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vapor pressures of the corresponding ethers.
The melting points of the tetrabromide compounds
are approximately 60° lower than those of the
tetrachloride products. The study of systems
involving tin tetraiodide revealed little or no
tendency for the tetraiodide to form addition
compounds with tetrahydrofuran and tetrahydro-

pyran.
The replacement of one of the chlorine atoms in
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silicon tetrachloride by a hydrogen atom does
not cause addition compound formation with
diethyl ether. With tetrahydrofuran a 1:1 com-
pound of low stability is obtained. This com-
pound, however, may be the result of weak hy-
drogen bonding between the silicon and oxygen
or some other process, rather than coérdination
between the silicon and oxygen.
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Metal Ion-catalyzed Decarboxylation: A Model for an Enzyme System!'

By RUDOLPH STEINBERGER? AND F. H. WESTHEIMER

A study of the decarboxylation of dimethyloxaloacetic acid, A, RO,C—CO—C(CHj;).—CO,H (R = H) has shown that
the first product of decarboxylation is the enol form of a-ketoisovaleric acid. Similarly, the monoethyl ester of A, (R =

C,H;) yields the enol form of ethyl a-ketoisovalerate.
titration.
is not.

The enols have been identified spectroscopically and by bromine
The decarboxylation of dimethyloxaloacetic acid is catalyzed by heavy metal-ions, whereas that of the mono ester
The pH-rate profiles for these decarboxylation reactions show that the anion of the ester, the mono and dianions
of the diacid, and a complex of the diion with metal ions, undergo decarboxylation.

The effect of metal ions, M, on the de-

carboxylation reaction has been interpreted in terms of a complex with the structure
O=C—C—C(CH3)2—C02_

—O0 O
N
M54+

The results obtained with dimethyloxaloacetic acid have been compared with those for the enzymatic and non-enzymatic
decarboxylation of oxaloacetic acid itself, and a tentative hypothesis has been formulated to account for the role of the pro-

tein in the enzymatic process.

Introduction

In a recent communication, the authors?® out-
lined a synthesis of dimethyloxaloacetic acid, A,
HO,CCOC(CH;),CO-H and of its monoethyl ester,
B, C;H;0.CCOC(CH;):CO.H; they further showed
that the decarboxylation of the acid is catalyzed
by heavy metal ions, whereas the monoethyl ester
is essentially unaffected by these ions. From
these facts it was concluded that the metal ion
which catalyzes the decarboxylation of dimethyl-
oxaloacetic acid (and by analogy of oxaloacetic
acid) must be codrdinated with that carboxyl group
of the diacid which is not lost during the reaction.

The present paper gives in detail a proposed
mechanism by which metal ions catalyze certain
decarboxylations. The proposed mechanism for
the decarboxylation of A~, the monoanion of
dimethyloxaloacetic acid, is shown in equations
(1) and (2)

HO,C—CO0—C(CH;)—CO0;~ —>

A7)
HOZC—C!=C(CH3)2 + Co: (1)
o~
(S
HOZC_C=C(CH3)2 + Ht —> HOzc—CO—CH(CHs)g
0~(C~) (D) 2

The intermediate first formed is the enol, C, or
enolate ion, C—, of a-ketoisovaleric acid, D; this

(1) Presented at the 118th Meeting of the American Chemical So-
ciety, at Chicago, September, 1950.

(2) Atomic Energy Commission Predoctoral Fellow, 1949-1950.

(3) R. Steinberger and F. Westheimer, THIs JoURNAL, 71, 4158
(1949).

ion is stable enough to be identified both spectro-
scopically and by bromine titration. During the
catalyzed decarboxylation, a metal ion complex
of the diion is probably formed. The effect of
various complex-forming agents upon the rate of
the catalyzed decarboxylation is interpreted, and a
possible role for the enzyme in an enzyme-cat-
alyzed decarboxylation of oxaloacetic acid is dis-
cussed.

Experimental
Kinetic Method

Apparatus.—Most of the kinetic determinations were
made in a manometric apparatus of a familiar type.t The
reaction rate was followed by measuring the amount of car-
bon dioxide evolved at various stages of the reaction. The
sample of B-keto acid was introduced into the reaction mix-
ture by means of a platinum bucket, which was suspended
from the ground glass stopper of the reaction vessel; the
bucket was dropped into the reaction mixture by rotating
the stopper. Both reaction flask and manometer were im-
mersed in a thermostat held at 25.00 = 0.02°. Readings
were taken through a window in the bath.

In most of the reactions here reported the reaction flask
was shaken at a rate of 240 to 310 oscillations per minute.
Slower rates were sometimes satisfactory; but in concen-
trated buffer solutions the slower shaking rate failed to
bring about the prompt evolution of CO;, even from creased
flasks, and apparent induction periods, as long as an hour,
were observed.

