Kinetics and Mechanism of Degradation of Ampicillin in Solution

JOSEPH P. HOU and JOHN W. POOLE*

Abstract (] The kinetics of degradation of ampicillin («-aminobenzyl
penicillin) in solution was investigated at 35° and constant jonic
strength of 0.5 over a pH range of 0.8 to 10. The observed rates,
obtained by measuring the remaining intact penicillin, were shown
to observe first-order kinetics and were shown to be significantly
influenced by general acid and general base catalysis. The catalytic
rate constants imposed by citrate and phosphate ions were cal-
culated. In 0.08 N hydrochioric acid solution the apparent rate of
reaction was shown to be accelerated with increasing neutral salt
concentration and retarded due to the presence of alcohol. In a pH
4.94 buffer no primary salt effect was observed. The apparent heats
of activation for ampicillin degradation in solution were determined
to be 16.4, 18.3, and 9.2 kcal./mole, respectively, in buffers of pH
1.35, 4.93, and 9.78. The pH-rate profile in buffer solutions showed a
minimum at a pH of 4.85. However, at zero buffer concentration the
maximum stability was shifted to a pH of 5.85. The agreement be-
tween the calculated theoretical curve and the experimental points
(buffer-free) supports the hypothesis presented concerning the re-
actions involved in the degradation of ampicillin in solution.

Keyphrases [] Ampicillin solution—degradation kinetics, mecha-
nism [] Kinetics—ampicillin degradation [] Degradation rate,
ampicillin—alcohol, salt effect [JHeat of activation, apparent—
ampicillin hydrolysis [] pH profile—amopicillin solution degradation

Among the modern semisynthetic penicillin group of
drugs, ampicillin (a-aminobenzyl penicillin) has been
shown to be the most acid-stable (1), effective against
Gram-negative as well as Gram-positive organisms
(2, 3), and well-absorbed from the gastrointestinal
tract (3, 4). In contrast to classical monobasic penicillins,
ampicillin is an amphoteric compound and it behaves
essentially as an aliphatic amino acid. This was shown
in a recent series of investigations of ampicillin pH-
solubility profile and dissociation constants (5).!
Being amphoteric, ampicillin in solution exists mainly
in three different forms, that is, cation, zwitterion, and
anion. This may be represented as shown in Scheme I,
where K; and K, are the dissociation (ionization)
constants, RH,*, RH*, and R~ are the cationic,
zwitterionic, and anionic species of ampicillin, respec-
tively.

The kinetics of penicillin G reactions have been
reported earlier by Brodersen (7, 8); Schwartz has
published the kinetics of phenethicillin (9). The general
acid-base catalytic effect and salt effect on the degrada-
tion of penicillin G has recently been reported by
Finholt et al. (10). According to Brodersen (7, 8) the
activation energies for the penicillin G reactions at
pH’s 1.20, 4.54, and 9.57 are 17.5, 20.9, and 9.8 kcal./
mole, respectively. Schwartz et al. (9) reported the
activation energy for phenethicillin at pH 6.6 to be 17.6
kcal./mole. Doyle et al. (1) determined the acid stabili-
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ties of several penicillins in 0.1 N HCI solutions in the
presence of 509 alcohol at 35°.

In general, the drugs of the penicillin group are
characterized by a pronounced susceptibility to attack
on the g-lactam ring by acid-base reagents, metal ions,
penicillinases, organic catalytic agents, and even water
molecules (11, 12). The kinetics of ampicillin have not
been reported in the literature. The purpose of this
study was to investigate the kinetics of hydrolytic
reactions of ampicillin in solution.

EXPERIMENTAL

Materials—Ampicillin anhydrate,? was purified with cold water
and dried in a desiccator under reduced pressure; m.p. 202-203°
(dec.). All other chemicals were reagent grade. Water used for
buffers was doubly distilled from 29, acidic potassium permanganate
solution in all-Pyrex apparatus and was freshly boiled before use.

Buffer Solutions—For the general investigations the buffers used
were: at pH < 2, KCI-HCI; at pH 2-8, Mcllvaine buffer (citric acid—
Na,HPO,) (13); at pH 8-10, Clark-Lubs buffer (boric acid-NaOH)
(14). For the general acid-base catalysis, the buffers used were: citric
acid—potassium citrate and Na,HPO,—NaH,PO,. A constant ionic
strength of 0.5 was maintained for each buffer (except in investiga-
tions concerned with the primary-salt effect) by adding an appropri-
ate amount of KCl. The relative amount of the ionic species in the
multiacid-base buffers was calculated from the equations given by
Laitinen (15). The solutions were freshly prepared and the pH’s were
measured at 35° by a research pH meter? and SC-glass electrodes.

Analytical Procedure—An iodometric method was used for deter-
mination of the residual intact ampicillin. The procedure reported
by Finholt er al. (10) was followed except that thyodene was used as
an indicator and 5 ml. of pH 4 citrate buffer was used. Each milliliter
0f 0.01 Niodine was found to be equivalent to 0.398 mg. of ampicil-
lin anhydrate.

