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SUmne 1y
The neture of the chelste compounds formed by transition
metal ions with oxsloscetic acld in aqueous solution, hes
been investigated spectrophotometrically and potentiometrics
The mechsuisn of the catalysed reaction has been clarified.
Thermodynamic informetion on the ketonic chelate
compounds, which are the catalytically active species in
decsrboxyvlstion, has been obteined by measuréng associstion
constante for dimethvlinxaloacetic scid (II) (which csannot
enolise), and comparing these with the known essocistion
constants for oxaloscetic acid (I).
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Speetrophotometric studies have demonstrated the presence
of enolic chelate compounds which are not deesrboxyvlated.
Approximate values for the proportion of enolic complex for
oxsloacetate chelates of Cag*, an*, an*, Coz*, Ng2* and Cu
have been obtained.
Spectrophotosetric messurements on the chelate

compounds of oxeloacetic acid (I) sud its ethyl ester (III),

hcau.ua.uﬁz.auzmt (11I1)

which csnnot decarboxvlate, have shown thet oxaloacetate
chelate compounds are formed veryv rapldly. The rise of
optical density (270 mu) with time to & maximum; produced
by addition of some netal ions to agueous solutions of
oxalogcetic acid, is due to the production of asn enolic
pyruvaete intermediste, The mechenisa of decarboxylstion,
may be represented bv,

lly.
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The changes of optical density with time are consistent
with the above resction scheme.

Inhibition of decarboxylation at high copper ion
concentrations hes been found to occur, snd the results
are releted to previous potentiometric studies of the
copper chelates, Inhibition at high pl ( >6) 18 due to
the production of kinetically inactive enolic complexes,
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The eniline cetalysed decsrboxylation of oxeloacetic
acid hes been studied by msnometric, spectrophotometric,
and potentiometric methods,

Experiments with the hslf ester of oxaloescetic scid
(III), have shown that in aqueous solution, the intermediate
18 the ketimine hydrate (2 ).
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Kinetic measuremeunis have demonstrated thet the rate

of the aniline catslysed decerboxvlation passes through
a maximum at around pH L, The pi-Rate profile is
consistent with e catalyticelly active species (B),

the fell in rate st pH greater than lLj, being sttributed
to ionisetion according to the equation

CH OH
| |
- - - - +
*Hamﬂ (8) HNG
Kinetic messurements heve shown that the ketimine hydirate
is present only in small smounts, under the experimental
conditions used, and that it loses 002 in the rate~
determining step.
In agueous solution the mechanism is of the type,

+NHaﬁ
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In ethanol, experiments with esters (III) and (IV)

Etozc.co.onz.coeﬁt (1IV)

have shown thet the catalytically sctive species is the ketimiae
(C). This compouud is formed in quentitative yleld.

HOC,C. C CH .002H

‘ﬁ (c)
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The aniline salt of compound (4}, end the diethyl ester
derivative of (C) have been isolated.

The formation of the ketimine has been studied
spectrophotonetrically asnd shown to be kineticselly second
order, The rate of formetion of the ketimine is equsl to



the rate of decerboxylstion, indiceting that in ethanol,
the formation of the ketluine is the rste-controlling

step in decarboxylation.
Metal ion snd smine catslysis have been coupered

with the metal ion activeted snzymatie decarboxylstion
of some biologically important keto acids,
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Summary

The nature of the chelate compoundis formed by transition

metal ions with oxaloacetic acid in aqueous solution, has

been investigated spectrophotometrically and potentiometricalliv.

The mechanism of the catalysed resction has been clarified.
Thermodynamlc informetion on the ketonic chelate

compounds, which are the catalytically active species in

decarboxylation, has been obtained by measuring associstion

constants for dimethyloxaloacetic acid (II) (which cannot

enolise),and comparing these with the known association

constants for oxaloacetic acid (I).

HO C.CO.CH2.002H (1) HO H (II)

2 2

2C.CO.C(Me)2.CO

$Spectrophotometric studies have demonstrated the presence
of enolic chelate compounds which are not decarboxylated.
Approximate values for the proportion of enolic complex for
e 2+ 2+ 2+ 2+

oxaloacetate chelates of Ca“ , Mn®" 4, Zn“ 4, Co™ , Ni
have been obtained.

Spectrophotometric measurements on the chelate
compounds of oxaloacetic acid (I) and its ethyl ester (III),

and Gu2+

HO,C.CO0.CH,.CO Bt (111)
which csnnot decarboxylate, have shown that oxaloacetate
chelate compounds are formed very rapidly. The rise of
optical density (270 m,&) with time to a meximum; produced
by addition of some metal ions to agqueous solutions of
oxaloacetic acid, is due to the production of an enolic
pyruvate intermediate. The mechanism of decarboxylation,
may be represented by,
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The changes of optical density with time are consistent
with the above resction scheme.

Inhibition of decarboxylation at high copper ion
concentrations has been found to occur, and the results
are related to previous potentiometric studies of the
copper chelastes, Inhibition at high pH (> 6) is due to
the production of kinetically inactive enolic complexes,

- 00000~

The aniline catalysed decarboxylation of oxaloacetic

acid has been stddied by mesnometrie, spectrophotometric,
and potentiometric methods.

Experiments with the half ester of oxaloacetie acid

(I1I),have shown that in aqueous solution, the intermediste
is the ketimine hydrate (4).

OH
1

HO,C.C. CHy, . COH (&)
NHZ



Kinetic measurements have demonstrated that the rate

of the aniline cetslysed decarboxvlation passes through
e maximum at around pH L. The pH-Rate profile is
consistent with a catalytically active species (B),

the fall in rate at pH greater than 4, being sttributed
to ionisstion according to the equation

?H OH

' l

- - L - +
YH N (B) HNg

Kinetic measurements have shown that the ketimine hydrate
is present only in small amounts, under the experimental
conditions used, and that it loses 002 in the rate-
determining step.
In aqueous solution the mechanism is of the type,
: NH
0 a g 40 p N
C—C—CH,— Cl~ —> NH, + —C =CH + CO
-/ , 2 & - 2 -/ : 2 2
0 LN/ o G
In ethanol, experiments with esters (III) and (IV)
Et0,C.C0.CH,.CO,Et (1v)
have shown that the catalytically sctive species is the
ketimine (C). This compound is formed in guantitative yield.

HOac.C.Cﬁz.COZH

i
ng (c)

The sniline salt of compound (4), and the diethyl ester
derivative of (C) have been isolated.

The formation of the ketimine has been studied
spectrophotometrically and shown to be kineticelly second
order, The rate of formation of the ketimine is equsl to
the rate of decarboxvlation, indicating that in ethanol,



the formation of the ketimine is the rate-conirolling
gstep in decarboxylation,

Metal 1on and amine catslysis have been compared
with the metal ion activeted enzymatic decarboxylation
of some biologicslly importaent keto acids,

g
-




(1)

General Introuuction

In order to obtain a deeper understanding of the mechanism
of a chemical reaction, it is necessary to have information
on both the structure of the various species involved and
on their concentration as a function of time. Kinetic
studies must thus be supplemented by thermodynemic studies
on the reactive speciess Thermodynamic studies, however,
give no indication as to the structure of the intermediates;
information of this type can often be obtsined from
spectroscopy end from other physical methods.

The study of mechanism involves & number of different
approaches, each aimed at discovering some aspect of the
reaction. Thus much of the early kinetic work on the
decarboxylation of organic acids in solution, such as
that carried out by WIIG'on acetonedicarboxylic acid, is
of little value. The first order rate constants obteined
are apperent constants for a system involving the
simultaneous decomposition of the undissociasted acid
and its anions. An snalysis of the kinetie data could
not be made until the dissociation constants of the acids
were measured. The concentration of the various species
under different conditions could then be celculated and
it was found thet the kinetics could be quantitatively
explained by an equation of the type:i

Eos = 5y [H2A:| + kz[.HA-j + k3|2§2-j



(2)

where k1,k2 and k3 are the specific first order rate coustants
for the undissociated acid and its mono- and disnions.
The necessity of heving thermodynemic and structursl
information on the various reacting species is possibly
of even greater importance in the study of catalysed
reactions. A homogeneous ceatalysed reaction in solution
involves interaction of the catslyst with the substrate
to form some type of 'complex'. Since a number of different
complexes can often be formed, ususlly having considerable
differences in reactivity, it is difficult to enalyse the
kinetics of the reaction without some information as to
the concentration of the various species under different
conditions, and also as to their structure. Thus although
kinetlic measurements of the amine castalysed decarboxylation
of B=~keto acide have been made over s period of more than
50 years, it has proved impossible to elucidate the
mechanism of ﬁhe reaction using these experiments aslone,
The mechanism by which A-keto acids decerboxylate
is now reasonaebly well understood. The subject has been
reviewed by BROWN? It has been shown both Spectroscopicallys
and by bromine titratioﬁ’th&t decarboxylation leeds
directly to en enolic intermediate. Since both
dol -dimethyl acetoacetic acid&and ol ~iimethyl oxaloscetic
acidf which cannot enolise, decarboxylate readily, it is

concluded that the keto forms of these acids are unstables .



(3

It has also been shown by WESTHEIMERchat the rate of
decarboxylation of ot -dimethyl acetoacetic acid is
virtually independent of the dielectric constant of
the solvent, If the [3-keto acid is represented by
X.CO.GYZ.COOH the decarboxylation of the ecid and
anion csn be represented by the equations (1) and (2)

respectively.

X 0 |
5; ‘/\ —>  Xo—0=CY, + co, (1)

G Lo © o~

O=

* X Y X

é Cc GA? —_— &‘/ 2 cC=0 6 CY co £2)
il ¥ N it I > (T2 T Y

o OH 0 0 OH

The undissociated acid 1s regarded as decomposing through
a hydrogen-bonded form rether then as a zwitter~ion (a)
88 originally suggested by PEDERSEN.H'

X'--g"-CYz""‘CO2

+0H (a)

The differences in reactivity of B ~keto acids have been
~ ,

discussed by GELLESs These differences are most easily

interpreted in terms of the substituent groups X and Ye

When a8 #-~keto scid decarboxylates the rest of the molecule

must absorb the vair of electrons initislly bonding the



(4)

carboxyl group. Electrophilic groups in the molecule
will facilitate this transfer, while electron-donsting
groups will hinder it.
The decarboxylation of a number of A-keto acids
is catalysed by metal 1on§:u%art 1 of this thesis deals
with the transition metal ion catalysed decarboxylation
of oxaloacetic acid. Kinetic information has been obtained
direetly from menometric decarboxylation experiments,
Thermodynamic and structural informstion on the various
chelates involved has been obtained from potentiometric
work and from spectrophotometry. A combinstion of these
deta hes elucidated the mechanism of the reaction.
Homogeneous metal ion cstalysed resctions in solution
fall naturally into two classses, The metal ion can act
s an oxidetion-reduction catalyst, this involves a change
in its valency state; or it can also act as a generalised
acid in the Lewis sense. The metal ion catalysed decarboxylation
of B ~keto acids is of the second type.
When a metal ion combines with an electron donor
the resulting structure is a metal complex. However, if
the ligand contains two or more donor groups, the resulting
structure is a metel chelate, Since the ligand is an
electron donor, it can be considered as & generalised
base in the Lewis sense,‘while the metal ion acts as
a generalised acid.

~Specific acid catalysis can take place in & number



of different weys. The major effect, however; mey be
considered to he thet of the proton coupling itself

to the substrate in such & wavy as to drain electrons

towards the site of attachment. This then facilitates
reaction at some other part of the molecule, HMetal
ions act in a similar manner and it is to be expected
that metal ions will catalyse reactions which are acid
catalysed provided chelation of some kind is possible,
In such cases metal ions will be much more effective thau
hydrogen ions, provided that they can drain electrons
from the reactive group, and may be regarded as 'super acid'
catalysts., If only a single point of attachment is possible
(simple esters and smides) then hydrogen ion cetalysis will
be more important, Hydrogen ion usually has the greatest
affinity of all cations for basic monodentate ligands.

Recently it has been found that metal ions catslyse

the hydrolysis of the esters and smides of o -amino seids. %
From tracer studies using oxygen 18, it sppears that a

chelete is formed which leads to addition‘of water to the

'3
carbonyl group, OH 0
| I . I
R'—C — C —OR R'~—tl3 — C —OR R'—C—C ~ OH
i = i ~ [
+H2N\ o+ Hy0 H,N  OH 7 +NH,  + R.OH
Cu cut cu® (A)



(6)
This is to be compared to the ordinary acid catalysed
hydrolysis of esters,
+
QH OH 0
i ; i

R'-C-OR + H,0 & R'-C-OR —> R'-C-OH + R.OH + H'

|
CH

The effect of cupric ion in reasction & is much greater
than that of en equivalent smount of hydrogen ion, Thus,
gt 0,014 Cu?*, the half 1life 1s 10-30 minutes for several
seamples,whereas the acid catalysed reaction is extremely
slow, The resson for this superiority is clearly the
fact that the metal ion has a greater coordination number
then hydrogen ion. Thus in (B),

0

il

R'-?-C-OR

N (B)

the proton cannot interact with the carbonyl group except by
the less efficient electrostatic induction., In general it is
found that two or more points of attachment for & metal ion
are required for it to display catalytic activity.

The method by which a metal ion catalyses the
decarboxylation of a /5 ~keto scid is illustrated for

oxaloacetic acid,

0=C —C @-—c =0 0=C —¢ =CH,

[ A\ 7! \

o Go+r (00 — 0 o + 00,
N7 \ /

M M



(7)

The metal ion forms an L -keto carboxylate chelaté;with
the oxaloacetate dianion. The charge produced on the
oxygen atom assists the transfer of electrons from the
carboxyl group to the rest of the molecule and so
accelerates the reaction., Both oxslosuccinic end acetone
dicarboxylic acids show similar behavidr. It is interesting
to note that metal ions do not catelyse the decarboxylation
of acetoscetic acid CHB' CO.CHZ. COZHﬁ In this cese a
six-membered ring chelate involving the unstebde csrboxyl
group is formed, this tends to stebilise the molecule
rather than accelerate its decomposition,

A large body of experimental evidence suggests
that in trensition metal ion chelates, the order of stebility
of the chelates is practically independent of the nature
of the ligand and is & function solely of the mebal ion:
thus for many chelates the order of stability is,'“

un?ts Fe?* s cote N12Ys cutt ) zn?t

The primery role of the metal ion in chelates undergoing
chemical change is to withdrew electrons from the
reaction centre, Many examples of this type of reaction
are known; the catalysed hydrolysis of simple peptides's

-2 !
and organic esters, the halogenation of keto esters and the

10,37,18
decarboxylation of > ~ketd acids ape specific examples.
Since the gtability constants between the substrate

and various metal ions are a measure of the strength of



(&)

binding between the substrate and the metal ion, it
would be expected that a2 relationship would exist
between the catalytic power of the metal ion and its
degree of interaction with the substrate, Qualitative
EXXEPIKKENLEY agreement of this type has been found
in a number of cases. Quantitative experimental data
has been very scarce. However PRUE'%as shown that the
catalytic power of transition metal ions in the
decomposition of acetone dicarboxylic aeid follows
the thermodynamic stability of the corresponding masionates,
A similer correlation has been estsblished between the
catalytic effect of rare earth ions in the decarboxylation
of oxaloacetic acid and the stability of the rare earth
oxaloacetates.'g

Recently GELLES and SALAnghave made a thorough
study of the transition metal ion catalysed decarboxylation
of oxaloacetic acid and have shown that the catalytie
effect of the ions does not follow the stability of the
oxaloacetates but follows that of the oxaletes, It thus
appears that interaction in the transition state (the enolic
intermediate closely resembles the oxalates and is a
contributing structure to the activated complex) is more
inportant in determiniug the catalytic effect than interaction
in the initial state. It will be interesting to discover
if similar behavior is found 1in other metal ion catalysed

systems,



PR
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The decarboxylation of all A-~keto acids is catalysed
by.primary and secondary amnines, but not by tertiary
amines.hﬁadline is usually by far the most efficient
catalyst. Part 2 of this thesis is & comprehensive
study of the sniline catalysed decarboxylation of
oxaloacetic acid. Kinetic meassurements of the rate of
decarboxylation have been made, these have been coupled with
spectrophotometric and potentiometric measurements on
model compounds closely resembling reaction intermediates,
From these data it has been possible to postulate a mechsunism
for the aniline catalysed decarboxylation, which can be
extended to other primary and secondary amines.