Retention of CO;.—The manometric method just men-
tioned was used with solutions having a pH < 6. There is
undoubtedly some retention of CO; by solutions where the
pH > 5; this effect, however, is quite small and the amount
of CO; evolved corresponds almost quantitatively to that
shown in equation (1). In general, the evolution of CO,
is somewhat slow at the beginning of an experiment, but
reaches the first-order rate before the reaction has proceeded
5%, to completion,

(4) J. Brénsted and C, King, 1bid., 47, 2523 (1925).
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Spectrophotometric Method.—To determine the rate of
decarboxylation in basic solution, the decrease in optical
density at 3100 to 3500 A. wasused. As is explained below,
this method is satisfactory only when the concentration of
enol, C, is very small, The experimental data indicate that
this condition is met in moderately concentrated buffers.
The decrease in the concentration (determined spectro-
photometrically) of the diacid gives the same first-order rate
constant as that obtained from the evolution of CO, in the
manometric experiments.

Spectrophotometer.—All optical measurements were
made on a Beckman model DU quartz spectrophotometer.
Measurements at both 1-cm. and 10-cm. path lengths were
made in cell compartments kept at 25.00° by circulating
water from the thermostat.

Synthesis.—A general outline of the synthesis of di-
methyloxaloacetic acid and of its monoethyl ester, was
given in the previous communication.?

‘The condensation of ethyl oxalate and ¢-butyl isobutyrate
by means of sodium triphenylmethide gives the ethyl-t-butyl
ester of dimethyloxaloacetic acid, C;H;0,CCOC(CHj;),CO,-
C(CHs);. The ¢-butyl isobutyrate reacts with sodium tri-
phenylmethide more slowly than does ethyl isobutyrate.
With this exception, the synthesis parallels that reported
by Hauser®; yield of ester 40%; b.p. 107-111° (7 mm.);
d% 1.0124; »?% 14257,

In order to hydrolyze the ethyl-t-butyl ester to the mono-
ethyl ester, C,H;0;CCOC(CHj,).CO.H, 10 g. of the former
was mixed with an equal volume of a saturated (approxi-
mately 5 M) solution of HBr in glacial acetic acid; after 5
minutes at room temperature the mixture was placed in a
vacuum desiccator. The acetic acid, bydrogen bromide and
t-butyl bromide were removed by pumping off the gases
(mechanical pump, Dry Ice and liquid nitrogen traps) for
several hours, and then allowing the mixture to stand in
vacuum over soda lime overnight, The crude liquid mono-
ester was dissolved in ligroin (90-110°) and cooled in an
acetone~Dry Ice-bath. When the walls of the vessel were
scratched, the ester crystallized, The crystals were filtered,
washed with cold petroleum ether and dried. The hygro-
scopic solid melted at 38-39°; yield 559%,.

Five grams of the crude monoester was hydrolyzed to the
diacid by adding it to 50 ml. of concd. hydrochloric acid and
allowing the mixture to stand at room temperature for three
days. The hydrochloric acid and ethyl alcohol were evap-
orated off in a stream of dry air and the acid was recrys-
tallized twice from dry benzene; yield 60%; m.p. 105.5-
106.5° with decomposition.

The syntheses outlined above were adopted because hy-
drolysis of the diethylester of dimethyloxaloacetic acid leads
to the undesired moneethyl ester,® HO,C—CO—C(CH;),-
CO,CyH;s; no means could be found to complete the hy-
drolysis of this ester, to form the diacid, A. Presumably,
the carboxyl group adjacent to the quaternary carbon atom
is sterically protected. The synthetic method here adopted
takes advantage of the fact that {-butyl esters can be cleaved
by a mechanism’ (presumably through a solvated carbonium
ion) unavailable to the corresponding ethyl ester.

Isolation of Products.—The collected products from a set
of completed kinetic experiments were acidified with concd.
HCI and treated with a solution of 2,4-dinitrophenylhydra-
zine in 6 M HCl. The yellow precipitate was digested on
the steam-bath for about an hour, filtered, washed and dried.
The derivative from the monoester experiments was re-
crystallized from ethanol, whereas that from diacid runs
was recrystallized from acetone or acetone-ligroin mixtures.
The 2,4-dinitrophenylhydrazone® of e-ketoisovaleric acid
melted at 194-194.5°. Caled. for C;;H;;OsNy: C, 44.6;
H, 4.08; N, 18.9. Found: C, 44.8; H, 4.21; N, 19.1.
The analysis of the derivative of ethyl a-ketoisovalerate has
already been reported.?

The reaction mixtures from the completed reactions cata-
lyzed by metal ions were freed from these ions by treatment
with HpS; the derivatives of the organic products were iso-
lated as already described. They proved to be identical
(melting point method) with the products of the uncata-
lyzed experiments.

(5) B. Hudson, Jr., and C, Hauser, THIS JourNaL, 63, 3156 (1841).