Kinetic Procedures—Exactly 257 mg. of ampicillin (999, pure) was
quantitatively transferred to each of a series of 100-ml. volumetric
flasks and sufficient buffer was added to bring the solution up to
volume. The buffer solution had previously been brought to the
desired temperature. The flasks were stored in a constant tempera-

1 The procedures used to determine the dissociation constants were
essentially the same as that reported by Rapson and Bird (6).

2 Lot 10575, Wyeth Laboratories, Philadelphia, Pa.
3 Corning.
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Table I—Citric Acid-Disodium Phosphate Buffer Composition® and Observed Rate Constants of Degradation of Ampicillin at 35°C. and

u=0.5
Total Total

pH Citrate® H3;A X HyA~- X HA™ X A= X Phosphatec H,PO, X H,PO,;~ X HPOs= X  kabs. X
Obs. Required X 102 102 102 102 102 X 102 102 102 102 102 hr.!
2.05 2.0 9.90 9.19 0.72 — — 0.20 0.09 0.10 — 58.85
2.34 2.4 9.40 7.87 1.53 — — 1.20 0.32 0.88 — 56.02
2.55 2.6 8.90 6.79 2.10 0.01 — 2.18 0.41 1.77 —_ 52.97
2.96 3.0 7.94 4.42 3.45 0.06 — 411 0.34 3.76 — 42.77
3.56 36 6.78 1.65 5.09 0.12 — 6.44 0.14 6.29 — 24,73
391 4.0 6.14 0.70 4.62 0.82 — 7.7% 0.06 7.64 0.01 15.34
4.48 4.6 5.32 0.35 2.92 2.05 — 9.35 0.02 9.25 0.07 7.65
4.67 4.8 5.07 0.05 2.39 2.61 0.06 9.86 0.01 9.72 0.12 6.43
4.91 5.0 4.85 0.02 1.69 3.01 0.11 10.30 — 10.10 0.10 5.37
5.31 5.4 4.42 0.01 0.75 3.34 0.32 11.15 — 10.62 0.53 5.53
5.71 5.8 3.95 0.01 0.26 2.97 0.71 12.09 — 10.74 1.35 6.80
5.86 6.0 3.68 — 0.19 2.52 0.96 12.63 — 10.53 2.10 11.23
6.25 6.4 3.07 — 0.07 2.68 0.32 13.85 — 9.25 4.62 13.61
6.44 6.6 2.72 — 0.05 1.07 1.63 14.55 — 8.11 6.44 17.79
6.85 7.0 1.76 — 0.01 0.37 1.39 16.47 — 5.50 10.97 26.81
7.19 7.2 1.30 — — 0.18 1.11 17.39 4.18 13.20 31.32
7.55 7.6 0.63 — — 0.04 0.59 18.73 2.10 16.63 32.79
7.94 8.0 0.27 — — 0.01 0.26 19.45 0.93 18.52 53.78

a«The buffers were made from Reference 13, and all citrate and phosphate ions are concentrations in moles /1. ¥The ionization constants of citric acid
and citrate ions at 35° are pK; = 3.11, pK2 = 4.75; pK3 = 6.42, from R. G. Bates and G. D. Pinching, J. Am. Chem. Soc., 71, 2374(1949). <The
ionization constants of phosphoric acid and phosphate at 35° (# = 0.5) are pK) = 1.96; pK2 = 6.70, from M. A. Schwartz, A. P. Granatek, and
F. H. Buckwalter, J. Pharm. Sci., 51, 523(1962). 4The buffer was made by mixing 990 ml. of 0.1 M citric acid with 10 ml. of 0.2 M Na:HPO4 to make

a liter.

ture bath which was regulated by a thermostat (Haake) with +-0.1°
precision. Samples were taken at proper intervals and assayed
immediately.

RESULTS AND DISCUSSION

Order of Reaction and Observed Rate Constant—At constant pH,
temperature, and total ionic strength (x = 0.5), the degradation of
ampicillin was found to observe pseudo first-order kinetics with
respect to the substrate. Figure 1 shows the results of several of the
experimental runs at 35° and various pH’s. The observed rate
constant, K., at pH 2-8 along with the buffer constituents (citrate-
phosphate) are listed in Table I. The measured pH for each of these
buffers was found to be a little lower than the original value. This
was believed to be due to the secondary salt effect.

General Acid and General Base Catalysis—The rates of degrada-
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Figure 1—Plots of the observed pseudo first-order kinetic degradation
of ampicillin in solution at different pH's and 35° (u = 0.5). Key: A,
pH4.95;B,pH4.48;, C,pH 3.91; D,pH 6.85; E, pH 2.96; F, pH 2.55;
G, pH 1.20.
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tion of ampicillin in citric acid-potassium citrate buffer solutions at
constant pH and 35° were shown to be significantly affected by gen-
eral acid catalysis. Table Il shows that at pH 3.73 the observed first-
order rate constants increased linearly with the buffer concentration.
When these buffers were maintained at a constant ionic strength
(u = 0.5), by the addition of KCl, the observed rate constants again
increased proportionately with the buffer concentration (Table II-B).
However, because of the primary salt effect, the absolute rates were
slightly higher in each case than when the ionic strength was varied.
No significant secondary salt effect on the pH changes of these
buffers was observed in the present studies.