Many reactions in solution are subject tc general
base catalysis; a certain amount of evidence, however,
has now accumulated to show that some reactions are
specifically catalysed by amines. The decarboxylation of
B -keto acids, mentioned sbove, and the dealdolizstion of

diacetone salcohol (3) are examples of such catalysis, ' o

(CH3),o C(OH).CH,.C0.CH; —> 2(CHz),+CO (3)

The dealdolisation of diacetone alcohol is strictly first

order with respect to the concentiration of diascdone alcohol

and the rate varies linearly with hydroxide ion concentration,.
The reaction is not subject to general base catalysise. The

most probable mechenism involves the unimolecular decomposition

of the diacetone alcoholate ion. Since the alcohol is
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undoubtedly & very wesk acld, the concentration of this

ion will be strictly proportional to the hydroxide ion

concentration,
GH3609
q 9 —> CH3.C0.CH; + CHQZ?-—CHB

The enolate ion subsequently reacts with water to give
acetone and hydroxide ion, Primary and secondary amines

are effective catalysts, but terliary amines are ndt. Further,
the rate constants for the various amines investigated

by MILLAR and KILPATRIOKmin the dealdolization of diacetone
alcohol beer no relation to the base strengths of the

anines. This 1is in agreement with the observation of FRENCHZS
that the reaction is not catalysed by phenclate ion, a

base in the BRONSTED sense, In the absence of general base
catalysis it scems logical to sssume thet the anine is
effective because i¥ reacts with the carbonyl group of

the keto acid or alcohol to form & Schiff base or ketimines
This suggestion was first put forward by PEDERSENzio account
for the amine cstalysed decarboxylation of scetocacetic acid,

the reactive intermediate being the zwitterion (C),

cn_,).ic':——c(c%)z.cog
+NHR (c)
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WESTHEIMER hes applied & similar idea to diacetone aleohol,
the intermediate being (D),

(033)2. ?*’Gﬂz“'g"“CH3

0®  +HNR (D)
However WESTHEIMER end JOEES * heve since shown that the
rate of the amine catalysed dealdolization in water-dloxane,
water-alcohol mixtures is independent of the solvent, it thus
seem8 unlikely that a dipoler ion (D) is iavolved in the
reaction.However, the rate controlling step could for example,

be the rate of formation of the ketimine, or the rate of

decomposition of a hydrogen bonded intermedieste (B).
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Part 1. The Metal Ton Catalysed Decarboxylation of Oxaloacetic

Acld
Introduction

The fact that various bi and ter-valent metal ionscatelyse
the decarboxylation of oxaloacetic acid wes first discovered
by KREES' and KRAMPITZ and WERKMAN. KORNBERG, OCHOA and
MEHEEdebserved the appearance and decline of a strong
absorption band in the region of 260~300 mi on adding metal
ions under certain conditions to oxaloacetic scid. They
gttributed this to the slow formation of an enolic complex B,
followed by its rapid decay on decarboxylation.

STEINBERGER and WESTHEIMERwshowed that the decarboxylation
of ol ~dlmethylethoxeloacetic acid Bt0,C.C0.C(le),.CO,H
was not catalysed by metal ions, indicsting that the catalyticall,
active species formed by o ~dimethyloxaloascetic scid

was 8 five membered ring <« -oxo-carboxylate chelate compound.

0 CH,. o CH o CO—CH., 0
a VAN 7N\ N 2\ 4
Ye—¢'  ¢=o0 Y% —o? Ve=o ¢ o
/ Q | / \ \ | i
0 0 0O— o\ /‘o OH 0 0
AN
M/ " AN y e
(a) (B) (c)

Dimethyl-oxaloacetic acid cannot form an enolic complex of
type B, and so by analogy a ketonic complex (A) seemed

to be the catalytically active species in the decarboxylation
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of o_xaloacetic acid. PEDERSENSinterpreted the kinetics of
the copper and zinc ion catalysed decomposition at low pH
and metal 1loun concentration in terms of the first order
decomposition of the acid, its two anions and & species MA,
where M2* 1 s the metal ion and A2~ the oxeloscetate dlanion.
WILLI%MSesuggested thet in addition to « -0xo carboxylate
complexes a dicarboxylate complex C might also be formed,

and that this could retard decarboxylation under certain
conditions.

Inadequate explanations have been advanced for the
observed retardation of the reaction at high pH and metal
ion concentratioﬂijrevious work has established that at low
pH and low concentration of metal ion the catalytically
active species must be the complex A, but it has produced
no clear evidence, (1) on whether a catalytically inective
complex B is also formed, (2) if this is formed slowly
enough to account for the spectrophotometric o‘mservat'10118,3"8
(3) whether these observations in fact provide evidence
for a strongly absorbing enolic pyruvate intermediate,

(4) on what the thermodynemic stebilities of the ketonic
and enolic complexes, A aund B sre, (5) how the proportion
of these two complexes changes with pH, and whether
increasing concentrstions of the enolic complex at high
PH might account for the observed retardstion in the rate

of decarboxylation (6) whether other complexes such as

the dicarboxylate complex C, are also present under certain
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conditions, snd (7) whether there is any correlation between
the thermodynamic stability of the complexes and the catalYtic

power of the metal ion.
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Bxperimental Part 1

1) Materials

a) Oxaloascetic scid HO0C.C0.CH, . COOH

was obtained from Messrs, Light and Coe m.D. 152° (decompe. Je

Found for & dlcarboxylic acid by titration agasinst alksli
M; 132.6, Calculated for Chﬁho5’ M; 132.1,

b) Diethyloxaloacetate Et0,C.C0.CH,.COEY

was prepared essentially as described by XKNETHEXREAXAT

ROSSI and SCHINZ? 34.5 gmse of clean sodium was atomised
in 75 ml, of purified xvlene., The washed sodium (by dry ether)
was placed in a 3=litre Quickfit flask fitted with a
water condenser, silica gel guard tube and buunsen valve.
600 ml, of sodium-dried ether, followed by 87.6 ml, of
absolute alcohol, was then added and the mixture refluxed
until all the sodium had dissolved (overnight). On
dissolution of the sodium, 201 ml, of diethyl oxalate
(dried over sodium sulphate) was added through the
condenser followed by 145.5 ml. of ethyl scetate (dried
with sodium sulphate) in small portions. The mixture
was then refluxed until the solid yellow reaction product
formed (1/2 hr.). A theoretical yield of the sodium enolste
of diethyl oxaloascetate was obtained.

Water wés poured over the sodium enoiate in a 3=litre
beaker and the mixture cooled in ice anirapidly stirred.

4o ml. (calculated amount) of concentrated sulphurie



Synthesis of Derivotives of Oxaloacetic and pimethyl

—~oxaloacetic acids

NaCEt. )
1)(COzEt)2+ CH3COOEt — .’LtOZC.CC.CHZCOOEt

HCl
HOOC.CO.OHZ.COOH
CuAc

Oxaloacetic acid

v

HOOC, CO.CH,,,CO Et ¢2cte  E0,0=CH.COOEt
& e o-Cu/z

t=buterol

2)(CH3)20H.002H —_— (CH3)2.COCI—-)(CH3)20H002
di-methylaniline

tBu

ReCPh HBr/HAc
3—» C,Hg0,0.00.C(CH4),C0,tBu — 3

diethyl
nxalate
EC1/H,0
CZHSOZC.CO.C(CH3)2 .COH —> HO,C.CO. C(CH3)2.002H

EtOH '
] 1aC, Phy
3) (CHy), CH.COH — (CHj),eCH.CONES d——-—-biethyl

HZSOM oxslate

BC1

— wtozc .CO(CH )2.co Et —>» HO. ,C+CO0. (cn3) .CO Et
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acid diluted to ebout & litre was then slowly added. An

oily esher separated snd was extracted with ether (The

ether laver should not be dried with potassium carbonate

as this leads to decomposition of the ester on distillation).

The ether was removed on the pump and the residue cerefully
vacuuﬁ distilled in small portions at about L4 mm; uuch

tarry residue remained. The pure material vacuum distilled
readily without pyrolysise. BeDp. 116/16 mm., 131-3/2Lam. Yield 65 %
Found for CBH1205’ C, 50.83; Hy 6.184 Calce C, 51,0635 H, 6.32 %

c¢) Ethyl oxaloacetate HO,CeCO.CH,sC0 Bt
was prepared by the alkaline hydrolysis of the copper enclate
of ethyl oxaloacetate CuEEtOZC.CO.GH.GOZEfJZT>
Hydrated (2H20) copper acetate (7 gms.) dissolved in
the minimum amount of warm water (100 ml.) was added
slowly to pure ethyl oxeloacetate (10 ml.) in ethanol (25 ml, ).
The bright green precipitate was filtered'off after one
hour, dried st 100o and recrystallised from absolute
alcohol. This gave the unhvdrated form (m.p. 163°-164°)
gs green microcrystalline needles., Recrystallisation

" ,_ :
from water—etanol gave the hydrated form CuLEtOZC.CO.CH.CDQE?]ZJEG

as bright greeh needles of m.pe. 15631570, Calculated
for (CgHy40g),CueH,0, C,L2.15; Hs5.275 Cu, 13.96;5 Hy0, 3,95 %
Found C, L2.U4L4; H, 5.27; Cu, 1L.55; H,0, L,02 %, In this

preparation pure ethyl oxaloacetate must be used. Yield 80 %.
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10 gms. of the copper enolate were dissolved in waram 50 <
agqueous methanol and hydrolysed with sodium (1 gm. )
dissolved in methenol (water must be present). A brown
precipitate formed immediately, the solution wes hested

and the precipitaste recrystallised. It was then allowed

to stend undisturbed overnight. This gave easily filterable
material. The brown precipitate wag filtered off, dried

at 1000, suspended in water end acidified in an ice bath
with dilute sulphuric acid. The solution was then filtered
and extracted with ether. The ether layer was dried with
magnesium sulphate and the ether removed 8t the pump. An
oil remasined, which crystallised on cooling. Recrystallisatioan
from benzene gave ethyl oxaloacetate (2 gms.) m.p. 98°%,
(Pound for a monocarboxylic acid by titration against

alkali, M, 161.6, Calculated for CglgOpt 160.1. )

5
Pounds: C, 44.8; H, 5.1 %. Calculated for CgHg05¢ C, 45,03

Hy 5.0%.

Ethyl ol ﬂiimethylethoxaloacetateuand t-butyl oLk -dimethyl
ethoxaloacetateQWere prepared by condensation of diethyl
oxalate with ethyl isobutyrate and t-butyl isobutyrate
respectively using sodium triphenyvlmethide. This is the
synthetic method developed by H:AUSER.‘3
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d) Tripheunvlchloromethane (Ph)30.01

600 gms, (684 ml.) of sodium=-dried A.Re benzene and 240 gns.
(441 ml.) of pure dried carbon tetrachloride (water
azeotroped off) were placed in a 3-litre Quickfit three
necked flask fitted with a reflux condenser sttached

to a trap for the absorption of hydrogen chloride, a
mercury—-sealed mechanical stirrer and & device for the
addition of & solid., The last named was charged with 180 gms.
of finely powdered anhydrous aluminium chloride. The

flask was cooled in an ice bath and the aluminium chloride
gdded in small amounts to the contents of the flask, at
such a rate that the reaction mixture did not reflux
during the additiorn (ebout 1.5 hours). The ice bath wes
removed 15 minutes after all the solid had been introduced,
and the resction was allowed to proceed without further
cooling, When heat was no longer evolved, the mixture was
refluxed until evdlution of hydrogen chloride subsided

(2 hrs.), then allowed to cool to room temperature. The
cold reaction product waes poured in a thin stream on to

a mixture of 900 gms. of crushed ice and 900 ml, of
concentrated hydrochloric acid. The mixture was stirred
vigorously. The benzene layer was separated, the aqueous
layer extracted with a little benzene, and the combined
extracts washed once with 600 ml, of cold concentrated
hydrochloric acid, The beuzene laver was dried by leaving

for at least two hours over 75 gms. of anhydrous cslcium
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chloride or magnesium sulphate, The benzene was distilled
from a Claisen flesk until the temperature rose toc gbout
2000. The warn residue was transferred with the aid of

a little dry benzene to a 1-litre conical flask, cooled

to sbout 40°, 9~12 ml. of acetyl chloride added sud the aixture
heated nearly to boiling point.lThe solution wes shaken
vigorously whilst cooling rapidly to room temperature, then
left in a refrigerator overnight. The solid triphenylchloro=-
methane was filtered on a large Buchner funnel and washed
with three 90 ml, portions of light petrol (b,p. 60°-807),
then dried in a vecuum desiccator over pereffin wax shavings
or silica gel to remove solveni. Pale greenish yellow
crystals n.p. 1161111? Yield 270 gms. Stored in & screv=-
topped bottle sesled with psraffin waex and kept in s
desiccator to prevent hydrolysis by atmospheric moisture.

The partially hydrolysed product mey be purified by
recrystallisation from 1/3 of its weight of pure dry

benzene containing 10~-20 # acetyl chloride.

Ethyl isobutyrate (CH3}2GH.002§§

A mixture of 184 ml. of ieobutyric acid, 58 ml. of absolute
alcohol and 10 ml. of concentreted sulphuric acid were
refluxed for 20 hrs. The reaction mixture was poured into
water and stirred, then washed several times with water,
followed by saturated bicarbonate, until all the ecid wes

renoved, and finally with weter. A little ether wes added

to increase the mobility of the solution which was then
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dried with magnesium sulphate. The ether wes removed on
a 30 cm, Widmer column, the ester being distilled on the

same columil.

Yield 100 gms. Bepe. 110/760 mm, d. 0.869,

Sodium triphenylmethide (Ph)BC.Ng

a) Preparstion of 1.5 % sodium amalgan

14 gms. of cut sodium wes placed in a 500 ml, round=-
bottomed three necked flask fitted with nitrogen inlet

and outlet tubes in the side openings snd a dropping-
funnel in the centre opeuninge. The flask was flushed out with
nitrogen and the funnel charged with 935 gms. (69.6 ml, )
of mercury. About 20 ml. of mercury were asdded rapidly

to start the reasction and the rest at such a rete as

to prevent the amalgam hardening., Once all the mercury
had been added the flask was shaken several times and the
amalgam poured iato & morter. To aid solidificatiun aud
prevent atteck from the air, the amalgam was covered

with sodiun=-dried ether, this quickly eveporsted leaviag
the solid, which was used immediately as follows,

b) A umixture of 950 gms. of smalgam (total prepared above)
and 70 gms. (0.25 mole) of triphenylchloromethene was
placed in & 2,5-~litre Pyrex gless stoppered bottle and

1.5 litres of absolute ether added {dried with sodium wire
and refluxed for six hours over sodium)e The glass stopper
was greassed aud teped down with 'Elastoplacst'a

The bottle was then shaken in g mechsuical shaker



(23)

for six hours, The reaction is exothermic and shaking was
stopped when necessary and the bottle cooled with wet
towels. Red coloure eppesred quickly (10 minutes), but
the characteristic blood-red of sodium triphenylmethide
does not eppear for about 1-1% hours.

After shaking for six hours the bottle was cooled
"to room temperature, removed from the sheker and the
stopper wired downe. The mixture was then allowed to stand
undisturbed overnight., Sodium chloride snd perticles

of mercury settle to the bottom.

Ethyl «{~dimethylethoxaloscetate Etogo.c(03512.002§§

25 ml, of the ether solution of sodium triphenylmethide
were withdarswn and run into 25 ml. of waber contained

in a small separsting-~-funnel and the nixture shaken,

The aqgueous layer was run off iuto & 250 ml. conieal flask
and the ether lasyer extracted with two additional 25 ml.
portions of water. The combined aqueous extracts were

titrated with 0.2 N HCl using methyl red as indicestor.

PhBG.HB + HZO —_— PhBC-OH + NaOH
1000 ml, N HC1 = 1 mole PhBC.Na

Titre is 18 ml, of 0,2 N HC1
Wt, per 25 ml. = 18 x 0,2 / 1000 moles. Vol. of ether 1300mC

"

Amount Ph C.Na

3 1300 x 3.6 / 25 x 1000 = 0.187 moles



The apparatus illustrated in Fig 1 was set upes The
ethéreal solution of sodium triphenylmethide was siphoned froa
the sludge under 2 slight pressure head of pure dpy oxygen
~free nitrogen into a calibrated 3-litre conical flask.

Bthyl isobutyrate (23.8 gmse, 27.4 ml,,0.205 mole)
was added with shaking to & solution of 0.19 mole of
sodium triphenylmethide in 1.,3-1.4 litres of ether. After
5 minutes at room tempersture (colour red to reddish orsuge),
30 gms. (28 ml., 0.205 mole) of dry diethyl oxalate were
added with shsking, The mixture became warm. After 10 minutes,
15 ml., of glacial acetic acld were added and the mixture
extracted with 100 ml, of water, The ether solution was
washed with saturated sodium bicarbonaste solution, dried
with sodium sulphste and the solvent distilled. The residue
was distilled in vacuo (up to 150° at 20 mm.)

The distillate was fractionated using a Claisen
flask with fractionating side-arme. Yield 27.2 gms. (61 %)
of ethyl o{ -dinethylethoxaloacetate, Ba.Dpe 1220-1230 gt
15 mm. 1150-1200 et 11mm. Semnicarbszone m.pe 97°-98°,
Found C, 55.80; H, 7.10. Calculated for 010H1605,
C, 55,603 Hy, 7.40 %,

Ethyl ol ~dimethyloxaloacetate HOOQ.CO.C(Me)g.COQQQ

was prepared by hydrolysis of the diester EtOZG.CO.C(Me)z.COZEt
(10 ml,) with concentrated hydrochloric acid (87 ml.) for
2-3 days. The solution was diluted, extracted with ether

and the ether layer dried with sodium sulphate. The ether



FIG 1

Apparatus used for sodium triphenylmethide condensations

PeVeCo tub ing
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was'remcved at the pump; en oil remegined, This waes purified

ﬁy four micro~distillations in & sublimstion tube under

8 preésure of 0.3 mm. and a temperature of 80°-100° produced
by a sublimation furnsce.