(6) B. Rassow and R, Bauer, J. prakt. Chem., [2] 80, 87 (1909).

(7) B. Tronov and N. Ssibgatullin, Ber., 62B, 2850 (1929); S. Cohen
and A. Schneider, THIS JoURNAL, 63, 3382 (1941).

(8) G. Ramage and J. Simounsen, J, Chem. Soc., 532 (1935).
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Determination of Ionization Constants,—The first and
second ionization constants of dimethyloxaloacetic acid were
determined by an indicator method. The optical density
due to one colored form of an indicator in a buffer of the
diacid, A, was compared with the optical density of the same
concentration of the same indicator in a corresponding ox-
alic acid buffer. Since the ionization constants of di-
methyloxaloacetic acid are of the same order of magnitude
as those of oxalic acid, this method permitted the deter-
minations to be almost as precise as those for oxalic acid it-
self. Since all the kinetic measurements here reported were
made at an ionic strength of 0.5 mole/liter, the ionization
constants desired are approximate values of the ‘‘concen-
tration” equilibrium constants, K’. The constant K;’ for
oxalic acid was estimated from the value of the thermody-
namic constant? and activity coeflicients estimated by ex-
trapolating Kielland’s formula® to 0.5 m./l. The constant
K" was similarly calculated; the value found agrees approxi-
mately with that of McComas and Rieman.!1 The ‘“‘pH”
of each buffer was measured with a Beckman glass electrode
pH meter; on the assumption that the meter measures hy-
drogen ion concentration, the values so obtained are in
agreement with those calculated by the method outlined
above, and with standard values for 0.1 molar HCIO, and
for a dilute phthalate buffer. Clearly, none of the measure-
ments of acidity here reported is accurate enough to dis-
tinguish unambiguously between activity and concentration.
All the measurements, however, were made with the same
instrument and with solutions of the same ionic strength
and are self-consistent.

Thymol blue and methyl red, respectively, were used to
determine K;’ and K’ of dimethyloxaloacetic acid; both
indicators were used at a concentration of 1078 molar. The
values here used for X’ and K,’ of oxalic acid are 0.11 and
1.7 X 1074, respectively. The values here found for X’
and K,' of dimethyloxaloacetic acid are 6.0 X 10~2 and 7.0
%( b110‘5, respectively. The colorimetric data are given in

able I.

TasLe [
Ion1zatroN CoONSTANTS OF DIMETHYLOXALOACETIC ACID
Optical
Solution Composition density
HIn (Thymol blue) 1.448
(= 5400 &)
In~ 0.060
Oxalate buffer 0.05 M H,0x, 0.08 M HOx" L7871
Diacid buffer .05 M H:A, 0.05 M HA- .700
HIn (Methyl red) 0.108
(= 4000 A.)
In- 1.85

Ozxzalate buffer (HOx=) = (Ox*) = 5 X 10~¢ M 0,232
Diacid buffer (HA-) = (A=) = § X 104 M .333
All solutions brought to an ionic strength of 0.5 with NaClOs.

Results

The enol, C (or possibly the enolate ion, C-),
was identified spectroscopically. The spectrum of
an aqueous solution of 0.001 mole per liter of the
pure diacid in distilled water was observed. It
showed at 3350 A. the low absorption peak (¢ =
38) characteristic of a-ketoacids.!? (Here ¢ =
D/cl, where D is the optical density recorded on the
Beckman spectrophotometer, ¢ is the concentra-
tion of the diacid in moles per liter, and [ is the
cell length in centimeters.) The decarboxylation
was allowed to proceed at room temperature and
the spectrum of the solution was observed at in-
tervals. The intensity of the absorption maximum
at 3350 A. diminished, until after 6 hours it had
fallen to half its original value. At the same time,

(9) H. Harned and B. Owen, ""The Physical Chemistry of Electro-
1ytic Solutions,” Reinkold Publishing Corp., New York, N. Y., 1043,
po. 210, 580.

(10) }. Kielland, Tuis JournaL, 59, 1675 (1937).

(11) W. McComas, Jr., and W, Rieman III, ibid., 64, 2948 (1942).

(12) C. Fromageot, M, Pelletier and P. Ehrenstein, Bull. soc. chim.,
61, 1283 (1932).
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the absorption below 2900 A. greatly increased.
After 6 hours, however, the new, very intense
maximum around 2400 A began to decrease,
whereas the absorption at wave lengths greater
than 3000 A. increased. The final absorption is
not identical with the original one; the maximum
is at 3100 A. rather than at 3350 A. But the facts
cited clearly indicate that the carbonyl absorption,
which was almost absent after 6 hours, had re-
appeared as the reaction approached completion.
The absorption curves are presented in Fig. 1.