The observed rate constant in the citric acid—potassium citrate
buffer was actually a summation of several catalytic rate constants
catalyzed by the buffer species plus the rate at zero buffer concen-
tration. Accordingly, the observed rate may be expressed by the
following equation.

kovs. = ko + kaa[H3A] + kga-[H:A™] 4 kua-[HA=]
+ ka®[A=] (Eq. 1)

where k; = the rate constant at zero buffer concentration; other £’s

are catalytic rate constants imposed by citrate buffer; [H;A] = con-

centration of undissociated citric acid; [H,A-] = concentration of

dihydrogen citrate ion; [HA=] = concentration of monohydrogen

citrate ion; [A=] = concentration of citrate ion.

The total citrate concentration, Ca,

Ca = [H;3A] 4 [H,A"] + [HA-] + [A7] (Eq. 2)
Table II—General Acid Catalysis of Degradation of
Ampicillin in Solution at pH 3.73 and 35°C.
Total citrate X KCI, X 10 kons, X 103
10, moles/l. moles/I. u X 10 hr.—!
A
1.50 — 1.44 42.5
1.20 — 1.16 34.3
0.75 — 0.72 22.6
0.32 — 0.36 13.0
0.16 — 0.18 7.4
B
1.50 3.55 5.0 44.4
1.20 3.84 5.0 35.7
0.75 4,28 5.0 25.3
0.32 4.64 5.0 14.8
0.16 4.82 5.0 9.8




Table III—List of Citric Acid-Potassium Citrate Buffer Concentrations and Observed Rate Constants on Degradation of

Ampicillin at 35°C. and » = 0.5

Observed Rate Constant X 103 hr,~! at
Total Buffer Concn. moles/1.

pH Citrate Bufferss 0.2 0.16 0.15 0.10 0.05 0.02 kot X 103
2.25 95 ml. 0.2 M citric acid 4 4 ml. 0.2 M potassium citrate 120.2 — 100.4 78.3 56.0 46.5 38.5
2.76 85 ml. 0.2 M citric acid 4+ 15 ml. 0.2 M potassium citrate 978 830 — 59.5 41.0 29.5 220
3.12 75 ml. 0.2 M citric acid + 25 ml. 0.2 M potassium citrate 829 — 66.3 50.4 33.8 23.0 160
3.73 50 ml. 0.2 M citric acid 4 25 ml. 0.2 M potassium citrate — — 444 — — — 5.0
4.75 50 ml. 0.2 M citric acid 4+ 50 ml. 0.2 M potassium citrate 34.2 — 25.5 15.5 9.44 4.40 1.20

6.80 1 ml. 0.2 M citric acid + 99 ml. 0.2 M potassium citrate

3.45 3.13 1.84 1.03 0.85

aThe original buffer concentration was 0.2 mole /1. Proper dilutions were made for other concentrations and each buffer was adjusted to » = 0.5 by
the addition of KCI. dThe rate at buffer-free condition was obtained by extrapolation.

From the dissociation constants

R (Eq. 3)
K, = B (Eq. 4
x; = ] (Eq. 5)

- and from Egs. 1 and 2 the following overall rate expression, kobs.s
was obtained.
kobs. =
ko + Cs kaaalH* 3 4 kupa[HH] 2K+ kaa~[HY KK + k=K1 KoK,
: [H*]® 4 [B*]2K; 4+ (HY]K\K: + Ki1K:K,
(Eq. 6)

Based on the pKa values: pK, = 3.11, pK; = 4.75, and pK; = 6.42
(16) and the pH, the relative amount of each of the buffer species
could be calculated.

At pH 2, there are about 939, undissociated citric acid molecules
and 7%, dihydrogen citrate ions. The total citrate concentration and
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Figure 2—Plots showing the citrate-buffer catalytic effect on the
observed rate constants of ampicillin degradation at constant pH and
35° (u = 0.5). All the studies were in citric acid—potassium citrate
buffers. Key: A, pH 2.25; B, pH 2.76; C, pH 3.12; D, pH 3.73; E,
pH, 4.75; F, pH 6.80.

overall rate, therefore, may be simplified to:
Ca = [H3A] + [HA]

[H*} + K,

(Eq. D)

kovs, = ky 4+ Ca (Eq. 8)

Similarly, at pH’s 3-4, the undissociated citric acid, di- and mono-
hydrogen citrate ions are equally important. The total citrate con-
centration and the overall rate may be simplified to

Ca = [H:A] 4+ HA™) 4 [HAT)

kualH)? 4 kpoa-[HYK, + kaa~KiK,
[HF}2 + [HYK, + KiK.

