likely
mechanism for 1 decarboxylation in this pH region is mecha-
nism 4.

The data provided does not allow discrimination between
proton addition to HA or to Z. It may be argued, on the basis
of chemical intuition, that proton attack on the molecular
acid HA more closely resembles the mechanism proposed at
pH values above 2. The amino group in HA, being electron
donating, favors the proton attack at the alpha-carbon atom.
The protonated amino group in the zwitterion, Z, is electron
withdrawing and does not favor the proton attack on the
alpha-carbon atom. On the other hand, on the basis of
coulombic effects, proton addition to the zwitterion is favored
over proton addition to HA.

In summary, the mechanism of decarboxylation of 1 in the
pH range of 1-5 has been evaluated. The major mechanism
above pH 2 appears to be the rate-controlling proton addition
to the 1 anion followed by rapid decarboxylation of the
formed intermediate. At pH values below 2, the major
mechanism appears to be the rate-controlling proton addition
to the 1 zwitterion or the molecular acid, followed by rapid
decarboxylation.

Appendix

Kinetic Solvent Isotope Effect—The term kinetic solvent
isotope effect (KSIE), refers to quantitative ratio of rate
constants for reactions run in light and heavy water. The
magnitude of the experimentally observed KSIE provides
information about the nature of transition states (T.S.) along
the reaction pathway. The overall observed solvent isotope
effect is the end product of all hydrogen bond interaction
differences in light versus heavy water (deuterium oxide)
that occur in going from the ground state, approximated by a
zero point energy (ZPE), to the activated T.S.18-22

Changing the hydrogen atoms of water to deuterium will
bring about rate differences if either or both of the following
undergo changes in going from reactant to transition state:
(@) differences in bulk solvent properties and solute-solvent
interactions, also called transfer or solvent effects, (ky/kp),_;
and (b) differences in ZPE of O — L bonds and solute bonds
which arise from actual bond changes in reacting molecules.
The former effect is usually taken to be negligible. Most



KSIE arise from the latter. Large and measurable KSIE are
observed when a primary, (kH/kD)pﬁ, or secondary, (ku'kp)s,
isotope effect occurs. A primary isotope effect arises when a
reaction involves rate-determining proton transfer. A sec-
ondary effect is observed when the proton is involved in the
reaction but is not transferred in the rate-determining step.

The overall observed KSIE is the product of these various
contributions and can be mathematically described by eq.
Al:

(ku/kpltotal = (kH/kD)pri (ku/kp)s (Ru/kp)mea (A1)

The purposes of measuring the KSIE are:

{(a) to determine whether a proton(s) is involved in the
reaction;

(b) if there is a rate determining proton transfer;

(c) to differentiate between various possible mechanisms;

(d) to gain some information about the T.S.

A simple method to estimate the KSIE for a reaction is by
the fractionation—factor approach.'® An isotopic fractionation
factor (¢) of any particular site in a molecule is defined as
ratio of its preference for deuterium over proton relative to
the similar preference of a single site in solvent molecule.
The equilibrium isotope effect (Ky/Kp) is given by ratio of the
¢ values for the reactants to the products (¢/¢,). The KSIE is
given by the ratio of the ¢ values for the reactants to the T.S.
(¢/¢y). The TS fractionation—factor for sites giving secondary
isotope effects is often considered to be given by:

¢ = 7 & (A2)

where x is any index of the T.S. structure, e.g., the 8 Bronsted
value, and ¢, and ¢, are the fractionation factors of the
reactant and product states, respectively.

In summary, KSIE are determined mainly by the differ-
ence in ZPE as a result of bonding changes to H (D) on going
from reactant to T.S. The magnitude of this effect allows one
to draw some mechanistic conclusions about the nature of the
T.S. structure. For example, the fractionation-factor ap-
proach can be applied to the proposed T.S. models. One can
arrive at a reasonable structure for the T.S. by comparison of
the estimated solvent effects with the observed effect, and
T.S. models are then accepted or rejected.

For 1, there are four species in the solution, which may
undergo decarboxylation. In the pH region where 1 exists as
an anion, the observed solvent isotope effect was =2.8-3.0. It
was postulated that proton addition to the anion, as shown, is
the rate-determining step.

Co0™

NH,

L NH,

KSIE for the proton addition can be calculated from eq. A3:

kulkp = &/, (A3)

In general for this mechanism, ¢, = (0.69) = 1/3. For a 100%
transfer of the proton to the alpha-carbon atom in the
transition state, ¢, = 1, and therefore the expected KSIE
=1/3. This would correspond to mechanism 2 in this paper.
For no transfer of the proton in the transition state, ¢, =
(0.69)%, and the expected KSIE ~1. For spontaneous, unimo-

lecular decarboxylation of the zwitterion, mechanism 3, the
expected KSIE is also unity. For both limiting T.S. struc-
tures, ky/kp is thus predicted as 1 or inverse, contrary to the
observation.

For partial proton transfer of degree x, however, a primary
isotope effect of up to around 7 can be expected. For larger x,
¢, will be closer to 1, whereas for smaller x, ¢; will be around
1/3. Atx = 0.5:

ku/kp = (0.69)%/[(0.69)%51% [1/7]1 = 3.4  (A4)

This is not far from the observed effect, which is thus
consistent with the model, with an intermediate value of x.

For pH values less than 2, there is a significant contribu-
tion to the observed rate from the ky term. The observed
isotope effect in this region was =~1-2. The postulated mecha-
nism is rate-determining proton addition to the zwitterion or
the molecular acid. Since ¢ = 1 for all sites in both the
molecular acid and the zwitterion, there will be no solvent
isotope effect on their relative populations. The solvent
isotope effect cannot therefore distinguish between reactions
of these two species. On the basis of chemical intuition,
proton attack is more favored on the molecular acid than on
the zwitterion. Proton addition to the zwitterion or molecular
acid is described below.

H 1+
+8’
COOH COOH/H‘—*O\
OH < oH
cho = @
—
NH, NH,

For this hypothetical mechanism:

kulkn = ¢y = (0.69% ¢, = 1/3. ¢)  (AD)

As before, ¢, = 1 for x = 1 (100% proton transfer), thus
predicting in an inverse solvent isotope effect for mechanisms
5 and 6. When ¢, = 1/3 for x = 0 (0% proton transfer), no
solvent isotope is predicted. Again, ¢, for x = 0.5 will lead to
a ky/kp value of 3.4. For larger values of x, ky/kp will be
between 3.4 and 1, and for smaller values of x, ky/kp will be
between 3.4 and 1/3. The observed solvent isotope effect of
slightly greater than unity is thus consistent with either a
smaller or a larger degree of proton transfer than was seen at
higher pH values. Furthermore, proton transfer to the zwit-
terion or the molecular acid cannot be distinguished.
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