Evidently an intermediate, which absorbs
strongly at wave lengths of 2300-2700 A. first
forms and then slowly disappears, whereas the
concentration of dimethyloxaloacetic acid (which
absorbs at 3350 A.) continuously decreases, and
the product, a-ketoisovaleric acid, which absorbs
at 3100 A., appears rather late in the reaction.
The intermediate, which has its absorption maxi-
mum at 2400 A., is almost certainly the enol.
On the basis of the quantitative estimate (see below)
of the quantity of enol present, the compound has
an extinction coefficient of 7500; for comparison,
a-ethoxycrotonic acid®® has its absorption maxi-
mum at 2200 A. and an extinction coefficient of
8,700. Although the two compounds are not
strictly similar, the intense absorption at 2400 A.
suggests the o, 8-unsaturated acid structure.

When the decarboxylation is carried out in
buffered solution, the maximum amount of enol
present at any time is much less. Presumably
the enol is still formed during the decarboxylation,
but the buffer catalyzes its ketonization.!* Thus
when the decarboxylation is carried out in an 0.25
molar acetate buffer, the maximum absorption at
2600 A. is only 7% of that in the absence of any
buffer. When the decarboxylation is catalyzed
by copper (0.001 M) the maximum is 3.4 times as
great as it is in the uncatalyzed experiment; pre-
sumably thisincrease is due to a copperenolate. The
ketonization is essentially complete after one hour.

It is possible to estimate the amount of enol
formed in the decarboxylation reaction. Since
the extinction coefficient of dimethyloxaloacetic
acid is known, and since the rate of decarboxylation
has been measured manometrically, the part of
optical density at 3350 A. due to the diacid can be
calculated for any instant. The difference be-
tween the observed optical density at 3350 A. and
that due to dimethyloxaloacetic acid can then be
determined. This optical density may then be
assigned to a-ketoisovaleric acid; and since the
extinction coefficient of this compound is known,
its concentration can be calculated. The sum of
the concentrations of dimethyloxaloacetic acid and
of a-ketoisovaleric acid gives the total concentra-
tion of keto acids; the difference between this
sum and the initial concentration of dimethyloxalo-
acetic acid gives the concentration of the enol.
This method of computation assumes that the
enolic acid does not absorb at 3350 A. The known
absorption spectrum of olefinic acids and the
absorption spectrum of the reaction mixture at the

(13) L. Owen, J, Chem. Soc., 385 (1945).

(14) L. P, Hammett, “Physical Organic Chemistry,” McGraw-Hill
Book Co., Inc., New York, N. V., 1940, p. 229,
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Fig. 1.—Ultraviolet absorption spectrum, determined at

several times, of the solution obtained on decarboxylation
of the diacid.

end of 6 hours both show that this assumption is
reasonable. If, however, part of the optical
density at 3350 A. is due to the enol, then the true
concentration of ketoisovaleric acid is somewhat
less than that calculated, and the concentration of
enol somewhat greater. In other words, the cal-
culation here outlined gives the lower limit for the
percentages of enol present. The calculated per-
centages of enol under various experimental condi-
tions are shown in Table II.

TaBLe II
GREATEST CarLcuratep EnoL CoNTENT DuriNg DE-
CARBOXYLATION
Enol,
(Ha:A)  [Cu*+) Buffer % tmax. A AL
0.001* e e 41 6 hr, 3300
.001 0.001 ........... 48 5.5 min. 3400
.001 0.25 M OAc™: 0.6 1 tr. 3500
0.25 M HOAc
.001 0.25 M OQAc™: 1.9 1hr. 3300
0.25 M HOAc

The enol content of the solution marked by the
asterisk was also determined by bromine titra-
tion, as follows: 5 ml. of standardized aqueous
bromine solution in water was added to a sample
of the solution undergoing decarboxylation. After
a few seconds, solid potassium iodide was added
and the amount of iodine liberated was determined
by titration with sodium thiosulfate, The amount
of bromine consumed was assumed equal to the
amount of enol present in the reaction mixture.
The value found was 35%.

It is at first surprising that the enols here formed
ketonize slowly enough to permit their identifica-
tion in solution. Presumably the conjugation
of the olefinic double bond with the carboxyl
group makes them somewhat more stable than
simple enols; perhaps the enol here formed is also
stabilized by steric effects.!®

Kinetics of the Uncatalyzed Decarboxylation
of the Monoester.—The monoester is decarboxy-

(18) R, Fuson, L. Armstrong, D. Chadwick, J. Kneisley, S. Rowland,
W. Shenk, Jr., and Q. Soper, THis JOURNAL, 6T, 386 (1945},
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lated according to a first order rate law. A
sample kinetic experiment is shown in Table III.