(Eq. 9)

kobs. = ko + Ca (Eg. 10)

At pH > 6, the citrate buffer consists essentially of monohydrogen
citrate ion and unprotonated citrate ions. Accordingly,
Cs = [HA™] + [A7]

kua=[H*1 4+ ka=K;
[H*] + K

(Eq. 11)

ko, = ko + Ca (Egq. 12)

Based on the rate constants in various buffer concentrations listed
in Table III, plots were constructed by plotting the observed rate
constants versus the total citrate concentration at several pH’s as
shown in Fig. 2. From the slopes, the citrate buffer catalytic rate
constants on degradation of ampicillin at 35° were calculated and are
shown to be in the following order: ku, = 0.42 I. mole~thr.7! >
kr,a- = 0.241. mole~thr.”! > kga- = 0.07 . mole~thr.™ > ka= =
0.002 1. mole~thr.™%. Slopes were calculated using these rates which
are in reasonable agreement with the slopes observed in Fig. 2, as
shown in Table IV.

The observed rate constants were also shown to be increased with
buffer concentration in the phosphate buffers. At pH’s 6-7, only di-
and monohydrogen phosphate ions are important. Accordingly, the
total phosphate concentration and the overall rate may be written as:

kovs. = ko + knypo [H2POLT| + kmro,-[HPO 7] (Eq. 13)
Ca = [H:PO, ] + [HPO ] (Eq. 14)

The dissociation constant of dihydrogen phosphate ion (pX: = 7.21)

an
_ [HY][HPO,"]
K. = =“H,p0,7 (Eq. 15)

Table IV—Slopes of Citric Acid—Potassium Citrate
Buffer Catalysis in Ampicillin Degradation

Slopes X 10————

pH Calcd.» Observed?
2.25 4.02 4.07
2.76 3.65 3.80
3.12 3.29 3.35
3.73 2.60 2.60
4.75 1.58 1.60
6.80 0.22 0.22

a The slopes were calculated from Egs. 8, 10, and 12. » The observed
slopes from the lines in Fig. 2.
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Table V—List of Phosphate Buffer Concentrations and Observed Rate Constants on Degradation of Ampicillin at

35°C.and 4 = 0.5

Observed Rate Constants X 102 at Total
Buffer Concn. moles/1.

pH Phosphate Buffer Concn.» 0.20 0.16 0.12 0.08 0.04 ke X 103
6.60 62 ml. NaH,PO, + 38 ml. Na,HPO, 239 19.2 14.6 10.0 495 0.75
7.11 29 ml. NaH;PO, 4 71 ml. Na,HPO, 29.0 23.6 18.2 12.0 6.45 0.90

a The original buffer was 0.2 mole /1. for both NaH:PO41 and Na,HPOs, Proper dilutions were made for other concentrations and were adjusted to
onic strength p# = 0.5 by adding KCl1. » The rate at buffer-free condition was obtained by extrapolation.

and the overall rate may be shown as:

kuspo (HY) + kuro-K2
H*] + K,

Table V shows the phosphate buffer rate constants at varied buffer
concentrations at pH’s 6.60 and 7.11. From Eq. 16 the catalytic rate
constants on the degradation of ampicillin at 35° were obtained and
shown to be kg,po,~ = 0.077 .. mole*hr.”* < kgpo,- = 0.166 1. mole™
hr.7%. Similarly, the rate constants at varied buffer concentrations
were also obtained for citrate phosphate buffer systems as shown in
Figs. 3 and 4 by plotting the observed rate constants versus total
citrate (acid buffers) or total phosphate (neutral buffers) concentra-
tion. In the present investigations, no observable buffer catalysis
induced by borate ion was shown, probably the uncharged boric
acid as well as the dihydrogen borate ion were imposing a negligible
effect in comparison to the hydroxy-ion catalysis.

Effect of Salt—At constant temperature (35°) and pH, a linear
positive salt effect was observed for ampicillin degradation in 0.08 N
hydrochloric acid solution. A positive primary-salt effect is normally
expected for ion-ion interactions between similarly positive-charged
ions. The observed rate constant increased linearly with the ionic
strength of the solvent as shown in Fig. 5. However, the data plotted
according to the method of Bronsted and Bjerrum (18) resulted in a
slope of nonintegral value. This may be due to either the high salt
concentration in the system, or the complexity of ampicillin degrada-
tion in acid.

No salt effect was shown on ampicillin degradation in a pH 4.94
buffer as shown in Fig. 5.

kobs. = ko + Ca

(Eq. 16)
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Figure 3—Plots showing the buffer catalytic effect on the observed
rate constants of ampicillin degradation at constant pH and 35°
(u = 0.5). The plots were made by plotting the rate constant against
the total citrate concentration since these studies were in citrate-
phosphate buffers. Key: A, pH 2.44; B, pH 2.96; C, pH 3.56; D,
pH 5.71; E, pH 4.91.
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Effect of Alcohol—Table VI shows 0.08 N hydrochloric acid
solution and hydroalcoholic mixtures in the observed rate constants
of ampicillin degradation decreases with an increase in the volume
of alcohol. As the volume of ethanol increases, the dielectric constant
of the solvent medium decreases. Accordingly, the dependence of the
observed rates on the dielectric constant can be expressed by Eq. 17,
as described by Scatchard (19).

