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ABSTRACT

Previous siudies on the mechanism of therm2l decarboxyla-
tion of molonic acids are critically revieved and the results
discussed in relation to similar reactions ¢f moncobesic and

/3-keto acids. Also recent develooments in the mechanism of

aliphatic_ester hydrolysis are reviewed with a particular

emphssis on the speciszl problems of malonate esters such as
charge interaction 2nd neighbouvring group effects,
The experimental studies h&éve concerned the decsrvcxylatior

of halozenated m=lenic cecids under & wide range of conditions.,
It is Founrnd that both the relecular =acid ond the monoanion of
dichloro- =nd dibromomslenic 2e¢id readily deceruvoxylate, wherees

the difluoro derivative iz steoble. This striking difference doet

[E8
(4}

not core from differences in intremclecular intersciion, Lut
probably associsied with the sz2cisl structvre of the moleculer
difluoromalonic zcid., The acid dissociztion cerstents fer thise

halogensted acids have alsp bz2en melfsured.

correszonding helf sstsr occurz very repidlry 2t room temperaiils



for the p-nitrophenyl esters of 2,2~di2lkyl-

substituted m>lonic acids under conditions where both hydrozide

. B

ion and nucleophilic catalysis are important, =nd for the ethyl
esters of dibromo and dichloroethyl-melonates in alkaline
agueous ethanol. No definitive evidence for intramolecular

catalysed hydrolysis was observed in any of these reactions.
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PART 1

Decarboxylation of Malonic Acids




Chavter T

Introduction

For more than one hundred yesrs the decarboxylztion of
carboxylic acids has been a2 subject of interest to chemists,
Their interest was due to the extreme impvortance of the reaction
from biological point of view, as well as due to the importance
which %this reaction hss in preperative organic éhémistry. _Recent
studies, however, have been orientated more towards the mechanism
of the reaction 2nd in spite of meny attempts to solve the
problem there are many conflicting observations requiring further
investigation. ’

Loperently, there are several mechanistié pathways for
decarboxylétion depending upon the type of reacting species as
well 2s the reaction conditions. The most general classification
is probably the one based on molecularitynaf the reaction, since
it has been shown that both unimolecular and bimolecular pro-
cesses can occuf. Malonic acids usually decarboxylate via the
unimolecular process under thermal conditions and accordingly
this introduction is concerned mainly with this type of reaction.

However, & very brief survey of the bimolecular reaction is also

given.



Bimolecular Mechanism.

The first suggestion for a bimoleculer carboxylic acid
decarboxylation mecnanism came from Schenkel and Schenkel-

Rudin in 1948 (equation I ~ 1)

@ @

H® + RCOOH — RH + C0, + H (eq. I-1)
in order to explain the very ready decarboxylation of anthracene-
g-czrboxylic acid in acidic (sulphuric or dichloroacetic acids)
rather than in basic solvents. Other acids_fhought to decar-
boxylate similarly were ortho and pars-hydroxybenzoic acids(2).
Yet, it was not really known whether an undissociated acid or
the corresponding anion was the reacting species. Schubert and
Gardner(s) me asured the rate of decarboxylation of 2,4,6-tri-
hydréxybenZOic acid in a wide range of aqueous perchloric acid
concentrations. On the bases of these measurements the most
probable pathway was thought to be a rate determining proton

attack on the C1—carbon atom of the carboxylate ion: (equation

I-2).

COCH
&-—
fast
. products

(eo. I - 2)




Llternatively, the undissociated acid could have decarbozylated.
unimoleculerly. The pessibility of a2 unimoleculer decomposition
of L-substituted salicylic acids Weé lzter excluded by Willis(u’s)
measurerents which showed the rate constant to be increased by
electron-releasing U-substituents and the existence of a Hammet
relationship when 6*t perameters were used. Recent studies have
shown thai ;imiler bimolecular processes also épply to the
decarboxylation of anthranilic(6), salicylic(7) and p-amino-
benzoic acids(s).

. An interestinz variation of the bimolecular decarboxylation
mechanism occurs in the reaction of mesitoic acid(9>’(1o) in
concentrated agueous sulphuric acid. Decefﬁoxylation proceeds in
the solutions less than 80%§H28Q4 according to the proposed

mechsnism (equation I - 3)

Hea H—O
H ®) H :
+ P
Me Me @) Me e I l '®) Me e
€-—-.
Me Me Me
H
Me e

Hzo + CO2 +

Me {ee 1-3)
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At higher acidity, however, the formation ¢f a stakle acyl

cation (X) was observed (equation I - L) spectrophotometrically.

@
H O H.O O ®
QC// 2 \C// C:O
o Hy G Ma Me
«— —
Ma
e v yay
Me
CO +
(eq. I =14)
Me :

Recent N,M.R., studies of a series of carboxylic acids have con-
firmed the existence of acyl cationic species in highly concen-
trated sulphuric acid solutions(11). This evidence seems to
suggest that bimolecular acid-catalysed decarboxylation occurs
only.in more dilute acidic media and may be replaced by a de-
carbonylation mechanism at high acidities.

There is much evidence in the literature to support the
operation of most of the above reactions, particularly for aro-
matic acids. As this evidence is well documenteq in several
recent revieWS(iz)’ (13), (14) the historical aspects of the so-
called spontaneous (unimolecular) decarboxylation will be con-

sidered in detail, since this was the main subject of the present

investigation.



Unimolecular Mechanism

. It has been established experimentally that many carboxylic

acids undergo spontaneous or thermal decarboxylation under suit-

able conditions: (eguation I - 5)

R-CCOH -2 RH + 0O, (eq. I - 5)

Three general classes of acids can be identified in this respect,
(a) Some d ~-substituted aliphatic monocarboxylic acids
containing strongly electron-withdrawing groups, or
honocarboxylic acids which form zwitterions very

readily.

(b) p-keto and A- ¥ -unsaturated-monocarbvoxylic acids,

and,

(¢) dicarboxylic acids.

The form of the acid undergoing decarboxyletion is not
the same in each case and depends upon the relative value of the
activation energy for the undissociated 2cid, monoanion or
zwitterion; the most recctive one, of course, being the species

with the lowiest value for the energy of activation.
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(a) VMonocsrboxylic Acids

The problem of whether the undissociated acid or the
corresponding anion decarboxylates in the case of o -halo-
acetic acids was a matter of interest to many scientists more
than thirty years ago. However, evidence such as an egual
activetion energy for both the sodium salt and the undissociated
acid(15)’(16)’(17), a rate of decarboxylation about 107 times
sloﬁer when toluene (non-ionizing) was the solvent(15)’(17), and
in solvenis where ionization wes not favoured (like ethyl alcoholz
a rate of decarboxylation proportional to the amount of added

(18)

base , all supported the assumption that the reactive species

was the enion of the halo-acid, i.e. (eqguation I -6)

. e slow e
X3C cco —_—> XBC + €0,

K,0 fast

2

(<]
X,CH + OH (ege I - 6)

3

Similar behaviowr for 2,4,6-trinitrobenzoic acid was
observed by Verhoek(19). The rate of reaction in absolute
ethsnol was proportional to the amount of the base 2dded to

the solution (equation I ~ 7):
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COOH coo®
O,N O, O,N O, O,N NO,
+B Slow
== pf —
fast
O,N O,
(eq. I-7 )
NO,

Unimolecular thermal decomposition of the énionic form
0of d -nitro~acids was also ovserved by Pedersen(zo)’ (21).
Since o -nitroisobutyric acid reacted at a similar rate to
od-nitroacetic acid snd the rate of bromine uptake was eqgual to
the rate of decarboxylation of the latter, he proposed the

mechenism to be

0

~

optHycl 2%, on—ocHy + CO,
Oe

2
J/ fagt

CH3NO, (eg. I - 8)

A£11 the monobasgic scids known to undergo decarboxylation in the
enionic form have strong electron~Withdrawing o -substituents,

which presumable stabilise formation of the corresponding

carbenion(12),
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However, several heterolytic & -imino-acidgs 1like
vicolinic, cuinaldic, igoquinaldic, thiazole-2~carboxylic, or
2~thiazoly 1acetlc(1)’ (22),(23) acid are kno¥n to be stable in
their anionic form, but to decarboxylate vnimolecularly in
roderately scidic media. Since the methyl betaine of quinaldic
acid decarboxylates very easily(zz) it was concluded that guin-
aldic scid itself decarboxylates as a zwitterion (equation I -~ 9)
and .the undissociated acid was assumed to be a stable species,

The same explanation must apply to the other d-imino acids,

,, O + COZ (eqs I - 9)

with the positive charge in thc zwitterion structure acting 2s a

0*/ \\

povwerful electren-attracting group.

(b) B-keto Carboxylic and Unsaturated Ad ds
7

Early investigations cn the rate of keto-acid decerboxyle-
tion had established stability of &~ and «- isomers and
I
irgtability of the /3 ~-keto cerboxylic a01ds(2*). This suggested

Ao
tha

decerboxylation wes somehow related to keto-enol tesutomerisa-

[

c‘-

ion (equation I ~ 10). Investigations of scetozcetic 2cid by

PO
Regray el = wg = ol a
' 0

OH .. :
0
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Engfeld s hlumark( 7), Euler( ) and Ljunggren(zn
snowed both “he neutral ocid tnd the anion were unstsble, and that
emines cetalysed the reaction, but they gave no information of the
nature (i.e. keto or enol) of the rcactive speciés. FHowever,

. P N . : . - (2kh)
invesiications on «, &« —dimethylaceteoacetic acid*™"/ and a-

(30)

bremocamzhorcarboxylic acid , Which cannot enolise, proved the
& ? &

keto form to be the unstable one. Also, the rate of Br2 or I,
2 . .
uptake(“T)’ (31) which was equel to the rate of decarboxylation

of both acetoacetic and o, o -dimethylacetoacetic acids was
the indication that the enol~-form intermediate was formed after
the 002 clecvace,

On the bases of the experimental evidence available at the

time, Pedersen(z1> proposed the following méchepism for the

decarboxylation of a /3-keto acid (equetion I - 11):

i ©
CHTC<CH3%FCOOH — CH3ﬁ(CH3EQCOO 5 CH3? =:c(CH3)2 + CO

Il 2
0 oOH OH
H® Bp
(1) (11) j 2
CHBW.CH(CHB)Z CHjﬁ CBr(CH3)2
0

(egs I - 13)

Zwitterion (ii) . formation wes believed to occur because of the

weak basicity of the keto group., Once it is Tormed, Pedersen
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argued, positive charge of the species should make it more
reactive than the normal undissociated acid or the corresponding
anion. Finally, formation of an enol-intermediate (iii) was
detected spectrophotometrically by Steinberg and Westheimer(SZ)
during decarboxylation of dimethyl oxaloacetic acid in dilute

agueous solution (equation I - 12) (without buffer species

0 _ 1°
Hooc.lcl;(CHS)ZQCOO —_ HOOCC—C(CHB) 2 + CO, > HOOCﬁCH(CHS)Z
0 s e . O
(iit) (eqse I - 12)

present in the solution, the enol-form is relatively stable) .
Since the separation of charge is neéessary for the forma-
tion of a zwitterion, the rate of decarboxylation should depend
upon polarity of the solvent, if it occurs via the mechanism
proposed by Pedersen. However, experimenis by Westheimer and
Joneé(33) on dimethylacetoacetic acid decé;boxylation in several
solvents of diftrerent dielectric constant, showed no change in
the rate of reaction. Therefore, an intermediate (iv) of a
minimum polarity was suggested, actually a six-membered hydrogen

bonded structure, which was in agreement

H3C, /CH3
\\er‘ with 211 the experimental data, particularly
H3C€iﬁ// \\T::O with the formation of an enol product.
SO,

i

(iv)
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Cryoscopic measurements in solvent benzene(3u) on.
benzoylecetic, p-anisoylacetic and p-chlorobenzoylLacetic acids
indicated the existence of monomers of all of the three acids,
presumably in an unionised chelated form, the one which was
accented as the active torm for decarboxylation. Moreover, the
inrluence of a substituent (2) on the primary isotope effect

(kH/kD) for several substituted benzoyiacetic
(34) (35)

acids in solvent benzene Wag

/g\c—o

C;\ / expleined most satisfactorily in terms of

oroton transfer in a similar cyclic trans-

é oHy Z ition state (v).
(v)

Summarising available data for the decarboxylation of
cx,/e-— and /37 5~ ~unsaturated carboxylic acids up tili 7950
Arnold, Elmer and Dodson(3 ) sugrested two possible pathways for

the reaction to occur ( (&) and (b) in equation I - 13):

R-CH,~CH = GE-CCOH R~CH = 0H~c|m2
=0
(a)
/ (b)
R-CH2~CH = CH, + C0p (eqe I - 13)

Both would give rise to the formation of the sa2me product, i.e.
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an olefin with the terminal double bond. Pathway (a) is similar
to the one accepted for cinnamic ecid decarboxylation(37) (i.e.
acad catalysed formation of a carbonium ion which then spon-
taneously collapses to give the product)., Pathway (b) assumes
isomerisation of oﬂ,/g-—into /3 > —unsaturated carboxylic acid
(as a reversible process) which then decarboxylates via cyclic
trensition state. Therefore, (b) resembles the mechanism
accépted for the decarboxylation of ,3 —keto carboxylic acids,.

In order to decide between these alternative mechanisms Arnold,
Zlmer and Dodson examined several model reactions. Firstly, they
showed that 2,2-dimethylbutene~3-oic acid a /3, yF—unszturated
acid, which cannot isomerise into the « ,/$-isomer by a simple
prototropic shift, underwent ready decarboxylation to give only

one product (equation I - 14). Secondly, c(,/?r—unsaturated

A G

CH, == CH-C~-COOH —— CH3—CH = c\ _ (eqe I -~ 1)
CH
CHy 3

acids, such as Y,4-dimethylpenten-2-oic acid which cannot
isomerige, do not decompose even at very high temperatures,
These results clearly support mechanism (v), where the cz,/g._
and /3 , > —isomers were in eguilibrium and the latter was

unstable. & more systematic study by Bigley(sg) provided
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Tor
convincing proof¥this mechanism for decarboxylation of /B F—
unsaturated acids. In accord with the mechanism (equation I -

15) Bigley found: 1) the formation of a terminal olefin (if R' =

Rl ’ \
| Yo
- (VT — (1 _— <
R CH2 CH = C-COQH < q (CH—RI
\~N
°
0

R-CH,~CH = CHR' +. GO, (eq. T - 15)
H) in spite of the higher thermodynamic stability of an internal
olefin; 2) formation of trans-olefins (when R' = alkyl) rather
than cis isomers; 3) transfer of deuterium from the carboxyl
group to the ¥ —carbon atom; and L) negative values for the
entropy of activation. Further investigations(sg)’(uo)’(uj),
however, have revealed additional observations which necessitate
slight modifications to the proposed mechanism. Briefly, these
show the rate of reaction in the gas-phase is the same as in the
liguid-phase; «, /3 and & substituents all affect the rate of

reaction, particularly the /fb—substituent; and the existence of

both carbon-14 and primary hydrogen isotope effeéts (kH/kD).

h‘/ A1l of them support the idea of a multicentre
//C—“"-H\\ trensition state (vi) where bond-making and
TT¥Q§¢ ¢7O bond-breaking process in s six-membered ring
%'{—Tq\o" “pave en equal importance and occeur Synchronousl
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(¢) Dicarboxylic Acids

Early kinetic investigation on the decarboxylation of
both mono-~ znd di-substituted meslonic acids(uzl(MB)’(uu),
including unsubstituted malonic acid itself, established the
first-~order dependence between the reaction rate and the sub-
strate concentration. The product of the reaction wes always

carbon dioxide and the corresponding monocarboxylic acid

(equation I - 16):

ch(GOOH)2—> X,CHCCOH  + CO, (eq. I =16)
Of the three species of malonic ecia‘(i.e. undissociated
ecid, monoanion and didnion) only the first two were found to be
unsteble, whereas the dianion did not decarboxylate even after
L8 hours at 12500(16). Fairlough(]6) measured the rate of
decarboxyletion of the sodium hydrogen malonate at several
temperatures end found the activation energy to be idéntical to
that obtained by Bernulli and Wege(uz) for decarboxylation of
undissociated malonic acid. However, the rate of reaction wag
five times faster for the acid than for the monoanion at the same
temperature, In the case of 2.2 -~dibromomalonic acid studied
by Muus(u5)’ (h6)’ the monosnion was appsrently the only unsteble

form of the 2acid. The dienion was stable for 2 very long time,
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while from the pH-rate ccnstant profile it was concluded that

the undissociated acid wes also & stable species. As the rate

of bromine upteke was ecual to the rate of decarbexylation of the
monoanion, Nuus suggested the follg@ing mechanism (equetion

I-17):

ECOC - CBr, - CCO® —» CO, + HOOC GBry’ —s> CHBr,COOH

/Brz
&

CBI'-:,,CCOB (eq. I - 17)

These early results were inconclusive. The data indicated .

that in some cases, &t lesst, both the mono-anion &nd the di-acid

.

were unsteble, and in the latter respect dicarboxylic acids -
differed from simple monobasic acids, and were similar to 3 -
keto and unseturated monobasic acids. The similarity between the
mechanisms for decarbozylaticn of /3—keto-and substituted

(L7)

mslonic acids wos first pointed out by King in 1947 (equa-

tion I - 18):

R2Tf—ﬁ— CH R2o—|c|
o=c|: ?2 — o:T c‘)e —» 0, + R,C==C—OH
LA go H OH
~Z
R ,CHG —OH - .
I (eq. I - 18)

o :
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More convincing proof came from Hall’s(ug) exyeriments on
decerboxylation of malonic acid at 80° eng 9000 in the pH regicn
from 0.4 to 4.9, He showed that the unionised 2cid was more
reactive than the monoenion by a fector of [C, Wheress the

1

hat proton

£

dianion was completely steble. This suggested ©

[fie}

trensfer between the carboxylic groups initizted decarboxyletion.
Turther progress in elucidation of the ﬁechanism ceme

from experiments carried out with optically active malonates.