Found C, 51.00; H, 6.50. Calc. for 0831205 C, 51.00; H, 6,40 %,
This acid cannot be further hydrolysed, probably due to

gsterie hindrance by the two methyl groups,

Pert-butyl isobutyrate (QHE)_ZC.COOt.Bg

was prepared by a general method of synthesis of sterically
hindered t-butyl esters reported by HAUSER.5

65 nl. of t-buteanol(dried over calcium sulphate and
distilled to azeotrope off water.), 88 ml. of dimethylaniline
(redistilled) in 140 ml, of sodium dried ether and 73 ml. of
iso=-butyryl chloride in 35 ml. of sodium~dried ether were
stood for 15 hours at room temperature. The ether was
distilled and the residue heated for 5 hours on & water
bath, The solution was ascidified with cold 10 % sulphuric
acid and then extracted with ether. The ether layer was
separated and extracted with 50 ml. portions of 10 %
sulphuric acid (to remove all dimethylaniline) until the
extract did not become cloudy when mede alkaline with
sodium hydroxide, After a final washing with 25 ml. of
saturated sodium bicarbonate solution, the ether solution
was dried by shaking with 10 gms. of anhydrous sodium
- sulphate, The solution was filtered, the ether removed by
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distillation through & 30 cm. Widmer column aand the ester
distilled through the same columne

Yield, 65 % b.p. 127.5°~128.5°,
Found C, 66,40; Hy 11.00, Cslec, 0831602 Cy 66,673 Hy 1110 Géu

Tert-butyl ot ~dimethylethoxaloacetate %$0,C4C0.C(ie),.CO,tBu

was prepared by condensing diethvl oxalate and tert-butyl
isobutyrate using sodium triphenylmethide, as described for
ethyldd ~dimethylethoxaloacetste, Tert-butyl iscbutyrate

(28 gms., 0.19 mole) was added with shaking to sodium
triphenylmethide (0.19 mole) in ether (1300 nl, ). After

25 minutes at room temperature diethyl oxalate (28 ml, 6.19
molé) was added with shaking. After standing 15 minutes,
glacisl acetic acid (15 ml.) was added and the mixture
extracted with water (100R1). The ether solution was

wéshed with satuprated sodium bicarbonate, dried with sodiun
sulphate and the solvent distilled. The residue was
fraciionated in vacuoe. Tert-butyl «Lod =dimethylethoxaloacetate
(23 gne. 43 %) had a b.p. 104°-105%/kmu. nyg = 1.L4252

Found 0, 58.8; H, 7.9. Cale. for C1OH2005’ Cy 59.0; H, 8.2 %e
WESTHEIMERugives, Yield L4O %, ny0= 1.4257, b.ps 107°~111/70m,
Note

The times given nust be strictly adhered to; if exceeded,

starting materisl is obtained.

Hydrolysie of tert-butyldRk —~dimethylethoxaloacetate

In order to hydrolyse the ethvl-tert-butyl ester to the
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12
ZH’ 10 gms., of the

former were mixed with an equal volume of a saturated

mono-ethyl ester, EtOZC.COC(Me)z.CO

solution of hydrobromic acid in glacisl acetic acid.

After 5 ninutes at room temperature, the nmixture was
placed in‘a vacuum daesiccator. ?he acetic acid, hydrogen
bromide and t=butyl bromide were removed by pumping off
the gases (mechanical pump, Drikold and liquid oxygen
traps) for several hours snd then sllowing the mixture

to stand in vacuum with soda-lime overnight. Yield of
erude liquid monoester 55 %. The synthesis outlined above
were adopted because hydrolysis of the diethyl ester of
dimethyloxaloacetic acid leads to the undesirable monoethyl

ester HO C.CO.C(Me)z.COzEt. No means could be founa to

2
complete this hydrolysis to give the diacid. Presumsbly
the carboxyl group adjacent to the guaternary carbon aton
is sterically protected. The synthetic method here
adopted takes advantage of the fact that t-butyl esters
cen be cleaved by & mechanism (presuﬁably through a

solvated carbonium ion) unavailable to the corresponding

ethyl ester.

o« ~dimethyloxaloacetic acid HO,C,CO.C(Me),.COH

5 gms., of the crude monoester EtO C.CO.C(Me)Z.CO H were

2 2

hydrolysed to the diacid by adding it to 50 ml. of
concentrated hydrochloric acid and allowing the mixture

to stand 2-3 days. The solution was then placed in & stream of

dry air, in order to remove as umuch hydrochloriec acid



and ethyl alcohol as possible, The residue was diluted with
water and extracted four times with ether. The ether layer
was dried with sodium sulphate and the ether removed in

a stream of dry aire. The acid was recrystallised twlce

from sodium~dried benzene., Yield 3 gmS., M.Pe 10140—105o
(decompe )e Found C, L4L4.8; Hy, L.8; M (by titration ageinst

alkali) 162.,4. Calculated for 06ﬂ805, C, U45.0; H, 5.0 &
M., 160.1., The overall yield from t-butyl «d-dimethyl-

ethoxaloacetate was 35 Ge

Pyruvic acid CH3 2 CO, CO&_

was obtained from B,D.H., and was vacuum distilled twice,
then frozen., (m.p. 13°). Found (by titration against
alkeli) M. 88.2. Calculated for C)’HL;o}' M. 88,1, Only
freshly prepared aqueous solutions were used, since it
was found during potentiometric measurements that aqueous
pyruvic acid solutions were definitely unstable if kept

for some dayse
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2) Measurements

Spectrophotometric measurements were carried out using &

Hilger Uvispek spectrophotometer fitted with & standard
quartz prisme Spectra, unless otherwise stated, were
measured at room temperature (200} in a pair of standard

1 cme quartz cells capeble of holding 3 ml. of solutions
Kinetic runs were carried out in similer cells at room temperature
(200). In all ceses the metal-ion snlution was used as
blank, 2 ml, of oxaloascetic acid were pipetted into the
cell, followed by 1 nl, of the metal ion solution.

Timing was begun when half the pipette had drained., The
solution was then rapidly shaken for 30 seconds and
readings begun at 45 seconds, on the initially checked
instrument. Readings were taken at 15 second intervals,
Distilled water and A.R., spectroscopic solvents were

used in all caeses. Bther was first dried with sodium wire,
then refluxed over sodium for six hours and distilled,

It was then kept in & dark sealed bottle protected by a
silica gel guerd tube. In all cases where accurate
tempersture control was required, a Hilger water jacket
was used in conjunction with & 'Circotherm' unit,.

Potentionetric measurements were made by meens of s

Cambridge bench~type pH-neter and a commercial glass

electrode. The dissociation constants of dimethyloxaloacetic

24

acid and its associstion coastant with Cu ions were

obtained from the KEHEHFEA pH's of solutions measured
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with & glass electrode in the cell,m

Ag AgCl, HCL1 (0.,20) | glass | soln., under | sat. | Calonmel
Study KCl

.
1

The glass electrode was made from Corning 015 glass and

had a resistance of 20 megohms. Potentials wsre mesasured
on a Tinsley potentiometer reading to 0,05 mv., g valve
voltmeter being used as null=-point indicator. The electrode
system, as for the Csmbridge meter, was standerdised using
B.D.Hs tabloid phthalste buffer pH L.O1 at 25o and B.D.Hs
tabloid phosphate buffer pH 6.99 at 25°, The factor for
converting e.m.f. into pH was constant over the whole
buffer range. The calomel electrode and & beaker containing
the glass electrode and fitted with a stirrer were mounted
in a water bath kept at 25° +_O.1°.

0.0700 gme of o ~dimethyloxaloacetic acid were
dissolved in 75 ml. of distilled water and the requisite
amount of 0.2N HC1l or NgOH added (usually 1-2 ml.). 20 ml.
of this solution was used to rinse cut the cell. 50 ml. of
the solution was then pipetted into the cell and allowed
to equilibrate, While stirring, the requisite amount of
0. 1M Cu012 was pipetted in (1-2 ml.), when the pipette
was half drained timing was begun. E.M.F. readings were
taken at approximately 2 minute intervals, velues were then
extrapolated to the time of mixing, this was necessary since

g slow drift in E.M.F. occured due %o decerboxylation.



The dissociation constant of pyruviec acid and its
essocistion constant with Cu®‘ ions were messured in

g similar manner; in this case no drift in E.M.F.

with time occured.

-Manometric measurements were carried out using the
apparatus described in detail in Part 2,

Grede 'A' volumetric apparatus and 'A.R.' reagents were

used throughout,
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Et0L,CO.CH,.CozEL

Infra~red Assignments

It was found thet those compounds capable of enolisation

such as EtOZC.GO.CH .COZEt and HOZC.CO¢GH .COzEt gave

2 2
two bands in the carbonyl region of the infre-red, while

EtOQO.GO.O(Me)zeCOZEt and Lt0 c.co.c(Me)z.coztBu gave

2
single bends, (Flg2).

FIS 2. |
CH, . /,CH\ .
Etoc &”? S.oBE qu <': ﬁ o€t
LA ] 6 h
o o / A
1 He ‘
- ! 123 et 17123 e
- = e epont rys (c=0) 1145 ( &“ 3
m-! 1622 Cm=! tmt b c= o)
(Esrez) EsTER
C=o ¢=0

|

Eto,c. c0.C{Me) ,.c0, 4Ry
(Thin Fice)

HO,£.co.CH, . COE

E+02C.Ca . c(Me), .CoEt
(NuTel MuuL)

(T Frum) (THin Fiuem)

.
These observations agree with those made by RASMUSSEN.I
1

Ethyl ot ~dimethyl acetoacetate shows a single band at 1727 cm ',

examined in dilute solution, it is seen that there is a strong

1

component at 1718 cm. and a weaker one appearing as a shoulder

at 1742 cm:'1, these are ascribed to the ketone and ester

carbouyl groups respectively. lthyl o -methylacetoacetate and

ethyl acetoscetate each exhibit an additional band near 1650 cns)

ascribable to the conjugated chelate ring,

CH.

y/ ~N
ci.—c¢?  C—OBt
3 i

0 0

N
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of the enol lowering the carbonyl frequencye That enolisatiou
is only partial is seen from the persistence of & strong
1730 cm:'1

Infra-red spectrs of metal chelates

Practically no work on the infra=-red specﬁ% of metal chelates

band.

has been carried out; in fact only five papers (all on

B =diketone derivatives) have been published up to 1957,F%%
It has been shown that in acetylacetone complexes,

the complete resonance between the forms (1) and (2) leads

to modification of the character of both C=0 and C—0 links,

As a result both take double bond character.

c °
20N PN
-¢” - -e" -
i “—> |
o /o o 0
(1) cw/2 Cu/2 (2)

Two bands of approximately equal intensity are shown in the

spectra and by analogy to the ionised carboxyl group,

0 N
AN \
c— €« C—
- 7y
0 0

23'2"" m
these have been assigned by LECOMPTE to the aslygetric and

Syé;tric vibrations of these two groups. Salicylaldehyde
is an emception @s only one strong band is shown, presumsbly
indicating that owing to the weaker double bond involved

the resonsnce is less complete,
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Table 1 4Assigned carbonyl frequencies

Frequency cm?‘

acetylacetone 1724

1608 .

benzoylacetone 1724
4600

salicylaldehyde 1668

; acetoacetic ester 1733

4709

1645

Agsigament

keto

enol
chelate

keto

enol
chslate.

chelate

ester CO

keto CO

enol
chelsate

Structures

o . COCH
CH300 GH2 3

C6H .CO.CHZ‘COCH

5 3

c¢CH\
5; T 3
o O

N, S
H-

CH3°GO‘CH2'002Et

ci,—c?  “c-omt

These values are compared with those of the metal chelates

(Teble 2).
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Teble 2 Carbonyl freguencies (em™1) of metal chelate compounds

Salicyaldehyde (Nujol) Acetylacetone (CH013)

Cu 1608 1580 1390
Co 1656 1586 1373
N1 . 1652 1605 1389
Mg 1684 1590 1397
an 1658 1577 1375
Fe - 1575 1370
cd 1650 - -

galicylaldehyde Chelates

do not show any second C=0 sbsorption comparsble in intensity
with the first, and in some cases the carbonyl absorption

is not far removed from that of salicylaldehyde itself.

The carbonyl group thus retains at least a proportion of

its original character. There appears to be little resonance

petween structures (a) and (b).

CH CH
N Yo
| |
cu/2 7 Cu/2
(8) . 0/ 0;’ (b)

25

MELLOR and MALRY give stebility constants for the salicylaldehyde
chelates, Cadmium, iron and manganese are onitted as there
appears to be some doubt as to whether they are mono or

di-salicyaldehyde complexes, It will be seen that the



carbonyl shift followgs the order, Cu>Ni> Co>Zn> MK Mg,
which is the usual order of stability of bivalent metal
complexes, When the carbonyl frequences are plotted ageinst
the stabilities (log K1K2) given by MELLOR & straight line
relationship is found. Fig.3.

It should therefore be possible to utilise I.R,
measuremnents to determine directly the stebilities of
other chelate compounds of bivalent metals with salicylaldehyde.
In addition a plot of atomic nuuber against frequency
(carbonyl) results in a curve which is similar in shape

26
to that derived by IRVING and WILLIAMS. Fig3.

Acetylacetonate chelates

The frequencies of the first carbonyl sbsorption in metal
acetylacetonates is essentially the same, and only Ni and
Mg show any departure from the common value. Resonance
effects are clearly opereting sufficiently strongly to
dwarf any variations in frequency which might be expected
to follow alterations in the metal. The second carbonyl
absorptiop near 1400 cm:1 shows rather more variation,

but there is no obvious relationship with stability.

Oxaloecetate chelates
Since the metal chelate (e¢) had been prepared, its infra-red

spectrum was taken on a 'Unicam' instrument.
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OEt CH OEt

/
Ng—o” D COEt \/c —0 \COZEt
// N\ ' &~ \\
e o9
Tow2 () N cive (a)

The essigments given fob the ester, by comparison with its
dimethyl derivative are 1745 cm:1 (ester carbonyl), 1723 cm:'1
(xetone), 1650 ens? (enol chelate). The copper chelate
should resemble salicyaldehyde complexes, since little

resonance will be involved between structures (e) and (d),

and shotld show en intense C=0---M band around 1608 cm:'1

with only & very weak band in the region of 1380 cm'.'1

(resonating scetylacetonates). In the acetylacetonates
2

- |
there is & band around 1515 cm.1, attributed by LECOMPTE
to 0=C in the enol structure. There should also be an

—1.A11 these bands

ester carbonyl absorption around 1735 Ca
are observed. Fig. 4.
This specghm gives further evidence that chelation

of a metal ion by & ketone results in & very considerable

Cm—

carbonyl shift of over 100 eny [ (1745 1605 centl) = 141 cal’ 1

while in the acetylacetonates the shift is 144 e for the
copper ion.

The magnitude of these shifts is compareble with the
shift produced by chelstion with the encl; thus acetylacetone

-1
gives a shift of 116 cm. (ketone to enol chelate), and benzoyl

acetone a shift of 124 em. T,



*
Part 1 Results and Discussion

The metal ion catalysed decomposition of oxaloacetic acid

to pyruvic acild and cerbon dioxide involves the interaction
of metal ions with oxaloacetate in the initisl state, and
with pyruvaete in the final state., These states can be studied
directly by thermodynamic methods, while interaction in the
trensition state is indicated by kinetic measurements.

For the initial state, experiments were made with
oxaloacetic acid (I), L4 ~dimethydoxaloacetic acid (II),
whieh cannot enolise, ethyl oxaloacetate (III), which cannot
decarboxylate or form & dicarboxylate complex, and ethyl
Jdot =dimethyloxaloacetate (IV), which cannot enolise or be

decarboxylated and can only form & ketonic 4~0x0 carboxylate

complex,

Hozc.co.cziz.coza Hozc.co.c(ue)z.cozn Hogc.co.cﬂz.cozEt
(1) (11) (1II)
Hozc.co.c(ue)z.cozxt
(Iv)

* The results of the work on metal ion catalysed decarboxylation

have already been published (GEBLLES and HAY,J.C.8., 3673 (1958).
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Asgociation Constants at‘gﬁf

1) Oxaloacetic acid (I)

A detailed study of the associatlion equilibris has been nade
16

by GELLES. In the pH range investigated the significant

essociation equilibrie are,

% 4 4% = ua; Ky, = (Ma} /%4 (a2 (1)

M2t L MA = M

2+, ¢ 24 1Gi 2% Gir ad
2A7T5 By a2t = Hph S/t mal (2)

where HZ* represents & netal ilon} AZ" the oxaloacetate
anion, and K., and K, a2+ 8re the thermodynamic associstion

econstants, (Table 1).

Table 4 MAssociastion constants of the oxsloacetstes
Ca2+ an* C°2+ Zn2+ N12+ 0u2+
1072 K, 0.4 0.7 1.4 1.7 3.2 75

10"21;MA2+ 1 1 2 2 1.5 =
2

2) d¥=dimethyloxaloscetic Acid (II)

The ionisestion constants were celculeted from the pH of
mixtures of the acid with varying proportions of alk.alil.,r1
The pH values were extrapolated to the time of addition
of alkali.

If the total conceuntrations of the dicarboxyvlic

acid and of sodium hydroxide are a and b respectively,



Loy

and

Leb+[E], M =0-0-[8], v=2 -v-[x],[onT«ln
then [_—ia*}z Le, /§) = | %3 Mg, / ve, | K, + KK, (3)
or X = YK, +KK, (L)

where K1 and K2 are the two thermodynamic ionisation constants
K, = {E*3¢ma} /) K, = $Et3§a%T) /a3
Square brackets and braces are used to indicate concentrations
and activities, respectively. f1 and f2 are ionic activity
coefficients for univalent and bivalent ions, calculated from
the Davies equation, | '
- log £, = 0.5 z2 (I%/‘l + I% - 0.2 I) (5)
The ionic strength I is calculated from successive approximations.
fo the activity coefficient for an uncharged species is little
different from unity ot ionic strengths below 0.01. (The
highest ionic strength used was 0.0125). K1 and K2 are
obtained from the slope and intercept of the linear plot of
X against Y. The results of some pH measurements and the

quantities X and Y are given in Table 2

Table 2 Ionisation constants of ol ~dimethyloxasloacetic acid

1078 veveeeneee 5.76  5.67 5.76  5.59 5,52
107D veeseneees 2.88 341 U456 6,74 9.40
DE  eeeeeenees 266 2,77 3.315 L4025 L4.99
10%% vevenenees 298 185 136 0,98 0,062

106Y eoeOsROOePGE 1’42 93a8 LI-O.B "‘20.7 -28.)—[.