NZaZpe* 1
2.303 RT das ¢

where k, is the rate constant in a medium of infinite dielectric con-
stant, and ¢ is the dielectric constant of the medium. A plot con-
structed by plotting log k... against the reciprocal of the dielectric
constant of the solvent medium is shown in Fig. 6. The linear nega-
tive slope obtained indicates a decreasing rate as the dielectric
constant of the solvent decreases.

The pH of the solvent mixtures would be expected to increase due
to the presence of alcohol. However, the actual measured pH change
was from 1.20 to 1.25 as the alcohol was increased from 0 to 50%,.
Accordingly, the decreased rate was essentially a result of the change
in solvent medium.

In the acidic solution, the ampicillin cation is assumed to interact
with the hydrated proton (ion-ion interaction) to form as an inter-
mediate a double positively charged activation complex. This inter-

log kobs, = 10‘5 ko — (Eq. 17
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Figure 4—Plots showing the buffer catalytic effect on the observed rate
constants of ampicillin degradation at constant pH and 35° (u = 0.5).
The solid circles are the studies in NaH.POy Na;HPO, buffers and the
squares are the studies in the citric acid-phosphate buffers. The plots
are constructed by plotting the rate constants against the total phos-
phate concentration of the buffer. Key: A, pH 7.97; B, pH 7.55; C,
pH 7.20;, D,pH 7.11; E, pH 647; F, pH 6.60.
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Figure 5—Salt effect on ampicillin degradation in solution. Key:
O, at pH 1.20 (0.08 N HCI); ®, at pH 4.94.

mediate should be more stable in a solvent of higher dielectric
constant and accordingly, the reaction rate increases with the in-
creasing dielectric constant (20).

Evidently no change in reaction mechanism occurs due to the
presence of alcohol in the reaction medium.

Apparent Heat of Activation—The temperature dependence of the
hydrolytic reactions of ampicillin in solution was determined by
measuring the pseudo first-order rate constants at various pH’s and
a constant ionic strength of 0.5. These determinations were made in
buffers of pH 1.35 (HCI-KCI), pH 4.93 (citric acid-Na,HPO,), and
pH 9.78 (boric acid-NaOH). In each of these buffer systems,
ampicillin exists in only one molecular form. Table VII shows the
observed rate constants at temperatures ranging from 30 to 50.5° and
the corresponding Arrhenius-type plots are shown in Fig. 7. The
calculated heats of activation are 16.4 + 0.2 kcal./mole at pH 1.35;
18.3 2 0.1 kcal./mole at pH 4.93; and 9.2 + 0.5 kcal./mole at
pH 9.78. These energies are similar to those observed for penicillin G
in solutions of similar pH. This suggests that the side chain does not
affect the mechanism of g-lactam ring cleavage either in acid,
neutral, or basic solutions. However, the nature of the side chain
does significantly influence the rate of reaction.

It should be noted that the calculated overall heat of activation at
pH 9.78 was actually 22.3 4 0.5 kcal./mole. However, the heat of
ionization of water was included in this value. By employing the
value of 13.05 kcal./mole (21) as the heat of ionization of water, the
net heat of activation of ampicillin degradation in basic solution,
9.2 kcal./mole, was obtained.

pH-Rate Profile—By plotting the logarithm of the observed rate
constants (Table I) at pH’s 2-8 for the hydrolysis of ampicillin
against the pH’s of the buffer at 35° (the dotted line of Fig. 8), a
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Figure 6—Effect of dielectric constant of the solvent on the observed
rate constant for ampicillin degradation reaction in 0.08 N hydro-

chloric acid solution.

Table VI—Effect of Alcohol on Degradation of Ampicillin
in 0.08 N HCI at 35°C. and g = 0.08

Vol. Kobu, X
Ethanol, %¢ & 108 hr.—1 fo5, b,
0.0 78.5 86.7 7.99
10 75.4 82.2 843
20 69.8 76.7 9.03
50 52.8 534 12.97

a The solutions were made by proper dilution from concentrated HC1
solution by adding ethanol.  Data from J. Wyman, Jr., Chem. Rev.,
19, 213(1936).

minimum rate at a pH of 4.85 was observed. The observed rate in
this pH-apparent rate profile was actually a summation of a series of
catalytic reaction rates induced by the buffer species, hydrogen and
hydroxyl ions and water molecules. The minimum rate lies on the
isoelectric point of ampicillin and this seemed to suggest that the
isoelectric molecular form of this amphoteric penicillin is more re-
sistent to attack than its positively and negatively charged species.
The solid line of Fig. 8 is an overall pH-rate profile in which the line
represents the calculated theoretical curve while the points are the
experimental results. These latter values are the rates at zero buffer
concentration (pH’s 2-8) which were obtained from the intercepts of
the lines of Figs. 2—4, and the observed hydrogen and hydroxyl ion
catalytic rates at pH’s below 2 and above 7.