TaBLE III

SAMPLE KINETIC EXPERIMENT FOR THE MONOESTER

Concn. monoester approximately 0.015 3£,2 20 mi. 0.056 M
citrate buffer, pH = 2.7, » = 0.5, T' = 25.00=0.02°

¢, min, P Po — P log{(Pw — P) k min, -t

0 27.0 120.0 2.079
4 38.0 109.0 0.037 0.0241
8 49.0 98.0 1.991 .0253
12 59.5 87.5 0.942 . 0263
16 68.0 79.0 .898 . 0260
20 75.8 71.2 .853 .0260
24 82.8 64.2 .808 .0260
28 89.0 58.0 .763 .0260
32 94.5 52.5 .720 .0258
38 101.7 45.3 .656 .0256
40 104.5 42.5 .628 .0259
44 108.2 38.8 .589 L0256
48 112.0 35.0 .544 .0256
52 115.2 31.8 .502 .0255
56 117.0 30.0 477 .0248
60 121.1 25.9 .413 .0256
147.0 Av, .0256

¢ Due to the hygroscopic nature of the ester, it was usu-
ally not weighed out. The diacid was generally weighed
out accurately.

The first order rate constants for the decarboxyla-
tion depend upon pH; the data are shown in Fig.
2. Here the open circles represent experimental
points. The solid line through these points was

0.08 } Esier

T:. 0.06

g 10.004
T 0.04

g 0

e/ Diaced 40.002
= 0.02 ¢

pH.

Fig. 2.—Rates of decarboxylation vs. pH: monoester, open
circles, rate scale at left, solid line calculated for pK 3.0, ka~
0.073; diacid, filled circles, rate scale at right; solid line cal-
culated for pK,; 1.22, pK, 4.16, kra~ 0.00350, 2a~~ 0.00175.

calculated from the constants summarized in
Table V, on the basis of the assumption that only
the anion, B—, of the monoethyl ester B can be
decarboxylated. The fraction of the monoester
which is ionized was calculated for each pH from
the assumed ionization constant; then the rate
was calculated from the equation

d(COy)/dt = ks-(B™) 3

Thus the solid line (marked “Ester”) in Fig. 2
essentially represents a ‘‘titration curve” for B;
the rate reaches a plateau where the ester is almost
fully ionized. The ester is decarboxylated too
rapidly to permit an experimental determination of
its pK at 25°; the value (1 X 10—3) here chosen
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corresponds reasonably with the other constants in
Table V.

Kinetics of the Uncatalyzed Decarboxylation of
the Diacid.—The diacid, in the absence of metals,
undergoes first order decarboxylation. The indi-
vidual rate constants show about the same aver-
age deviation as those in Table III; the fact that
the rate constant is independent of the initial di-
acid concentration and of the buffer concentration
is shown in Table IV,

TasLe 1V
RATE oF DECARBOXYLATION OF DIMETHYLOXALOACETIC
Acip
k X 105, Dev,
[Diacid}e M Buffer pH min, ~1 %
1.0 X 10=* 0.25 M acetate 4.6 2.35% 5.7
2.5 X 1073 .05 M acetate 4.6 2.33 1.3
6.25 X 1073 .05 M acetate 4.6 2.38 3.5
1.0 X 10™2 .05 M acetate 4.6 2.42 5.2
1.25 X 1072 .25 M acetate 4.6 2.20 4.3
Av. 2.30

@ Determined spectrophotometrically.

The dependence of the rate of decarboxylation
of the diacid on pH is also shown in Fig. 2. The
filled circles are experimental points. The solid
line through these points was calculated, from the
constants summarized in Table V, on the basis
of the assumption that both the monoion, A—, and
the diion, A=, of the diacid can be decarboxylated.
The fraction of the diacid which is present as
the monoion and the fraction which is present
as the diion were calculated for each pH from
the experimentally determined ionization con-
stants. Then the rate was calculated from the
equation

d(COy)/dt = ka-(A™) + ka-(A7) @

Note that different rate scales have been em-
ployed in Fig. 2 for the diacid and for its mono-
ester.

Comparison with Decarboxylation of Di-
methylacetoacetic Acid.—Table V shows that
dimethyloxaloacetic acid and its ethyl ester
are decarboxylated most rapidly by way of
their monoanions. By contrast, dimethylaceto-
acetic acid is decarboxylated largely by way of
the free acid.’® Presumably, the electrostatic
effect of the carboxyl group stabilizes the enol-
ate ion, C-, H02C--CI=C(CH3)2, more than it

k (Diacid), min. 1.

o-
does the corresponding enol. This stabilization
should lower the energy (and presumably the free
energy) of activation because C— is one of the struc-
tures contributing to the resonance hybrid of the
activated complex for decarboxylation.