Kenyon and Ross(ug) reasoned that if during the course of the

reaction (according to the equation I - 19) a double bond was -

| §-
R' COOH R' ¢ — O, . R
N . N/ Y AN
c pa— c, H |— C=C—O0R
\\/ ﬂ/ \ _»"/ ) |
R CCOR R ? E— % OH
oR +C0,
- (vii)
products (eq. I - 19)

to be formed (vii), the product of the reaction would not be
optically active. Both (+) snd (-) ethyl hydrogen ethylmethyl-
malonate were reacted, and in egreement with the%r argument, gave
the same racemic mixture of 2-methyl-ethylbutyrate, This was
congistent with the intramolecular nature of the reaction, but

gave little further information on the nature of the transition

‘state.
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A great effort has been made by a number of scientists(5o)‘
to understand the nature of the transition state by measuring the
carbon isotope effect (i.e. the relative rates of decarboxylation
when the carbon atom in one of the carboxyl groups was replaced

[t

by its 013 or C isotope) . The experimentally observed intra-

13

molecular effect was in excellent agreement for C '~ isotope with

the theoretical predictions of Bigeleisen's(51> theory. The
effect was, however, considerably larger than theory for C1h
substitution(52) in unsubstituted malonic acid and particularly
in the case of monobromomalonic acid. These discrepancies have
never been completely resolved, and since the C-isotope effects
are independent of the position of the proton in the transition
state, they give no information on this aspect of the mechanism,
The significance which an 2 -substituent might have on
the rate of decarboxylation of malonic acids was first emphasised
by Gelles(53) in 1953. An2lysing the data for the rate of
decarboxylation of 2 -phenylmalonic acid in pH range from O
till 6, Gelles obtained the rates at which undissociated acid
and the corresponding monoanion decarboxylated at u5°C. The
.monoanion decarboxylated three times as tast as the undissociated
acid, while the disnion was again found to be stable. Differences
in the ease of the carbon-carbon bond fission for malonic(hs),

dibromomalonic(u5) and phenylmalonic acid (Table I ~ 1) were

attributed to the electron withdrawing ability of bromine and

.

phenyl groups,
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TABLE (I - 1)

Mooy lay M Monotnwon
heid k4 * 191; ¥ 19?
(hours™ ') (hours™ ')
2,2 —dibremomelonic  <K850Q00 - 850007
2 -phenylmalonic 112 350
malonic : ' 1.4 0,2

As Gelles pointed out, the same general inductive effect is

reflected in the magnitude of the dissociation constants (Table

I-02)),

TABLE (I -~ 2)

Acid Ky (mol. 17) K, (mol. 177)
2,2 —dibromemalonic 1 1072
2 —phenylmalonic 2.6 x 1072 9.4 x 10"6
malonic 1.4 x 1073 2.1 x 1070

The relative reactivity of the monoanion and undissociated acid
was accounted for in terms of the ease of accommodation of the
negative charge developing in the carbon-carbon bond undergoing
fission. When unsubstituted malonic acid undergoes intra-
molecular proton transfer followed by loss of carbon dioxide,

electron density in the transition state is smaller for the
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undissociated acid than for the monoanion. Consecuently, the

rate of reaction is faster for the former then for the latter

species, Introduction of an electron withdrawing group in

2 —position (equation I -~ 20) leads to stabilisation of the

developing negative charge., ‘'he rate of reaction becomes faster

in general, and particularly for the monoanion (eguation I - 21).

R R R R R R
\\5/ N co \
)
/ n
o=t'3/ \?——OHZ—"‘ 0=C \c— of — HO-?

OH A A OH

\ ,l/ =

H RR- CHCOOH

RR-CH »C00°

— T

\

R R

\e/

EO-C

|
CH

(eqe I - 20)

©

(eq. I - 21)

The stability of a doubly charged anion was attributed to the

high electron density in the ground state of the molecule. 'The
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fission process would have caused even higher electron density
iﬂ the transition state and, obviously, the extra charge could -
not be accommodated very easily.
A cyeclic transition state forhed by an intramolecular
proton transfer(12) has found its support in the values of the
- entropies of activation for the decarboxylation of some sub-
(54)

stituted malonic acids

(1 - 3):

The values are listed in Table

TABRLE (I ~ 3) .
Ak whiow EV\W‘D)’\'QA (). bov e Docwborylubon QJ,, Mutonce HKuds
= | ¥ J N

Solvent
Acid j
Water ~ 803% Dioxan
e e
R2C(CGOH) » R,C(CCOY)CO0H  R,C(COOH) 5 R,CCCOCOOH

Malonic -2 +1 -9 _ -2
2,2 ~4di-
brémomalonic +15 *h
2—pﬁeny1— - - -

malonic 8 *5 14 2

The explanation was as follows. If a cyclic structure of the

acid uwndergoing decarboxylation was formed in a preeguilibrium
step, the transition state would clesely resemble the initial
state. Consequently, the entropy of esctivation shoﬁld have a
small value in 2ll cases. Since formation of an intramolecularly -

hydrogen-bonded initial state occurs more readily for the
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monoanion than for the undissociated acid, the entropy of
activation should hsve less negative value for the former than
for the latter species. The results in Table (I - 3) support
this conclusion, but the variation in eniropy with the sub-
stituent is difficult to rationalise. \

Amine catalysed decarboxylation of malonic acid has bheen
extensgsively studied, These results do not bear directly on the
trengition state of the thermal reaction, but they serve to show
that a single mechanism probably operatea under widely different
conditions. Fraenkel, Belford ond Yankwich(55) investigated 2
quinoline catalysed decarboxylation of malonic acid in water and
dioxane solutions., Only the undissocizted acid exhibited a
strong quinoline cetelysis in dioxane solutions where the rate
of reaction was proporticnal to the quinoline cecncentration.

The catalytic 2bility of cther amines was dependent upon sterie
hindrance tc the catalyst. These authors therefore proposed
¢ mechonism invelving solvation of the csgboxylic corbon 2tom

(equation I - 22), This wes preferred over hydroxyl association

-~ OH
] o
N Hob=0C
/ / OH
// o — O // 0 — «
0 </
\‘5 Ny \T',/ g l
|
H,GC 0 H,C o .
2N\ 4 AN :
\? /2 g L, CH;C00H + GO,
OH . (ln-r
(viii) .- .

(eg. I - 22)



// \\ (ix), because the latter would be

// milar to the formation of 2n asnion
// . which Wouvld decrease the rete of the
HOOC-CHZCCC'-'H--'H //
) \\ reaction insteed of increasing it. L
(ix)

Bxtensive kiretic studies have been reported(56x(57)

by Clark on the decarboxylation of malonic acid, several mono-
subétituted malonic gcids, cxamic and oxanilic 2¢ids in their
molten state and in & series of different types of solvents
(ethers, scids, nitrocomrounds, cresols, @ldehydes, etc.).

A11 these results heve been fitted to four different, but parsllel

"

e isokinstic temperature (determined

[l
an)
[¢)

isokinetic rleots, i.e.
by the slope of AHT versus A S*¥ curve) is the same in 2ll

crsa2s. This observation was taken 2s the indication for the

[45]

-

sanle mechenism o.erating under a wide veriety of experimental
conditions. The existence of four 1°ok1netlc lires was sttributed
to the @ifferent nucleovhilicity of the sclvents which solvate
the carboxylic cerbon atom in the way suggested by Yankwich and
and his coworkers for cuinoline.

Recently, further efforts have been made to extablish
both the forming and the importance of intramoleculer proton
transfer in the transition state for the decsrboxylation process.

Distinction between a cyclic or a dipolar trensition state has

been discussed by BPOWBP(58) and coworkers on the besis of the
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activation volume measurements for malonic, 2,2 —dimethyl-
melonic snd acetoacetic acid decarboxyl=ations. Lectivetion
volumes for malonic acid have been found to chonge stepwise
through a range of 14 ml, by changing the solvent from water,
dimethylsulfoxide, dioxan to tetrahydrofuran (decreasing polarity)
The observation was taken to indicate a transition state which
is more polar than the ground state, i.e. Pedersen's(59)
zwitterion trensition state(11) is preferred over Westheimer

1 (33)

and Jones intramolecular proton transfer postulate (iv).
By undertaking measurement of hydrogen isotope effect (kH/kD)
for malonic acid decarboxylation in molten state, Blades &nd
Wallbridge(6o) hoped to clarify the nature of the transition
state. The values for kH/kD observed at 139;80 and 1h5.3%
were 1,09 + 0.02 and 1.11 + 0,01 resgectively. Such a low
kH/kD value was attributed to 2 very smell change in stretching
of 0— H bond in the rate determining step of the reaction.
They believed that the results favoured Yankwich and coworkers

(55)

postulate s Where cobrdination to the carboxylic carbon
produces decomposition 2nd proton transfer is not involved in
the rate determining step. Blades and Wallbridge interpreted
the relatively high value of the isotope effect for decarboxyla-
tion of 2, 2 —dimethylmalonic acid (kH/kD, = u.é)(6°) as

invalid since it was, most probably, the result of intramolecular

proton transfer occurring after the loss of carbon dioxide.
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Bydrogen isotope effects for decarboxylation of malonic
and 2,2-dimethylmalonic acids wWere relnvestigated in this
laboratory(GT) in agqueous HC1l solutions af 90°c. 1In addition,
the effect was measured for malonic acid at 98.4°C in dioxane
éolution. The experimentally 6btained va}ues are ligted in

Tzble (I - U):

TABLE (I - 1)

Acid Solvent : e ¥
Malonic ' H,0/D,0 1.23 + 0.13
Malonic ' dioxane 1.51 + 0.15

2, 2 —dimethyl- O/
" malonic HZO/D2O : 1.20 + 0.14

Purthermore, the rates of decarboxylation at 55.u°c
in dimethylsulfoxide solvent were measured for some derivatives
of 2 —phenylmalonic acid. The compounds together with the

first order rate constants are listed in Table (I - 5).
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d)

As

TABLE (I - 5)

Compound

2 ~-phenylmalonic
acid

sodium 2-phenyl-
malonic acid

ethyl hydrogen
2 -phenylmalonate

scdium ethyl

2-phenylmalonate

diethyl 2-phenyl-
malonate

G H COOH

H COOET

CeHs COOKa

N\

C

7N\

H CCOEt

CeH COOEt

..
N

H COOEt

33

k x 109 (sec.—1)

0.26

2.8

No reaction

No reaction

is seen from Tgble (I - 5) only compounds 2), b) and c)

underwWwent resction, wWhile d) and e) were stable under the

. amtees
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conditions., Intramolecular proton transfer therefore seemed to
be the essential part of the reaction, although the distinction.

between & preequilibrium (eguation I - 23) and 2 rate determining -

-

I i
R C-0H R Cc-0 .
\\‘// fast \\ // e slow roduct
) = o proaucts
R// \\C=O R// \\C=0H
| e ,
OH OH

(eq. I ~ 23)

proton transfer (equation I - 24) could not be made from these

results. Kinetic hydrogen isotope effects obtained experimentally

i i
R C-OH R C -0
\c/ slow \C/ N - fast
/
R/ \C o R/ \C d’ products
b b

(equ. I - 24)

(Table I ~ 4) were compared with those calculated on the bases of
Swelin end coworkers(62) and Bunton and Shiner(63) theoretical

treatments. The Swain treatment predicts that proton transfer

[
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between oxygen atoms concurrent with carbon-carben bond fission
does not result in sn appreciable primary isotope. 4Lccordingly
the calculated value for the preequilibrium transfer is 1.41
and the symmetrical transition state should give kH/kD = 1.19
at 90°C. The Runton and Shiner approach to the problem gives
the kH/kD = 1.54 for the preequilibrium process (equation I -
23). It was, therefore, believed that, es fer as kinetic
hydrogen isotope effect is concerned, a symmetric cycliec
transition state was the more likely pathway for dicarboxylic

acid decsrboxylation.

Summary

In spite of extensive investigations, it is clear that
the mechanism of thermal decarboxylation is not thoroughly
understcod. Only the anions of simple monocarboxylic acids
appear to be unstable, whereas for keto- ggd unsaturated acids,
it is the molecular (un-ionised) acid that decomposes. Both
these reactions are important, however, in the case of some (but
not all) malonic acids, and there is goed evidence that both
the unionised acid and the monoanion decarboxylate under thermal
conditions. This process certainly involves int;amolecular
proton transfer between the carboxylic groups, which is
probably synchronous with carben-carbon fission. Species such

as cguinoline, which co-ordinate with the carbozylic carbon,



appear to cstalyse the reaction, Solvent acids only appear
to affect the reaction by changing the concentration of mono-
anion and unionised substrate. There is no evidence of bi-
molecular acid catalysed decarboxylation of the kind observed
with aromatic species,

Few studies of substituent effects have been.réported for
malonic scid. It is clear, however, that electron withdrawing
groups speed the reaction and this has been attributed to
stabilisstion of negative charge in the trensitioﬁ state,

Steric effects of substituents haﬁe been ignored, although

these must affect the degree of intramolecular hydrogen bonding.,.
Accordingly, & closer investigation of substituent effects was
undertaken, specifically to resolve several‘anomalous results
for halogen substituted malonic acids. These were the ready
decarboxylation of the monoanion of dibromomelonic acid, but

the apparent stsbility of the molecular ecid, and the stability

of difluoromalonic acid in all its forms,

el ™ ESRIET
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Chapter II

Decarboxylation of some 2 —-substituted lalonic Acids

The ease of decarboxylation of 2 —substituted malonic
acids seems to depend very much upon the nature of thé sub-
stituent, as pointed out in Chapter I, Apparently, th. more
electron withdrawing character the substituent has, the easier
the species undergoes the reaction. As Was mentiéned before,
Gelles(53) has suggested that thié kind of effect could be
explained by the ability of a rescting species to accommodate
the developing negative charge in the transition state., On the
other hand, high eclectiron density of a dianion might prevent the
reaction since the developing charge could not be easily
accommodated.

From this point of view, it is rether unusual to find and
difficult to explain both the stebility of difluoromalonic acid®®)
and the low reactivity of undissociated dibromomslonic acid£u5)(ya
as well as the extreme ease with which disnion of melonic acid
decarboxylates when the substituent is the trimethylammonium
ion(65). Since the reactivity of 2ll these compgunds had been
investigsted rather qualitatively, and not very extensively, it
was thought that the reinvestigetion might shed some 31ight on

their unusual reactivity, and, indirectly, on the mechanism of

decarboxylation of malonic acids in general.
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The present work incluvdes decarboxylation experiments
with 2,2-difluoromalonic acid, 2,2-dichloromalonic acid &nd
also with the half hydrolysed product of 2-(trimethylammonium)

diethyl malonate, which is discussed in Chapter V.

a) Experiments with 2,2-difluoromalonic acid

' The results obtained by Muus‘“5) for the decarboxylation
of‘dibromomalonic acid suggestéd that the monoanion was the
reactive species., In order to f£ind the pH where aqﬁeous 2,2~
difluoromalonic acid solutions have the highest concentration of
the monoanion, dissociation constents (K, and K;) of the acid
were measured at 25°C. These messurements Were carried out
(a) without any neutral electirolyte present in the solution;

(b) in 0.70 M K61; (¢) 0.20 M KC1l; (d) 0.50 M KC1;
(e) 1.00 M KC1; (£) 0.50 K KN03'and (g) 0.50 ¥ LiCl, and

the results are summerised in Table (II -_1).



Table (IT - 1)

Dissociation Congtant Measurements of 2,2-difluoromalonic

Acid in Agueous Solutions at 2500

.exgg??;angl el%§§§§lyte
determinations

4 _

2 0.10 KC1

5 0.20 ™

3 0.50  #

b 1,00 *

a: 0.50 KNO,

2 0.50 LiCl

a) *Mean values;

10

2:‘5

(mol/l)

5.9
6.2 +
5.7
9.5
LO.0

1+

I+ I+

I+

12.2 +
<0

1.5
0.07
0,12
0.18
5.5
0.4

x 102
ol/l)

1.3040.03

1.65+0,08
1.77+0.04
2,37+0.06
2.86+0.15

2,31+0.27 -

c) The listed K, and X, are "mixed constanta"

X/,

4.5
3.8
3.2
4.0
4.0
5.3

1.23
1.21
1.24
1.02
0.40
0.91

19,08

1.89
1.78
1.75
1.63
1.54
1.64

b) The concentration of 2,2-difluorom2lonic acid was
(2.0+0.5) x 107

-2

W
O

MA
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A1l the listed values of ¥ and ¥, in Table (I - 1)
were calculated as "mixed constants”(66) (i.e. theyinclude only
the activity coefficient for the hydrconium ion and concentration
terms only for all the other specles present in solutions).
However, a reasonably good approximation for the thermodynamic
dissociation constant csn be obtained zs an intercept of the pK1
versus Vv3/(1+/3 ) end pK, versus VI /(1 + 1.6/3 ) plots
(sée Figure (II -1) ) where J represents the ionic strength of
the solutions. The slope of the latter line weas found to be 1.45
Which, within experimental error,-agrees with the theoretically

expected value of 1.51.

e8]

xtrapolated pK1 and pk, to zero ion%c stréngth are 1.30
and 2.72 which correspond to K1 and K2 of 5.0 x 10—2 and
7.6 x 1073 mols/1l respectively.

Lppreciable deviations of the pK1 values evident from
Figure (II - 1) for 0.5 snd 1.0 M/1 XC1l solutions are most
probably due to the increased liguid junction potential, since
the other sa2lts, when used at 0.5 K/l had similar effects;
whereas with LiCl as the added electrelyte, the calculated va2lue
of K1 became negative,

Purthermeore, two sets of dissocilation congtant measure-
ments Which contsined no added neutral electrolyte in the

golutions were corrected for activity coefficients according to
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FIGURE (II - 1) Dissociation Constants of 2,2-
difluoromalonic Acid at 2500.
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detefminations(p7). To obtain the mean ionic ectivity
coefficient ( ¥+ ) of sn ion of valence z' , the Debye-
. 66 .

Puckel( )equetlon of the form

0.505 z z ~V3J
(1 + 1.6/7)

-log ((yx ) =

wes used. The ionic strength (J ) was estimsted in a first

eporoximation from the equetion (II - 1)

3= Y,0 + [F] + [m7] « u[s])

equ.(II - 1)

+ e s - . -
where b represents [Na‘] >nd is identical with [}aOH]

[84]

e

added into the sclution; [H'] was taken as the entilog of

the measvred pF; [HA"] snd [A=] are the concentrations (1/1)
of monosgniocn and dianion of 2,2-difluvorcmelonic zcid respectively.
These ccncentrations Wwere estimated f£rom the velue of K2 =

1.25 x 1072 obtained from uncorrected calculetions.

b ]

he values of K1 eand K, obtained as described above

«

T
were (5.15 + 0.30) x 1072 2ng (7.67 + 0.06) x 107° respectively.

Althouzh the deviation frem the me2on velue is considerable,
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rerticularly for Ki value, it is to be expected becauvse of the-
;% ecild zroup. Otrherwise, the Ki and K, obiained
grephically from Figure (IT -~ 1) anud by Spezimen's activity
- corrections agrece well,

On the bosis of KT = 5.75 x 70“2 angd Kz
(i.e, the mean vzlue for the '"mixed" K1 and K2 resgectively) it
ﬁét morc than 25 mele % of the monosnion was
present over the pH region from 0.5 to 2.25, while the maximum

concentration of approzimstely 50 mole 9% wes fouwnd tc be 2t

M

Trhe experimants with 2,2-difluvoromz2lonic 2cid throughout

i . 2 0 -
he pH region mentioned citove at 75 to 80°C, &id not show any

b
[0}

on for several days in aqusous solutions,

[N

aprparent decerboxylat
nor in strong H,80) solutions. Ko evolution of cerbon dioxide
could be detected at 211, and the 2,2-difluoromalonic acid was
recovered unchanged. The acid was also found to be stable in
dimethylsvlfoxide (which is known to be a—%avourable solvent for
deczrboxylation cfvmelonic acids), over the same temperature

range.

b) Decarboxylation of 2,2-dichloromalonic acid in
acueous solutions

The reaction for 2,2-dichloromelonic scid in agueous
solutions was investigeted over 2 wide range of solvent acidity,

from Ho = -4.83 to pH = 3.28, The First order rate constants
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obtained from pH = 0.89 to 3.28 are presented in Table (II - 2);
for HCl solutions (pH > 1) in Tables (II - 3) and (II - by,
while the data for HCth solutions are summarised in Table

(I - 5).