K, = 1.7 x 1072 ; K, = 2.4 x 1072,
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The values obtained for the ionisation constants can be
conpared with approximate values of 3 x 102 and 1.7 x 10™9
obtained by an indicator method at I = 0.5, and corrected
to zero ionic strength.‘*

In the presence of copper the pH changed with time due to
decarboxylation of the copper chelate compound; measurements
could be made only over a limited range of pH and metsl ion |
concentration, The pH curve was extrapolated to the time of
addition of metal ion, The two ionisation equilibris of the
acid (II) are,

B H+ (6)

If the only significant association equilibrium is

HoA & HA® + HY anda HA™= A

M2 Y A% = Ky, = fual/%§a%T) (7)
we have for the concentration of the acid (II) -

g = 1] + [T+ (27 + (3] (8)
for the totel copper ion concentration

. 2+ L

c, = [¥** + [ma] . (9)
and for electroneutrality ( OH <« mt )

Z(Mz"j + [Naﬂ + (1-1"'] = \:Cl'j + (Hﬁ'j + 2[A2-j (10)
The ionie strength and the ionic activity coefficlents sre

obtained by succesive approximations;

T=o0u5 (0 o [ v ] 02T o el - [ond) (0
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from equations (6) - (10) we obtain,

oA e z et - [u

LH2A](2 + K /882 = [017] « 20, - 20 - [Wa*] - [1'] (12)
The concentration of all other species, and hence the

association constant 3ﬁg s can be calculated.

Table 3 Assoclation constant of copper o -dimethyloxaloscetate

106,  10%c, 10> mOl  pH 1 1073,
5461 1,96 5,10 2,08 0.0l 55
5.38 3.85 7.0 1,99  0,0215 51
5. 54 3485 2453 2,165 0.0169 L5
5426 7.1 7.12 2,00 0.0316 4o

In view of errors due to rapid decarboxylation of the chelate
compound the constancy of the values of KMA given in Table 3
must be regarded as satisfactory, although the range of pH
studied is too small to exclude the presence of other complexes.
It is noted that the average value of KMA’ L8 x 103 is of

the same order of magnitude as the associetion constant of

copper oxaloacetate. (c.f., Table 1).

Ethyl oxaloacetate (III)

The thermodynamic ionisation constant of this monobasic
acld was determined in the usual way, by measurements with
a glass electrode, to be 1.9 x 1072 which is slightly
smaller than the first ionisation constant of oxaloacetic

acid (2,79 x 16'3). Some measurements are illustrated in Table 5.
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Table 5 Ionisation constant of ethyl oxaloacetste

102111} 105[Na0H]  pH 10°k
1.94 - 2,93 1.89
1,94 0.495 3.07, 1,96
1.94 0.693 315 1.91
1.94 0.99 3.28 1.90
0.97 0.75 3.86 1.83

Measurements of the pH of solutions containing copper iouns
could not be interpretsted in terms of the associstion
equilibria;
2t . At— = uat
¥+ 20" =
The data in Teble 6 show that the hydrogen ion concentration

can exceed the initiel ester concentration when cupric

(13)
(14)

chloride is added., This implies that in addition to equilibris

(13) and (14) there is appreciable formation of an enolic
complex with the displecement of a proton,

w2t &+ 2" eun, + H

Table 6 Formation of an enolie copper complex from

ethyl oxaloacetate,

103[111]  2.00 1.96 1.92 1,88 1.85 1.82 1.78
10°[0uC1] = 1.96 3.85 5.66 7.40 9.09 10,74

(15)
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In contrast to ethyl oxalcacetate, oxaloacetic acid can

form an enolic complex B from which a further proton will
only be displaced at a higher pH. Bquation (1) represents
the formation of A and Be. Potentiometric measurements on
oxaloacetates were made in a pH range in which the enolic

complex B' is not significant,

0 CH
Ye—e¢” Yo=o o
/ \ | + &Y
0 o0 0
\,/ |,

¥ g

)

B =

Pyruvic Acid
A value of 3.24 x 107 for the thermodynamic ionisation

constant has been obtalned by PEDERSENSfrom potentiometric
measurements. A spectrophotometric determination of this
constant was carried out as & comparision. The extinction
coefficient of the anion of pyruvic scid was obtained
directly from its sodium salt. A rough value for the free
acid was determined by measurements in strong hydrochloric
acid. Eguaetion (16) was used to calculate approximate values

of Eh%], [ﬁA] and the thermodynamic dissociation constant K.
£ b = (E -2 «+ &, , [l /1271 + (Ha) (16)

These were refined by successive approximations, Activity
coefficients were calculated from the Davies equeiion.

Table 7 shows a tppical set of results calculsted from



Extiction coefficient,

FIG 4

Ultre=violet ubsorption spectre of pyruvic
ecid, 1in the region of the {~keto scid peske
(A) 0.1156 M Pyruvic scid « 0.1156 M NaOH,
(B) Cos1156 M Pyruvic acid + 0,0578 M NsCH.

(6) 0.1156 M Pyruvic acid,

(D) 0.,1156 M Pyruvic egcid + 0,33 N HCl,
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curve C, Flg 1. The average value of 2,19 x 10"3 agrees

. _ 5
very well with the value of 3,24 x 10 3 obtained by PEDERSEN.

Teble 7 Spectrophotometric determination of the dissociation

constant of pyruvic acid

wevelength mu 10°[a7] 10[E¥] 10%ma) £, 107K
300 T.T7 177 1535 0.912 327
310 7.6l 7.6 15,48 0,913  3.15
320 7.66  7.66 15,46 0,913 3,16
330 7.66  7.66 15,46 0,913  3.17

If the monobasic acid is represented by HA
HA = A" + HY

and if the only,aséoéiaticn equilibrium i

2% +

W eaT e G = /et

we havé for the total councentration of metel
o, =[u% + (us*]
for the total woncentration of acid
c, = [hé] + t}’] + Eﬁ&f]
and for electroneutrality
[ﬁ"’] + al}azﬂ + [Naﬂ + EMAﬂ = \}:1""] + [-A:l
If on $he other -hand, the only significanit associetion

equilibrium is

W

! 27 Tua

M 227 ewa, ;o K, = fua /PR32
2

(17)

(18)

(19)

(20)

(21)

(22)
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Then equations (19)=(21) becone
oy = W% + | a, | (23)
o, = (a7 + [a7] + 2[ua,) (24)
B 2[M2ﬂ * E\Iaﬂ = [ea] » \a’] (25)
in either case
[HA] = ]_:Cl'il & EG;I - "2cm - E‘{aﬂ - I:H":] (26)
the 1lonic strength and activity coefficients are obtained
as before, and the concentration of all other species can
be calculated.

The results of some pH messurements on copper

pyruvate are given in Table 8.

Teble 8 Association constant of copper pyruvate

10%, 10%, 10*[o17] 104 [nat] pH  logy Ryt logyoKy,

2
2433 5.0 105 5.9 2.83 2.3 5.0
2,33 5.0 105 11.9 2.98 2.2 L.9
2.39 5.0 105 17.9 317 2.3 b4eo
713 10.0 21 2,96 2.75 3.1 4.8
9.50 10,0 21 3495 2.69 he2 L8

Associastion constants were calculated on the assumption
of there being only one complex, Mat or MAZ.. It can be
seen that the associstion constant for MA2 renains

approximately constant, while that for MA changes as
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the Pvruvate/Copper ratio is increased; the predominant
specles is clearly'MAz.
The monobasic acids, ethyl oxasloscetate and pyruvic

acid, tend to form chelates of the type MA., with no net

2
charge. The compounds of ethyl oxaloacetate are more steble
than those of pyruvic acid, which appesr to be entirely
ketonic. The dibasic acids, oxaloacetic and od-dimethyl
oxaloacetlc acid tend to form chelate compounds of the

type MA with no net charge, and these appeer to have association

constants of the same order of magnitude,

Chelate compounds from oxaloacetsgte

The ketonic chelste compound 2.

Chelate compounds of oxaloascetic acld are not entirely
ketonic, The ketonic compounds are decerboxylated to @
strongly absorbing enolic pvruvete intermediate, as are

those of o ~dimethyloxaloacetic acid (II). The monoester (IV),
however, forms ounlv stable ketonic chelate compounds.

Pig. 2 shows the ultra-violet absorption spectra for the
anion of ester (IV) snd for its copper chelate compound.
Experiments were carried out with anion conceutrations

of 1 x 107> aud 3.37 x 107> M. snd with copper counceutrations
of 1 x 1072 and 3.33 x 1072 M, The associstion constants

for the copper chelate compounds of esters (III) and (IV)

are of the seme order of megnitude., With the sbove

coucentrationus the anion of ester (IV) should be completely



FIG 2

Ultre-violet ebsorption of
1) ozc.co.c(ue)a.cozx:t

2) The copper chelate,
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chelated, and this is borne out by the constancy of the
extinction coefficient as the copper concentrstion is
increased. The «~0xo peak occurs at 338 mu (€ =43). At

295 mauwhich is Amax for the enolic chelate compounds,

¢ is 27 for the anion of ester (IV), and 68 for the

copper chelate, Ketonic chelates of A~0oxo carboxylates
with other transition metel ions are also expected to have
extinction coefficients of around 70 at 295 mm. This is
borne out by further spectrophotometric measurements

described belowe

The enolic chelate compound B

Enols HO.CR:CH.CO,R' have absorption maxima at about 260 mpc;
on chelation with transition metal ions the maximum absorptiom
of the enolate ion is shifted to higher wavelengths, and
the extinction coefficient is increased two or three fold.
Studies of enolic chelate compounds in chloroform indicate
that Amax and $ are not greatly affected by the nature of
the bivalent metal ion. 2

Fig.3 shows that the peak at c.a. 260 mpmis due to
the enol of oxaloacetic acid. Fige. L4 shows the ultra-violect
sbsorptiou spectra of oxaloacetates (I) and (II) in ether
and light petroleum (bepe 40°). Both oxaloacetic acid and
ethyl oxaloacetate appear to be completely enolised
(A max = 295 mpt 5 E= 8,800), (Oxaloscetic acid is not
decarboxvlated in these solvents).

Pig 5 relates to the copper enolate of ethyl oxesloacetate,



PIG 3

g

o]

-

o

o

v i
/ >
\ a
=

5
3f
o1

. (@]
Ultre-violet absorption of 4 -
1) Hozc.co.c(ug)z.cozﬂ
2) HOZC.GO.CHZ.COZH
Both solutions 1,25 x 10""!. /
0 o
MY

290

270

250

230



FIG Y

Ultre-violet absorption of HO
in ether end light petroleum (b.pe 40°) and

for HOZC.CO.CHZ.CO
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Cu [ﬁtozc.(co")zCH.CO2EtJ2 (in chloroform; Amax = 295 MAL
£ =2x 10u).’The enolic peak of the oxeloacetate (III)
at 260 miLand the shift of Amax to 295 muon chelation of

2+’ N12+, Zn2+

the oxaloacetate with Cu and 002+ ions in
aqueous solution is illustrated in Pig. 6. Enolie
oxaloacetate complexes are expected to have Amax = 295 m A
(¢~ 2 x 10u), a value independent of solvent or the nature

of the transition metal ione

Speed of formation of chelates

Addition of metal ions to oxaloacetic acid under certain
conditions produces a rise of optical density with time, Fig 7»
which has been etributed to the slow formation of the

enolic complex B, The speed of formetion of the chelate
compounds of ethyl oxaloacetate (III), which cannot be
decarboxylated, has now been measured under comparable
conditions and has been shown to be very fast, The optical
density first messured L5 seconds after addition of metal ion
changed very little with X¥&XK time. (Table 7). The formation
of a strongly absorbing intermediate on decarboxylation

must therefore play a part in determining the changes in
sbsorption spectra of metal oxaloacetates. The copper
compounds are formed at a messurable rete at high pH, but

for the other metal ions chelation sppears to be complete

within a fraction of & minute st pH's less than 6.
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Variation of optical density with tiae (A= 290 mpm)
for HO,C.CO.CH,.CO H. [1] = 1.25 x 1074,

[20%%] = 3.36 x 10°% u., [Acetate] = 0.01M.
(1) pH = 5.30 (2) pH = 5,66 (3) pH = 5.9,
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Table 7 Speed of formation of ethyl oxaloacetate chelates =

x11) = 1.20 x 107, pH = 5.30.
TIT) = 1.1h x 107, (28] = 3.20 x 1070, | (00 = 3.23 x 107

PH (iggg.) 0.0.2 pH (gigg.) 0.D. 2 (822}2?) 0.0 (22@2) Go Dy
5.0 U5  0.,0725° 6.5 60 0,463 45 1,40 120 1,335
5.5 U5  0.122° ,, 90  O.474h | 60 1,160 150 1.342
6.0 45  0.207° ,, 120 0477 | 75 1.236 180 1.349
6.5 L5 0.L57 4, L8O 0.480 90 1.274 240 1,350

s 600 0.4L480 300 14350

8at 295 mis o bsteady value

Keto—-enol equilibria

2928
Previous studies of the enol content of oxaloacetic ecid

in aqueous solution have been conflicting. By use of a %
velue of 8,800 for & mex of the enol, NOSSAL'Ssspectrophotometricj
data can be interpretated in terms of asbout 3 % of enol at

PH 2 incressing to 9 % at pH 5.5. At this pH the acid is

almost entirely in the form of the dianion, The enol

content as indiceted by the ppticel density at 260 mt«

remains constant as the pH is increésed, until an enolate

ion is formed with the loss of & third proton gt & much

higher pH.

The enol content of oxaloacetic acid and its anions



Pig.8

Decarboxyletion of dimethyloxaloacetic acid at

pH 13. Curve A shows the & -keto acid pesk at

1.3 hrs. of dimethyloxaloacetic acid, Curve B
shows the £-keto acid pesk of 1ts decomposition
product dimethylpyruvic acid at 15 hrs.

8o0ln, 1,66 x 107 M, Temperature 25°, 1 cm. cells,
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has been studied by comparing the extinction coefficients

at 260 mpeof aclds (I) ana (II) at aifferent ﬁalues of pH.
The values £(I) = 420, £ (II) = 22, and £(enol) = 8,800
indicate an enol [ﬁozc.C(OH):CH.Cogﬁl.content of 4=~5 % in
undissociated oxaloacetic acid (in perchloric acid). At pH 6 ,
E£(I) = 850, £(II) = 92 and £enol = 8,800 indicate 9 % OFf wacl
[?OZC.C(OH)=CH.GOE} for the dianion of oxaloacetic acid.

In the sbove pH range optical densities chenged with time
owlng to decerboxylation and values wdre extrapolated to

zero time., At pH 13 complete enolisation to the trianion
"0,C.COT:CH.CO, is indicated by the stebility of the
solution, lio evolution of carbon dioxide or change of opticsl
density with time was detected with acid (I), in contrast to
acid (II) which continues to decompose st this pH, Fig.8.

The extinction coefficient of the enolate ion (& 260 = 3,200)
is lower than that of the enols.

Keto~enol equilibria in the metal oxasloacetates were
investigeted by measurements of optical densities at 295 my.
(A max for the enolic chelate compounds)e. The total
concentration of chelate compound waes calculated from the
measured association constants and the initial concentepations,
and the approximate proportions of ketonic and enolic forms,
A end B, were estimeted by using the values 9295(A) = 70
and £295(B) = 20,000,

The proportion of enolic complex increases with pH

for ethyl oxaloacetate (III), since the formation of the
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enolie complex uwust involve

the displacement of a proton

(eqn 15). The varilation with pH is illustrated in Table 9.

Under the conditions of these experiments the monoester is

alinost completely chelsteds At low pH's and sufficiently

high concentration of zinc ion the optical density corresponds

to & conceutration

of ketonic chelate (€ = 70) equel to

the initial concentration of the ester (III).

Table 8 Keto-enol equilibris

for zinc and copper ethyl

oxaloacetate
104 [111] 1.25 1.10
10" [zn2*] 333 3.04
pH 2.75 6,50
O.Ds at 295 mu 0,009 0.4L48
% Enolic Complex O 22

104|111 1.25 1,25 1.25 1,25
10%|gu?] 333 333 333 3.3
pH 2.24 2.54 L.34 5,34
O.De a8t 295 mp 0,20 0.51 1.13 1,36
% Enolic Coumplex 8 20 b5 55

With oxaloacetic acid the position of the keto=-enol

eguilibrium between A and B should be independent of the pH .