TABLE V
RATE aND EQuiLIBRIUM CONSTANTS

Rate constants,

min, ~1
Mono- Di-
Compound K1 pK: anion anion
C:Hs0:C—CO—C(CH3).—CO:H, B 3.0 .. 0.073 Cees
HO:C—CO—C(CH;):~CO:H, A 1.22 4.16 .0035 0.00175

(16) K. Pedersen, THis JoURNAL, 51, 2098 (1929).
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The rate constant for the decarboxylation of
the monoanion of dimethyloxaloacetic acid is
only 1/20 that of the anion of the monoester. This
difference is reasonable in the light of the fact that
there are really two monoanions, A~ and A’—, in
equilibrium with each other. Whereas the ion A~
should probably be decarboxylated at the same
rate as is the anion of the ester, the ion A’~ is
analogous to the diacid itself, and should be rela-
HO0,C—CO—C(CH;3)—COy~  ~0:C—CO—C(CH;y)e—CO.H

A~ A~
tively stable. Since pyruvic acid is about 20
times as strong an acid asis acetoacetic,!” the equilib-
rium between the ions may well favor A’~ by a
factor of 20; the ion A—, then, is decarboxylated
at a rate not far different from that of the ion
of the monoester.

Similarly, it is at first surprising that the diion
is decarboxylated half as fast as is the monoion,
since the negative charge on the carboxylate ion
groups should interfere with the stabilization of the
activated complex and lower the rate by much
more than a factor of two. However, the mono-
ion, A—, is probably decarboxylated 40 times as
fast as is the diion, A=; the apparent similarity
in their rates of decarboxylation results from the
fact that the mixture of monoions consists largely
of the inert anion, A’ —.

Kinetics of the Metal-Ion Catalyzed Decarbox-
ylation.—In the presence of low concentrations of
metal ions, the decarboxylation usually still
approximates a first order reaction. Table VI
shows the effect of various metal ions on the rate.

TABLE VI

EFFECT OF METAL IoNS ON THE RATE OF DECARBOXYLATION
OF DIMETHYLOXALOACETIC ACID

Metal ion Conen. +H k, min, —1
None e 4.6 0.0024
Cu*+ 0.001 4.6 .143
Alt++ .001 4.6 .128
Ni++ .01 4.6 .0216
Mnt+ .01 4.6 .0058
None A 2.4° .0032
Fe++ .002 2.4° .0102
Fe+++ .002 2.3 .301
None . 0 .00032
Pd++ .01 0 .00061

¢ Solution unbuffered. ° Experiment conducted under

nitrogen.

The effect of pH on the rate of a metal-cat-
alyzed decarboxylation is shown in Fig. 3. The
points of Fig. 3 cannot be connected by a single
smooth curve; they show a discontinuity at pH
3.5, presumably due to the fact that solutions
more acid than pH 3.5 were made up with chloro-
acetate buffers, whereas those more alkaline were
made up with acetate buffers. All the buffers
used had an anion concentration of 0.25 mole per
liter. The rate of the uncatalyzed decarboxylation,
which is controlled by the pH but not by the buffer
composition, contrasts with the rate of decar-

(17) Landolt-Bdrnstein, ’'Physikalisch-chemische Tabellen,” Ew.

III, Springer Verlag, Berlin, 1936, p. 2108; A. Hantzsch and A.
Miolati, Z. physik. Chem., 10, 1 (1892).
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boxylation catalyzed by metal ions, which depends
upon the composition of the buffer solution.
Despite the discontinuity in the pH-rate curve,
evidently it is the diion of dimethyloxaloacetic
acid which forms a complex with Cu*+, and which
undergoes decarboxylation. No explanation is
offered here for the slight decrease in rate at high
pH.

AN
/
| %
1
0.2r !
. 1
% !
£ |
o 1
'% 1
" 1
]
1
(103
| 3 pH. 5

Fig. 3.—Rate of Cu**-catalyzed decarboxylation of
diacid vs. pH: M, rate in 0.1 M HClO,; X, rates in chloro-
acetate buffers; @, rates in acetate buffers; O, 2.12 times
rates in acetate buffers; —, curve through experimental
points; - - - -, chloroacetate curve extended through ‘“‘cor-
rected”’ acetate points.

Copper Complexes.—The efficiencies of copper
ion as a decarboxylation catalyst in the presence
of various complex-forming agents is shown in
Table VII. Citrate greatly reduces the catalytic
activity of Cu*+; on the other hand, the rate is
greater in the presence of pyridine than it is in the
presence of acetate. These observations will later
be discussed in more detail.

TaBLE VII
RaTEs oF Cu+tt CATALYZED DECARBOXYLATION

103 cone.

in m./1. Conc., m./1. k,
Cut+ A pH Buffer Base Acid min, ~1
0.5 2.5 4.6 Acetate 0.25 0.25 0.049

.5 5.0 4.6 Acetate 25 .25 .049

5 12.5 4.6 Acetate .25 .25 .042

5 25 4.6 Acetate 25 .25 .039

5 5 5.4 Pyridine 25 .25 .084

5 5 ca. 5 Acetate 22 .22 .069

Pyridine .03 .03

1.0 5 4.6 Acetate .05 .05 .229
1.0 5 5.4 Pyridine .05 .05 .385
1.0 5 3.5 Acetate 25 2.5 .060
1.0 5 3.4 Chloroacetate .25 .25 .108
1.0 5 3.3 Citrate .25% .25 c¢a. .005

Monosodium citrate.