Table (II - 3) includes both the observed rate constants
and their corrected values for those cases when KC1 as a neutral
electrolyte wes present in the solutions. Corrections were
necessary, since an appreciable influence of KCl (and other
electrolytes) was detected on the rate of decarboxylation and
this will be discussed later on. The effect due to KUl present
in solutions was estimated from Figure (II - 2) where first
order rate constants versus ICl concentrations in 1.00 ¥/1 HC1

are plotted using the data from Table (II - L4).



a)

b)

~

L
Table (IT - 2) 2

becarboxylation Measurements of 2,2-dichloromalonic
Acid in Aqueous Buffer Solutions (total buffer
concentration: AcOH/AcHa = 0.25 /1; or the same
total concentration of G1lCH,UCOH and C1yCHCOOH)
2t 25.0 + 0,1°C

. Run pHT Kopg, * 103 min. ! - log kK .
101 5.28 0.435 3,362
98 2.66 1.6? ’ 2.777
99 2.56 2.05 2.688
91. 2.26 3.53 - 2.1452
87 2,21 3.84 2,416
89 - 1.86 5.77 2.238
88 1.71 6.21 2,207
86 1.55 7.36 ~ - 2.133
85 1.48 7.80 2.109
8L 1.42 7.65 2.116
102 1.06 9.00 2,046
103 1.03 8.145 2.073
80 0.96 7.30 2,137
79 0.89 7 .66 - 2.116

% determined experimentally

Concentration of 2,2-dichloromalonic acid was approx. 0.03 i/



Run

96
97
63
64
93
o4
95
66
67
68

HC1

(M/1)

2.00

1.49

1.00

0.712
0.503
0.315
0,187
0.502
0.353
0.220

Table (II - 3).

Decarboxylation Measurements of 2,2-dichloromalonic

Acid in Aqueous HC1 Solutions at 25.0 + 0.1°C

o Kobs. x~}°3 paded ko1 “obs, ¥ 197
(min.”") (M/1) corrected
for KCl
~0.69 4,98
~0.47 5.50
~0,20 6.05
~0.036 6.86 0.300 64,62
0.20 ' 6.89
0.L13 7.46
0.69 7.22
0.309 . 7.2 0.502 7.02
0.301 8.17 0.651 7.61
0.515 8.33 0.784 771

a) ¥hen KC1 present Ho was accordingly corrected.
b) Concentration of 2,2-dichloromalonic acid was: 0.03 to 0.13 M/1,

- 1og kyyg,

2,303
2.260
2.218
2.179
2,162
2.127
2.141
2.153
2.118
2.113
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Table (IT ~ 4)

Decarboxylation Measurements of 2,2-dichloromalonic
Acid in Aqueous 1.00 /1 HCl Solutions in presence

of KC1 at 25.0 + 0.1°¢C

ind e =1
Run ﬁCi ‘ Ebbs. x 10° min.
63 0.00 6.05
72 1.00 6,80
73 2,00 7.66
b 3.00 | 8 .L

a) Concentration of 2,2-difluoromalonic acid was

0.13 to 0.04 14/1.

-«



kobs.X102

Figure (II - 2)
Influence of KCl on Rate of 2,2-dichloromalonic acid
Decarboxylation in 7.0 M HCl solution at 25°G.

1.0 2.0

3.0

KC1 (M/1)
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Table (II - 5)

49

Decarboxylation Measurements of 2,2-dichloromalenic

Aecid in Aqueous HGlO“ solutions at 25.0 + 0.1%

60
61

53 -

54
55

57
58
62

HClOu

(/1)

8.58
7.13
5.98
h.18

3.40

2.66
1480
1.36
0.98

Ho Kopg, X 10% min,” !
L.83 0.18
"~ 3.70 0.35
2.83 0.71
1.81 1.56
142 2.20
1.08 3.10
0.68 4,30
0.45 5.00

0.20 6.10 -

- log k .

obs.

© 3.744

3.456
3.150

2.657
2.509
2.366
2.301
2.215

Concentration of 2,2-dichloromalonic acid was approx.

0.13 M/1.
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The results in strongly ecidic solutions (Tables (II - 3)
and (II - 5) ) were unexpected on the conclusion drawn by Muus(h5y
from the investigation of 2,2-dibromomalonic zcid. Howsver, they
clearly suggest that either 2,2-dichloromslonic acid is en :
extremely strong 2cid and the observed reaction is due to de-
carooxylation of the monosnion present in the solution, or the g
undissocisted (mﬁlecular) form of the acid undergoes the reactionz
itself.

In order to snalyse the date from Tables (II - 2), (If - 3}
end (II - 5), first end second dissocistion constents for 2,2~ .
diéhloromelonic acid were measured. These measurements vere
cerried out at 0°C since decarboxyletion occurs at an appreciable
rete at roem temgerature. These results are summarised in
Table (II - 6), while in Figure (II - 3) the velues of p¥y end
P, ere plotted versus JEEV(1f JJ) ena VI /(1 + 1.6/ 3 )
respectively. The ionic strength ( J ) wes determined ss the

sum of KCl 24ded end the malonic acid conééntrations.



Table (II - 6)

The Dissociation Constant Measurements for 2,2~

dichloromolonic Acid in Aqueous Solutions at 0°C

Number KC1 Total K, K, x 10°
of runs added Ionic pk pit
included (M/1) - Strength (mol/1) (mol/1) 1 2

2 0.02 0.04 = 0.211 + 0.004.  1.53 + 0.02 0.675  1.815
2 0.10 0.12 0.180 + 0.035  1.78 + 0.05 0.745  1.750
2 0.20 0.22 0.164 + 0.003  1.72 + 0.10 0.785  1.76L
2 10.50 d.52 0.230 + 0.005  2.23 + 0.05 0.638  1.651
2 1.00 1,02 3.0 1.52
a) Concentration of 2,2-dichloromalonic acid wasv(2.8 + 0.4) x 1072 M/1. g}

b) Kq end Ko as listed are "mixed constanta',
¢) Totel Ionic Strength is a sum of KCl added and the malonic acid. concentrations.

’



Figure (II - 3)

Disgociation Constants of 2,2-dichloromalonic acid at OOC

V3 /(16 /3—)
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The thermodynsmic vslues of pK1 and pK2 obtzined
graphically ere 0.78 aﬁd'2.08 respectively, Wwith 2 maximum
deviztion of 0.08 log. units from the best straight lines. 4s
for 2,2-difluoromalonic acid, the measurements of K] end the
corresponding QK1 for 2,2—dichlor0@alonic gcid are more scstteréd
then for K2 and tend to deviate more from the linear plot at
ionic strengths higher than 0.5.
'Generally, the ceontribution from the undissocisted "zcid
end monoanion to the gross rate of decerboxylstion was obtained
by allowing for the concentration of the verious species present

at a given zcidity. This was done in the following way:

rzte = k

| e |

X total melonic scid concentration]

obs.

= kg, % [ma ]+ [m7] o« 7]
' Equ. (II1-2)

vhere kobs first order rate constant evelusted under any
experimental conditions;
[HZA] ; [Hﬂ_] and [.A—] = concentrations (¥/1) of undis-

socisted zcid, monoanion znd disnion of malcnic scid respectively.
Since the dienion is steble, HyA ond HA™ contribute to the

total reaction, hence: .
A . -
{

be.  (L2a ]+ [m7] + [

= k(F 1) x [HZA]» + k(H&') X [HA“]

2
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Dividing by [HA"] gives:

K opg, ¥ ( [ ] + [Ar—]/

ST [ra7]

[HZA]/[HA"] ) 4 Ky~ ]

k %
(Hyk) (Ha ) Ecu. (II - L)

The retios [V A]/[HA_] and [A=] / [HA—‘] sre related to the =2cid

dlssoc:L tion constants 1{1 and 1{2 by:

A~ + ~ e
K1 = ["?ﬁJﬁSH ) IEN VAL S L ]/x1 Equ. (II-5)
H,A |
ang
el el )
K -_— / 2 - f -~ - 6
: [HA~] ’ | [ / [=] =qu. {1l - 6)

Subsbitution fo@ the concentraiicn ratios in ewation (II -~ L)

gives . -
Kopg, ¥ ([H+]/K} + 1+ KZ/[H+]) -

= R(HZA) x H+1’K1') KTy N Equ. (‘II -7
or .

Y = k(HzA). x X "'VK(HA')' ] Eou. (II - 8)
where ¥ = k o ¥ ([H+]/K1 L KZ/[H+] )

end X = ([ ]/K1
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Thus the plot of Y versus X gives sloge = k(F a) and intercepnt =
. 2
H(HAT) .

It wes found better, howcver, to evaluate k(HA—) as a
slope rether than the intercept. This cen be done by multiplying

equation (II - 7) by (K1/ gt ) throughout, which gives:

Ky Kqky
 Eopg. % (1 + /[H+] + /[-+]2')
1. ,
= k(HZA) + k(HA—) z . ( /[Hf] ) Equ., (II - 9)
or Y' = k(HA—) x X' + k.HZA E._._U. (II - 10)
K1 K1~ .
where Y' = k_,. ¥ (1 + /[H+] + 2/[H¢] 2 )

and X' = ( /[H+] )

Species of 2,2-dichloromalonic ccid (es mole % ratios)

present at verious pH assuming value of K1 = 0.204 and K2 =

1,95 x 1072 are listed in Tsble (II - 7). From this it is
evident that the bulk components at pH = 1 6r higher zre the
monoanion and disnion and that the decarboxylation rates decrease
with increasing pH because the dianion is stable., The rate
coefficient for decomposition of the monoanion k(HA-) was

obtzined from this data by means of equation (II - 10)'and the
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Table (II - 7)

Mole % Ratios of 2,2-dichloromalonic Acid (X(H A)),
2
Monoanion (X(HA-)) and Disanion (X(A=)) Calculated

by assuming that K1 = 0.204 and K2 = 1.95 x 10”2

B X(1,4) X(Ha7) X(a%)
3.50 - 1.60 98 .4
3.00 - L,.88 95.1
2.50 - 19.95 86.1
2,00 1.80 33.3 64 .9
1.75 3.70 45.9 50.4
1.50 8.40 56.6 35.0
1425 17 .00 61.6 ~27.4
1.00 29.1 59.4 11.6
0.75 Lh .1 50.4 5.5
0.50 62.6 354 ~ 1.9
0.25 71.6 . 27.6 1.2
0.00 81.8 17.5' 0.4

~0.25 89.0 10.9 0.1
-0.75 96.2 3.7 -
-1.50 99.4 0.64 -
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graph obtained by plotting Y' versus X' is snown in Figure

(11 - L). The slope of this plot yields a value of k(HA") =
1.61 % 10_2 min.'-1 In principle, the intercept should yield
the value of K(HQA)’ but because of its small velue (relative to
the vzlues of ¥'), its exact magnitude is uncertain. However,
it is clear that decomposition of the diacid species is con-
siderably less than the monoanion,

' A more reliable value Tor the k(HéA) coefricient can be
obtezined from studies at higher agidity, i.e. in HC1l and HClO“
aqueous solutions. The data in HCl solutions from Table (II - 3);
plotted in sccordance with equation (II - 8), is shown in Figure

II - 5). The values of k(q v and k(HA ) thus obteined are
5.50 ¥ 10 =3 min. -1 and 1 20 x 10 =2 min. ol respectively. The
results for acidities higher then 1.0 /1 EC1 deviate from the
linear plot of Figure (II - 5) and particularly so if the
measurements in HClOu solutions are included. Actually, the

k(u 4) #nd k(p,-) coefficients obtained from agqueous HC10)

-

solutwon measurements sre 2. 5& bs 10 =3 min. -1 and 3,6 x 10~ min?1
respectlvely. =
Discussion T .
On the besis of the estimeted mole % ratios for the
verious 2,2-dichloromaleonic 2cid species (Teble (II - 7) ), k obs

would be expected to resch a consiz=nt value at an 301d1uy of
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Figure (II - 5)

Analysis of Dgcarboxylation Data for 2,2-

dichloromalonic Acid (HCl = 0.3 to 1.5 K/1)
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1.5 on the ~Ho scale, since 2,2~dichlorom2lonic a2cid dissolved
therein should be completely in the unionised form.,

However, the value of kobs.does not reach a constant velue,”
but instead decreases steadily at higher 2cidities. Apparently,
over a wide renge of solvent acidity, log kobs. varies linearly
with log a(Hzo) where a(HZO) is the activity of water (68).

Thé log kobs. versus log a(HZO) depenéence is shown on Figure
(II'- 6) for reaction in agueous-HC1l0, solutions. This suggests
solvation plays some par% in the decomposition of the 2,2-
dichloromalonic acid.

It was consigdered, however, thét secondary sglt effects
(i.e. variations in the dissociation constents K; and K, velues)
could also operate in thé strengly acidic media and thus might
explain differences obtéined for the.k(HzA) and k(HA_) rate
coefficients in concentrated HC1l and HClOu~sqlutions. To check
this possibility, snalysis of the data was_done with K1 = 0.50
and kz = 3 x 10'2_ The value of k(HQA) then changed from
2,54 x 10_3 m:’.n._1 to 2.41 x 10_3 min. ', which is only 5%
lower. A greeter change was obtained for Fhe velue of k(HA")
which became nearer in value to that found for HCl solutions,
i.e. 2.0 x 1072 min.” | ena 1.2 x 1072 min. ! respectively.
However, deviations from the linear plot expected for Figure

(IT - 5) were still apparent and therefore i% seems probable

that primary salt effects must be important, This is not
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unexpected for the reaction must involve consideresble charge
develepment in forming the treansition state (eguation (II -~ 11))

eand obviously, the mcre weater available, the more stabilised the .

0 0
c1 g 0 c1 c’;' oS
& g low \é g P 4
slov . Cu — Products
> — > e
o’ \clz =0 - or” \l-——-—-o('g+
OH OH

Equ. (II - 11)

transition state becomes. Thus, increasing either the neutrsl
salt or acid concentretioﬁ should decrcsecse the rezction rete by
lowering the activiity of weter. fLnother factor that might be
imrortant is the relestive ease with which CO2 is accommodaﬁed
into the reaction solution., This effect could be estimated from
the velues of relative CO, sclubilities (S/SO) in the solutions
to the solubility in pure water (see Table II - 8). The higher
the solubility of CC,, the lower the energy of the solveted
gpecies &nd, most probably, the lower the energy of the transition
state. The order of resctivity of 2,2-dichloromelonic acid in
KC1, KHuCl end NaCl sclutions rouzhly follows the decrease in

CC, solubility, but the -correlation is not good for LiCl and

2
EC1l solutions. It therefore seems likely that this effect is



Table (II - 8)

’

The Influence of an Electrolyte on the obscrved rate of 2,2-
dichloromalonic acid decarboxylation in 1,00 M HC1

Solutions at 25,0 + 0.1°C

cotsostison () Fonm, * 190 minT A o/ Vs
4 M HC10) 1.20 0.792 0.19 o
4 M HCL 3.60 0.804 0.60 0.97

1M HCL + 3 M LiCl 3490 0.811 0.65 0.83

7 M HC1 + 3 M NaCl 5.14 0.852 . 0.85 0.77

1 M HCL + 3 M NH)Cl 1.97 0.873 T.32 0.91 ;
1M HCL + 3 M KC1 i 8.k 0.870 1.40 0.85 ‘
Fuater activity was calculated(69) by mcens of osmotic coefficients @ usihg the equation
- ln g, = 2%%66—11 x @ where V= number of ions into which an dlcctrolytc dissociates;
m = molality of the solt; w = molecular weight of the solvent (w = 18) . a, Was estimated
for 3m salt solutions,

¥¥rhe ratio of Kypg, in the solution of the high.clectrolyte concentration ond k'obs. inl

1.0 M HC1.
FESolubility of CO, of 1 M aalt solution relative to the golubility in purc water(zm7])



net very imgortont wWhich implies that the transition state

must lie early on the resction coordinete,

Teom the experimsatsl work of Nuus(uE) on the de-
carboxylstion of 2,2-dibromomelenic acid it wes concluded that
the monoanicn form was the only reective specics whereas both
ed Icrms were stsble, Acgtuelly,

experiments 2% suifficiently hich ccidity to provide 100% or very

ot

nserly se, of the wndissocisted form of the &cid were not carried

out to Zrove this voint. If the dissocisation constemts of 2,2~

1.2 = 1072, then in the
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285t 1s oresent £s the menosnion. Assuming. the monoanion reccts
ten times fsoster then the undissocizted ccid, only 10%13f the
overcll »eve 2t this azcidity comes from the undissocisted scid
whic must be close to the experimenta error in NMuus' measure-
ments. Accordingly, it is presumptuous to drew eny conclusion
from this d=sts akout the reacctivity of undissociated dibromo-
melonic acid., However, one experiment carried out in the present
work reveals thet the rate of the.decarboxylstion of 2,2-dibromo-
malonic ecid in 9.15 /1 HC10, is 6.1 x 1072 min.”! at 25%
which is similer to that for 2,2-dichloromalonic.z2cid under these
conditions. Likewise, the rate constant ratio k(HA—)/k(HzA) for

the 2,2-dibromomalonic acid is about 60 znd this compares
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favourabLy with the ratio for 2,2~dichloromalonic zcid. The
data for Dboth acids ere summerised in Table (11 - 9) and com-
pered with the raies of mzlonic snd 2-vhenylmalonic acids de-
composition &t 2500. The ease of the eécommodation of the
developing cherge in the transition state seems to govern the
reactivity of the malonic acid series as suzgested by Gélles in
1953, and there is no evidence that'steric effects are importent.
Thé‘cherge accommodation should be closely related to the type of
2~-substituent which is iﬁ generél,self-evident from Table (II -
9) ). However, from this point of view the stability of 2,2-
difluorcmzlonic acid is rather unusuval. The sirongly electron-
withdrawing fluorine substituent.seems to stabllise the carbon-
carbon hond and thus prevents the acid decomposition and a
similer effect has been reported for the decsrboxylation of tri-
fluoroacetic acid(72). (Activatidn energy ‘for trifluoroacetate
decomposition is 10 Kcél. higher than for.trichloroacetate ions
under the same experimental conditions.) Certainly, the low
polorisebility of the fluorine atom is one factor which impedes
accommodation of the developing charge. However, the acidity of
the first carboxylic group of 2,2~difluoromalonic acid is rather
low when compared with the other 2,2-dihalomalonic acids (see
Table (II - 10) ). This is unusuzl and not observed with the
halogenated escetic acids(73 >. The observation suggests that

2,2~3ifluorom2lonic acid might exist in either intramolecularly



Table (II - 9)

Relative Reactivity of Monoanion and Undissociated

Species of Malonic A

cids at 25°%

Acid

Brzc(COOH)2(45)

0120(000H)2

PhCH(COOH)2(53)
CH2(000H)2(“8)

F,C(COOH) , °

L

k x 10 < 10% k- x 10
HZA —1 kH A X 19 CHA kHA_/kHzA
(hours ) (hours ) ‘' _(hours )
37
(9.15 M/1 HC10)) 2900 79
108
(8.5 M/1 HClOu) 7200 67
| 3 '6 7-9 2.2
0.024 _ 0.0048 0.2]

99

a) kHZA and k- for PhCH(COOH)2 and CHZ(COOH)Z extrapolated from the higher temperature

data
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Table (II - 10)

First (K1) and Second (K,) Dissocistion Constants

of Kalonic Acids

‘Acid k; (mol/1) Ko (mol/1) K/ Uy
Br,C(GOOH) , 1 - 1072 100
Cl2C(COOH) ;é 0.17 8.3 x 1072 ° 20
PhCH{COCH) , 2.6 x 1073 9.y x 107° 277
CH2(000H)2 1.4 x 1073 2.1 x 70"6 670
7 ,G(CCOH) , 5.0x 1072 7.6 x 1073 6.6
=

measured at OOC -



68

(%) or intermoleculsrly (xA) hydrogen-bonded forms in agueous

i I i
F\C L= 0 F\c /G——O—H ~—~F\G G—O0—H —-
7 \c =0 ¥ \c——of—H s’ \f_.fo__H —
L [ |
\ 0 0
H—0
(x)  (xp)

solutions, since the fluorine atom is known to form - powerful
hydrogen bonds. It is questionable, however, whether those forms
of the ccid would exist at temperatures as high as 70 or 80°C

and cause the stability of 2,2-difluoromslonic acid and its mono-
enion., Attempts to obtain evidenée ebout the type of hydrogen-
bonding from infra-red studies in CHCl3 selutions did not clear
the problem completely, Intensity of a broad snd wezk peak of
bonded OH fregquency from 2500 to 3300 cm.” ! decreases as the
concentration of the acid decreases but the IOWep frequency side
of the peak decreases at noticeably faster rate, This implies
that hydrogen~bonding of the (xA) type is predominant in CHC15

soluticns.
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Conclusion i

It is evident that both moleculsar 2,2—dichloromalonic
. .. . . Y ~0
acid and its monoznion readily decarboxylste at 257C, the rate
= ing 1 =h x .-3.' -1"‘ oy = ’{‘—2
constants being &(H2A) L x 10 < min. snd k(HA ) To44 x 70
ain.-1. The same conclusions can be drawn for 2,2-dibtromomalonic

acid, whereas 2,2-difluoromalonic 2cid is stable in 21l its forms

in aqueous and dimethylsulfoxide solutions.