The pH-rate profile suggested that there are at least five reactions
which contribute to the overall velocity of ampicillin degradation in
solution. These are represented by Scheme 11, where RHs+, RH%,

Reactions Specific Rate Constant
RHs + H+ 2% p k1 or ka

RH: + H+ 29 p ky or kv’

RH=* 1o, P ks or ku,o

R- 8O, P k4 or kn,o

R- + OH- 22, p ks or kon-

Scheme 11— Ampicillin Hydrolytic Reactions

and R~ are cationic, zwitterionic, and anionic species of ampicillin.
The overall velocity is, obviously, equal to the: sum of the rate of
these reactions as shown in the following equation:

d[Pt]r = ky[RHg[H*] + ko[RH*][H"]

di

+ ks[RHE] + kR7] 4 k5[R7)[OH] (Eq. 18)
where [P]r is the total ampicillin concentration. By introducing the
dissociation constants, K; and K,, of ampicillin at 35° (pKi = 2.60,
pK: = 7.05), and the dissociation constant of water, K.,

K, = ___[R[I;;J%"I (Eq. 19)
K, = [f[{l;—lg;[]ﬂ (Eq. 20)

Table VII—Apparent Heat of Activation of Ampicillin Degradation,
in Solution at Constant pH and Ionic Strength g = 0.5

Rate Constant X 10° hr.—!

BufferpH  30° 35° 40° 50.5° AH kcal./mole
1.35 63.95 107.9 155.4 357.4 16.4 + 0.2
4.93 3.34 5.37 891 23.03 183 0.1
9.78 109.2 214.8 355.6 — 92 +05
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Figure 7— Arrhenius-type plots showing temperature dependence of
reaction rates of hydrolysis of ampicillin at various pH's. Key: A,
pH 9.78; B, pH 1.35; C, pH 4.93.

the following overall rate expression was obtained.

g = KHT? 4 Ko[H 2K + ko[ HHK + kKoK + ksKiKoKo/THY
[H*]* + [H*]K: + KiK,

(Eq. 21)

AtpH < 1.5, ampicillin exists as the cationic species. The velocity
of the hydrolytic reaction is attributed exclusively to the hydrogen
ion and ampicillin cation. This is supported by the slope of negative
unity at the region below pH of 1.5 in the pH-rate profile. Thus in

the right-hand side of Eq. 18, only the first term is important.
Accordingly,

_dRH#] _

) = ar k[RH ;] (Eq. 22)
and
k = ki[H*] (Eq. 23)
The logarithmic form of Eq. 23,
log k = log k1 + loz [H] (Eq. 24)
According to Harned and Hammer (21),
aut aor- = 2.09 X 107t (Eq. 25)
[H+]-[OH"] = 3.61 X 1071 (Eq. 26)
since
[H*]'y = ap* (Eq. 27)
[OH-]'y = aon~ (Eq. 28)

a mean ionic activity coefficient, v = 0.762, at 35° and u = 0.5 was
derived. Thus from Egq. 27,
log [H*] = 0.12 — pH (Eq. 29)

and from Eq. 24,

logk = log k1 +0.12 — pH (Eq. 30)
The specific rate constant catalyzed by hydrogen ion was calculated
from Eq. 30 (Table VIII), an average value of k&, = 1.38 1. mole™!
hr.”! was obtained.

At pH ~ pK; of ampicillin, the shoulder-type break of the pH-
rate profile seemed to suggest that the cation and zwitterion are
interacting with hydrogen ion in different magnitudes. At this par-
ticular region the possibility of interaction between ampicillin cation
with water molecules may not be as significant as the interaction
with protons. At the region of pH 3-5, if the assumption that the
hydrogen ion and water molecule are the catalyzing species is
correct, the first three terms in the right-hand side of Eq. 18 are
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Table VIII—Catalytic Effect of Hydrogen Ions on
Degradation of Ampicillin at 35°C. and x = 0.5

(H*) X 10 kn+Lm."!
pH moles/1. k X 103hr.! hr.7le
0.81 2. 269.5 1.32
1.10 1.04 136.3 1.33
1.10 1.04 1320 1.27
1.20 0.82 107.9 1.30
1.51 0.42 62.3 1.52
1.51 0.42 62.4 1.53

o Average kn+ = 1.381, mole-thr.—1

important to the buffer free velocity. Accordingly,

p= —92 _ fRHAIH'] + kRHAH| + kRH2| (Eq 31)

and

k= ky[RHHY] + k[RH=|[HY] + ko[RHE]
[RH:*| + [RH#]
ke [H* - fumyr 4 ko{HY) fre® + k; fun® (Eq. 32)
where fru,+ and fru* are fractions of the cation and zwitterion of

ampicillin. Dividing both sides of Eq. 32 by [H*], Eq. 33 is obtained
and from this equation, k: could be calculated

k . ki funt

= kifeny + kofen® + -[Al_’;‘—i‘f

From the values of k; = 1.38 and &; = 7.5 X 1074, and the hydro-
gen ion concentration calculated from Eq. 29, the value for k. was
shown to increase (from 13 to 20 with an average value of 16.8) with
the increasing of fry*. This indicated that ampicillin zwitterions may

A

(Eg. 33)
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Figure 8—pH-Rate profiles of ampicillin degradation in solution at
constant pH and 35° (u = 0.5). The dotted curve is a pH-apparent rate
profile and all the studies were in citric acid-phosphate buffers (Table I).
The solid curve represents the theoretical line calculated from the rate
constants while the points are experimental results. Key: Apparent
rate constants in buffers: @, HCI-KCI; O, Citric acid-phosphate; X,
H,BO;-NaOH. Rate constants at zero buffer concentration: Q, citric
acid-potassium citrate; W, NaH.PO,-Na.HPO. 0, citric acid-
phosphate buffer.