The loss of a proton from the enol B to give the complex B'

should occur at high pH, but

the enol content of the netal

oxaloacetates does not appesr to increase below pH 6 or 6.5,

With the known associmtion constaonts snd extinction

]
coefficients, NOSSAL'S spectrophotometric data on copper

oxaloacetate can be interpretséed. In the pH range 4-6 the

optical dencities extrapolated to zero time indicete a

constant proportion (c.a. LO %} of enolic complex, Experiments
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on copper oxaloacetate ([ﬁl = 1.25 x 1O—uM.,E§u2{I = 10"1m.)
at pH 2 and 3 gave extrapolated values of the optical densitv
between 0.9 and 1.0, The optical density falls very repidly
with time owing to decerboxylation, These values appeer to
indicate that the same proportion of enolic copper complex
is naintained over the pH range 2-6,

Experiments with high concentrations of zine ion
et pH 2-3 indicate 15-20 % of enol, This content appesrs
to be maintsined up to pH 6.5 Fig.7 shows the optical deasity
time curves for several experiments in the pH range 5-6.5;
the rise is due to the formation of a strongly absorbing
enolic pyruvete intermediate. The initial opticel density
appears to be independent of pH and with the known associatioun
constant and extinction coefficient gives a proportion of
enolic zine couplex of about 15 %,

Fig.9 shows the: optical density-time curves for a
typical set of experiments with the series of transition
metal ioné; the rise is again atiributed to formstion of
an enolic pyruvate intermediate on decarboxylation. The
results of these experiments arevcollected in Teble 9,
Optical densities are values extrapolated to 30 seconds
efter addition of meteal ion. Owing to uncertainties in the
extrapolation of optiéal densities, in the associstion constaunis,
snd in the various extinction coefficients, the proportions

of enolic complex given are approximate,
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Table 9 Keto—enol equilibria for metal oxsloacetates

Oxaloacetate dianion; initisl pH = 6.35
(] = 1.25 x 107, [®2%) = 3.33 x 1070

Dianion Caa+ nn2+ Co2+ Zn?* Nia+ Cu2+

10" (i) - 0.4 0.24 0.37 O.43 0,58 1.25
O.Ds at 295 mit 0.025 0,035 0.050 0,42 0,15 0,27 1.0
0.D. (B) - 0,013 0,03 0,10 0.13 0,25 1,0
% Enolic Complex - 5 6 13 15 22 Lo

Pvruvate chelate compounds

The spectra of freshly prepared aqueous solutions of pyruvic
acid and of metal pvruvates show no evidence of enolic species.
Pyruvie acid and its anion give keto acid peaks at 325 m AL

(¢ = 5) end 318 ma (£ = 22). Copper pyruvate shows no
absorption meximum and appears to be almost entirely
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BEnolie pyruvate intermediate

A comparison of the optical density-time cubves for the

metal chelate compounds of ethyl oxaloacetate, which are

not decarboxylated, Table 7, and for the metal oxaloacetafes
Figs.7 8nd 9, show that the rise in opticsl density with

time for the oxaloacetates (other than the copper complex)
nust be due to formation of a strongly absorbing species

on decarboxylation, This is believed to be an enolic pyruvate

intermediate, which subsequently ketonises,

o, o o
— () /C“"Q\ (2) ® —_— — 2
M u* 0 0

The variation of optical density with wavelength suggests
that the enolic pyruvate has an absorption maximum at a
somewhat lower wavelength than B snd an extinction coefficient
of several thousand. The disappearance of A end B on
decarboxylation leads to a decrease in optical density, aund
a maximum will only be observed if ketonisation (2) is
sufficiently slow to allow %build up of the intermediate.
It is found that the time of maximum optical density decreasecs
with decresse of pH and at 2 low pH there is no maximume.
The behaviour st two values of pH is illustrated for the
unchelated acid in Flg. 10. At low pH the rate of fall of

optical density (corrected for pyruvic acid) with time
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Variation of opticel density with time
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(k = 1.11 x 40™3 min'1) corresponds to the manometric rate

A Ammmalmeeee? et o fn 4 arm o an=3 L=\ Ak e e _rT®

(k = 1.11 x 1072 min-1) corresponds to the manometric rate

of decarboxylation. (k = 1,15 x 10—3 min~1). At higher pH's
production of the enolic intermediate.

Dimethyl oxaloacetic acid cannot enolise, decarboxylation
1leads directly to the enolic dimethylpyruvate intermediste,
this is illustrated in Fige.11. This enol has an absorption
meximum at 240 mi and eappears to have an extinction
coefficicient of ~ 8,000, The rate of ketonisation is s
function of pH and buffer goncentration.
| The metal ion catalysed decarboxylation of oxaloacetic
acid has been shown to follow the scheme given in equation (1).

- 8pectrophotometric measurements using ethyl oxaloacetate
have shown that chelstion is a very fast process and that
the formation of the chelates 4 and B is not & rate

k”ébntrolling step. Writing equation (1) in terms of rate

eontrolling steps only, we have

o cH, % /032 0
N\ ¥
c—c ¢=0 K o-—-e/ ka[H] \O-C~—CH
;N I, —> [\ —> / 3 3
0 /0+ 0 0\ /0 + 002 O- 0 + M2+
M M
(&)

This is a firset order reactioh followed by & second order
reaction, At constant hydrogen ion concentration this can

be represented by the scheme (i.e. as two consecutive first



Fig.11

EFrnolic intermediate in the decarboxylation of dimethyl

oxsloacetic acid. PH = L.68, (II] = 1,25 x 10
() =260 mu)e (HAC] = QutMe I = O,10Me

257

-

Me

0.09

0.08

0.07}

0. 06

0.05r

optical density

Time (minutes)

J

A

A

4

120 160

200

e
2L0

280




order reactions.).

k k
1 2
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where k, = ka[ﬁ“'] , the differential equations are

a[al/ at = -k, [a]
| a[B]/ at = i, (4] - x5[E]
s a[6)/ at = x,[5]
These mey be integrated,>
[] = [a)e™e®
(B]= [alx/ (x5 - kﬁ{ oKyt ..'e'-kf)]
(= [ [1 + 1/0x, k) (kge™® - x,e7%5%) |

The figure is & plot of the concentrations A, B and C &8 &

5funetion of time for a typical case where k1 = 0,10 min"1

end ky = 0.05 min~T,

Ao

CoNCENTRATION

Ting (minutes)



The concentration of the intermediate B passes through a
maximum, then decays, The time of the meximum is given by

the expression,

1oge(k3/ k1)

max =

and the maximum concentration of the intermediate ([ﬁ]
by

max)

k k

2 log 2

108@;81( = 1og[A;| +

uhere.mo 18 the 1initisl concehtration of A, and k1 and k3

are the specific rate constants for reactions 1 and 2.
rhe Table below illustrates the manner in which tmax and

[B]max very with different values of k.

Table 10 Meximum times snd maximum concentrations of

intermediate B for various values ong3

1

k, = 0,10 min, Ay = 1,0
ks (mins1) 0.01 0.05 0430 1.00
t max (minso ) 25.59 13.86 5.49 24 56
{Blmax 0.7743 0. 500 0.1942 0.077k4

As k3 becomes larger, the maximum times and the maximun

concentrations of the intermediate decrease,



e ¥
\J1
e

It should thus be possible to explain the optical-density
time curves for the enolic intermediate in terms of equations
of this type., In this case the second step involves hydrogen
ion, At constant hydrogen ion concentration, substituting

k3 = kz[ﬁf} the equations become

log, k,[6*]/ x |
tox = o2 ! (2)

K, [5] - x,

+ ¥
Bmax: = longa- kzﬂ]_ log kzﬂj
k, -k, [5*] k,

(3)

_ From the table it can be seen that t___ and[?]max vary

x
43 2.1435.14310, while the[ﬁgax ratios are 132.50:6.46:10,

with k3 in a similar manner, thus the ratios of tma are

A large nunmber of runs was carried out with oxalosacetic

2+

acid and Zn ions in acetate buffers. Teble 11 shows @

typical set carried out at both 270 and 290 muand at two

different zZnct

concentrations.

Little difference in the values of the meximum optiecal
densities is noted, there is however considerable variation
in the maximum times. The maximum times suggest that the

optical densities of the intermediate at pH's 5.30, 5.66



(05

Table 11 Maximum times and meximum optical densjities of the

enolic intermediates

N - ¢
I=0.01 f, (pavies) 0.903, Oxaloacetic acid 1.25 x 10 M

290 m/t.z.r._anﬂ = 3.36 x 10",

pH NaAe Hae t max 0.ds m8x
5,30 0.01 0.0026 1,20 0.218
5,66 0,04 0.0010 2,0 0,234

5.94 0.01 0, 0006 2.75 0.215

290 mu(za®¥] = 6.73 x 107 u,

pH Na@c HAce t max 0sDe max
- 5.30 0.01  0.0026 1.20 0,345
5.66 0.01 0.0010 1,60 0.356
5.94 0,01 0.0006 2.0 0.333

270 W@n?ﬂ = 3.36 x 10

pH Najc HAC t max . 0OeD, max
5,30 0.01 0.0026 1.25 0.219 (0.198)
5,66 0.01 0.0010 1.75 0.197 (0.203)

5.94 0.01 0.0006 2.50 10,208 (0.197)

270 np[z0%¥] = 6.73 x 107

pH NaAc Hhce t max 0.Ds max
5430 0.01 0.0026 1.0 0.242 (0.2L46)
5.66 0,01 0.0010 1.75 0.263 (0,268)

5,9l 0.04 0.0006 2.0 0.242 (0,245)
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and 5,94 should be roughly in the ratio 1:1.5:2 , little
variation is actually observed, because of interference
by enolic zinec oxasloacetate, At a zinc concentration of
3.36 x 10"”&., about 60 % of the oxaloacetlc acid will
be complexed, If &£ enolic is 2 x 10u , and the percentage
of enolic complex is approximately 14; the initial optical
density due to the enolic zinc complex will be around 0,2,
Fige 12 shows a plot of the changes of optical
density with time for the enolic intermediate and the
enolic complex B; the half life of decarboxylstion is
around three minutes (the half life of ZuA at 37° is 23
seconds?). The optical density observed, equal to that of
the enolic intermediate and the enolic complex (the sum of
curves A and B) does not vary much from run to run even
though the concentration of the intermediste is in the
ratio 1: 1.5:2. The maximun times observed are probably
glightly lower than the actusl maxima for the intermediate.
Above pH 5,3, éractically gll the oxaloscetate will

be present gs the disnion, The reaction scheme will be,

Aa- + u2* = MA keto = MA enol
ky
Internediate

l i, [1¥]

Pyruvie acid
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Plots of optical density-time curves,the enolic
intermediate is in the ratio 1:11.5:2 for graphs
1, 2 snd 3 respectively.
Curve B:~ 0.D./Time curve for the decsrboxylation
of enolic zinc oxaloacetate,
Curve As- 0.D./Time curve for the enolic pyruvate

intermediate
2.1 Iin‘. O.D. = 00265

0.2

0.D.
O.1

)

1 2 3 L 5 6
Time (mins,)

. i A i

1.5 nins, O.D., = 0,245

1 mine O = 00225

0.Ds

A

23 ' T—2 3 L 5
Time (mins,) Pime (mins,)
Graph 1. Greph 2.

Curve Cs= Observed optical density-time curve
(sua of curves A and B.)
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If the total oxaloacetate = C = [ézi] + \ua]
| then =dC /dt =k {a%7] + x,01] =k [C))
=k ] (kjecky)
Above pH 5.3 4%+ M K, = D] /%0 ]
] = W] (427 ana (327 = (wa]/ x %]
C, = a)] + [a%7] = (ud] « [(ual/ k3]
- D[t w1/ x (]|
x, (1a] E1 + 1/ K] = x, (s
k, /k =xu/(1+ K@xz*‘]) (k)

amd t = ( ln k] - 1n k) /( ka'[H*] - ke ) (5]

= ua

-

Values of kx and k2 were chosen to give reasonable agreement

with the observed msximum times, for|zn®*] = 3.36 x 107

L

k =02y, k, = 4o5 x 105, and for [?naf] = 6,73 x 10° M.

x 2
k, = 0.3 end k

Table 12.

5 = LeH x 105 « The values are 8hown in

Reasonable agreement is found between the observed
maximum times and those calculated from equation (5).
Equation (L) gives a value for K the complexity constant
of zinc oxaloacetate equal to spproximately 1.7 x 103 at
I = 0,01 agreeing very well with the value of 1.7 x 103
8t I = O found from potentiometric data. k1 is found to
be appréximately 0.6,
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Table 12 (Observed and calculated maximum times.

[an"'] = 3.3 x 10 M, k_= 0.2

X
pH 10°[u*] Time obs.
5430 5.55 1.15 & 0.1
566 2,43 1.9 & 0.1
509’4 1027 2.85 4_-_ 0.1

[znaﬂ = 6473 x 107 u. k. = 03

pH 10° (1] Time obs.
5030 5055 101 1001
5.66  2.43 1,6 & 0.1

5.9  1.27 2.2 & 0.1

b

Gk

Time calc,
1.10
1.90
2.85

Time cale,
1.0
1.63
2,36
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Inhibition

Potentiometric measurements by GELLES and S&LAM&MOD oxaloacetrtes
have shown that in addition to the species MA there is also

present a species M2A2+. The probable structures of these

complexes are, : /o ~ //o
\ 2\ / \
c—~¢C ‘002 +0 CH,
/ \ N\ /
0\\ //0*- ? —C
\ . 2%
M MA 0 Ve o Mg
N,

The complex Mzéa* involves the formation of a low‘stability
seven meﬁbered ring. Binding of the carboxyl group lost
during decarboxilation, in the seven membered ring should
inhibit decarboxylation in a similer manner to the acetoacetastes,
SHa
S
Q\ //0
M

Acetoacetate MA
PEDERSEN;has recently shown that a similar situation exists
in acetosuccinic acid. The decarboxylation of this acid is
subject to only very slight catalysis by metal ions. Two
chelates are possible, the six membered ring structure (C)

involving the unstable carboxyl group, which should inhibit

decarboxylation, and a low stebility seven membered ring
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chelate (D) which should deearboxylate,

?%~m§ ?g
0 CH 0 CH— CH

I\ N / 2
c/'\h—m% Yo “\c-m%
| i | ]

0 O+

0 ", O+
AN Ny W

Only slight catalysis is observed since the chelate of high
stebility ie inactive, while the active chelate is only
present in small amounts.

It can be simply shown that for the oxaloacetates,
A2F a 2+
[MZ’A ]/ ] = KMZAZ"’[M ]

24

and the concentration of M2A should increase proportionally

with the metal ion concentration., Inhibition of decarboxyletion
at high copper ion concentration has been found, Table 13,

&
2+ 2+’ Cd2+, Zn2+

SPECK has obtained similer results with Mn™ , Co
and P‘bz+ in the enzymatic decarboxylation.

o This appears to be one of the few examples of a catalyst

also acting a&s an inhibitor and might be a very important

reaction biochemically. The interconversion of oxaloacetic

32
acid and pyruvic acid occurs in the KREB3 cycle.

“ !
/l Mz*/enzymas

Oxaloacetate ———— Pyruvate + CO

R enzvmes z

2
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When the oxaloacetate reaches a low level, the M°' / Oxaloacetote
retio will be large and decerboxylstion will slow down.

The concentration of oxeloacetate will then build up until

the M+ / Oxaloscetate ratio becomes smell enough to allow

rapid decarboxylation via the MA complex. The metal ion will

act as a 'governor' on the system. Further work on this topic

is being carried out in this leboratory by Mr R.G.COGAN.

Teble 13 Inhibition of catalysis st high copper ion

A concentrations at 250.

Acetate buffer, I = 1,000, Oxaloacetic acid 0.02¢. pH 5.0

Hae NaAe KC1l Gu012 1O3k*
0.163 0.40 0. 51 0.03 20.0
0.163 0. 40 0.L42 0.06 6.4
0.163 0.40 0. 33 0.09 3.6
0.163 0. 40 0,24 0.12 2.7
0,165 0,40 0,50 0.15  2.17
0,163 0.40 - 0. 21 1436

Decarboxylation of metal oxaloacetates can also be
inhfbited by raising the pH. KREBS'carried out some rough
manometric measurements which indicated that the rate went
through a meximum around pH L.0. Purther experiments, Table 14

agree with this,



Teble 14 pH inhibition of the copper ion catalysed

decerboxylation of oxasloacetic acid at 375

Nahc HAc oH 107%™
1.6 2.213 L, 67 74
1.6 0.700  5.10 L84
1.6 0.070 6.15 16.8

6
WILLIAMS suggested that pH inhibition wes due to the production

of a dicarboxylate complex (A) which was sta®le, decarboxylation

CoO —Co- co-
2\, 24 2N\ o,
l M | u
CH, GO} 50C.CH,.CO
(a) (B)

Goccuring.through (B). He suggested that (B) would be present
at low‘pH, while (A) would predominate at high pH., This
cannot, however, be the case, since the ratio [A]/[B] would
not involve hydrogen ion and would not be pH dependent. It
seems most likely that pH inhibition is due to the formetion
of the enolic complex which cannot decarboxylate. Further
work on these lines is being continued in this laboratory

by Mr.R.G. G0GAN,
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Part 2, The 4niline Catalysed Decarboxylstion of Oxaloscetic
Acid

Introduction
The fact that primary and secondary, but not tertiary,amines
catalyse the decarboxylation of oxaloacetic acid was first
established by WOHL and OESTERLIN: The effect of various amines
and amino~acids on the decarboxylation has been studied by
KANEKO “and BESSMAN snd LAYNE.S

PEDERSEN had previously shown in the case of -dimethyl
scetoacetic acid that this was an example of specific amine
and not general bsse catalysis., He also found that the
decarboxylation was not preceded by isomerisation of the
keto-acid to the eunol form and suggested that the reactive
intermediate wes formed by & fast reaction of the amine with

the keto groups

— -+ —n * -
(3}13.c:o.c:112.c302 + NRHZ & CHBG(NRH )OH2.C02 + H,0

This hypothesis has been discussed by WESTHEIMER. JONES and
WESTHEIMER‘hade measuremnents in mixed solvents which sugges%
that a hydrogen bonded intermediate (A) may be e more appropriate
structure.
[
¢ Hy— gﬁ Q?:=o
NR 0O

“—,
- (4)
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PEEERSENvmade the first quantitative study of the kinetics of
decarboxylation of oxaloacetic acld, using ammonium, ethyl~
ammonium, and anilinium ions as catalysts. He found that all
the smines had a greater catalytic effect on the divalent ion
than on the univalent oxaloacetate ion, and thet the aniliniunm
ion was by far the most effective catalyst. He also found

that in solutions containing hydrochloric acid, the anilinium

ion catalysis could be represented by the equations,

k> 107 = 0,176 + 1,19 [pms”] (1)
kY 10° = 6.47 + bou[am*] + 260[am*]%  (2)
Kt =0.00181 + 38.4{amY + 550t 2 (3)

The increase in ko is so small that it is of uncertain
significance.