PART II

Hydrolysis of Malonate Esters’

T0
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Chepter III

Intreduction

The hydrolysis of esters generally has been widely
examined and a2 good deal is known about the mechanism,
Depending on 2 number of factors, but mainly the experimental
conditions and the structure of the ester, either acyl-oxygen (xi)

or 2lkyl-oxygen (xii) fission cen occur. Also the reaction may

0 ' 0

R—C/, R— / o )
X |
0—R"' ~ O—lb—R'
(xi) . (xii)

be catalysed by either the hydronium ion 6} the hydrcxide ion.
These various factors suggest eight different mechanisms are
in principle possible(7ﬁ). Seven of these have been observed
experimentally, 2nd the so-called BA02 mechanism in elkaline
conditions znd the AAC2 mechanism in acid conditions are the
most common. There is also good evidence that iﬁ many cases

tetrahedral intermediates (xiii) are involved 2long the reaction
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path (equetion (III - 1) )(75). - Most recent work has shown
that general acids and general beses may catalyse the reaction

in addition to the hydronium and hydroxide ions. The nature of

18 ' -
0 W -]
4f7 OH° or He(kI)\ ?
Rrv—C\\ + HZO «— —> 018
OR' ' 1
R—C—OR
.
0
V4 k I -
‘_R__C/ L R "
OR'
(xii1) 11{3 -
0
R'OH + R'C//
3N\

OH (eq. III - 1)

this catalysis is not entirely understoodi_but pathways involving
nucleophilic ettack by general bases on the carbonyl carbon atom,
and either general acid or general base cetalysed breakdown of
the tetrazhedral ihtermediate, have been regognised. This cata-~
lysis is known to be especially effective when the general acid
and a general base is a neighbouring group to the ester function.
Generally, detailed informétion on the mechanism is readily

(74) (75) (76).

available on many texts ~and further discussion will

concentrate specifically on the hydrolysis of malonate esters,
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The Hvdrclysis of ldalonate Egters

The hydrolysis of diethylmalonste under alkaline con-
ditions was found to be e normal second order reactlon by
Goldschmidt end Scholz(77) in 1903 (and checked later by
Swiberly(Ys)) and differed only from other compounds in that
two ester groups hydrolysed. Thié feature did, however, present ‘
2 problem in that when the rates.of first and second hydrolysis.
were similar in megnitude, no kinetic eqpation was available to
calculate the specific rate coefficients for ee&h gster group
from the experimental data. Usually the rate constant (kj) for
hydrolysis of the first ester group was estimated from measure-
ments in the first stage of the reaction neélecting hydrolysis
of the second one, and for the second ester rate coefficient “ﬁﬂ’
the first part weas negleéted. Knleauch(79?, however, calculated
the composition of the reaction mixture 2t intermediate stages
in the hydrolysis of various di-esters, iﬁ&luding diethyl
malonate; and the general agreement between the calculated and
the experimental composition made the principle of a two stage

reasction acceptable (equation III - 2).

Ky Kppo
' —
R 002D H or OH™ R /002H ttor OH 3\ /CO2H
/ N +R'0H o /C\ +R'CH
O.R' (HZO) R” CO5R’ (H,0) R° COH"

(eqe III -2 ) -
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In trying to elucidate the mechanism for hydrolysis of
diesters by connecting their constitution with the reacfivity ‘
guaentitatively, Ingold(go) came to the conclusion thet factors
which control the speed of hydrolysis could be classified into
statiétical, polar, steric and medium effects, The relative
rates for two independent consecutive reactions are determined

by equation (III - 3)

2 -
wherg kI and kﬂl = rate coefficients for hydrolysis of the first
and second groups, respectively, and Vo aqd \}zzthe corres-—
ponding catelytic coefficients, VWhen applied to the symmetri-
cally constituted esters i.e. ( V=V 2) the equation (III - 3)

reduces to equation (III - L4).

/ey = 2 - equ. (IIT - )

For the catalysed hydrolysis of esters such as diethyl succinate
or tartrate the rate constant ratio kI/kIIis very close to 2,
The same applies for the alkeline hydrolysis of esters of poly-
valent slcohols like glycol diacétate(81). In these cases, a
neutral substrate molecule is invariably involved for both the

first snd second ester group hydrelysis. However, when an ester
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of a dibasic acid underéoes base catelysed hydrolysis, the
substrate for the second stage of the resction (the corres-
ponding monoanion) is negatively charged end considersble electro-
static interaction with the hydroxide ion cetalyst occurs: this
may result in kI/kﬁf»z’ The deviation from the statistical 1limit
of kT/kHﬁ= 2 depvends on the prox;mity of the two ester fuhctions,
end with s large separation the kI/KH:approaches its statistical
vaiue'82) (79)(83) (8L)

The interaction between a charged substiﬁuént pfesent in
the molecule and 2 charged catalyst approaching the reactive site
is trensmitted through the solvent, a2s well as through the

molecule itself(so).

Feglecting the latter perturbation, Ingold
found that the only parcmeter influencing the kI/kIIratio is the
Gistance (r) between the msin ionic centre in the carboxylate ion
of the monoester, ROOC(CHZ)HCOOG,'and the main focus of the
reaction with hydroxide ion in the carboxylic ester group(gs).
The values for "r'" czlculated from tﬁé kI/kH:ratio for &n
irreversible reaction were compared with the results obltained
from the first and second dissociation consténts of the corres-
vonding dicarboxylic acids(86). They were in a Qe;y good agree-
ment only for higher homologues of the series. Obviously, the
effect of o substituent which is trensmitted through the

molecular framework could not be neglected.
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Investigating the base catalysed hydrolysis of diethyl
nalonats and dilethyl adipate in water and in 3807 alcohol/water
solutions, VWesthelmer =nd Jones correlated the e:merimental
reticol predictions of the Kiriwood- uestnewner
theory . witlch teakes accounts of the electrostatic

influence of a charged sudstituent transiitited through the

D’)

olvent as well as throuzsh the nolelule itself. The sctivated

=

complex is represented as 2 reglon of low dielectric constant
surrounded Dy & homogeneous solvent. For short and relatively
broad molecules like nalonates, most of the lines of foice

travel through the nolecule itsell and, coansequently, the

O

izf1l nce of solvent is minimise Sone experimental results
proved o e in a good qualitative agreement with the predictlons
of their theory. ‘estheimer and Jones Turther investlgated

the influence of zn electrolyte upon the first and second rate
constents Tor malonate ester hydrolysis. They found Kp to Dbe
precticglly independent of ionic strength in either of the
solvents, while ky;y wvas strongly influenced by the neutral
salt concetration and particularly so in alcéhol/water soluti=-
ons. This salt effect could exzplain the increasing ky/ltpy ratioc
(82)

fevo rted Dy thchve in alcoholic solutions Tor nalonate
ester hydroly31s. However, it would not explalin Ritchie's
results for the k/kpp ratio of a serles of 2-substituted

diethyl malonstes under similar counditions. He found the



77

sequence for kI/kIT ratio Tor base catelysed hydrolysis in
" . 5O
507 agueous/zlcoholic solutlons =t 25°C 4o be 77.9, 28.6,.13.5

(7
]
0]

and 4.57 for the unsubstituted
2_
Bt

3uch a .pronouvnced

oY)
o
s
AW
(0]
5]
@
Q
park
=
<
(0]
”

~diethyl deriveiives r
influence of substitventis in 2-position waos unexpected, at least:
on the basis of Kirkwood-itsstheimer's theory.

In bener 1, however, the bPresence of the 2-alkyl sub-
stituents should decrease the reacuvivity of ‘the compound duve 1o
the steric retardation, as well as the eleciron donating charac-
. e a2 (82)

ter of the alkyl groups. Experi-ental date by Ritchile atoud

the first (k) end second (k;:) rate constants (second order

rate constants) of a series of 2-substituted malonates do show

the decrease of the rate constants in the order: unsuvstivuted

®

ester, 2,2-dimethyl and_i,n—diethyl melonatss. These resvlis
e

2lthough both the individuel values of ki and kyp decrease,

th

0]
o)
-
1~y
[0}

ct 1s higher rFor ky then for k. Or, in-other words,
the difference between the neutral and nega ulve1y charzed

specles of tne nalonate systen undergolng nucleophilic attack

2% the carvonyl group becomes negligible as the suvbstitutlon
in the 2-vosition increszscs. One possivle explanatiion could be

s e - . . .
intrarolecular carboxylate catalysis (C00<=4 pariicipation)

of the second group hydrolysis overating either in competition

. - =0
wvith intermolecular (OE”) base estalysis (in less sterically



Table (III - 1)

Second Order Rate Constants for the Base
Hydrolysis of a Series of Diethyl Malonates in

fqueous/alcoholic Solutions (50 mol. %) at 25°

o-substituent k x 107 kpp X 10t kp/ kg
None 16900 21700 77 .9
o-methyl 21,00 8380  28.7
2,2~dimethyl 57 L20 13.6
2, 2-diethyl 1 2l .57

hindered molecules) or, as the only form of the second ester

group hydrolysis (see eq. (III - 5) ):

0
g l' R cco®
\\'/':iB? slow) \\4/ \\\O fast> \\C//
R" \\F—-—OEt {/‘\|<:: - R{/ }\coo°
J) \ + ntOH
(xiv)

Equ. (II1 - 5)
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tnergetically unfavourable formation of a four-membered inter-
mediate (xiv) could be compenseted by the steric interaction of
a bulky (gem.) ethyl group in 2-position and, therefore, resuls
ir intremolecular catalysis only. 4&ctuelly, the problem has
never been reinvestigated znd no satisfactory explanation
offered tc date. In particular, steric ertects from bulkj
substituents were not ccnsidered.

. Trne influence of solvent on both the rate and the mechanism
of dicarboxylic acid ester hydrolysis was examineé by Swiberly
and Kuhta(eh). They studied the alkaline hydrolysis of diethyl
mzlonate, diethyl succinate and diethyl sebacate and found the
expected decrease (on the basis of Westheimer and-Jones results)
in the kr/kll;atio (118, 5.77 end 2.82 respectively) with sub-
strate structure in 50% dioxan/water without added salts,
However, when the concentration of dioxan was increased, the
kP/kIIratio decreased considerably for all substrates. Thus,
for diethyl malenate ky/kypchenges from 165 in 20% dioxan/water
to 1.46 in 82.75 wt. % dioxan/water solutions. Furthermore,
since the plot of log k; versus solvent dielectric constent (D)
passes through a minimum when D approaches 30 (the region where
ion pairs formation becomes important(Bs)) they concluded that
the mechanism for hydrolysis of the second ester group is

changing from an ion-ion process in media of high dielectric

constent to one involving ion-ion-pairs in media of lower
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dielectric constant. Furthermore, With very low-dielectric
media, Swiberly and Kuhta believed the formation of ion-pairs
was iﬁportent for hydrolysis of voth the first and second ester
groups. However, this change in mechznism should.not be
important under the conditions'of Ritchie's experiments, as
agueous solvents were used.

More recent work by Biuﬁcé and his collaborators(go)
has -suggested that o-nitrophenyl malonate esters along with
other esters containing labile 2 -H atoms (i.e.rCN-CHZCOOR
or (CHg), gcz{zcoozz) and a2 good leaving group (i.e. -o-N0206Hu09)
may underge an wnususl kind of base catalysed hydrolysis
involving the formetion of a carbanion intermediates (xv)
%g. (III - 6). The evidence for this comes mainly from the
unusual pH-rate profiles obtained for these compounds in con-
trast to those for substituted derivetives (such as 2,2-dimethyl
o-nitréphenyl ethyl malonate) devoid of 2 -H atoms. In all
these cases, decomposition of the carééniéh intermediate was
thought to occur either spontanecusly (see equation (III -&) )

without solvent interacticn (i.e. formation of an unstable

O =—

0 0 0
n 7
H c——o-——@ O .

Y
\C/ o OH ec/ ifo R——C/
/ AN 2 / \ - — COOE%
R COOEL R CCOEt /
(xv) (xvi)

products

Equ. (III - 6)‘
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kectene (xvi) or by & genersl base catalysed attzck of water

at the ester carbonyl carbon (equation (III - 7) ).

i
PN
7 N
Id . ~
o ¥ I
B0 | 5 : :
(xv) > Et0C —C O-—H —, products
- ’f/ \}{/
) B
7\
- 7/ :
7 N
Zqu. (III - 7)

Bruce =nd Holmguist faveoured the first'pathway as Tormation of
hydroxemate with hydroxylamine and eacylimidezoles ih imidazole
buffer solutions are most easily rationalised via the trapping
of ketene intermediates., Holmguist and Brdce(go) suggested
further that the uncatalysed transesterification of & series

(91)(92)

of malonates described by Rowlend 2nd coworkers proceeds
via a related ketene mechenism (eguation (III - 8) ).

However, this mechanism is obviously not important with

Pol
l_l
S
ol

bstituted maleonzte esters.
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A 7 e |
C 4] e o] 0
LY = 1 s
\O/ \,Ca/ \\0 + EtCcH \0/ \C/
l : l
R R

7
Et G C.
R

equ. (III - 8)

Yeichbouring Group =ffects

Sxtensive investigetions over the lagt tvwenty years have
gstablished that mutusl intersctions between neighbouring groups
heove an importént bearing on the rates snd mechonism on many
recciions. 1In gerticular, it h2s been established that the .
interaction of neighbouring nucleophilic end bzsic GO_,-COZ',

Y. etc.) is importzsnt in esier hydrclysis =nd other corvonyl
J z ¥
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f this kind might be expected with the

recactions of malonstes, Where one céarboxylic group intercets
3 =

with the other btut, surprisingly, few attempis have been made

to observe =znd identify neighbouring group effects in this class

of compounds.

However, anchimeric assistance has been investigated

.
extensively in other dicarboxylic acids(95)(9?)(97)(98). One of

the first investigstions was by Bender and collaborators(95)(96)

who studied derivatives of phthalic acid and concluded the pH-

rate profile for the hydrolysis of methyl hydrogen phthalate

was connected with carboxylate ion assisted hydrolysis of the

ester function via transition stete (zvii) in equation (III - 9)

0 0
oo
K | - ~ °
>~ "GOOR "_(P\\R '
0
(xvii) 0
ScH
C—OH
I
0

~

Equ. (III - 9)

to give a phthalic anhydride intermediate., Other related work,
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on the hydrolysis of acetyl salicylate involving both pH;:ate
studies and O18 excﬁanée(99) demonstrated that carboxylate ion
could act as 2 neighbeouring base catalyst;

The pH-rate profiles for hydrolysis of phenyl hydrogen
sucecinate and glutarateg97) have 2lspo been interpfeted-as
evidence for intremolecular nucleophilic catalysis by carboxylate
icn., Unsubstituted succinate hydrolyses about 200 times faster
thaq glutarate in the pH independent region presumably because
the smaller distsasnce between the two carboxylic groups increases
the entropy of zctivation for the succinate sﬁbstretes. Sﬁb—
stituent effects on the rate of intramolecular hydrolysis of
dicarboxylic acid ﬁonoesters have been extensively studied by
Bmice and Pandit(98). They investig=zted the byérolysis of several
mono p-bromophenyl esters of succinic and glutaric acid, &s well
88 mono p-methoxyphenyl esters of‘maleic and 7—oxabicyclo[2,2,1]
hept-2-ene-5,6-exo dicarboxylic acid., Release ot bhenoxide ion
from maleic and 7-oxabicyclo [2,2,1] hept-2-ene-5,6-exo dicarb-
oxylic acid esters produced a neutral intermediate which itself
hydrolysed at & rate identical to that observed for the corres-

ponding anhydride (xviii). This clearly indicates that

) /
CCOR / ?/ S co0H
o

—=aai
> 1Ta8%% S:T.O‘;

(zviii) Equ. (III - 10)
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decomposition of the anhydgide (xviii) is the rate controlling
procuss (equstion (ITI - 10) ). Fowever, hydrolysis of succinic
end gliuteric acid =znhydrides must be much faster than their
fecrmation, since these species cannot be detected in the reaction
mixture, Bruice and Fandit deduced the following observation

from their results:

a) TFive membered rings are closed at higher speed then six-
membered ones {(unsubstituted succinate reacts 230 times as fast

as glutarate).

b) Ring opening (decomposition of the intermediate anhydride)

is bus little influenced by the size of the ring.

c) Geminal substitution (particularly at the /3 -position)

increases the rate of ring closure and decreases the rate of

ring opening.

d) Restricted rotation of the redcting carboxyl and carbo-

phenoxy groups accelerates the rate of ring closure by a factor

of 10%(1 x 10" =na 5 x 10" for maleic and 7-oxabiecyelo [2,2,1]

hept~2~ene-5,6-exo dicarboxylic acid respectively) relative to

the unsubstituted glutarate hydrolysis,

e) Non-bonding interaction between substituents in substituted
glutaretes and succinates results in an increzse-of the ring
closure becsuse the reacting centres are brought closer

(100);

together whereas the rate of ring opening seems 10 be

mainly dependent upon steric hindrance.
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Bell-shaped pH-rate profiles obtained for the hydration
of fumafic acid arise from the enhénced reactivity of the
fumeric monoznion, i.e. both the -COOH and cco® groups are
involved in the reaction. This is most easlily expleined by
isomerisation to B -malo-lactonic acid which then undergoes

rapid hydrolysis (equation (III - 1) ).

o)
,I
/C'\‘ e /O
N PP SR
oﬁ C & —>  HC—O0 H,0 CH,
NS | = |2
ﬁ H //g CHOH.
7N .
0 0" 4 0 - Coo®

Equ. (III - 11)

Clearly there is good evideﬁce for neighbouring carboxylate
ion catalysed ester hydrolysis in dicarboxylié acid gerivetives in
which the carroxyl functions are separated by at least two carbon.
atoms, i.e. funaric, méleic, succinic esters{ but apart from
Ritchie's experiments, there is no evidence for similar neigh-
bouring group intermediates in malonate esters: also, malonate
anhydride hes never been isolsted. However, this is no a priori
reason Why such interaction should not occur. Thefe is; in fact,

some evidence of neighbcuring group interaction by —C00°®

resulting with the formation of a lactone intermediate for
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reactions other thzn ester hydrolysis. Thus snchimeric

esslistence by ionised carboxylic groups h&as been observed during

hydrolysis of several sliphetic halo-zcids. The hydrolysis of
- Y-, & —helo-acids in neutral solutions gives isolable

(101)(102) (103) .

lactones hydrolysis of d-halo-acids provides
several observations indirectly supporting the reaction via an
intramolecular nuecleophilic displacement., For exemple: a) Con-
figuration of the product is retained during hydrolysis of o -

(104)

bromepropionate , the rate of methanolysis of 4 -bromo-

propionste is 2bout twenty times faster than iscpropyl bromide
solvolysis(1o5) and hydrolysis is not sppreciably affected by
either solvent or neutral electrolyte concentration., Further
evidence for intramolecular participation by —C00° comes from
thermodynamic a2ctivation paramegers. Thus, Lane and Haine(106’1CD
have measured the energy end the entropy of activation for the
golvolysis of 2 series of monobromo carboxylic acids where the
bromine substituent veries from the & to & snd § rposition.
L positive velue for the entropy of activation ( 11 e.u;).for

A, s3 end Y -substituted acids was interpreted &s a release
of water molecules in the transition state which increases the en=-
tropy of the system as a whole., However, shifting the bromine
atom further awsy from the carboxylate ion meokes the contribution

of iniremelecular reaction %to the total reaction smaller znd the
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entropy of sctivation diminishes (- 2 e.u. for € -bromocaproate
and - 13 e.u. for g -broroenanthate), As far 'as intramolecular
reaction is concerned, the enth2lpy of activetion chenges con~

giderahly with the distance of the two reactive sites in the
molecule. The greater the strein in the intermedieste lactone,
the greater the enthalpy of activetion. Regarding 5-membered
rings as being strainless, 5 Kecel. of energy is reguired to form
four-membered ring and 7 Kcal. for three-membered ring formation.,
The mzgnitude of these energy terms would no{ prohibit lactone
formetion for the A - #nd B-bremo acids.