1 Lowest rate observed at zero buffer concentration at pH 6.5.



Table IX—Catalytic Effect of Hydroxy! lons on Degrada-
tion of Ampicillin at 35°C. and ¢ = 0.5

korn- X 1021, mole™!

pH [OH-|, moles/1. k& X 10%hr.m? hr.te
7.60 1.09 X 10-¢ 2.00 1.82
7.94 2.40 X 10-¢ 4.50 1.87
8.40 6.92 X 10-¢ 15.0 2.18
8.81 1.78 X 10-® 38.3 2.16
9.15 3.89 X 10— 779 2.00
9.40 6.92 X 105 124.3 1.79
9.78 1.66 X 10¢ 294.8 1.77

o Average koH = 19451, mole—thr.—1,

possibly precede some parallel reactions, for example, to form con-
currently penicillinic acid and penillic acid, or to form penicillinic
acid and penicilloic acid, and this latter reaction has been reported
for penicillin G by Schwartz (23). The average value of &
(16.8 1. mole~thr.1) was used to calculate the theoretical line. The
theoretical curve fits the points in the pH 3 to 5 regions. However,
such was not the case in the pH ~ pK, area.

At pH’s 5.5 to 6.5, the experimental data show a slope of nearly
zero (Fig. 8). This suggests that the reactions in this pH range were,
essentially, spontaneous and only water is the catalyzing species
interacting with ampicillin zwitterion and anions. The buffer free
rate constants in this pH region were found to be from 7.5 to
8.0 X 10™1. mole~thr.71, Accordingly, it is assumed that ks >~ k4 =
7.5 X 107¢ L. mole~thr.% It is noted that at pH ~ pK; region of the
pH-rate profile (Fig. 8) the break is not as evident as the one ob-
served at pH ~ pK, region. This may be due to some extent to the
nature of the reaction in this pH region, for example, the zwitterions
and anions interact only with water and in a similar magnitude.

At pH > 7.5 the data indicated that only one type of reaction was
responsible for the rate, which is the hydroxyl ion interacting with
the anionic form of ampicillin. The positive unity slope of the pH-
rate profile at pH > 7.5 supports this assumption. Accordingly,
only the last term of the right-hand side of Eq. 18 is of importance.
The rate equation:

_diPlr

v = d’]’ = kIR"] (Eq. 34)
and
k = k; [OH"] (Eq. 35)
The logarithmic form of Eq. 35,
log k = log k; + log [OH™] (Eq. 36)

From Egs. 25 and 28, the following equations were obtained to
calculate the hydroxyl-ion concentration and the specific rate
constant.

log [OH-] = pH — 13.56 (Eq. 37)
log k = log ks + pH — 13.56 (Eq. 38)

The hydroxyl-ion catalytic rate constant values determined from the
above equations are listed in the last column of Table I’X. An average
value of k; = 1,945 L. mole~*hr.7! was obtained. In basic solution the
hydrolytic rate of ampicillin is almost 1,400 times faster than that in
acid solution. Evidently, the g-lactam ring of ampicillin, like
penicillin G, is also extremely susceptible toward nucleophilic attack
initiated by hydroxyl ion. This seems in good agreement with the
observed low heat of activation (9.2 kcal./mole) in basic solutions.

The pH of minimum rate, pHui,., of ampicillin degradation in
buffer free condition was found to be about 5.85 at 35° from the
following equation.

[HY] = lkon X K./k»]"*® (Eq. 39)

This value suggests that the zwitterionic form of ampicillin is the
most stable species. In contrast, the monobasic penicillins (such as
penicillin G and phenethicillin) exhibited a value of pHuin. of 6.5 as
reported by Brodersen (8) and Schwartz er al. (9), respectively. The
difference in pHuin. between the amphoteric penicillin and mono-

5 This value was calculated from constant K. = 2.088 X 10—4 and
average k» = 16.8.
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Figure 9—UV absorption spectra of ampicillin reaction mixtures. Key:
, in 0.5-1.0 N HCI solution after heating for about 10 min.
(Amax. 280 mp); ---, in 0.1-0.5 N HCI solution after heating for about
30 min. (Amax. 320 my); .. ., in freshly prepared pH 5 buffer solution;
------ , in freshly prepared pH 10 buffer solution.

basic penicillins is believed due to the chemical nature of the
compound.