Discussion of Results

Mechanism of the Uncatalyzed Decarboxyl-
ations.—The decarboxylation of the monoester
probably occurs according to equations (5) and (6)
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CgHaOzC—CO—C(CHg)z—COQ_ —_—
C2H502C—9=C(CH3)2 + CO; (5)

O_
QHf,OaC—IC=C(CHa)2 + HY—>
o)y C;H;0,C—CO—CH(CH;), (6)

The evidence that the proposed mechanism is
correct consists of the facts that (a) a derivative of
the ester of a-ketoisovaleric acid has been isolated,
(b) the presence of the enol as an intermediate has
been demonstrated spectrophotometrically, and
(c) the pH-rate profile (Fig. 2) identifies the ion
as the reactive species.

The monoanion of the diacid is probably de-
carboxylated according to equations (1) and (2).
The evidence that the proposed mechanism is
correct, consists of the facts that (a) a derivative of
a-ketoisovaleric acid has been isolated, (b) the
presence of the enol as an intermediate has been
demonstrated spectrophotometrically, and by bro-
mine titration, and (c) the pH-rate profile in-
dicates that the diacid is decarboxylated only
slowly, compared to either the mono- or the di-
anion. The dianion, A=, presumably decarboxyl-
ates by a path similar to that for the monoanion.

Mechanism of the Metal-Ion Catalyzed De-
carboxylation.—The mechanism proposed for the
decarboxylation catalyzed by metal ions is illus-
trated (for copper ion) by equations (7) and (8).

KT N
0=C—C—C(CH;);—CO;~ —>

B /S X
- (e}
N
Cu
SR
H:0  OH,
0=C—C=C(CH,); + CO, )
/N
-0 O- (¥)
N,/
Cu
//'H-\
H,0 OH.,
0=C—C=C(CH;); + H* —>
SN
o) O- + 2H:0
N/
Cu
e
HzO OH2

O=/C—$—CH(CH3)2 + Cu(OHz), ™+ (8)
i

Reaction (8) is presumably general base catalyzed,
and is analogous to the reverse of the metal ion cat-
alyzed enolization of acetoacetic ester.!®

The evidence that the proposed mechanism is
correct consists of the facts that (a) a derivative
of a-ketoisovaleric acid has been isolated (b) the
enolic intermediate has been identified spectro-
scopically (c) the pH-rate profile (Fig. 3) shows that
a complex of the diion is decarboxylated (d) the
ester of dimethyloxaloacetic acid is decarboxylated
without metal ion catalysis,® which shows that the
copper ion must be associated with the carboxylate
ion gamma to the one lost (e) since copper is usually,

(18) K. Pedersen, Acta Chem. Scand., 2, 252, 3835 (1948).
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and palladium always,® planar in codrdination
compounds, the metal atom is probably not co-
ordinated with the carbonyl oxygen and with both
of the carboxylate ion groups. Furthermore, since
Al*++is a strong catalyst, no valence change of the
metal ion is involved in the reaction. In addition
to all this evidence, the observations made on
decarboxylations catalyzed by ferric ion strongly
support the proposed mechanism. When di-
methyloxaloacetic acid is added to a colorless solu-
tion of ferric ammonium sulfate (a good catalyst;
see Table VI), the solution turns bright yellow. The
shade deepens rapidly as the decarboxylation pro-
ceeds, and the color is progressively green, blue
and deep blue. When the decarboxylation is
complete, the color gradually fades and the solu-
tion finally becomes colorless. Since dimethyl-
oxaloacetic acid cannot enolize, the yellow complex
is probably a ferric-dimethyloxaloacetate complex
(perhaps analogous to E), and the blue color must
be identified with a transitory ferric enolate
(analogous to F) of a-ketoisovaleric acid. In-
cidentally, the fact that no color appeared during
decarboxylations catalyzed by ferrous ions shows
that the solutions used were free from ferric ion.

The mechanism here outlined assigns a reasonable
function to the metal ion. During decarboxyla-
tion, an electron pair initially associated with the
carboxylate ion group is transferred to the rest of
the molecule (see arrows on E in equation 7).
A metal ion, because of its positive electric charge,
should assist this transfer; further, the higher
the charge and the more readily the metal co-
ordinates with the carbonyl group, the greater
should be the catalytic activity of that ion. This
general rule is amply borne out by Table VI.