However there is a serious discrepancy between these values
and those obtained in acetate buffers. Values calculated from
equations (2) and (3) are 64-93 % too high, and PEDERSEN was
forced to employ the equations,

Kk*107 = 6,47 + bk x 107 [Ank"]

*

3
2 10

k

1l

1.81 + (16,4 + 4.8]ae”]) 107 Janu*

to explain his experimental resuits. In all his calculations
' 1

PEDERSEN made the assumption that the amount of complex

between the keto-acid and the amine was negligible; if this

were not so it might explain the discrepancy. However PEDERSEN
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attempted to detect the presence of any such intermediate
complexes by measuring the dissociation constant of the
anilinium ion both in the presence and absence of oxaloacetic
scid, He then calculated values of the dissocietion counstant

on the assumption that no aniline was bound to the oxaloacetate,
Similar values of the dissociation counstant of the enilinium
lon were found in both cases, This appesred to indicate that
his original assumption was correct. However, it is quite
possible that any such complexes would have similar dissociation
constants to that of the anilinium ion; they would then be

very difficult to detect, especislly since it was necessary to
extrapolate E.MeF's to zero time due to rapid decarboxylation
of the keto acid by the amine,

The mechanism of amine catalysis 1s thus not known with
any degree of certainty. The fact that primary and secondery
amines catalyse the reaction, but tertiary eamines do not,
suggests either an 2ddition or & condensation reaction between
the NH, (or Ni) group of the smine with the o -oxo group of
the keto acid.

</ N/ N4
fvemm, —> /° — H.o
i+ RN * +
0 : 100 MNH.R NoR 2
(8) (<)

The ketimine hydrate (B) must be the first product of such a

reaction, elimination of water would then give the ketimine (C)
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(formation of the ketimine could only occur with a primery
amine). Previous work has not shown (1) if (B) or (C) are
indeed formed (2) whether (B) or (C) is the reactive
intermediate (3) if they are formed slowly enough to be
involved in rate-determining steps (4) what the strengths
of their conjugate acids are / the fall in rate at about
pH 4 observed Dby PEDERSEijay be simply due to their
dissociation (5) whether the proportion of compounds (B)
and (C) varies with pH (6) whether different mechanisms
apply in different solvents (7) and whether ketimine-

enemine tautomerism of the type,

No—cH” “e=01"
T 2 = \

—_—
ketimine Ne.R HN.R enamine

‘occurs or has any effect on the reaction.
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Experimental pPart 2

1) Materials

a) The ketimine Etozc.C(zNQ).CHZ.C02§§

312 gms. of the diester of oxaloacetic acid prepsred as in
Part 1, were refluxed for ten minutes with 1,56 gms. of pure
aniline (mole/mole). A little sbsolute alcohol was used as
solvent. On cooling in acetone-Drikold a yellow solid
crystallised. This wes filtered off snd recrystallised three
times from water~ethanol, Pale yellow needles m.p. L7°-48°,
Found, C, 63.66; H, 6.58; N, 5.49 %. Calculated for C, H,-0,N,
Cy 63,863 Hy 6,463 Ny 5432 %e

The infra-red spectrum showed & very strong band at
1600 em>!, attributed to conjugsted -C=N. PICKARD and POLLY>
give for =C=N, 6.05 = 6,2l (1600-1650 cus') and found no
evidence for ene-amine tautomerism in a series of 15 ketimines

studied.

b)_The ketimine hydrate gﬂﬂg:g CeC(OH,NH .CHZ.COQEE

1 gm. of the half ester of oxaloacetic acid, HOZC.CO.CH CO,Et,

2°772
prepared as described in Part 1, was dissolved in the minimum
amount of water. 1.5 gms. of pure aniline (1 to 2.2 moles)
were suspended in water and glacial escetic scid added until a
homogeneous solution resulted. This was then added to the
concentrated solution of the half ester, On scratching, the

ketime hydrate was precipitated ass fine white crystals., Yield

1.7 gns. (80 %). The ketimioe hvdrate was recrystallised from
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the minimum amount of warm water giving flat white plstes,
meps 73°-74°, which sppeared to lose water at 62°-63°, Soluble
in acetone, chloroform, ethanol, and bengene. Insoluble in
100°-120° petrol, slightly soluble in waters
Found, C, 62.3L; H, 6.233 N, 8,12 %, Calculated for C,H
C, 62,43; Hy 6,363 N, 8.09 %,

Attempts to remove the second molecule of aniline by

2205M22

means of ion exchange resins (IR-120(H)) in the acid form,
i,e. cross linked polystyrene with 303H as the functional

group,
OH OH

i

i
ﬂmﬁg“bac.c.CHg.cozmt + R.SO,H-> R.SosNﬂgﬁ + HO,C.C.CH,.COEt
i |

NHP NHZ
proved unsuccesful. On stending in a vacuum desiccator over
P205 the white ketimine hydrate turned bright yellow, indicating
production of the ketimine; however, analysis showed that

decomposition was also occuéing under these conditions,

c)_Methyl oxomalonate ie0,C.C0.CO Me

This was prepared essentiaslly as described in Organic Syntheseéi
by oxidising methyl melonate with N203. 30 cec, of methyl
malonate gave 25 cce. of methyl oxomalonate am a yellow green
0il b.p. f06°/ 4O mm. D 1.2464. It ebsorbed atmospheric
moisture rapidly to give the ketone hydrate MeOZC.G(OH)z.CoaMe

MeDe 81° (from chloroform), and was kept in en evacuated



desiccator over silica gel. The materiasl was purified by
standing over P205 overnight and vacuum distilling. This
converted the hydrate to the keto compounde

d) MeQ,C.C(OH,NHg),COMe '°
2 ec, of anhydrous methyl oxomalonste (2,5 gms.) were pipetted
rapidly into & 25 ml, flask protected by & silica gel guard

tube., The solution was then chilled in acetone-Drikold. 1.5 gmse
of pure aniline (slightly less thaen mole/mole quentities) were
then dropped slowly into the ehilled solution., A yellowish

gum resulted. This wes sllowed to stand 1/4 hour at room
temperature. A little sodium~dried ether was then added. On
scratching with a glass rod, the material solidified as a pale
vellow mass, It was then recrystallised from sodium~dried ether,
giving white crystals m.p. 100°-102°, vield 3.5 gms., (theoretical)
Found C, 55.L7; H, 5.34; N, 6,01 %4, Calculated for 011H1305N,

Cy, 55.243 Hy 5.44; N, 5.86 %, Soluble in ethanol, methanol,
insoluble in water.

10

e) MeQ,C(NHY),.CO le
2 ml, of anhydrous methyl oxomalonate (2,5 gms.) were pipetted
rapidly into a 25 ml, flask protected by a silica gel guard tube,
3.2 gms. (mole/mole) of pure aniline dissolved in dry sbsolute
ether were then added at room temperature, 2 yellow oil was
obtained. On cooling and scratching in en acetone-~Drikold
freezing mixture, the material crystasllised as a pale yellow

solid. It was recrystallised from water-ethanol to give



colourless needles m,pe. 121°~1230. Yield theoretical, Fairly

soluble in cold ethanol, very soluble hot, insoluble in water.

Correlation of I.R. Spectra for OH and NH stretches

The infre-red spectrum of,

(e) shows a single band at 3330 end (M stireteh)

(d) shows two bands, one at 3350 ens! (M stretch), and one

at 3460 cme! (free OH).

(a) shows no bands in this region.

(b) shows two bands, one at 3220 ens? (HH stretch), which is

a broad band, probably because of superposition by the second
molecule of aniline, and one at 3570 cm:1(free 0H) (Nujol mull).
In chloroform, which gives yellow solutions 1indicating dehydration
only one bsnd occurs, at 3320 em:1 (NH stretch in the seecond
molecule of sniline (sharp band)). This gives further

evidence for dehydration.

Prepagzion of Pure Dry Ethanol f

Burrough's sbsolute alcohol was dried in the normel menner
using magnesium turnings, purity 99,95 %. Traces of orgenic
bases were removed by redistillation from & little 231436
trinitrobenzoic acid; this acid is not esterified by slecohols,
consequently no water is introduced into the s&lcohol. The
pure dry alcohol was kept in a dark glass Winchester protected

by guard tubes and siphoned out as required Fig.1.
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Pure Aniline
B.D.H, @niline was dried with sodimm hydroxide pellets and

distilled. The reasonably pure material was then vacuum
distilled over zinc dust and kept in sealed ampoules under nitroger

Aniline b.p. 18L.4°/760 mm.

Pure Dimethylaniline

Traces of primary and secondary amines were removed from &
commercial sample by refluxing 52.5 ml, with 23 ml. of acetic
anhydride for three hours, then distilling. The relatively

pure dimethylaniline was then vacuum-distilled and kept in
sealed ampoules under nitrogen. Ampoules of aniline and
dimethyl-aniline were kept in the darke. Be.p. dimethyleniline
192.59/ 760 mm. Ampoules of dimethylaniline remsined water-clear
almost indefinitely by this method,
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2)_Methods

a)_Potentiometric messurements

pH measurements were carried out using a Cambridge bench type
pH meter and & commercial glass electrode. The epparatus was
calibrated using B.D.H. phosphate buffer pH 6,99 at 25°, and
B.D.H. phthalate buffer pH 4.01 at 250. In ceses where
accurate temperature was required, potentiometric measurements
were carried out in a double walled beasker through which

water from a Circotherm unit was passed.

b)_Manometric measurements

A new manometric apparatus was developed (i3 conjunction
with Mp, A, Viood) from the design of BELL and TROTMAN-
DICKENSON:‘This is much simpler to use and far less cumbersome
than that of BRONSTED and KING. =

It is, however, unsuiteble for use at temperstures
above gbout 300; as the grease is then too fluid and leaks
develope.

The apparatus ig illustrated diagremmatically in Fig.2.
A small glass bucket containing 26,4 mgm. of oxaloacetic acid
is suspended sbove 10 ml. of the appropriate solution by
means of a magnetically pperated plunger, consisting of a
small piece of soft iron sealed in glass, This gives an
- initial concentration of oxaloacetic acid equal to 0,02 M.
The solution is frozen in acetone=Drikold and the apparstus

evacuated and sealed by means of a B.1L one way Quickfit
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tap lubricated with Dow-Corning silicone grease., The resction
flask is allowed to attain room temperature and is then placed
in a thermostat regulated at 25.00°t 0.02° by meens of a
Circotherm unit, The reaction is initiated, after equilibration
(10 minutes), by withdrawing the plunger into the side srm.
Readings are taken through a& window in thev bath st 1/4 minute

intervals,

Calibration of the Apparatus

It was found most convenient to calibrate the apparatus
using sodium bicarbonate, since this avoided the tedium of
waiting for infinity reddingse. 16.8 mgme of bicarbonsate
are equivalent to 26,4 mgme of oxaloacetic acid., A blank
run was therefore carried out by the procedure previously
noted, with 10 ml, of hydrochloric acid in the bulb, Very
reproducible results could be obtained by this method, e,ge
the changes for three calibrations were 9,42, 9.42, and 9.44 cm.
The infinity reading for a run could thus be obteined by
adding 9.42 cm. to the zero time reading. Checks were made
on seversl oxaloacetate runs in the presence of amines;
100 % co, (calculated from bicarbonate) was liberated in every
case showing that the reaction went to completion.

$iniler calibrations were also carried out for runs in
alcohol, with 10 ml., of alcohol and 0,05 ml. of concentrated
hydrochloric acid in the bulb. The change in this case was

6420 Cmey is€es 0only 66 % of thet when water was used., This



reading remained steady for two days. Complete agreement

with the ié}nity readings for the runs was obtained, thus

for a series of runs the changes were 6,24, 6.10, 6,30, 6.25
610y 6425, 6.10, 6.18, 6.25 and 6,20 cm. (8verage 6.25 Cie )e
The tube wes also standardised using dry alcohol saturated with
dry carbon dioxide (cylinder). 10 ml., of the alcohol were

taken and 0,05 ml. of concentrated hydrochloric acid added.

It was necessary to pump out the tube three times as the

excess carbon dioxide ceme out of solution, The bicarbonate

change gave 6.11 cm. (steady for two days)e

Cleaning of the Apparatus

The following cleaning procedure was always employed,
a) A.R. Benzene to remove greases.

b) Chromic acid (15 minutesy.

¢) Washing with 2=litres of water.

d) Washing with distilled water.

e) A.R. Acetone to dry.

Agitation snd Mixing

Timing was always begun on withdrawesl of the plunger. In most
cases half & minute was required for all the oxaloacetate

to dissolve even under the most vigorous shaking conditiona,
Shaking of the apperatus during the run to prevent supersaturstior

of CO, was casrried out by an electrically-operated rubber

2
hammer., This is illustrated diagrammatically in Fig,2.
Very high shaking rates had to be enploved in the fast ruuns

(150 oscillations per minute) otherwise erroneous results



(82)
were obtained,

Spectrophotometric Measurements

Were carried out using a Hilger Uvispek spectrophotometer
(Series 308) fitted with a special silicas prism cepable of
extending the range of the instrument in the extreme ultra-
violet to 185 mu. Spectra were obtained using 1 mm. quartz
cells with solvent as blank unless otherwise stated. After
each determination the solution-solvent cells were interchanged
and the spectrum redetermined, the optical densities were then
averaged. This was necessary since the cells were unbalanced
in certain areas of the spectrum. The spectra were obtained
in distilled water or Burroughs absolute alcohol, by diluting
standard solutions.

Kinetic runs were carried out in standard stoppered
1 em. quartz cells, capable of holding 3 ml. of solution.
A Hilger water-jacket was used in conjunction with s
Circotherm unit. Running the Circotherm at 25.0° thermostated
the cells et 24.8°, Both aniline snd ester solutions were
initially thermostated at 25,0°, 2 ml. of the ester solution
were pipetted into the absorption cell, followed by 1 mls of
the aniline solution., Timing wes begun when approximatly half
the pipette had been drained. The mixture was repidly
shaken for 30 seconds to ensure homogeneity, readings begun
at 45 seconds on the initially ’checked' instrument, and were
repeated at 15 second intervals. Room temperature was rsised

to approximately aly, 8° by means of electrical heaters,



‘Analar' materiels and Grade 'A' volumetric glassware were

used throughout.
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Results and Discussion art

Nature of the Intermediates

The intermedietes formed by the action of aniline on
oxaloacetic acid sre most easily studied by using 1itis

esters (1) and (2),

HO,C.CO.CH

5 2.002Et (1) EtO

oC+C0.CH,.CO,Bt (2)

since these cannot decsrboxylete in the presesnce of amines.
When aniline reacts with (1)in aqueous solution, the product

isolated is the aniline salt of the ketimine hydrate (3).

OH
i

ﬂﬂﬁg"02C.?.CH2.002Et (3)

NHP

This compound givea_cdlburless solutions in water, but
diesolves in ethéﬁbl to give bright yellow solutions, Its
ultra~-violet spectré in both solvents are shown in Figs. 1
end 2. The prodgg%ion of & new high intensity ( £ = f5,200)
absorption band/in aleohol at 321 mu is the cause of the
yvellow colour. This is attributed to dehydration of the
ketimine hydrate producing %he highly conjugated ketimine

system (L),

oH
t
= 1 . : L I -\
PN3T0,04CuCHpe00E%  ——>  gar3 "05C.C.0Hp+C058E + Hp

NHP ng  4)
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Ultra=-videt ebsorption spectras of the ketimine hydrete’
(3) and the ketimine (5) in ebsolute aslcohol, showing
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In agreement with this, when aniline reacts with the ester (2)
in a non aqueous solvent such as alcohol, the product
obtaimed is the ketimine (5).

Etozc‘%.CHz.CozEt (5)
In contrast to the ketimine (3) which 1s colourless, this
»~1ala‘pale vellow compound, It gives an identiecsl band at
321 mu (€ = 15,400) to (3) in ethanol, Fig2, Only very
slight increases in the intensity of this band occur in
solvents of even lower dielectric constant, such as diethyl
ether,

The difference in intensity of the two spectra in the
region of 230 mu is due to the presence of a second
molecule of aniline in (3). Aniline in ethsnol, Fig.3,
hes an extinction ccefficient of eppfoximately 8,000,
this agrees very well with the difference of approximately
7,000, in the extinction coefficients of (L) and (5) in
ethanol at 235 my. . This indicates that in ethanol (L)
must be represented by,

Et

g, +  HO,C.C.CH,.CO,

il

Ng
there can be no proton transfer to produce the anilinium
ion, since this shows no absorption at 235 WAL o Fig.3.

The spectrum of the ketimine hydrate (3) shown in
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Fig.1, i8 & composite spectrum of four species, aniline (4n),
the anilinium ion (AnH'), the ketimine hydrate (K), and
its conjugate acid (KH+). The spectrun of sniline in water
shows two bands;Bone of £= 8,200 at 230 mu« and & low
intensity band at 280 mu (& = 1,450) which is the characteristic
benzenoid bahd.
The high intensity band is due to various resonance

forms involving the lone pair of electrons,'u

' - +
@‘Nﬁa —> -@:Nﬂg ete.

These are destroyed in the anilinium ion since the lone pair
18 used to bind the proton and the band diseppears,
H

I+
O~

{

3!

I

In order to make a more thorough study of the kelimine
hydrate spectra, 1t wes decided to synthesise the corresponding
1o

compounds derived from methyl keto malonate CH302C.00.0020H3,

which should closely resemble oxaloacetate derivatives.