Accordingly, kinetic studies of mzlonote esier hydrolysis
were wnasritcksp in 2lkeline solutlons to probe for the incidence

carvox

€

late ion catalysis. The substrates used

hy Ritchie ore unreactive snd it is difficult to cbtain rate date
for hydrolysis of both the first end second groups under

identiczl concitions. TFor this reason more rgacihive substirates
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Chanter IV

Discussion of ZResultis fcr the Szge Catalysed

Hydrolysis of 2,2-disubstituted Malcnates

It 1s evident that for the hydrolysis of zn unsubstituted
diethylmalonate the relative rceactivity of the first 2nd second
ester group is 2 function of the experimental condltlons, but
extrzvolated values of kI/2&H ratio to the zero ionic strength

(83) (8ly)

in sgueous 80% ethanol/water and dvoxar/water solutions
(wnen the vzlue of the dielectric cconstant of the solvent was
higher than 60 in the lzst meniioned solvent), are in reascnsble

litative ezreement with predictions of the Kirkwood-

[AY)

cu
Wwestheimer theeory. However, the data for 2lkyl substituted ethyl
melonates cannot be exglzined by the Kirkvood-'Yestheimer trest-
ment, Substitution lowers the k- /?LIIr tlo for ester hydrelysis
and is clearly relcted to the nature of the alkyl substituent.
The 2ctuel aim of the present work wes to establish whefher
neichbouring group interactions are important for the hygr 1l.78is
of 2,2-disubstituted mzlonates, The subsirates chosen for the
study were 2,2-3imethyl di(p-nitrophenyl;nzlonatie (xix); 2,2-
diethyl di{p-nitrorhenyl)melonzte (xx); 2,2—disr’ﬁo/dlethjl—

te a2nd 2,2-dichloromaloncte. The corresponding tnsub-

stituted g-nitrophenyl meionate ester wee found to be much too -



cx, COCC 2H, KO, 0% L0H CCOT H, %
3 6472 372 Syt 2
N/ /
//C\\ .;>C\\
H_CE \ 7
Cf5  ooocgH,ro, CHs0Ey  CCOCGH IO,
(}:ix) (xx)
resctive to be followed by the method described in the experi-
mental section. 2Lbove pH = 5 neither the first nor the second

ester group hydrolyses could be follecwed quehtitativély.

The experimental pseudo-first order rate constants with
excess of NeOH in 41 vol. % dioxan/water solutions are summarised
in Tables (IV - 1) and (IV - 2) for substfa@es (xix) and (xx)
respectively. The ionic strength of the solutions was adjusted
by ¥C1 to 2 total value of 1,00 for 211 of the messurements
listed in the two tables, Concentration of the substrates was
in the region of 2 x 107° /1. On the basis of the individual
measurements, the second order rate constants kI(OH_) anq

for the hydrolysis of (xix) were estimated to be

k: —
II(0H")
1 1 1

(8.3 + 0.3) x 10° 1. mol™ 1

min.”! and 2.6 + 0.1 1. mol” 'min.”

43 - - - =
respectively. Therefore, kI(OH )/kII(OH ) 320, or when
corrected for the Suatlstlcal‘factor kI(OH_)/zkII(QH—) f 160,
Rate constants for this particular compound were not corrected
for contribution via a water catalysed pathway since the plot

» 1 NaOH | has a slope of unity.
log kobs. versus log [AaOH]
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Table (IV - 1)

Hydrolysis of 2,2-dimethyl di(p-nitrophenyl)malonate
with Bxcess of KaOH Measured in 41 vol. %

Dioxan/Water Solvent at 25 + 0.1°%C

3
%0H X061 Flobs, Foobs. X 10

B Gi/1) (/) (minlh) -l 208 E Mg Ky
159 0.010 0,99 - 25.0 - 1.602
160 0,002 1,00 - 5.53 - 2.257
162  0,0006 1.00 0.479 T - - 0.320 -

kI(OH')=(8'3 + 0.3) x 102 1.m01—'1 m:jLn-q;_

kI(OH-) = 2.6 _‘_‘l'_ 0-1 1. m01-1 minu-1

Kr(ou™) /k 360

II(OH™) =
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Table (IV - 2)

Hydrolysis of 2,2-diethyl di(p-nitrophenyl) rﬁalonate
With Excess of NaOH; Measured in 41 vol. %

Dioxan/Water Solvent at 25.0 + 0.1°C

2
o OF B Mews O et O L
151 0.50 0.50 - 221 ~ S 1.655
152 0.10  0.60 - 18y - 1.735
153  0.20  0.80 - 91.2 - 2,040
154 0.05 0.95 - ol Ly - 2.613
155  0.02  0.98 23,6 9.30  0.628 3.032
156 0,01 0,99 12.0 5.19 0.920 3.285
158 0,004 1,00 5.71 - 1.90 1.244 3.720
157  0.001  1.00 1.8 0.74 1.735 4.130
ke, oo = 11.3 1. mol”! min. - '
I(OH")
kII(OH-) (4e72 + 0.26) x 1072 1. mo1”! min.”!
Er(or™) /x 240

II(oE") ~
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The data for the 2,2-diethyl malonate (xx) gives a mean
value of the second order rate constsnt kTT(on") = (4.7 +

1 min."1 (the rate for 0.001(KiKaCH was not

0.26)x 1072 1. mol.”
teken into account since the deviation from log k, obg, Versus
log [ ¥20H]| vlot was very much higher than the standard devia-
tion) . From the log k1 obs. versus log [NaOH] plot it was
rcalised that the competition between HZO and OH® catalysed

hydrolysis was considerable. From equation (IV - 1) it is

apparent that the intercept of k] obs versus [ﬁaOH]plot is a

B oba. = Fr(my0) * [70] + L1(or™) * [on™ ]
Equ. (IV - 1)

constant related to the spohtaneous (water catelysed) hydrolysis.,

N . - -1 -1 .
fecordingly, kI(OH*) = 11.3 1. mol. ' min. end kI(H20> X [HZO]

1, as estimeted from Figure (IV - 1). The

=k, = 1x 107 min.”
first end second rate constant ratio for hydroxide ion catalysed
hydrolysis of (xx) is, therefore, kI(OH—)/kiI(OH—) = 240, or

kI(OH—)/ZKII(OH") = 7120, Thus neither the kI(OH—)/kII(OH—)

phenyl
ratios for 2,2-dimethyl or 2,2-dlethyl p-nitrodmelonates 1s

tnexpectedly low, a2nd, accordingly, neighbouring group inter-

action by the --COOe does not occur tnder these conditions.
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Figure (IV - 1)

Hydrolysis of (02H5)20(00006HhN02)2 in aqueous/dioxan

NaOH solutions
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18 [waom] x 103



95

Hewever, this eifect would be most noticeable at low oH® con-
centration, Where hydrolysis by the normal bimoleculsr patn ié
less imrortent. For the studies at base concentrations less
than 10_3 M¥/L, glycine/KaOH buffer was used. 4The solvent
composition remained as mentioned_above, and the ionic strength
was adjusted with KC1 to the total value of 0.059 N/1. Tir;e
experimental pseudo-first order rate ccnsﬁants together with the
coffesponding pH (mezsured) and the buffer concentrations are
listed in Tables (IV - 3) and (IV - L4) for tﬁe first and second
ester group hydrolysis respectively and log kobs. versus pH
(measured) are presented in Figure (IV - 2).

Lpart from OHe and HZO acting as nucleophiles in buffered
solutions, it is apparent that glycine itself catalyses the
reaction. However, the structure of glycine is such that the
reaction could proceed by a generél acid~general base catalysed
pathway as well as by nucleophilic catalysis., Therefore, the
rzte constent dependence upon glycine concentrétions was,checked
for both the first and second ester group hy@golysiS. From the
data in Teble (IV - 5) it is obvious that double buffer con-
centration increases the rate of reaction by a factor of 3 and 8
for the first and the second ester group hydrolysis, respectively.
Thus, the first ester group séemed to be hydrolysed via a normal
nucleovhilic attack on the carbonyl carbon atom while the s econd

group hydrolysis probebly involved two or vperhaps three molecules

of glycine in the transition state..



Table (IV - 3)

Hydrolysis of the First Ester Group of (C,yHs) ,0(CO0CLH,NO,), in

Presence of Glycine/NaOH buffer and Glycine with EXcesa of NaOH at 25.1 + 0.2°%

Run

L0
124
137
41
125
1h2
126
127
143
131
130
128

133 -

pH
(measured) ™

9.71
10.15
"10.16
10.14
10.47
10.83
11.10
11,91
11.46
12.33
12.36
12,68
12.94 -

mls of 0.7 M

mls of 0.1 M

Glycine in NaOH in
100 mlg of 100 mls of
Solution Solution

28 12
2L 16
24 16
2l ‘ 16
22 18
20.4 19.6
20.4 19.6
1 19.6 20.4
19.6 20.4
19.2 20.8
18.8 " 27.2
18.0 22,0
16.0 24,0

Kq opg.® 10% - 1oz Ky spg,
0.79 2,102
1.15 1,940
0.98 2,008
.1.03 1.987
1.17 1.93%2
1.80 1.745
1,00 2,00
2,09 1.680
3.69 1.433
bl ¢ 1356
;Lh.62 1.335
9.03 1.04LL o
1640 0.796- &



Table (IV - L)

) - ! 1 1 )
Hydrolysis of the Second Lster Group of \C2H5)2c(00006HhN02)2

in Presence of Glycine /NaOH Buffer and Glycine with Exceass
of NaOH at 25.1 + 0.2°%

mls of Q.1 M mls of O.1 M

EE? (meaggred) %é%cégg g? qgthig kz obs. * 10“ ~log k2 oba,
Solution Solution

(N . 9.71 28 12 3.01 3.521

145 10.84 20.4 _ " 19.6 . L.U5 T 3.352

146 11.60 19.6 20.4 | 4 .80 3.312

7 12.95 16.0 2.0 6.21 3.207

L6
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Figure (IV - 2)
Hydrolysis of (xx) in Glycine

Buffer at 25°.

- 1og-Kypa,
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U
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Table (IV ~ 5)

mis. of 0.1 M mls. of O.1 M mls(glycine)-

' pH _ 2 C o3
R (onbured) I;];Ich%COOH in ;Séoﬁlﬁnof W/ ki opg.® 10° Kk, o % 10
0 mls of . A
Solution Solution fls . (NaOH)
1B 9.77 56.0 24,0 P2/a = 1.33 2.05 2.20
140 9.71 28.0 12.0 ©/12 = 1.33 0.79
.l 9471 28.0 12.0 1812 = 1.33 0.301
k9. 10,50 4.0 36.0 %/56 = 0.22 3.1 4 .03
125 1047 22.0 18.0 “/18 = 0.22 1.17
K obs.(1u8)/k _ = 2.6 | ko obs.(?hB)/k = 7.3
1 obs.( 140 * 2 obs.(14Y)

|

k
1 oba.( 149 = 2.7
& )/k1 obs.(125)
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Kinetic runs included in Table (IV -~ 5) were carried
cut in a2 system where both zwittepion‘and the glycine monoanion
were present, In scme of the measurements incl;ded in Tgbles
(IV - 3) end (IV - L) NeOH was in excess over the total glycine
concentration and censequently in these measurements the con-
tribution of glycine zwitterion catalysed hydrolysis to the total
rate of reaction was eliminated. The measurementsﬁcould,
théfefore, serve to check the rate of hydrolysis dependence upon
the glycine monoenion concentration only and'to realise the type
of influence (if any) zwitterion may have on hydrolysis of the
two ester groups.

However, the measured pH values of the above mentioned
solutions seemed to be rather high when compared to the Nz20H
concentrations which remainéd after complete zw;tterion
neutrelisation., Thus several NeOH solutions were made up in
the same sclvent with the same total salt concentration and the
measured pH were compared with the cslculated ones (utilising
the known IaOH concentration). The data sre collected in
‘Table (IV - 6) and show the measured values to be about 1.0 pH
units higher than the calculated ones. Since the electrodes were
celibrated in water solutions, whereas the pHd mezsurements of
the reaction mizxtures weré carried out in 41 vol. % dioxan/water

solvent, the difference between the two values could arise from



Table (IV - &)

-

Comparison of Heasured pH and Calculated Ones

fron knovm HaOH Councentrations in

. . . - (o] .
41 vol.% Dioxan/Water Solvent at 25.1% 0,270 -+,

[He0H | x 107 _10g. [waOH]  i1og. [H*]  tog. [u']
(/1) (calculated) alculated) (measured)

Lo .0 1.40 12,60 ' 13.583

% .00 2.10 ©11.60 12,65
2.00 2,70 11.30 12.34

an unconpensated liquid-~junction potentizl. Due to this

discrevancy in pH values, the calculated HaCH concentra-

tions were thought to De more reliable ones in solutions -

-

where NalH was 1in excess over the totzal glycine concentration,

P
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Allowing for NaCH snd glycine monoeanion (gly")
catelysis, the relationship betwecen the vericus rate coefficients

becomes for hydrolysis of the first ester group:
'Ky obs. T Fr(omT) ¥ [or™] + KI(g1y™) * [s1y ] Eq. (IV-2)
or

K9 obs. ” Fr(opT) ¥ [OH ] = Constsant Eq. (IV - 3)
E

14

and for the second ester group:

_ L2
Ky obs. = Fri(or™) ¥ [OH ] * oErpgyT) ¥ [gly ]
- ‘ Eq. (IV - L4)

or

k - k -y x |oH | - ' -
2 obs. 1I(0H ) [ ] - Constant Eq. (IV - 5)

[gly' ]2 R

The enalysis of data according tc the ecuations (IV ~ 3) end
(IV ~ 5) is presented in Tables (IV -~ 7) =nd (IV - 8) (con-
centrations of glycine menoanion and zwittericn were calculated
vis the smount of totz2l glycine 2nd total NaCH added to the

reazction mixture, while k end k viere taken as

(04 ) II(0H )
1 1

11.3 2. mol™ ' min. ' and 4.7 x 10 ° 1. mol-] min.-1 respectively),
The left-hand side of equation (IV - 3) eppears reasonably

constant (see last column in Table (IV - 7) ) =s long as NeOH 1is



Table (IV -~ 7)

Analysis of Dato from Table (IV - 3)

/continued ....

i <$§q_ E%TﬁggH] K1 obs. kI,OH-)xlbn"]x 102 Glycine (1:1 obs .~ kI(OH?[bH;y'glycine

: suréd) x(ﬁé%) x 102 \ mo?ﬁﬁgion ) monoonion
WO 9.7 - 0.79 0.05 1.15 x 1072 0.73 x 10'2/-1.15 x 1072 = 0.63
124 10415 - 1.15 0.16 1,59 x 1072 0.99 x 10721 59 % 1072 = 0.62
137 10.16 - 0.98 0.16 1.59 % 1072 0.82 x 107°,3 o0 152 _ ¢ 5o
W1 10.1k - 1.03 0.16 1.59 x 1072 0.87 x 10'2/1.59 x 1072 = 0.55
125 1047 - 1.17 0.34 1.78 x 1072 0.83 x 10‘2/1.78 £ 1072 = 047
142 . 10.83 - 1.80 0.77 1.89 x 1072 1,03 % 10721 40 = 1672 _ 055
127 11.91 0.8 2.09 ' 091 1.96 x 1072 1,18 % 1072, 001072 g 60
3 11.46 0.8 3.69 0.91 196 % 1078 2.78 % 10721 o6 1072 & qp
151 12.33 1.6 bl 1.81 1.92 x 1072 1.33 x 10"2/-1.92 x 1072 = 0.69
130 - 12.66 2.4 .62 2.71 1.88 x 1072 1.91 x 10-2/1.88 x 1072 = 1.02 é



Table (IV - 7) Continued

2-50

Con , . -2 )
1287 12,68 4.0 9.03 s 152 1.80 x 1072 451 x 10725 40 o 10=2

2

: . - -2
133: 12,94 8.0 16 .0 . 9.04 .60 x 10 7.00 x 10 /1.60 x 10“2

L.40

70T



Table (IV - 8)

Analysis of Data from Table (IV - L) °

. pH  Excess . -1x 0% Glycine (i - [OH”])
Run. (mea-~ of NaOH °2 obs. k x[OH ] Jein 2 obs,” *[oH)\ / : 2
II0H) mono&nion glycine .]° .
gured)  (M/1) L 102 (1/1) [monoanion&
- -2 - ‘
1uu: 9.71 - 3.01 0.02 1.2 x 10 2.99 x 10 /1.4 x 107H = 2,07
| -2 ~L -
S145. 10.8L - L .45 0.32 1.96 x 10 | b.13 x 10 /3.8l x 10 h_ q.08
o : -3 -2 . -1 -
146, 11.60 8 x 10 I .80 0.38 1.96 x 10 W2 x 107 /3 8y % 1075 = 1.15
147 - 12,95 8.x 1072 6.2] 3,76 1.60 x 1072 2.5 x 107t -l
_ | . . al . . o /2,56 x 107 = 0.96
] 1
* x L.7 x 1072 1, mo1l™ ! min.”]

1I{oH) ©

GoT
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net in an gpprecisble excess over glycine conCEntretion; while
it increeses noticeably es the excess of KeCH incresses. Since
the opoposite appears te hold for the second sster group hydro-
lysis (see last column in Tsble (IV - 8) ) it is more likely
th2t this observaticn is 2 resl effect rather then an experi-
mental errcr cf some sort. Consecguently, the rate of first =nd
second eater groug hydrclysis of (CZHE)ZC(COCCGHMHOZ)Z could be

described by eouations (IV ~ 6) and (IV - 7) respectively.