Mechanism of Ampicillin Degradation—Based on classical knowl-
edge (11) of hydrolytic reactions of penicillin G as well as those of
recent reports (6, 22, 23), the data obtained in this study indicate
that the amino side-chain group of ampicillin plays a significant role
in the rate but not on the mechanism of degradation. Regardless of
the complexity of the pathways by which the degradation proceeds,
the initial 8-lactam ring structure cleavage appears to be responsible
for the overall degradation observed in solution. The postulated
degradative reactions are shown in Scheme III.

In acidic solution, ampicillin (1) gave a UV-absorption maximum
at A 320-322 myu in pH 2-5 solution. This band was shown to in-
crease in intensity with time. By addition of strong acid (0.1 NHCl) a
new band at A 228 my was obtained. The initial degradation speacies
observed was probably (via transient oxazolone [II]) a-aminobenzyl
penicillinic acid (111), while a-aminobenzyl penillic acid (IV) was
obtained in the stronger acid solution. Pure benzylpenicillinic acid in
959, alcohol absorbs at A 322 mu as has been reported earlier (22).
However, ampicillin in 0.5-1.0 N HCI, shows an absorption band at
A 280 mp and no change of this band was observed for several days.
This stable degradation product obtained under drastic acidic condi-
tions was possibly a-aminobenzylpenamaldic acid (V). The penamal-
date band at A 280 my has been reported for benzylpenicillin in base
(6, 11). The data presented suggest this open structure of the fused
g-lactam-thiozolidine ring of a-aminobenzylpenamaldic acid is also
formed in strong acid.

Both a-aminobenzylpenicilloic acid (VI) and a-aminobenzyl-
penilloic acid (VII) were shown to be formed in basic solution.
This was confirmed from the comparison of the TLC spots
(ninhydrin-positive reaction) of known samples. In a strong basic
solution a decarboxylated product, a-aminobenzylpenilloic acid,
was formed which is similar to the one obtained from an aged
ampiciilin sample in mild basic solution.

All the aged ampicillin reaction mixtures showed absorption at
about A 340 my to X\ 355 mu with loss of the typical benzyl
characteristics bands at A 268 my, A 262 my, and N 257 mpu of
ampicillin.

The absorption spectra of ampicillin at several pH’s are shownlin
Fig. 9. The data presented are not sufficient to positively identify
the multiple degradation products formed in the various solutions.

Stability of Ampicillin—The extreme susceptibility of the penicil-
lin group of drugs toward acid, base, and penicillinase is due to the
fact that the four membered g-lactam ring is strained by about

10-20 kcal./mole as compared with the normal peptide g-lactam
ring (11). However, the relative acid stability of these drugs is due
to the chemical structure of the side chain. Ampicillin is about 200
times more acid-stable than pencillin G (1). Conceivably the side-
chain amino group in ampicillin plays a significant role. This
amino group must also be stereospecific, since L(+) isomer of
ampicillin (24) showed much less activity than its p(—) isomer

Vol. 58, No. 4, April 1969 [ 1453



1. In Acid and Neutrol Solutions-

A :E 1
C C rr - H+ +
COOH

reorronge

v

N H*
H H -—
Ot r q-L—Nim
NV O g COOH Nt
Hy H

2. In Basic Solution:

O0H
S

@— ¢ SE_JEN/S €00

s s
[@—c—’\o o ——\Ecoon aaat @‘Efpﬁ\o:‘[o :l—\ECOOH]

Hy 1 Ob
Ny HS
@—c—"\ :[0 N—ICOOH
N H
Hy
m

H
N 5
@C_C/ T
NO N—\fcoo‘
H2 H

wm

Scheme IHI—Ampicillin 8-Lactam Ring Cleavage

which is used medicinally. On the other hand, the amino group in
the para-position of the benzyl group in p-aminobenzylpenicillin
was shown to be only seven times more acid-stable over penicillin
G (25). Doyle ez al. (1) have previously reported that a correlation
exists between the penicillin half-lives and their side-chain pKa
values. H-bonding, however, may also be a contributing factor for
the ampicillin acid stability in addition to the side-chain inductive
effect. The H-bond formation presumably can be either intra-
molecular or intermolecular. The intramolecular H-bonding is
probably formed by one of the ampicillin side-chain N—H bond
with its neighboring carbonyl oxygen atom to form a N—H—O
bond. The intermolecular H-bonding may exist as a result of
interactions between a hydrated NH; group and a hydrated side-
chain peptide carbonyl oxygen atom. Any of these interactions
would decrease the possibility of electronic rearrangement leading
to S-lactam cleavage.

It has been shown in the literature (26) that the RNH;* group
readily forms hydrogen bonds with its surrounding water mole-
cules. Based on IR absorption spectra, Austin et al. (27) and
Grant and Alburn (28) have reported that the charge amino group
may be associated with water molecules to form the hydrates
of ampicillin. Further investigations are needed to confirm an
H-bond formation hypothesis. It is important to note that one
should not be misled by assuming that a hydrated form of ampicil-
lin is more stable in the solid state. Grant and Alburn (28) have
reported that in the solid state ampicillin monohydrate is less
stable than its anhydrous form, especially at elevated temperatures.
Conceivably, this is due to the hydrolysis initiated by the water
molecule.
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