CH NH@
| |
Meozc.?.cogMe Meozc.?.COZMe Meozc.ﬁ.COZMe
(6) LHY (7) 1Hg (8) Ng

Both (6) and (7) are stable colourless compounds, however,

(6) can react with excess anlline to give (7). (8) is a



N

bright vellow oil (ketimine), but is so reasctive that it
proved impossible to prepare it in a pure statef;Any
compound with an easily dissociable hydrogen atom such
as water, sniline or alcohol adds scross the double
bond with grest ease, the first two giving (6) and (7)
respectively. This is in marked contrast to most ketimines,
the ketimine hydrate is usually very unstsble losing
water rapidly to give the ketimine,

The ultra-violet absorption spectrum of (6), Fig.lL,
is almost identical to that of aniline, Fig.3. Thus (6)
shows peaks at 235 mu( £ = 8,500) and 285 mu (€ = 1,600),
conmpared to the aniline peaks et 235 mu ( € = 8,400) and
285 mu (€ = 1,700) in alcohol. The ultra~violet absorption
properties of (6) depend solely on the @~NH~ grouping;
this can slsoc be seen from the spectras of (1) and (3) in
Figets The monoester (1) has only very wesk ultra-violet
absorption and there can be no further conjugation on
production of the hydrete, The ketimine hydrate (K) is

expected to behave similarly,

OH
|

HO,C.C.CHy, CO5BY
NHY (K)

It is usually found thet substituted anilines have very

comparable basic strengths to sniline (e.g. aniline and
106-17T
dimethyl aniline). It would, therefore, be expected that
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pK, for the ketimine'hydrate (K) would be similar to that
for aniline, Later potentiometric meassurements show this
to be thélcase. It would slso be expected from previous
reasoning that the conjugate acid (XH') would show

very weak ulira-violet absorption in the 230-~300 m
region; The ketimine hydrate should thus behave under
different conditions of pH like two molecules of aniline.
Fig.58, shows the spectras of the ketimine hydrate (3)

in verious buffer solutions, a band in the region of

.230 nuis present in each case., Table 1, shows a comparison
between the intensity of this band end that shown by two
molecules of aniline. A value of 2.45 x 10™° was taken
for the dissocistion constant of the anilinium ion.

am* + H,0 = An + HO'

This compares with a value of 2.33 x 1072 at 25° end

I = 0,300, given by PEDERSENZ This should be independent
of ionic strength, However, slightly higher values have
been found in dilute solutionsT Column 5 gives the optical
density ealculated for a 1 x 10'"3 Mcler solution of
eniline in & 1mm cell at 220 mam using the values € aniline
= 8,600, £anilinium ion = O, The starred experiment was
carried out at zero ionic strength. The agreement between
the two final columns indicates that KH' does have e
similar dissociation constant to that of the zniliniunm

jon and must have only verr weak ultra-violet absorption
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in the region of 230 mu .

Table 1 @bsorption of the ketime hydrate compsred to that

of anjiline,

I =0.01, £, (Davies) = 0.903, Ketimine hydrate (3) 1 x 107> M.

Calc, 2 x Calce

pE 10°¢u* 108t 103[anl  o.D. 0.D. 0.D. obse
L,98 1.047 1.16 0.68 0.535 1.17 1.19
he72 1.9 1,91 0.56 0.482 0.95 0.98
4,26 5,50 6. 09 0.29 0.249 0. 50 0.52
3.63 23,44 26,00 0.086 0,074 0.15 0.25

It is thus practicelly impossible to distinguish
between aniline and the ketimine hydrate using the 230 mAL
peak, and no measure of the concentration of the ketimine
hydrate under various conditions of pH can be made.

The gbsorption of (6) in the region of 200 mu was
then investigated to see if any other high intensity
absorption bands were present in this area, (6) shows an
intense band, Pig.5b, 8t 205 mu (€= 10,000}, The ketimine
hydrate shows a similar band at 203 mﬁL,.Fig.Ba, illustrates
its behavié? with pH. Its conjugate acid KHY is expected
to show similar absorption to the snilinium ion in this
region. FPour species will absorb at 205 mjL AnH*,E = 7,000;
kit, €= 7,000; 4n,S = 2,000, The vslue for K is unknown.

A reasonsble value can, however, be calculated, thus at

pH 4.98, the opticasl density of & 1 x 1072 M. solution of (3)
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Extinctio:.
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(a) Ultre-violet sbsorption spectra of the ketimiue
hydrate (3) in ecetate buffers,

(b) Ultra=violet sbsorption spectrum of the ketimine
hydrate (6) in absolute alcohol.

(a) (®)
18000 } 18000} CH
1,0£.C. CH
_ \ | CHZ04 ' CO,CH
L NHZ
16000 16000}
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[ alcohol.
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8000 § 8000 ¢

b :
6000 } 6200 }
L00O Looo

5 pH 3063 8

3 p

Wavelength (mu) wavelength (o)

190 210 270 190 210 230
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in & 1 mm. cell is 1,70 at 205 mu, therefore, €(K) = 16,000,
Teble 2 shows observed and calculated optical densities at

various pH's.

Table 2 Qbserved snd calculated velues of the optical

density of the ketimine hydrste (3) at 205 m«t.

I = 0,01, f1 (pavies) = 0.903. 1 mm cells, Solution 1 x 10-3 Ma

pr 10 10°(mY] 10’ 10Pm*] o.p. .o

or{K] or{AnH'] cale. obs,
4,98 1,047 1.16 0.68 0. 32 1.7 1.7
he72 1,91 1.91 0.56 0. Lk 1.63  1.65
4,26 550 6.09 0.29 0. 74 1.52 1.50
3.63 23.44 26,0 0.09 0.91 1.35 1.25
2.12 759.0 841.0 - 1.00 1.4L40 1.36

The agreement is very good considering the assumptions
involved. It would be expected thet &(K) could be easily
obtained from meassurements st high pH, since only two
species would be present (an) esnd (K). The extinction
coefficient observed st 205 mu and pH 11,80 is around
15,700 giving a value of £(K) = 13,700 ( £ (4) = 2,000 at
205 m}L). However, at this pH an intense new band appears in
the spectrum at 273 mui , £= 17,800 . Pig.6 shows the
variation in intensity of this band with pH. The appearance
of this band sround pH 7.5 indicates thet the species
foraed probably pleve an iaportant part in the inhibition

of decarboxvlation a2t high pH's, since around pH 12, no
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New bsna appesring in the ultra
=violet ebsorption spectrua of
the ketimine hydrate (3) in alkaline solution (band st 273 qﬂ)

1 3000 pH 11,80
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decarboxylation occurs. The situation of the band at 273 ML o
suggests a structure of type (a)s Thus R-diethyl amino
ethyl trifluorocrotonate (b) has an absorption maximun

at 273 mu end € = 8,000 in water.w

HO

20.? = CH.COzEt CF3' C‘) = CH, COZE‘B

H (a) (b)  N~(CH),

These expériments indicate that s number of compounds may
oceur a8 intermediates in the aniline catalysed decarboxylation
of oxaloacetic acid. The ketimine and its aniline derivative
are probably intermediates in non-squeous solvents such

as aleohol, while the ketimine hydrete occurs in agueous

solution,

The Ketimine Equilibrie in Alcohol
The high intensity band at 321 mu in alcohol atiributed

to the ketimine (4), allows & simple measurement of the

equilibriunm,
(1) Ho C.CO.CH,.CO Rt & FlH, = Hozc.ﬁ.GHa.CozEt

:‘

g (k)

2

since neither aniline nor the ester (1) absorb in this
region. The final opticel densities of mixtures of ester (1)
and aniline at various aniline concentratione are shown

in Table 3. The ketimine band obeys Beer's Law within

ressonable limitse.



Table 3 Finsl ticsl densities of mixtures of est
and aniline at various eniline concentrations,

WﬂVGleﬁgth L!-QO m//' » 1 cme. cells,

. ; - " -

(a)[uozc.co.cﬁz.coam]z 0. 02, (B)[;zsmx3 0,C. c(on,wﬂ).cnacczut]
= 0.0H.
Finsl Optical %Dlaniline

(}Aniun{[ Optical Density [Ant1tne] Demsity  Dertvetive

0002 *012 e 1.12 . -

0.04 0.992 0.02 0.993 1.3

0.06  0.950 0.0l 0.954 14,8

0.10 0,860 0,08 0. 864 23,1

0001 0.60 - - -

In column (A), the finsl optical densities decreesse with
increasing aniline concentration, but agree perfectly with
those obtained by the addition of & corresponding smount
of aniline to the ketimine hydrate (column B.). This 18
attributed to the faet thst in the presence of excess

aniline en additionsl reaction can occur, '°

48 hes been previously shown, the dianiline derivative of
methyl ketomalonete (7) haes no sbsorption in this region
(420 m ), thus the final opticel densities decresse,



The percentage of dianiline derivative has been calculeted
using a value of £ (K¥) at 420 mpequal to 56. In agreement
with this, dimethylaniline which cannot give such & reaction,
has no effect on the final opticel densities. 0,08 dimethyl
aniline + 0.02 ketimine hydrate (3) gives an optical density
of 1.09,

| These experiments indicate that complete condensation
betwéen the keto acid and eniline takes place with the formation
of the ketimine.

Comparisfon of the rate of formation of the ketimine (K*)

and the rate of decarboxyletion of oxaloacetic secid in alcohol.

Although complete condensation occurs between sniline and
the ester (1) in alcohol, the reaction does not take place
instantaneously., Fig.7 shows the rate of formation of the
ketimine (K¥™) at different aniline concentrations given
by the optical density-time curves, The reaction is second order,
this is illustrated by dets at two aniline concentrations,
Teble L.

Oxaloacetic acid decarboxylates in alcohol, since
spectrophotometric measurements indicate that it is only
L5 % enolised under such conditions,Fig.8. Bnolic oxasloacetic
acid does not decarboxylate. Aniline rapidly catalyses the
decarboxylation of oxaloacetic acid in alcohol. Manometric
measurenents of the rate et high anilice concentrations

were made, These gave pseudo first order plots with
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Rate of ketimine formetion at various entline
concentrations, & Aniline O, 02, © Aniline 0,10
@ Aniline 0,01, Temperature 25° s 420 mu
Sster (1) 0,04,
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FIG 9

Pirst order nesnometric plots for the aniliue cetalysed
decsrboxylstion of oxsloscetic ecid in absslute sleohol
at 25°. Oxaloacetic ecid 0,02 M. Figures 1L brackets,
aniline concentratioLs,
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FIG 10

Rete of decarboxylation of oxaloscetie
ecid in elcohol st 250, for various
enlline concentrations. Oxaloscetic
acid 0,02 u. The uncatalvsed rate is
given by k = 8,63 x 10 5

10%°®
1

0 0.02 0.04 0.06 0,08 0.1

Aniline concentrastion,



FIG 11

CouperiSf%n of the rate of decarboxyletis>n of
oxaloacetic acid end the rete of formetioun of
the ketimi:e of ester (1) at 250. Aniline Q0,02
Oxaloacetic scid snd ester (1) '0.02 M,

@ Dccarboxyletion @ Ketimine formation
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respect to oxaloacetic scid, Fig.9. The first order rate
constants increased in an approximately linear manner

with aniline concentration, Fig.10. Accurate kinetic
information on the formation of the ketimine K* of

ester (1) is difficult to obtain, due to complications
arising from the disniline derivative, A direct comparison
between the manometric and spectrophotometric date is most
conveniently made by using the experimental half lifes - i,e,
a comperison of the times taken for half the ketimine to
form and half the oxaloacetic acid to decarboxylate., These
values are shown in Table 5., (It is expected that the rate
of formation of the ketimine of ester (1) will be very

gimilar to that for oxasloacetic acid),

Table 5 Comparison of the half lives of ketimine formation

of ester (1) and of decarboxylation of oxaloacetic

gcid in slecohol at 250.

Oxaloacetic acid 0,02M, Ester (1) 0,02M.
Half life Helf 1ife Ketimme
Aniline Decarboxyletion (mins,)  formation (mins,)
0,02 55 5¢5
0.0k 3¢3 3e 35
0.06 , 2.4 | 2.3

0.10 1.4 1.3



These values indicate that the rate of decarboxylation is
equal to the rate of ketimine formation. The rate controlling
step in alcohol is thus the formation of the ketimine, the
actual decarboxylation being very fast, Fig.11, shows =a
comparison of optical density readings for ketimine
formation of ester (1) and msnometric decarboxylation
readings for oxaloacetic acid, The initisl slow rste of
decarboxylation is probably due to mixing errors in the very
fast reaction. As would be expected solutions of oxaloacetic
ecid and aniline show only very slight sbsorption at h20 maL

in alcohol.

Decsrboxylation in agueous solution at 25°,

Measurements of the rate of decarboxylation of oxaloacetic
scid in aqueous solution were made at a number of different
pH's and aniline concentrations., Linear first order plots
with respect to oxsloacetic acid were obtained in every
case, Fig.12 shows a typical plot.
| The rate increased linearly with aniline concentration

and no evidence for a levelling in rate even at very high
aniline concentrations could be found. Fige13 illustrates data
for & number of pH's end aniline concentrations. These
experiments would appear to indicete that the resctive inter-
mediates are present in only very smell smounts,

Zach set of kinetic experiments was carried out at &

constant initisl pH in an acetate buffer, the oxaloacetic



FIG 12
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acetate buffer pH 536
Temperature 25, Aniline
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acid concentration being 0,02M, The rate constants were
evaluated from first order infinity plots and are quoted

in min™!

units using decedic logarithms.

The results obtained sre shown in Table 6, Some
experiments st low pH's were carried out in chloroacetate
buffers. Experiments in both acetate and chloroacetate
buffers st pH 3,6 indiceted thet in order to compare rates

rate Conglants n the
in acetate and chloroscetate buffers tthlatter must be
multiplied by a factor of 1.40.

A pH-Rete profile was obtained by plotting the slope of
the rate vs [éniliné curves against pH. The values shown on
the rate axis are equivelent to the rate coefficients for an
aniline concentration equsl to 0,40 Molar. & maximum is
observed around pH 4.0, Fig.1l4, the rate decreaesing rapidly
on either side of this value. 4n snslysis of PEDERSEN'§1data
shows & similar pH varistion.

Fig.15, shows & plot of some of PEDERSEN‘Sjruns et an
oxaloacetic acid concentration of 0.,015M, and 37°, in both
hydrochloric acid and acetate buffers., « and o, are the

degrees of dissocistion of the mono and dlanions of

oxaloacetic acid calculeted from equations (1) and (2).
of =k /B 8HR/ 1wk /e 8HT & kg ke, $HY 2 (1)

€y = Kk/EER%/ 1 4k £88R + kk/r,8H% 2
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Rate of decerboxyletion at verious aniline counce:utratiors
(An + Ars*), Oxeloacetic acid 0.0, Tempersture 25°,

Acetete buffer. =;-pH 3.94, @ PH 4.4O, @ PH 4.90,
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Table 6 Anjline catalysed decarboxvlation of oxaloacetic

acid at 250.

8 molaer acetic acid, b molar sodium acetste, ¢ molar

aniline hydrochloride.

a

0.1012
0.0884L
0.0842
0.0750
0.0167
0.0500

0.400
0.400
0.400
0. 400

1.140
1.140
1.140

1.950
1.950
1.950
1.950

2,000
2,000
2,000
2.000

]

0. 300
0.300
0. 300
0. 300
0. 300
0. 300

0. 300
0. 300
0. 300
0. 300

0. 300
0. 300
0. 300
0.300

0.300
0. 300
0. 300
0. 300

0. 300
0. 300
0. 300
0,300

£
0.020

0,050
0.060

0,080

0.100
0.100

06020
0.040
0,060
0.080

0,020
0.040
0.060
0.080

0,020
0. 040
0.060
0.080

0,020
0,040
0.060
0,080

Oxaloacetic ascid 0,02M, I = 0,300

10

2" min”
4,60
11.60
12.7
18,30
10,86
7.00

5.7
12,0
18.8
22,4

8.0
13.8
20.2
26.0

7.01
13.98
18,80

- 27.0

6.40
12,60
18.50
24,00

1

pH (measured)

L.91
L.89
L.90
L4.90
5e 36
5. 58

ho L2
4o 140
L.l4o
he Ly

30 9)4
3494
3¢9L
3.94

3. 76
3. 76
3. 76
3. 76

34 60
3460
3. 60
3460



FIG 14

pH-Rete profile calculsted from date in tseble 6.
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Table 6 Anjiline catalysed decarboxylation of oxsloacetic
acid at 25°, |

Chloroacetate buffers: g molar chloroacetic acid,

b moler sodium hydroxide, ¢ molar aniline hydrochloride

a b < 102" min~! o 1,40 x 10%* nin™!
0. 200 0.196 0.040 9.0 3460 12,60
0,200 0,180 0,040 6.6 3,28 9.2l
0.200 0,170 0,040 5.8 3410 8.12

kﬁ and k2 are the thermodynamic ionisation constants of
oxeloscetic acid. At 37° these hsve the values 3.55 x 1072 .
and 4,38 x 10'5 respectively. £H+§is the hydrogen ion activity

and f1 end £, the activity coefficients of univelent and

2
bivalent ions obtained from the Davies equation.

Only very slight catalysis occurs at pH 1. Table 7
gives PEDERSEN'Sﬂdata at 37°, the rate increases linearly
with aniline concentration. This effect is not due to general
base catalysis since dimethylaniline, which has almost the
same basic strength, does not cetelyse the reaction,Table 8,
Aniline can form a ketimine hydrste with oxaloacetic acidj;
this cannot occur with dimethylaniline. At higher pH's
PEDERSEﬂHused only very low aniline concentrations; however,
further experiments have shown thet curve C, Fig.15, shows
no levelling at aniline concentrations up to 0.08M.