- Eq. (IV - 6)

and )
rete, = kII(HZO) x [HZO] [S~ ] + h*I(OH-) % [CH~] [S—]
-12 -
* RKyr(eay) ¥ [rly ] [S ] +"fII([01v ][S ]Llozw])
Eg. (IV - 7)

where [S] and [ S—] = diester &nd mecnoester-monoenion of
2,2-diethyl di-(p-nitreoghenyl) malonzte coacentration,
respecitively, while [glyzw ] = glycine éwitterion
concentration,
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.

It is clear that the investigations undertaken in the

present work with p-nitrophenyl mslonate esters did not show

an appreciable (and therefore noticeable) contribution of

intramolecularly catalysed second ester group hydrolysis.

Instead, general bage catalysis (xxi) and (xxii) and perheps

general acid catalysis (xxiii) of the nucleophilic attack at

the carvonyl carbon atom beceme evident.

In trznsition states

like (xxi) end (xzii) a genersl base (OE® or the glycine mono-

anion) removes a preoton from the attacking nucleophile, thus

faciliteting the process, while in (xxiii) general acid catalysis

occurs by protonation of the leaving phenoxide group.

N: OR®
HR/I
E
({
®oxn
(xx1) 0
/
R e,
N,/ o

H—ru: (. O
////l oR'
"R H =":‘?
o ;N
IIR/LHZ

I
R\\;//C\\Oe
RN
R Q\S}

q 0

- _>N:; OR'
ug I J)
HK‘\

s
H/// \\H

r .
R' (xxii)

(xxiii)
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BExveriments with 2,2-dibreonmo =nd 2,2-dichloro diethyl .ma2lonstes

Experiments with these di-halomalonates were carried out
in 60 wt. % ethanol/water solutions at 25°C (total ionic strength
of 0.1 vas maintained with KCl). The results of the measure-
ments are summerised in. Tables (IV - 9) and (IV - 10) for 2,2~
dioromo 2nd 2,2—dichloro diethyl mslonates respectiveiﬁ, while
1og‘kobs. versus pH(measured) plot for the former substrate is
present in Figure (IV - 3). 4s the Figure shows, the results
are not very reproducible and further investigations were dis-
continued. With 2,2~dibromo substrate the NaOH required for
the complete hydrolysis was regularly high for 10 to 20% while
for 2,2-dichloro compound was usually low for about 10% of the
celculated velue, Invthe case of the dibromo ester, there wasg
evidence of hydrolysis of the bromine substituent under the
experimental conditions, and this could account for the increased
guantities of base consumed, ~
However, the general trend of the log k1 obg, Yersus pH

line is linear with the slope of unity while log k versus

2 obs.
pH is not. The increasing k, Obs_/k1 obg, Tatio with increasing
pE of the solutions could, perhaps, be the indication of the
intramolecular catalysis of the second ester grolp under these
conditions, zlthough it is difficult to undepstand why this

interaction is more important at high rather .than low pH.
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Table (IV - 9)

Hydrolysis of First and Second Ester Group of 2,2~

dibromo Diethylmalonate in 60 wt. % Ethanol/Water

Solutions a2t 25.0 + 0.2°C (Ionic Strength = 0.1)

' i

k 2 obs.
1 obs. - k o
fneasured) (min_ ') (min 1) 2/k1 =108 K opg, 7108 K5 pg,

11.40 0.039  0.019  0.49 141 1.72
11.60  0.069  0.037 05k 1.16 1.43
11.80 0.074 0.032 0.43 1.13 1.49
11.80 0.120  0.04k4 0.37 0.92 ' 1.35
11.90 0.082  0.037  GC.l5 1.09 1.43
12,00 0.213  0.038  0.18 0.67 143
12.30 0.352  0.046  0.13 0.45 © 1.3

12,30  0.177  0.059  0.34 0.75. 1.23



Table (IV - 10)
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Hydrolysis of First

end Second Ester Group of 2,2~

dichloro Diethylmslonate in 60 wt., % Ethanol/Water

Solutions at 25.0 + 0.2°C (Tonic Strength = 0,1)

o i o2 2 o 'kz/k1 ~log k ~log k
Mmeasured) (min~') (min~ ") . °) 1 obs, °f %5 obs.
11.50 0.064 0,017  0.27 1.19 1.77
11,70 0.092  0.033  0.36 1.0l 1.48
11.70 0.086  0.028  0.33 1.07 1.55



~log K ops.

1.0}

0,6}
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Figure (IV - 3)
Hydrolysis of 3roC(CO0EtL)p
at 2590 in 60 wt.d EtOH/HoO0.

O~ 1og.&y ops.

A= Llog.kp opg

12.5 pH

11.5



Chapter V

The Hydrolysis and Decsrboxyletion of

2~(trimethylammonium) ~diethylmalonate

Investigation of substituted ethylmelonates suggested
that electron withdrawing substituents accelerate ester hydro-
lysis. Thus, it wes expected that 2-(trimethylammonium) -
diethylmalonate (xxiv) would readily hydrolyse under mildly
2lkaline agueous conditions. However, it had been reported(65)
that the corresponding dianion (zxvi) was unsteble and readily-
lost 002 &t room temperature, 2lthough the half hydreclysed

sanicn (zxzv) was atsble., The instability of the diznion (xxvi)

(CH.) ; coo®
\MH3/3

\\C
H// \\CO

54 . B
c CH=
(CHB)BN COEt ( ) 5N

coo®
NI N,/
N N\

o

CCOEt CCOEL- 0

(xxivf (xxv) - (xxvi)

is inconsistent both with the results for other mzlonic acids

and with the repeorted stability of the corresponding half

ester (xxv). Accordingly, hydrolysis of this eSter was investi-

]

¥

the mechanism of hydrolysis end the nature of subsequent

decarboxylaticne.

2ted in sgueous solutions from pH = 8 to pH = 12, to investigate
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In
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3

resent work sever2l unsuccessful cttempts were
mede to isclate compound (xxv) from agueous solutions, snd the
only products cbtvained in significant zpounts were the betzin
ester (zzvii), betein itself (xxviii) and scdium bics =rhona ate,

This suggested that decorboxylation ¢f at lesst two of the

{ e ) e (5]
\CHB) 31-301{2000:, t (cH3 ¥ CH,CCC
(zxvii) (xxviii)

malonave species occurred readily -in 2lkaline solutions.

Q

Kinetic mecsurements., hcwever, indicated that the best -
condition for the isolation of (Zxv) would be to hyd
first ester group at pH 10 to 11, where the reaction is complete

in less then five minutes {using one eguivalent of NeOH) and to

(68

recipitste the rrcducts immed 1“ue1y. .5 mentioned, coove, the
product (zxv) apperently deccrucxzylsted on isolstion from the
reection mixture,

The kinetic dcto for the hyjdrol,sis experiments ot

vericus p¥ cre cummerised in Table (V - 1) and presented

graphicslly in Pigure (V - 1), Curves 4 and B in Figure (V - 1)
end } £ ~tal; hodro-

1 obg. °Rd lecg K5 obs, for becse cotelysed hydro
lysis of the first ond second ester groups of (xXiv) respectively.
Yhile curve L snows a2 first-order dependence between the rate
coefficient end the bese concentration as expected for & normal

(bimoleculer) bsse catalysed resction, the pH irdependent part
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Table (V - 1)

Tster Hydrolysis leasurements of'2-(trimethylammonium-
bromide) ~-diethylmalonste in 0.1 M KC1

Solutions at 25.0 ¥ 0.1°%C

A) First Egter Group.

k
1 obs, k t
- I - log k (%
EEE EE (min 1) (1/mcl.min) ! obs. (miﬁg
86 9.860 0.L50 .62, 0.3U45 1.55
89 8.265 1.14 x 1072 62 1.943  61.5

~

/continued .....
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Table (V -.il

(ecentinued)

Second Ester Group.

aLa

96
100

95

. 88

97
98
99
102
101

9.085

9.328

9.565

9.860
10.522
10.738
10.862
11.030
11.103
11.273
11.54L0
11.860
11.877
12,155

2

kzzgiﬁf)io - fi&i?> " 108 X2 ops.
2.07 33.8 1.68L
2.36 29.7 1.627
2.48 28.2 1.605
2.66 26.3 1.575
3.15 22.2 1.501
3.07 22,8 1.513
3432 21.0 1.479
L.01 17.4 1.398

- 3,82 18.3 1.418

h.19 1637 1.578
5.60 12.5 1.252
8.23 8.5 1.085
Q.64 7.25 1.016
15.9 L4 0.799
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of curve B reguires a different erld 1ation, both were thought

to satisify the unusuel log k versus DH dependence:

2 obs

a) Intremolecularly catalysed hydrolysis of the second

ester group according to the scheme:

- 0 0
(CHz) N g (CHz) X "
* ~ 3/3
'3 \C/ /9 slow \ / \
—_—
H/ \C———O-——Et / \c-/-O“t
ol |
0 o0
®or | fast
(&r ) 3 coo®
33 3 31 0
o0;° + (oW )-I\.CH2000 H50 \c/
/
. H \coo°
B (v - 1)

b) Decarboxylation of (xxv), prior to hydrolysis of the

second group:

(cH f‘\: g (CHs) K 00°
FINTTC >3 \/ .
c < + H003°
/N / \\
H COOEt H H

/OH°

Otz HCH,C00°
\0Fi3) 505, Eq. (V -'2)
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Both. pathways are rather unusual for a nalonate nonocester

reaction, bult not impossivle. Analysis of the isolated nroducts

.D

after hydrolysis of only one group was not deiinitive evidence

X
O

» either pathway, since (xxv) could decarboxylate during the
isolation process. To sclve the oroo1em, hydrolysis of (xxiv)
in D20 wes undertaken a2t pH 9.2 and 11.1. The reactions were
caryvied out in the usuvel vay (described in exmerinental sectionL
buf from tine to time 0.5 mls. samples were taken fron the re-
action solution and the H.L.R. spvectra of the samdles were taken.
The unreacted diester (x:iv) in Dp0 solvent shows only
three proton resonsncs relabtive to Ho0 at T=5.25: 1,) CHy -

triplet ( 2°~8.59); 2.) CHp - quertet ( T~5.48) and 3.)

T
® . : : .
(GHB) =i - C singlet ( ¢ ~6.45) (designed as A in Figures (V - 2),
(Vv - 3) and (V - &) ). The signal due to hydrogen at 2-C

S

n

the malonate ester does not appear in the spectrum since it
undergeces rapld exchange with deuteriunm 2t PH approximately 5.
The addition of a smell amount of NaOD ( few’ of the totel
amount required for the hydrolysis) at pH not higher than 9.2
results in the Tormatlon of three resonances due to the

@
(CHq) w - C group ( resomances A, B and C), hhereas resonances
due to the ethyl.iiacuion show that the corresvonding
anount of The ester Tunction has hydrolysed (see Figure

(v - 3). Furthermors, comparison of the
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Figure (V - 2)
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rate of KaCD upteke from the pH-stat measurements with the
rste of disappearence of the unreacted ester measured from the
.l R., spectra (via signal A) gives the rate constants

-1 and 7.2 x 10"2

6.y % 102 min. min.“1, respectively. .Sub-
seguent..addition of Ka0D indicates further hydrolysis of the
egter 23 well as the appearance of the fourfh signal (D) due to
(CH3)3§ - C (see Pigure (V - 4) ). At the end of the kinetic
run "this was the only signal present, sﬁoWing only one product
of the reaction at pH < 9.2, apperently compound (xxviii),
Experiments at pH = 11.1 (seé Figure (V - 5) ) showed,
however, complete hydrolysis of the first ester group on rapid
add ition of approximately one equivalent of NaOD (signel A
diszopeered; B and C zlmost equelly stroné;—D very small), The
rate of NaOD uptake and the rate of appearance of gignal D were

1

calculated to he L.3 x 10"2 min. - and 5.0 x 10“2 min."1

reapéctively. Furthermore, it weas observed that when any of the
intermediate samples were left for one ho&; without furtﬁer

eOD addition, signal B disappeered completely, while C increased
proportionally (see Figure (V - 6) ). During this process, other
resonances due to the ethyl groups did notl change appreciably
(actually, two quertets overlapping each other, initially,
collepsed, but no evidence of hydrolysis wes otherwise observed).

WWnen the whole reaction solution was treated similerly, the pH

Gropped from 11.1 to 8.2 and did not change further, unless
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Fisx_j_r-e (V - 4)
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extre ¥a 0D was added. HKereover, the time for the Nz0D

addition to obtain the previous value of pH = 11.1 (2 to0 3
minutes) was enough for complete hydrolysis of the remeining
ester, This experiment showed that two different Speciés were
rescting under the former end latter conditicns. Disappearance
of B without any consumption of Na0D, a&s well as the very small
difference (affecting the shape rather than position) of ethyl
rescnances in the N.li.R, spectra pointed to decarboxylation
cccurring before the seccend ester group of (xxiv) had hydrolysed,
il.e. (xxv) readily decarboxylated under mild alkaline conditions,
which is contrary to Cohen and Corwen's conclusions. This was
confirmed by several pH-stat hydrolysis measurements undertoken
one hour after tﬁc fagt hydrolysis of the first ester group of
(xxiv) . The results are suumarised in Table (V - 2) together
vith the rate of hydrolysis of authentic betaine ester .
(CH3}3§CHZCOOEt c1® (run Wo. 112) and graphically presented on
Figure (V - 1) (Curve C). The close simiiérity in the rates
shows that the betaine ester (xxvii) is-formed re2dily at pH 9

to 10, and this species then wndergoes further hydrolysis to the

betaine itself. Decarboxylation of (xxv) is most probably the

)
=

step which governs the rate of NaCH uptske at pH lower than 11
and, therefore, the pH independent part of curve B covld be
explained a2ccerdingly. Competitlon between decarboxylation

and second ester group hydrolysis is probebly occurring at pH



Table (V - 2)

drolysis of Decerbexyleted lonoester of 2-
(trimethylammonium bromide)-diethylmalonste

in 0.1 1 KC1 Aqueous Solutions at 25°C

I x 10°
DS T
Run oH * (% - log k
- - (min, 1) mig{ obs.
107 ©,085 2,05 23,7 1.530
108 . 9.525 8017 8-5 - " 0087
111 3.750  13.5 5.2 0.869
1127 9,47 7.50 9.35 1.125
— ' , Q—
** Reesction of the sutheantic kCH3)3HCHZCOOet Cle

beta2ine esten.
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then 11, thus ceusing the reaction to be TX dependent.

Thz slore of the curve 3 (Migure (V - 1) ) epzroaches unity =t

pH higher thon 12, indiecsting a nermel bimoleculsr OH® cetzlysed

hrdrclysis of the sccoad ester group of (xxv). Thus, ithe shave

mﬁlecular talysed hydrolysis,

The ease with which (xxv) and (xxvi) decarboxylate in
contrast to other malonate anions is not easily rationalised.
Although the trimethylcmmonium ion substituent is an extremely
poWerful electron withdrewing group, it is no: more sco than two
chlorine atoms, for example., It 18 possible that electrostetic
effects are more important then electron destabiliszstion.
Nevertheless, it is apparent that loss of C02 occurs without
intramolecular proton transfer which seems to be an essential
part of the reaction for other malonic acids. The presence ot

o+

the carbonyl group next to the reaction centre helrs to accommo-
date the negative charge in the transition;state according to
equation (V -~ 3), and this explains why the 2-(trimethyl-

ammonium) malonic acid reacts much more readily than betaine

itself.
& 470 e -
(CHB) P /c\,_/\ (CH; )3N\ (CHB) 31\\
Oe e P
/c\) . /c P
H H \C—-—-OEt H \C—-OEt
| u |
L o) e i
- Hp0

profucts  4.(V-3)
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Chapter VI

The description of experimental nethods together with

detalls of the DpPreparations and purifications of chemical rea
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1 the Tollowing chapter.

a.) The zpporatus snd the Kinetic Yethod for -

the Decarpoxylation Experiments

The rates of the decarvoxylation reactions were follo-
wed by measuring the volume of caroonr dioxide evolved =zt timed

intervels. The ges-burette is ilustrated in Figure (VI - 1).

~ e

)
ot
[e]
l.J-
-

Terent reactlon flasis (4) and (4') were used depending

upon the acidity of the solutioni ihen the acidity of the re-

ecbtion mixiure was high and therefore constant throughéut

e reaction, a 30 mls. yound bottonm Tlask (A) was vsed.

Tt was atiacked oy means of a spherical ground-glass joint

to a condenser (3) vhich was connebted by a second spherical

sround-zlass joint to a taree-way stop-cock (T), itself
ttacned to tnd.top of & 100 nls. mercury—filled sas-vurette
(D). The gas-burette wes connected.to the leveliing ‘tube’

(E) and both of them connected to 2 500 nls. mercury rece-

iver (@) through stov-cock (F). A bent caplllar (H)

s_)
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. Figure (VI - 1)
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containing mercury, acting as a maenometer, W&a counected with

& reaction flask and a gas-burette by mesns of the stop—éock (o) -
the other end of the capillary (H) being connected to the tube (I)
lying along the top of the apparatus, The reaction flaék was
immersed in a constant temperature bath (temperature being noted
on 2 ¥,P,L, calibrated thermometer)., Stirring of the reaction
solution was effected by means of a teflon stirring bar contained
in the flask and turned by a magnet placed below the flask in

the thermostatted bath. The magnet was rotated at a constent
speed by 2 motor to which it was éonnected by a metal shaft.

To ensure that all the volumes were read at a fixed
constant temperature, thermostatted water of 25°C'was circulated
through the condenser as well as the jacket into which the gas-
burette was enclosed.

Before the start of each kinetic run, the mercury was
placed into the receiver (G) and the system flushed thoroughly
with carbon dioxide by passing the ges th;;ugh the line (I)
connected to the levelding tube (E). The gas-burette and the
levelling tube were £illed with mercury by raising the receiver
(). The stop-cock (F) was closed to retain the mercury in the

burette.
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Decarboxyletion Erperiments type (4)

An accurately weighed sample of the orgenic acid to be

-~

decarvoxylated (the amount required for evolution of “O.to 60 c.c.
of cerbon dioxide at N.T.P.) was taken in en open soda-glass
vial and inserted into the reaction flask where 20 ﬁls. of
solvent saturated with carbon dioxide was present.

The volume of the evolved gas was read at atmespheric
préésure which was estimcted by withdrawing the mercury from
the levelling tube () until the mercury levels on both sides

of the capillary (H) were the seme.

Decarboxylation Zxperiments type (B)

When the pH of the resction solution was between 0.9
and 3.3, a 100 mls. four-necked round bottom flask (A') was used
for the reaction. In other respects, the experimentzl procedure
was the same as that describéd above, Radﬁometer gless type
G 202 B and calomel K 901 electrodes were fitted through teflon
stoppers (sealed with Areldite) into the flask, .In a typical
kinetic experiment, 70 mls. of aqueous buffer solution (approxi-
mate concentration of buffer was 0.27 M/1) was used as a solvent.
The concentration of buffer solution was only five to siz~fold
higher than the ﬁsual concentration of the malonic acid.