Furthermore, the effect of various codrdinating
agents upon copper ion catalysis is in agreement
with the rule here suggested. Negative ions,
e.g., citrate and acetate, diminish the catalytic
activity of Cu**; the amount of diminution is
much greater for citrate than it is for acetate.
These facts are in agreement with the assumption
that, in buffer solutions containing these ions, only
the complex E (containing Cu*+, dimethyloxalo-
acetate and two water molecules) loses carbon
dioxide. Negative ions compete with dimethyl-
oxaloacetate for the cupric ion, and thus reduce
the concentration of E. Those negative ions which
form the most stable complexes® with Cu*t+ must
also effect the largest diminution of the rate.
However, a conmplex-forming agent which does not
destroy the charge on the copper ion does not
destroy its catalytic activity. Thus pyridine,

(G)

(19) A. Wells, “’Structural Inorganic Chemistry,’” Clarendon Press,
Oxford, 1945, pp. 506, 523.

(20) K. Pedersen, Kgl. Danske Videnskab. Selbskab, Mat. fys. Medd.,
22, 12 (1945); I. Mecites, Turs Journar, 72, 180 (I1950).
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which readily forms complexes with Cu*+, pro-
motes the decarboxylation. Probably the com-
plex, G, can also undergo decarboxylation. Only
an intricate series of quantitative measurements
can determine the relative rates of decarboxylation
of the aquo complex, E, and of the pyridinium
complex, G.

Comparison with the Decarboxylation of Oxalo-
acetic Acid.—The decarboxylation of oxalo-
acetic acid is also catalyzed?"? by metal ions, and
the presence of an enol or metal enolate in the
decarboxylation mixture has been established.
The structure H has generally been ascribed?®® to the
enolate of the metal and it has been assumed that

0]

X

C—/c:cn-com

.
.

M

(H)
H is the active intermediate in the decarboxyla-
tion. Of course, such an enolate may be formed.
But the strict analogy with dimethyloxaloacetic
acid suggests that H is not an active intermediate
in the decarboxylation. On the other hand, the
enolate, 1, is probably formed during decarboxyla-

(e}
AN
C—C=CH,
SN
0 0
\ M //

(M

tion and would have about the same ultraviolet
spectrum as H.

The Function of the Enzyme.—It is interesting
to consider the function of the enzyme in the
metal-ion catalyzed decarboxylation of oxalo-
acetic acid. The fact that neither the enzy-
matic? nor the non-enzymatic?:? decarboxylation
of acetoacetic acid is promoted by cations, whereas
both the enzymatic?*®% and the non-enzy-
matic?52%2% decarboxylation of oxaloacetic acid is
thus catalyzed, suggests that the essential feature
of the enzyme is as a complexing agent for the
metal, To be more precise, it is here proposed

(21) H. Krebs, Biochem. J., 36, 303 (1942).

(22) J. Speck, J. Biol. Chem., 178, 315 (1949).

(23) A. Kornberg, S, Ochoa and A. Mehler, ibid., 174, 159 (1948).

(24) R. Davies, Biochem. J., 8T, 230 (1943).

(25) L. Krampitz and C. Werkman, ibid., 35, 595 (1941),

(26) B. Vennesland, M. Gollub and J. Speck, J. Biol. Chem., 178, 301
(1949).
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that the protein part of the enzyme has two quite
different functions (a) to impart specificity with
respect to substrate to the enzyme system, and
(b) to complex the metal in such a way as to en-
hance its activity.

The effect of the enzyme on most metal ions is
rather small. Thus the enzyme at a concentration
of 7.5 mg./ml. enhances? the activity of 0.001
molar Zn** only by a factor of 1.3. The effect
is no greater than that which can be obtained, in
acetate buffers, by complexing copper with pyridine.
Of course, the concentration of enzyme is small,
On the basis of the assumption that the molecular
weight of the enzyme is 40,000, the enzyme may be
a hundred times as effective as pyridine in pro-
moting metal ion catalysis.

The enzyme causes a somewhat larger increase
in rate for catalysis by the Mn*+ and Cd** than
it does for that by other ions. For hoth these ions
(at a concentration of 0.001 mole per liter) the
enzyme (at a concentration of 7.5 mg. per ml.)
causes a fivefold increase in rate. The effect with
Cd++isdifficult to explain; but under no conditions
is Cd** a particularly good catalyst. However,
the best catalyst for the decarboxylation, and the
one which is actually present in biochemical sys-
tems, is the complex of enzyme and manganous
ion. Although the special activity of manganous
ion may represent some unknown and specific
enzymatic effect, it is interesting to speculate upon
the possibility that, when complexed with the
apoenzyme, manganous ion is oxidized to man-
ganic ion. A similar oxidation of manganous to
manganic ion has been observed with another
enzyme system.” And it is clear from the effect
of ferrous and ferric ions on the decarboxylation of
dimethyloxaloacetic acid (see Table VI), that a
metal may be a much more effective catalyst when
it is in its higher valence state.

There are several enzymes which are effective
in the decarboxylation of oxaloacetic acid, or the
oxidative decarboxylation of malic acid.® Clearly,
the model system here described can only corre-
spond more or less exactly to one of these systems.
Perhaps some of these systems are essentially
different from the one here described; perhaps
they are merely variations on the same mechanism.
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