1

PEDERSEN attributed the pH variation of the catalysis

to the decomposition of the mono and dianion complexes of




o

oxaloacetic ascid and aniline, Complexes involving the
-undissociated ecid having little effect except in very

acid solutionse.

Table 7 Aniline catalvsed decarboxylation of aloacetlc

acid at 37° after Pedersen,
Oxaloacetiec acid 0,015 Ms I = 0,300

Aniline HC1 HC1 107" min™!
- 0.100 0.568
. 0,01 ~ 0.100 0.926
0.02 04 00 1.272
0.05 0,100 2,314
0.10 0.100 Le 205

Teble 8 Dimethylaniline castalysed decarboxylstion of

gxaloscetic scid at 25°,
Oxaloacetic aecid 0,02 Me I = 0,100 »

Dimethyl=- : 3% L
aniline HCl HC1 10-k min
- 0,100 0.096
0.093 0.100 0.098

In solutions containing hydrochloric acid, agreement with
the experimental results could be obtasined using the equations

(at 37°).




Qg}

103 x_ = 0.176 + 1.19 [Ans*]

o
10% &, = 6.47 + 4o [An*] + 260 [anu*] 2
107 k, = 1.81 + 38,400 [anH*] + 55,000 [unk*] 2

where ko’ kﬁ and ka are the rate constants for the undissociated
aeld andlits mono and disnions respectively. AnH' 18 the
enilinium ion., The catalytic effeet of aniline on the disesnion
would appear to be enormous,

Unfortunately however, these equations do not apply
in ecetate buffers, the calculeted rate constants being
64~93 % too highe. In this case rate constants may be calculsted

using the equations,

i

10° ky = 647 + Lol x 10 anu*]

10° ¥

5 = 181 + (16,4 + .8 (ac™]) 107 [ami*]

It is interesting that EAanla terms are not required in acetate
buffers. This is probaebly due to the fact that in acetate
buffers the scid is highly ionised, The ketimine hydrste (3)
was isolated in aqueous solution as its aniline salt,
indicating that & secondary catalytic effect may occur by
ionisation of the carboxyl groups by the aniline.

Alternatively however, the pH variation may be due
to the pH dependence of the sniline-oxaloacetic acid
equilibrium. Almost certainly the reactive intermediate in
squeous solution is o derivative of the ketimine hydrate (1)

produced by en eddition reaction of aniline and oxaloacetic



(103)

acid.
o8
HO,CoC,CH,CO
2 202
]
‘  NHY | %\\s
o A - «
HO, .?.cﬂg.cozn 1[ oac.clz.cﬂz.coz
NHY NHg

OH

(a) \ EOC.é.cazcozﬁ / (e)

NHgZ

(B)

Presumably this type of addition reaction should not be pH
dependent., The formation of the ketimine, involving the

elimination of water would be pH dependent and it is well
known that ketimines are hydrolysed in acid solution.
Unfortunately it is not easy to measure the concentration
of the reactive intermediates in solution at various pH's.
The differences in rates of decarboxylation, arising from
the carboxyl groups represented in the above scheme, have
been demonstrated previouslyizln the ketimine hydrates
the proton ionisation equilibria st the nitrogen atom

nust also be considered.

Potentiometric Measurements

Previous experiments using the half ester of oxaloacetic

acid have shown that the intermediate in water is the



ketimine hydrete. In agreement with this, no yellow
colourations expected from the ketimine were observed
during the kinetic measurements,

Bj analogy to metal ion catalysed decarboxyletion,
the reactive compound is the conjugate scid of the ketimine

hydrate (D). A possible reaction scheme being,

“0.C.C =
N\ ‘70 02 : CH2

-0 C.C "CH "-'C e~ -0 COGOCH
Wt
Ho NH, § + gH, + CO,

(D)

Spectrophotometric measurements on the anilinium salt of
the ketimine hydreste (3) indicate that its conjugate acid
has a similer dissociation constant to the anilinium ion.
In agueous solution the ionisation equilibria df the aniline

salt ean be represented by

AmE* = an + HY K, = [an)(#*]/ [amn*] (1)

<

PEDERSEN gives a value for K, at I = 0,300 and 25° of
2.3% x 102, and |

pyou* =HYD + BY  ;  x, = [Ew|(EY]/[Ew0E*]  (2)
where HYD and HYDH' are the species (a) and (b) respectively.

'OH OH
- - ‘

i 3 + .

Hng () wNg  (b)



(f,;u.r:,‘x
v

The carboxyl group will be completely ionised, within the
pH range (L4-L.8) used for the calculations; since it must
be at lemst as strong ss in oxaloacetic acid (2.8 x 10'3),
this gives 1 % of unionised acid at pH 4,0 and I = 0,300,

- In the presence of hydrochloric acid, we obtain the

equations,
Total hydrate = [HYD] + [HYDHY] = [an) + [AzmH*] (3)
Totel ecid = [HYp] + [EYoE'] « [Hel] (L)
= [nyor*] « (BY] + [am*]
From (L) [HYD] + (eI} = [®Y] + [aum'] (5)

From (1) and (3) [an) and [aoHY) can be obtained,
and hence from (5) snd (3) [HYD] end (HYDH?]
end thus X, = vo][H*] / [Hyont]

Potentiometric titrations using hydrochloric acid were
carried out at I = 0,300 snd 24.6° (comparable conditions
to the kinetic runs), Table 9 shows a typical set of values
for KZ' The hydrogen ion activity was obteiuned directly
from the observed pH and converted to the hydrogen ion
concentration using a value of f1 the activity coefficlent
of & univaelent ion, equal to 0.713, obtained at I = 0,300

from the Davies equation,

1 1
- log £; = 0.5 z;(I%/ 1 + I% = 0.2I)
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An sverage value of 2.21 x 1072 1s obtsine: for the dissociation

constant X, at I = 0,300, As expected from spectrophotometric

2
measurements this 1s almost identical to the value of

2.33 x ‘IO"5 obtained for the dissociation constant of the
enilinium ion at a similar ionile strengthj The slight drift
in K2 is probably due to the presence of small amounts of
impurities in the hydrate. Titration with sodium hydroxide
Fig.16, muggests a purity of around 95 %, however, this may
be due to the relative insolubility of the compound. The
potentiometric titration with hydrochloric scid is shown in

Fig.17. A very slight inflexion around one equivalent 1s

noted., The potentiomeiric titrations were completely reproducible.

Correction of the pH-rate profile

Major discrepasncies in the calculated prates of decarboxylation

were found by PEBERSEijetween strongly acid solutions and
those containing acetate buffers, It is expected that the
dissociation constant of the ketimine hydrate of oxaloacetic
acid will be similar to the value of 2,21 x 107 found for
1ts half ester at 25° and I = 0,300. The reactive intermediste
is almost certainly the compound (c), (d) will be much less

reactive, due to the absence of a charge on the nitrogen atom.

" K, (20 ¥ (1)
OZC.C:.CHZ.CO2 r— 020.?.QH2.002 + H (6)
*Hzmﬂ HN-@

(e) (a)



Ionisetion of the proton from (e¢) will begin to take place
around pH L4 (i.,e. at the meximum of the pH-rate profile)

if K, 18 2.21 x 107,

| If (d) is reletively inactive, @& corrected curve of
rate ve pH can be obtained by dividing the rete coefficients
at various pH's and 0.10 M, sniline by the percentage of (c)

present, calculated from K, = 2,21 x 10'5. This is equivalent

2
to calculating the rate constants if dissociation according
to equation (6) daid not take place. The values obtained are

shown in Table 10 and sre illustrated in Fig.18.

Table 10 Correction of the pH-rate profile for ionisation
by (c). £ D.713 I 0.300,

10M x
pi  10°fEY  102[u*] (HvoY|uvomt] % mwoHY  10% % HYoH©

3.10 79.43 111,40 0.0198 98,0 20.3 20.7
3.30 50,12 70429 0.0314 97.0 2345 2L, 2
3,50 31,62 Lle 35 0.,0498 95. 3 29.0 30.4
3,60 25,12 35423 0.0627 9.1 31.5 3365
3,80 15.85 22,23 0. 0994 91,0 3504 3849
3,95 14.20 15.74 0.140 87.7 36,0 b1.0
Le20 6.3 8.85 0.25 80.0 3347 L2,1
Loe4O 3,98 5458 0.40 71.4 30,0 44,0
L,80 1.59 2.23 0.99 50, 3 23,5 L6.7
Le90 1,26 1.77 1.25 L. 5 22,2 49.9
5.36  OJLl 0.62 3456 21.9 10.9 L9.8

50 58 Oo 26 OC 36 601)4 11400 7.0 50.0
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FIG 17
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Corredtion of the pH-Rate profile,.
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(¢) is represented by HYDH' and (4) by HYD. In the pH range
449-5.6, the ratio Rate/’ HYDH' is constant. In this area the

ketimine hydrate shiould be present as the dianion since the
carboxyl groups of the hydrate should be at least as acidic
as those of oxaloacetic acid. The thermodynamic ionisation

constants st 25° being k, = 2,79 x 1077 and k, = 427 x 1072,

2
This gives values of «, = 0,08 and %; = 0,92 at pH 5.0, The
linear portion of the graph crosses the pH axis at around 2,
where «, = 0,003 and «, = 0,28 i.e. where ionisation of
carboxyl group (1) is just taking place. Thec dissociation
constant of the half ester HO,C,C0.CH,.CO Bt is 1.9 x 107>
(Part 1) sinilar to the first dissociation constant of
oxaloacetic acid indicating that carboxyl group (2) is by
far the stronger,

The kinetically active speclies is thus almost certainly
(,D), the complexes of the undissociated ecid and the monoanion

B being relatively stable. The fall in reactivity in acetate
buffers is due to ionisation asccording to equilibrium (6)e
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Enzymatic Decarboxylation,

The fact that a number of 3 -keto acids are catalytically
decarboxylated by metal ion activated enzymes suggests that
metal ion and amine catelysis bear some similarity to
enzymatic catalysis.

A number of enzymes are known to catalyse the decarboxylatio:
of oxaloacetic acid:gln every case a divalent metal ion is
required for activity. Thus MEHLER“partially purified the
enzyme from M. lysodeikticus. The enzyme was quite inactive
in the ebsence of metallic cations, but was asctivated by

Mn2+, M32+, Cd2+, Coa+ and Ni2+. Mn2+ was the most effective
cation, Such catalysis appears to involve an equilibrium of

the type,
Protein + Mt = Enzyme

It is interesting to note that no metal ion activation is
required for the enzymatic decarboxylation of acetoacetic

ac1d§ The decarboxylation of this ascid is not cetalysed by

metal ionsf but is by amine;. This suggests that the fundamental
catalytic activity of the enzyme is supplied by the metal ion,
which is bound to both the protein and to the substrate,.

The ususl expression for sn enzymstic reaction is
E+ST=ES<TEP SE + P

where B, is the enzyme, S the substrate and P the products.

In the last step the enzyme nmust release the products and so



cannot bind the substrate too firmly, since it would also
bind the product, and the rcaction would slow down.

The tremendous reactivity of the aniline ketimine of
oxealoacetic acid suggests that a free amino group of the
protein condenses with the carbonyl of the keto aeid, the
metal ion binding the protein and the substrate as in either
(a) or ().

fe) ‘
0, JOHy 0 W CHy\ 0
/ i ° /) °
O i O *N g 7/' 77 7/ 7/ 7
\\wa \\bq///
i CARBOAYLASE / CARBORXLASE
PrerEin (o) 7 ProteEN (b)

In structure (a) the metal ion would act primarily to bring
the substrete and the amino group of the protein into the
correct stereochemical configuration., In structure (b) which
would be 1nten§ly reactive, the metal ioun would also act as
a catalyst by withdrawing electrons from the reaction centre,
The metal ion may of course be involved in both funetions.
Recently EICHHORN and TRACHTENBERG?have found that

ketimines are easily hydrolysed if made pert of a chelaté

ring as in equetion (1).
(1)

CH;— CH,, '
+'/ 2 2\+ !
~CH=N- N = CH- - 2 cHo + MNH_.(CH,),.NH
\\\\\ //// 2 272 2
Cu

S S S

This iundicates that the metal ion may also play & role in




(VTR

removing the protein from the substrate after decarboxylation
‘hes taken place by catalysing the hydrolvsis of the ketimine
bond « This would then allow the reaction to continue,

PFEIFFERqstudied the copper and nickel chelates of
ketimines formed from salicylaldehyde and esters of optically
sctive d -amino acids, which were shown to undergo rapild
racemisation and oxidative deamination,

The racemisation and deaminetion are understandable in

terms of the prototropic tautomerism of these ketimine systems ,

H H O H H O
i T base i i u
R~C=N~-C~ G—OR! t——* R-C—-N=C—C—OR'
\ {
H H

hydrolysis of the new tautomer will now leed to transamination,

H H © N H
i [ H \
R~C~N=C—C—OR' % HQO > R--—C—-NH2 + O =CH.QOOR"'
i i
H H

Both the teutomerism and the hydrolysis will be catalysed by

. {o
metal ions, SNELL et al, have shown how metal ions and ketimines

may be involved in the pyridoxel (vitamin B6) catalysed

decarboxylation and transamination of < -amino acids. EICHHORN

[ 12
and DAWESi and ROTHBLERG and STHINBERG heve given confirmatory

evidence as to the mechanism, The transamination of glutaric

gcid is illustrated in Fig.i.
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LANGENBEGKBcarried out extensive studies on carboxylase models
end found that in non~aqueous media a number of smlnes were
able to catalyse the decarboxylation of < =keto acids. He
proposed the following scheme to explain the mechanism of

asction of the amines,

X-NH, + R-C0.COH !
co, < R=C.CO
1
X-N
+ R~C0.CO,H ,
R=CH=N-X > R.CHO

d



He predicted that when the prosthetic group of carboxylase
were known it would be found to be an smine., His prediction
was fulfilled when diphosphothiamine, which possesses a
primary amino group was isolated,

In recent years a great deal of effort has been directed
tb'discovering the mechanism of the enzymatic decarboxylation
of pyruvic acid. Thiesmine (41a) in the form of its pyrophosphate
cocarboxylase (1b) is the coenzyme for & number of important
biochemicel reesctions, including the decarboxylation of

pyruvic acid to acetaldehyde,

1’1 (15) R=H
cHi\\N

N

i l (1p418) R,= P(0)0B(0)oH
J\ /\(_u. CHZQR X = FLO)UXr\Ljun

Chy < | OH OH

Several suggestions as to the possible role of thiamine in
facilitating these reactions have been made, The early ‘
proposels of LANGENBECKn%ased on model systems using simple
primary amine catalysts would involve condensation of the
amino group of thiamine with the carbonyl of the keto acid
to form a ketimine (2),

CH3-ﬁ 002H CHSﬁH

N ”_%> “+ COz

|/Q§T C?;;. N//L\\//CH

the latter compound hydrolysing to the free acid and



regenerating thiamine, However thisamine fails to react under
conditions where other primary amines are asctive. Much evidence
has accumulated to show that the amino group of diphosphothiamine
is very unreactive. Thus STERN and MELNICK'}ound that it could
not be acetylated with ketene and reacted only very sluggishly

with nitrous acid. Presumably this is due to resonsance

Hy %Hz
SRS

and the amino group would not be expected to form a ketimine

contributions,

directly. A minor objection to the LANGENBECK proposal is
that 1t suggests no role for the thiazole ring of thiamine
which is perhaps the most unusual feature of the molecule,

VALENTA and VJIESHER'%uggested that thiasmine forms a
ketimine with pyruvic ecid as in LANGENBECK'S scheme and that
this tautomerises via an ylid of type (3).

CH.,.C.CO_ H
32
N -
| CH CH
R - (3)

This mechanism also involves condensation of an unresctive

amino group of thiamine, but does suggest a role for the

thiazole portion of the molecule in helping to stabilise the



ylide Moreover a very similar type of tautomerism is likely
for many of LA GEWBRECK'S catalysts, such as the 3~amino
oxindoles, although tautomerism cannot explain all of his
cases (e.g. catalysis by aniline),
BRESLOW‘;irst made the rather amazing observation
that the hydrogen atom in the 2 posiiion of the thiazole
ring could ionise; this wes demonstrated by deuterium exchange
and has since been confirmed by WESTHEIMERLjBRESLOWI;dvanced
the mechanism in Fig.2 for the thismine catalysed decarboxylation

of pyruvic acid.

Mg.2
Nity CHg _CHip CH,OH Ny CHy, /CNZCMIOH
+/=] + ==
_ (ad 3
N oty N - NJ G ] o ut
I\ N5 < [ N
N , A, -
CH3 N (Ll-) cu3 N
CHy Ce.ConH
CH . CH
N"‘z \3 /C H‘z (.l-\20H Ny, . 3 y, CHyC H'] OH
e CH, —nf | CHo ~W,
i «— N N S
JLN/ o /L§ Chy €L~

C

i ._‘_/‘._..
N\ Ciiy —N
T l > %r—g — (Li) -+ CH4. CtHo
AN\ . . O
CRS\N uﬁ? oH
: H

[}
WESTHEIMER, FRY and INGRAM have disproved the possibility of



{115,

the ylid (3) occu%&ng in model systems involving thismine,
Recently DE TAR and WESTHEIMERl%ave studied the enzymatic
decarboxylation of pyruvete by yeast carboxylese in the
presence of tritisted water,and found that BRESLOW%
mechanism for the model thiamine catalysed decarboxylstion
also appears to occur in the enzymatic reaction,

These examples show the importance of model systems
in the study of enzymatic catalysis, however, as in the case
of pyruvic acid, care must be exercised in applyihg the

results obtained frdm model systems to the enzymatic reaction.
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