Consecguently, the pH of the reacticn solution was gradually
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increasiné during the reaction period. This difficuvlty was
avoided by using the Radiometer pH-stat zssembly consisting of
& type SBR 2c titrigraph coupled to en S3U 1 syringe burette
unit, TTT-11 sutcmetic titrator and pF-meter PHM/ZG. The end of
the syringe burette was replaced by B-14 quick-fit air leak.
AGdition of HC1l solution (0.2 or 0.5 N/1) was automatically
controlled by pH-stat assembly to-ensure that the pH of the
solution during the resction remained within + 0,01 vH units,
In some experiments the rste of carbon dioxide evolved wes
cempared with the rate of HC1 uptéke recorded on a TIT-11]

titrigranh and found in good agreement with ecch other,

Calculstion of Rate Cpefficients

4s the amount of substrate reacted is directly pro-
portional to the volume of carbon dioxide evolved, the first
order rate coefficient (k) for the (A) type of experiments could

be caleculeted from the equation (VI - 1)

2.303 a -
c = LIV —a Eo. -
k % log 7—= Eg. (VI - 1)
k = <Tirst order rate coefficient in min.—l
t = time in min. -
a = volume of cerbonrn dioxide evclved at the end of the

reaction (10 half lives), or celculeted frem the amount

of the acid texzen for & particular experiment and assuming

100% decomposition. . . .. . . . .



x = veclume of carben dioxide svelved in time ©.

Vany of the slow reactions were not follewed to com-
pletion., In those cases the theorevical volume af cerbon-
dioxide which should be evelved 2t 50C from the lknmown szmount
of the =2cid was uvsed. Tc check this assumption, 2 few reactions
were followed to completion &62d the velume of cerbon dioxide
evolved wzs found in close agreement with the cazlculated value.

Straight lines were cbteined from plots of log (2 - x)
versus t° over at least 70% of the rezction.

The infinity resdings in exgeriments of tyr

(1)
—
w
-
o
3
(3¥

alweys high. This was prcobably due to difficvliies in obtoining
a carbon-~dioxide scturated solution of the Peguired pH. ALlso,

the initial 20 to 30 minutes of the reac

3

io

ck

had to be discarded

cl-

(the czrbon-3dioxide saturation eguilibria did not tske place

immedistely) for the ssme reason. In these tyipes of experimentis
readings were followed up to four helf 1lives so thati the

(loL)

of-rate constant celeulations cowldld he

¥
1§
}-
}.h
]
w



_— - <3 1 2 - -y o~ =2 W2 -
¥ = volurs ¢f cerbern 4dicxide evelved in tire 1.

a' = volume of cerbon dloxide evelved in zrproi.i{iiio half

3 Al - - -
lives + %, time intsrvnls. ’

citel beleow., Some of the runs were rejented 2nd a

better than + 5% for messure-
ments of (A). For the type (B) experiments

reproducibility was + 8% orobsbly because of the slow carbon-

Qu

loxide saturation equilibria. Since the rate of recction is

te fagt in the pH rezion from 0.5 to 1.5; almost the first
half-life had to be disccrded in the calculations. Therefore,
the total volume of carbon-dioxide in the calculation is smzller
end the relative error in the readings becomes greater. In
Guggenheim's procedure the error in readings (random or systema-
tic) 'is more pronounced since the difference of two variables
( (a') end (x) ) is involved. & second source of systematic
errors could arise froﬁ smail leaks in the gas burette.
However, from time to time the system was checked against any

lezakage,



Pyoicel Kinetic Runs

The results cited in Tables (VI - 1); (VI - 2) and
(VI -~ 3) are typical for (A) and - (B) type measurements., The
first order rate constants were obtained grapvhically, i.e, from
the slope of the best gtraight lines drawn by plotting log (a ~ x)
versus %(min.) (for experiments (AY ), or log (a' - x) versus
t(experiments (B) ), as represented in Figures (VI - 2), (VI - 3)
S (VI - 4). and (VI - 5). '_

Table (VI - 3) contains data for gas volume measurements
together with the data for the pH-chart readings, where (x)
represents the % of the syringe (2.5 mls. syringe) which had
been a2dded a2t time t. The agreement between the rate constants
is better then + 3%, which can be Eonsidered as very satisfactory.
Rate coefficients were calculated from the chart readings only

when the pH of the reaction solution was about 2 or higher.
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Table (VI - 1)

Kinetic Run 55

wit., of 2,2-dichloromalonic acid, - Bath temp. 25.0 + 0.1°%
0.3513 grs. = 2,09 x 10-3 molsS., Jacket temp. 24.8°C
concentration = O.104 /1, 2 = 50.9 c.c.
solvent: 20.0 mLs. 3.40 kK/1 HClOu

{min.) {c.c.) (c. c.) log (a = x)

15 2,0 L8.g 1.689

35 4.3 . u6.6 . 1.668
L8 5.6 45.3 1.656

70 7.7 u3.2 1.635

90 9.5 41,y 1.617

_ 120 12,2 38.7 1.588
155 15.1 35.8 1.550
215 19.5 3t 1.497
260 22.5 28 .4 1.453
320 25.9 25,0 1.398
350 27 .8 23.1 1.364
580 29.3 21.6 1.335
400 30.2 20.7 1.316
LLO 32.0 18.9 1.277
480 33.6 17.3 1.238

52é 35.1 i5.8 1.19
5L6 35.9 15.0 1.176

o E = é.zu x 1072 min.”



— Figure (VI - 2)

Data in Table (VI - 1)
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Kinetiec run 64

wt. of 2,2-dichlorcmelonic acid: Bsth temp, 25.0 + 0.1°C
0.3629 grs,= 2.10 x 107> mols., Tacket temp. 24.7°C
concentration = 0.105 M/1 a caleculsted = 51.1 c.c.
Solvent: 20 mls. 0.7712 }/1 HC1 a experimental = 50.4 c.c.

+ 0.300 N/1 KC1

time

(ming) (ol c. ¢, log (2 - x)
6 1.9 49.2 1.692
12 3.8 47.3 1.675
27 8.4 h2.7 1.630
41 12.2 38.9 - 1.590
53 15.3 35.8 1.554
72 19.5 31.6 1,500
86 22.4 28.7 11458
100 25,0 26,1 1.417
122 26.8 22.3 1.349
W3 31.9 19.2 1.28l
159 33.9 17.2 1.236
184 36.6 14.5 1.162
205 38.6 12.5 1.097
220 39.8 11.3 1.053
241 h1-§ 9.8 0.991
275 L3 .3 7.8 0.692
322 . .. 45.3 . 5.8 . 0.763

k= 6.86 x 10° ‘m.in."1
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Table (VI = 3) 1AL
Kinetic Run 91.

Wt. of 2,2~-dichlorom=lonic &acid: Bath temp. 25.7 + 0.1%
-3 ) N

0.3710 grm. = 2.15 x 10 7~ mols., Jacket temp. 24.9°C

concentration = 3.07 x 10-2 ¥/1
Solvent; 70 mls. agueous 0.217 AcOH PH = 2.26
+ 0.04Y AcOWa-

time bs a' (a' -~ x

(min.) (c.c) (c.c.) (a' = x +ﬂ&3o) log (a' - x)

20 11.4 38.5 2741 1.433

L0 14.0 39.2 25.2 1.402
60 16.3 39.8 23.5 1,371
80 18 .4 4O .y 22,0 1.3L3
100 20. L40.9 20.5 1.312
120 22.3 41.4h 1941 1.281
140 2L.1 1.8 17.7 1.248
160 25.7 42,2 16.5 1.218
180 27 .3 42,6 153 1.185
200 28.7 42.9 0.2 1.153

k = 3.54 x 102 min. !
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Table (VI - 3}
(continued)

PH chart re=adings.

143

. Xy X' EE
time % of th , X' - e
min . (/soygfngé)e (xy o) X' - %) 1o (X'- Xy)
14O 28.0 135.0 107.0 2.030
80 55 .0 148.0 93.0 1.968
120 79.0 158 .5 79.5 1.900
160 100.,0 168.8 68.9 1.838
200 119.8 177.0 57.2 1.757
21,0 135 .0 185 .0 50.0 1.699
280 48,0 191.0 43,0 1.633
320 158.5 196.,1 37.6 1.575
360 168.8 202.,0 33.2 1.521
1,00 177.0 206.0 . 29,0 1.462
L4140 185.0 209.7 24 .7 1.393
Kk = 3.64 x 1070 min. !
® Xt = readings at time t
% X' = readings st (200 min. + t) time.
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Section 2

Dissociation Constent Heasurements

a) Apparatus

The first (K1) and second (Kz) dissociation constants
of the halogen substituted melonic acids were measured potentio-
metrically utilising & Radiometer pH-meter PHM-26 essembly with a
Radiometer glass electrode type 6 202 B and calomel electrode
K 901, The latter was placed in saturated aguecus KCl solution
end was in contact with the test solution via a2 potassium '
chloride (in =ger-agar) salt bridge(109) (concentration of KCl
wes ~U4 ¥/1 at 2500 and 1.3 ¥/1 2ot OOC).

For the measurements at 2500, thermostatted water (25.0 +
0.1°¢) was circulated around the measuring beaker, while for the
measurements at 0°C the beaker was placed in a water/ice bath,

The autometic Rediometer syringe was replaced by 10 mls.
(0.05 mls divisions) sutomatic burette provided with a scda-lime
guerd tube to 2void absorption of carbon dioxide from the

atmosphere,

b) Typical Disscecistion Constent Messurements

Two consecutive sets of measuremenis under identical
exgeriment2l conditions did not give reproducible encugh results

unless buffer solutions with pH clese to that of the sample
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itself were used to standardise the elecirede system. Therefore,
as well 25 2 primary stezanderd, i.e. 0.05 potassium hydrozen
phthalate (pH = L.008 st 25°C), & secondary stendard 0.01 /1 HCl+
0.09 1/1 XKC1 (pH = 2.07 at 25°C) were used to calibrate the
pH~m§ter.

Ln zccurctely weighed sample of the melonic acid was
dissolved in 25 mls. of aqueous s2lt solution (de~ionised waten)
and .stirred in the measuring bezker long enough for the tempera:
ture to become constant, £&s a titrant, BDH standard carbon
dioxide free 0.70 M/1 NaCH solution was used oand Analar KC1,
KI.TO3 or NH’L}I\IO3 were usel to adjust the ionic strength of the
solution.

0.1 ¥/1 NéOH titront contained in a'ﬁurette vas added to
this solution in 0.50 or 1.C0 mls. portions end pH of the
solution wes determined end rccorded after sach aliguet of
titrent until cpproximstely 8055 of the total HaOH solution. was
uced. The amount of titrent used for coméiete neutrelisation of
the acid sgreed within + 1, with the cslculeted velue. After
every set of measurements the electrodes were checked with
phthalate buffer solution; unless the resding was within 0,02
PH units with the known pH of the buffer,Athe results Were
disregarded. ]

Throughout the pH measuremehts, ceroon diexide free N,

was blown throuzh the soluticn to prevent the 002 absorption



¢) Calculation of the Disscciaticn Constents

rgus titrsut velume greph using the method devised by

L

Sveskman . In this, the experimentsl resulis cre releted %o

'J

thes disspociztion constents by the Zollowing egustion:
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(Thus, a = toi2l ccid concentrsticn in mols/L,

1.

b = the coacenirovion o

4]

i

the Lese cdded in M/1).

Spesknrn's equetion is oi the form

-

¥ = KX o+ KK, Eg. (VI - L)

thus, Y = {H.} L ya@mg nﬁ.l<=fHﬂ Tmaﬂw1
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Wermelly, cetivity coefficient corrections were not
incluied (apart from two sets eof titrstions with ho neutral
elscirolyte present in the solutién) in the cglculations,
therefore, so~é¢2lled "mixed constants wene evelusted by the
methed dcscribed 2vove.

Typical sets of meesurements and celculaetions are
included in Tables (VI - L), (VI‘— 5} and (VI - 6), together

with the experimentel details of the particular titretion.,



Teble (VI - U4)

Run Ko.71

Wt., of 2,2-difluorcmelonic acid:

0.1503 g, dissolved in 50 ml
Solvent: 25 mliof aqueous KC1

solution (0.50 1/1)

Concentrastion:

Exp. 2.114':?%‘@2 cale., 2.13 x 1072
U/

Temperature 25,0 + 0.1%

mls. of + 2 ax 162 b x 102 b 2
0.1 ¥ineoy & J:m (11/1) /1) Ex100 Xz 10
1,00 2,29 . 2,01 0.384 10.4 1.12
2,00 1.96 1.94 0.74l 8.91 1.286
3.00 1.67 1.87 1.071 7.57 1.443
Ly .00 1439 1.80 1.38 6.47 1.620
5,00 1.14 1.75 1.66 5.25 1.7
6.00 0.892 1.69 1.93 l4.08 1.84
7.00 0.665 1.63 2.18 3.00 1.92
8.00 0.457 1.58 2,42 2,04 2,00
9.00 0.263 1.54 2,65 1.19 2,14
K, = 9.25 . 107% K, = 2.28 . 1072 Ky/Ky = 4.05
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Teble (VI - 5)

Run Xo. 84

Wt. of 2,2-difluoromslonic acid Concentration:
0.2143 g disgolved in 50 ml Exp: 3.05 «x 50'2 /1
Solvent: 25 ml of agueous KKOj Cale: 3.07 x 1072 /1
solution (0.50 K/1) Temperature 25.0 + 0.1°C
2
o Pincts Uhan ' CEAY @S xsdt rx el
1.00 3.177 2.930 0.385 15.6 0.87
2,00 2,845 2.823 ©  0.741 e 1.06
5.00 2.518 2.722  1.071 12,4 1.19
4.00 2.233 2.628 1.379 10.94 1.3h
5.00 1,958 2.5h41 1.666 9 .54 1.45
6.00 1.698 2.458 1.935 8.16 1.55
7.00 1.455 2.381 2,187 6.88 1.64
8.00 1.230 2.310 2.425 5.73 1.72
9.00 1.020 2,242 2.6&5‘ l}.68 1.78
10.00 0.625 2.18 2.855 3.72 1.84
11.00 0.644 2.12 3.057 . 2.88 1.92
12,00 0.473 2.06 3.2h2 2.05 1.94

-2 7
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raple (VI - 6)

)
Ll

Run No. 99

Wt, of 2,2-dichloromalonic acid Concentration

0.2717 g in 50 mi Exp: 3.09 . 1072 1/1

Solvent: 25 mls of egueous KGl Cale 5.15 . 1072 K/1

solution (0.20 1i/1) Pemperature 0°. + 0.2%¢C.
2 2

0.7 Hivacs {H %milgo W) b(ﬁgl? % x 100 <Y x 1o
1,00 3.162 2.972 0.3578 .72 0.746
2.00 2.870 2.862 © 0.730 13.95 0.996
3.00 2.522 2.760 1.055 11.70 1.061
4.00 2.218 2.665 1.359 10.05 1.153
5.00 1.936 2.575 1.642 8.53 14235
6.00 1.693 2.492 1.906 7.k 1.352
7.00 1.458 2.472  2.152 6.32 1.439
8.00 1.227 2.342 2.388_ 5.08 1461
9.00 1.020 2.272 2.610 4.13 1.516
10.00 0.837  2.208 2.812 3.30 1.573
11,00 0.673 2,148 3.010 2.72 1.68L
12,00 0.491 2.088 3.195 1.81 1.600
K, = 0.166 1.78 « 1072 K,/K, 9.35
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Section 3

Kinetic liethods for the Studiss of Mzlonete Ester Hydrolysis

The rates of these reactions Were measured utilising two

different methods: a) pH~stat and b) spectrophotometric metheods.

a) pH-stat Measurements

A Rediometer pH-stat cssembly (described previously in
Seéfion 1 §f this Chapter) was used to follow the rates of base
catelysed hydrolysis of substituted diethyl maionates. The pre-
Getermined pH of the recaction solution was kept constant by
avtomatically controlled additions of carbon dioxide free standard
aOK solution (or NaOH solutions standardised with stendard FC1
solutions). Therefore, the amount of ester which underwent
hydrclysis at a time t was determined by the jzercentage of
fe0H solution sdded 2nd this volume was recorded on the recorder
chart running at a constant speed. The experiments with 2,2-
dihelo-diethyl melonates were cerried out in 60 wt. % ethanol/
water solvent beczuse the solubility of these esters in pure
water was very low. In this case, the titrant contained the same
percentage of the organic solvent &s the reaction solution itself.

The pH-meter electrodes were standardised. by means of
primary standerd potassium hydrogen phthalate (0.05 /1) and

borax buifers of 0.05 ¥/l concentration and they were regularly
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checked after every kinetic run with borex buffer solution

(pZ = 9.18 at 2500). When water was the solvent the devietion
from the known pH of the buffer wss not higher than + 0.02 pH
units., Por the ethanol/water solvent, however, deviations were
much higher, usually + O.1 pH units. In general, the results in
mixed solvents (40 wt. % dioxan/water and 50 wt. % aceton/water
solutions were investigeted as well) were not very satisfactory.
The c2lculated amount of NaOH solution used for the complete
hydrolysis of the ester did nolt agree with the experimentally
determined value. The latter was always higher for approxi~-
mately 10 to 20% . The reesons for these discrepancies have

already been discussed in Chepter IV,

Kinetic Procedure

In agueous solutions kinetic meosurements inlthe pH

region from 8 to 13 were undertaken for 2~(trimethylemmonium
bromide) diethyl malonate only, end were carried out es follows.
The pH of 30 mls. of 0,1 M KCl solution was adjusted to 2 desired
value by a trace of borax buffer and automatically conirolled
introduction of standardised 0.1 M NaOH solution. Thermostatted
water of‘25.0 + O.]OC was circulating around the-.reaction beaker
throughout the time of the experimenf. Thé system was flushed

continuously with nitrogen which had been passed thrcugh a
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coclumn of sode-lime and three wash bottles centsining concenirated
K=2C0H solution and two of aisgtilled weter resgectively. Lpproxi-
m2tely 10 minutes after the pH cof the solvent hed veen adjusted,
2.0 mis of stock solution (made in 0.1 M KCl solution and broucht
up to the temperature of 25°C) was introduced by means of
graduated syringe. The gH~stat was activeted immediately and

the reaction was followed at least for three half lives (or five
half lives when the Guggenheim method of calculation was employed.
To check the agreement between calculcted and expérimentally
determined infinity readings, sevérgl runs were followed up until
ten half lives, 4 large discrepancy wWas cobserved between these
two. The vslue was low at lower pH end high in more 2lksline
solutions, ranging from 70 to 140 % of the fequired smount for
complete reaction. N.M.,R. and rezction prcduct studies showed
this effect arose from decarbexylation of the monoester of the
substrate. The rate constant for hydrolysis of the first ester
group (k1) was estimetgd by "time ratio ééthod ct Schwemer(110)
using 15, 35, 2nd 70% of the calculeted amount of the compound
which was used in the particuler measurement.

The second rate constant (kz) actuelly representing the
total rate of decarboxylation and ester hydrolysis was determined
independently. First esier group wWas hydrolysed rzpidly at
¥ ~ 10.2 (where half 1ife ~ 0.5 min, or higher). Five minutes

atter the stars, the pH of the reaction sclution was readjusted
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either by the zutometic2lly conirolled addi tion of the extra
17aQH, or by menual intrcocduction of a few drops of dilutes EC1
solution, and hydrolysis of the second ester group was then
followed at the desired pH, Pseudo first order rate constants
(kz) vere calculsted by the Guggenheim method from the per-
centege of NaCH uptcke which wes ovteined for four or five half
lives of the totsl reaction,

Typical kinetic eéxgperiments of the type just described,

together with the experimental details are summarised in Tables

(VI - 7) 2nd (VI - 8).

-

Hydrolysis in ethsnol/weter solutions was carried out in

o=

similsr menner, =part Zrom the fect that a2 known zmount of the

w

substrete wsg dissclved in the total emount of solvent and the
¥ of the reocetion mizture wes autometicelly adjusted by the pH-
stat cssembly. The first ond secend ester h rdrolysis constants
wvere ceiculeted by "time ratio' method of Schwemer with i5, 35

cnd 707 of the experimentelly found infiniiy I1'a0OH uptake,

b) Sopectrorhotereiric Deterninations of Rstes of

Py

r-nitreghenyl Ester Hydrelysis.

The retes of base catalysed hydrelysis of 2,2~disubstituted

di{p-nitrophenyl; mzlenztes vere messured by mesns of 2 Unicam
specirophotometer (SP-700) by following the cppesrsnce of
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Table (VI - 7)

Kinetic Run 86

1.50 mls. Stock solution

(0.2117 g. of (xxiy) dissolved in 10 mls,

of 0.1 1 KC1 = 7.10 x 107 1/1)

Solvent: 30.0 mls,

agueous 0.1 ¥ KC1

pH = 9.860
< of the % of the e e s time
geaction g}ringe leégégns (min.)
15 12.8 3.10 0.775
35 29.8 9.80 2.45
70 59.6 69.9 - 17.47
k1/k2
%
log 35/t15 = log 2°89/3.10 = 0.500 0.067
% _
log . 7%/t5 = log 69:9/3.10 = 1.3535  —~0.072
%
log 7°/t15 = 1og ©9°9/9.80 0.853 0.075
ky (min._l)
15 = 0.351 0.453
. ki(Average) =
3% = 1.706 0.452

0.452 min.
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Tahle (VI - 8)

Kinetic Run No. 87

1.50 mls. stock solution ‘% of 2,50 mls syringe:
(0.2117 ¢ of (xxw) )dissolved in required 85.2%
10 mls, of 0.1 M KC1 = 7,10 x 10;u K/1 found 115%
Solvent: 30.0 mls O.10 M agueous KCl Temperature 25,0 + 0.1
pH = 11.105
Divisions (% of (X4 +X(140)= X!
gumgiY§= syr%gge) (% ot syringe) (x' -x) - 1°g(x'." X)
10 5.8 L8.L 42,6 1.629
20 11.0 49.8 38.8 1.589
30 15.8 51.0 35.2 1.547
4o 20.1 52.2 32.1 1.507
50 2L .0 53.2 29.2 1465
60 27 .6 54.2 26.6 1.425
70 30.9 55.0 241 1.382
80 33.9 55.8 21.9 1.341
20 36.6 56.5 19.9 1.299
100 39,0 57.0 18,0 1.256

ky, = 3.84 x 1072 n_zin.“1 ;0t
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p-nitrophenol st X = LC& nm., Thermesiztield waser =% 25.0°¢C
wos circulated around the messuring cell te 2ttaln constant

temperature. A1l messurements were carried cutl in solvent

composed of 41/5% vol. &% ¢ioxen/wster (ectually, 40 mls of
ourified dioxan glus 1.0 mls of Giczen stock solution of sub-
troete in j00 mls of teisl solution).

Stock solutions of the substrate, made py dissolving 2
lrovm Weight in 20 mls. of purified dioxeon,were used for severax
Linetic messuvrenents since it wes shown that the esters were
stople for zevepsl Weells When diséolved in this selvent., In
presence of glycine buffer teotcl ionic strength wes 0.058 ¥/1,
il in NoOF solutions it was 1,0 K/1. In both cases, the

N o PR 59 = Y- b
cnic strength wes zdjusted by XCL.

‘..I.

te ccongtents were calculzted eitnhsy
by "time rotio methcd of Schwemer, or fren the clones of the
best mereirht linss obirined Zoom log (2bs.eo - :bs.t) versus

time plots. "PS. o and -bg.. re.resent absorbance when the

re~ction went to the comvletion tnd obscrbazce ¢t the time ¢

rocedure

Eefore the stert of each kinetic rwn the sigectrophciometer
wag checlred Tor stability at the reguired tempersture of the

experiment. The solvent was prepered in the volumetric flesk



containing e lmown amount of KC1l so that ihe total ionic

strength was constant. The solvent was breought up to 25.000

and, after the stiock substrate solution had been intreduced, the
volume was made up to the mark by a few drops of dedionised water.
This reaction mixture was placed into the clean and dry cell as’
guickly as possible and the chart was run at a2 constant, known
speed. Vhen the reaciion was relatively slow points were taken
from time to time by reccording the absorbance at 2 particular
time, rather than by cantinuous monitoring.

In order %o check the reproducibility of the measurements,
several kinetic rung were repeated under the same experimental
conditions. It was found that disagreements betwéen tWwo measure-
ments couid be as high =8 + 10% when stock solution (about
0.10 mis,) was introduced directly to the reaction cell contain-
ing the buffer solution. The method was not satisfactory because
the optical cell wes.not greduated and the total volume was
S.5 + 0.5 mls. Therefore the cocncentration of the substrate was
not accurstely knoWwn. Conseguently, it was necessary to prepare
the reacction mixture beforehand in a volumetric flask (as des-
cribed above). Using this methed, the reproducibility of the
measurements was satisfactory (within + 3% . )

Examples of typical épectrophotometricelly measured
kinetic runs together with details of the reacticn conditions

are given in Tables (VI - 9) and (VI - 10).



Table (VI - Q)

Kinetic Run Fo. 149

0.50 mls. stock solution in

Absorbance at t oo

50 mls. of solvent (41/59 vol.% required ( A = 24600 cm‘j)

dioxan/water)

Buffer: Glyclne

]

0.0l ¥/1 plug rownd

NeOH = 0.036 M/1
pH (measured) = 10.1-}7 10057
pH (calculated) = 10.89

"pime ratio' method of calculation

time {(min.)

% of the - transmittance
gzaction absorbance (<)
15 0.127 7h.7 " 10.9
35 0.296 50.6 35.1
70 0.591 25.6 165
ky/k,

log 29/ty5 = log 22*1/10.9 = 0.508  0.0:5

log 70/t = log 165/10.9 = 1,180 0.125

log 70/’G35 = log 165/35.1 = 0.672 0.135

ky x 102 minT! Kk, % 107 min7!
3.18 . L.14
k7(average)
3.00 3.90
k2(average)

3.12 7 1 .06

0.616
0.845

Temperature 25.0 + 0.1°C

k1/k2 = 0.130

15
35
70

= 3.10

= L4L.03

=

X

0.347
1.051

5.15

1072 min?

1072 minT
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Table (VI - 10) '

Kinetic Run N¥p. 158

1400 mls dioxan stock solution in Absorbence 2t tee at

100 mls. of solvent (final solvent A= 24600 cm_T‘
composition: 471 mls. dioxan in recguired:; 0.816

100 mls solution containing 1.00 F/1 found: 0.846

KC1 snd 0.001 I/1 XaOH). Temperature: 25,0 + d.zoc

A) TPirat EZgter Group:

Ahsorbance 2t tee = 0423 = a -
(go"timgo ;igl (Absorb% ey 1) a-x  log (a - x) +1.000
0 0.129 0.294 | ) -1.h68
2 0.176 0.247 1.393
I 0.217 0.206 1.314
6 0.250 - 0.173 1.238
8 0.274 0.149 _ 1.173
10 -0.299 0.124 1.09L
i2 0.321 0.102 1.009
i 0.340 0.083 0.919
16 0.356 0.067 0.826
18 0.369 0.051 . 0.733

- - .=
k1 obg. = 5.,83 = 10 2 min.
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Figure (VI % 10)

Date in Table (VI - 10) '
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mable (VI - 10)

(continued)

Second Egter Gproup

Absorbance tw~ = 0,846

(hours) ~ (sbsorbanee
0.0 0.453
13.5 0.595
ol .0 0.536
L3.0 0.596
L6.5 0.599
71.0 0.658
95 .0 0.655

a

(a - x) log (a2 - x) + 1.00
0.413 0.616

0.351 0.5U5

0.310 0.492

0,250 0.398

0.247 0.392

0.186 C.274

0.151

0.179



Figure (VI - 11)
) _ Data in Table (VI - 10)
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Para-nivrephenyl esters of me@lonic 2cids Were prepared

(111)

aecording to the method describvsd Ly Ziezler end Tuneh: for

Eal

the »drepcration of phenyl esters of unsubstiituted as well as

monosubstvituted malonic acids.

1) . Di~(p-nitrephenyl) malons

I mizture of dried malonic acid (1.0 53, n-nitrogherol

{2.2 g9 2nd phoszhoryl chloriie (‘ & play was heated for 15 nin-

0

utes at 110G, After cooling, the solid recction mixture wes
weshed several times with Weter ond concentgated éodium bi-
carbonate solution wmtil most of unreacted p-nitrophenol wes
removed. &fter several recrystallﬁsations from glaciai acetic
acid the m.p. was 195 °c (Lit. m.p.'203°). tnal. found: -C, 51.98;

Hg 2-89; .N., 8 -]3 ,0- CalculaUEd fOP C H C, 52.1;

l
15 1ol 2 8°
H, 2.89; I, 8.09%.

- m
2) 2,2-di'ethyl di(o-nitrophenyl)malonate

2,2-dimethylmalonic acid (1.53 g), p-nitrephenol (3.2 g)
and ﬁhosphoryl chloride (2.3 mls) were 2llowed to. react for
20 minutes at 13000. After ccoling the product was worked up 2s
described above. The crude material was recrystallised several

times frcem acetone/ethznol and dried under vacuum. The m.p. of



170

the compound was 15700.-
inel, Found: C, 54.69; H, 3.79; W, 7.52 %. Required for

cwﬂmﬁéoa: C, 5L.6; H, 3.74; W, 7.49%.

4y 2,2-dimethylmelonic ecid

The above compound was prepared according teo the method
(slightly modified) described by Thorne(1]2).

Diethylmalonate (4.8 g) was added gradually to alcoholic -
sodium ethoxide solution (16 mls. of 9% sodium etﬁoxide). _The
thick white precipitate obtained was diluted with absolute
ethenol and allowed to react with excess methyl iodide at 60°
until the solution was no longer alkaline. Arter 2ddition of
aqueous sodium hydrcxide solution, the reacéion mixture was
heated under reflux for two days. Dimethylmalonic acid was
isolated according to the usual procedure and recrystzllised

from diethyl ether/methylene chloride. The m.p. of the acid
was 192° (Lit. m.p. 192 - 3°0.

5) 2,2-dichloromelonic acid

The above acid was prepared by the method described by
Conrad and Reibach(113). SuLphuryl chloride (83 .g) was added to
the refluxing ethereal solution of melonic acid (31.2 g-of
finely ground and dry malonic acid in 300 mls. of sodium dry

diethyl ether) over 2 period of eight to ten hours, the reaction
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mixture being kept ih the light. A4fter the evolution of HC1

ges hed ceased, the'reaction was stopped, and excess solvent
removed under vacuum. The acid Wos precipitated by the sddition
of methylene chloride into the concentrated ethereal solution.
Crystals obtained were washed several times with methylene
chloride under an 2tmosphere of nitrogen and dried under high
vacuum over pnosphorus pentoxide. The purity of the acid weas
found to be 99.5% by back titration of the excess or NaOH (from
5.0 mls. of 1 K.standard NeOH solution) with stendard 0.1 M.HCL

solution using methyl red as indicator,

6) 2,2-difluoromelonic acid

The ebove comopound was prepared by a method described
by Evans and Tatlow(Gu).

Octaflucrocyclohexadiene (30 g) was oxidised with alkaline
agueous potassium permanganate (180 g.of K Mnou in 180 mls.of
water and 9 g.o0f KOH) in a rocking eutoclave at 60°C (epproxi-
mately 50 hours). After filtration of precipitated Mn02, the
unreacted X Mn Oh was reduced with 80, and the solution then
acidified with concentrated H,80) (3 - bt mla). whe acid was
extrected with diethyl ether and isolated from the solution in
the usuel wey. The compound was sublimed Several times and had
the m.o. 116 - 117°C (Lit. m.p. 117 - 118°%¢). 19F w.u.R.

spectra (HA - 100 Hz) showed only two eguivalent fluorine atoms

in the molecule (solvent - diethyl ether).
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\./')
The dienilinium salt of difluworomelcenic escid wes prepared

according to the method described by the same autnors(6u).
Aniline was added to an ethereal solution of the acid (0.53 g.
of acid in 10 mls.of ether) until no more precipitate came out.
After two recrystallisations from acetone/chldroform, the salt
had a m.p. of 157 - 8°C (Lit. m.p. 160°0C).

Anal, Found: C, 55.2; H, L.92; N, 8.60%, Calculated for
Cy5HigFa0y: C» 55.25 H, 4.96; N, 8.89%.

7) 2,2-difluoro diethylmalonste

2,2~difluoromalonic 2cid (3 g) was dissolved in dry
ethenol (20 mls) and refluxed for two daysv;n preéence of 2 mis.‘
of concentrated HZSOM‘ The solutipn was cooled to OOC,
neutralised with aqueous NaOH solution and further diluted with
water (approximately 50 - 60 mls.). The required ester was
extracted with diethyl ether from the neutral reaction solution.
The Bulk of solvent was removed on a rotary film evaporator, the
residue dried overnighé with sodium sulphate. After removal of
the drying reagent and the rest of the ether (at high vacuum
end room temperature), the ester was purified by distillagéon
under reduced pressure (b.p. 1200)30 mm, "...) ; Lit.(b.p.94~959§3mm.‘
inel. Found: C, L2,98; H, 5.35; F, 19.23 %. Calculated for

. . 74
C7H1OF2O}4: C, L}208, H, 501, F’ 190“/0’.



8) 2-(trimethylommenium bromide) diethrylmoloncte

Slizhtly altered methed of Cohen and Corwin(65)‘was
enployed to prepare the zbtove comzound Qﬂ%
The solution of 2-bremo dlethylmalonate (12 g) and
absolute ethanol (50 mls) was gently hezted ond stirred., &
solution of trimethylemine in absolute ethenol (33 w/v %)
(slizht excess) was added slowly over 2 pericd of approximetely
twvo hours, and the reaction ﬁixture was heatad atA35 to h5°c for
other two hours. (Several attempts were made differing in

temperature and length of the reaction time). The product of

the recction (meinly compound (xx1v)) was precipitated with sodium
ary diethyl ether FPurther purification included sgeveral re-

crystalligstions from dried chloroform/carbon tetrachleoride and

dry diethyl ether. The isolated substance wog dried under high

.. , . \:s
vacuum for several days end stored in 2 dessicgator over rhosphor

pentoxide. -

Identification of the compound (xmﬂ

a) Nolecuvlar weight determined vie bromide titraticn utilising

(115)

O.1IL.,AJOJ sclution and potessium chromate 2s indicator
Cc

1.7, wes 298 + 194 (For HpyliO)Br H.W. = 208).

i
10720
b) I.k.R., in chlorofornm solution indiceted: one sinzlet corres-
vondinz %o three methyl groups attached %o nitroren ( ¢ = 6.18);

R T o4 L 4 o= [
ore guertiet gue to two ethylene grouos ( ¢ = 5,62), and one

5~ . .
triplet due to twe methylene grouvps ( € = 8.65) in alcoholic

[}

the ester...
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d) Anslysis: Fourd: G, LG.3; H, 6.81; ¥, 4.60; 0, 2i1.429,

Cslculeted for GygHygW0,3r: C, LO.3; =, 5.70; W, 4.70; ¢, 21.54.

'
(4]
L]
o
o}
0
o
[N

on described sbove wes 2-
(trimethrlemmonium bromide) asihylecetzte (zxviilThe rmowmt of(vi)
troduced varied from about 2% to 20%; the zercentsge incressing

s temperzture of the reaction Was raised. This comgound wes
isolated from chlorcfeorm solution of the crude rencticn preduct

by »recipitation with a small zmount of diethyl ether end zurified

. e I KRS 2 sz -y oy 4 = Tl S N o -
by reecrystvalliscsiion Irom the sfuge solvenvs. This supsuonce
o

< (for G7H76HO 3r M.W. = 228), I.R. spectrum w2s =lmost

¢ o ithae some compouvnd vie different route

fnalysis: Foundg: G, 37.1h; H,5.94: ¥, 6.17%. Calculated for

le 7.09; I\-lr, 6 /00

Q
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]
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9) 2-(trimethylommonium chloride) ethyleacetate

The above compound '~ was prepered according to the
s .. : . e 2 (115)
method described by Jeckson and lisrvel .
An 2lcoholic solution of trimethylemine (excess) was
2dded slowly to an alcoholic solution of ethylchloroacetszte
(prepared by acid-cetalysed esterification of chloroacetic acid

in absolute ethenol) and left cvernight at room tempersiure,



The excess.of solvent wes removed under reduced pressure and
the residue treated with diethyl ether, Crude precipitate
was recrystallised from chloroform/dry ether or absolute
ethanol/dry ether, and dried urder vacuum for several days.
Titration with 0.1 M &g KOz showed Miw. to Dbe 182 (for
CoH1gl0,01 MW, = 181.5) . M.p. 156 = 157° (Lit. m.p. 166 - 7°¢c;
157 - 158%:— very hydroscopic compound). The ezmount of 0,1 M
KaOH used for hydrolysis of the ester group (pH~-stat method)
agreed with calculated smount within + 0.2%. Theﬂproduct of
the hydrolysis was acidified with 1 M.HCl solution end pre-
cipitated with.acetone. I.R. spectrum wes identicel with
betaine hydrochloride.

knalysis; Found: C, 39.27; H, 7.74; X, 8.71%. Calculated for
CHy 0,01 C, 39.1; H, 7.80; N, 9.12%.

i0) 2,2-dibromo diethylmzlonate

Commercially available (An. Eastmean Chemical) compound
was further purified by distillation under vacuum. The middle
fraction which distilled et constant temperature was utilised

for the kinetic measurements.



11) 2,2-dichloro diethylmalonate

Concentrated ethereal solution of 2,2-dichloromalonic
acid (preparation of the acid described slready) was further
treated with absolute ethanol (excess) and HCl gas which was
‘2llowed to bubble through the solution for 2& hours(1'3) The
reaction mixture was then washed several times with water ane
the above ester extracted with diethyl ether. The bulk of the
solvent was removed on a rotery film evaporator and the residue
dried overnight with sodium sulphete. After removal of the .

Y

drying reagent and the rest of the solvent, the ester was C
purified by dlSulllatﬂon under reduced Pressure (b .. 108 /12mr

Lit. b.p. 110 13}/3 M. )

Solvents 2nd Reagents

In the equilibria and kinetic studies deionised water
was utilised in m2king up all the solutions.

3.D.H, dioxan was purified by the method described in
Vogel(116). In order to minimise contact With the atmesphere,
the dloxan container was trlushed with nitrogen each time when.
opened.

Commercially availsble chloroform and carbon tetrachloride
were dried over anhydrous calcium chloride, and distilled,

Absolute ethenol (Analar) was used without further

. s . -
purification.



v

Other solvents used in grepé@rations of the compounds were
used as commercially purchased.
Acids like HCL, HClOu or HZSOu utilised for the kinetic

meagurements were Analar; neutrsl salis: KCl, LiCl, ﬁHuCI and

[

CH.CCONa were Analar and used without further purification.

3
Other reagents like sulyhuryl chloride, phosphoryl chlor-
ide trimethyl amine (in absolute ethancl solution), p-nitro-
phéﬁol, malonic scid, 2-bromo-diethylmelonate, chloroacetic
2cid end eniline were used as‘comgercially available and

without further purification.
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