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STUDIES ON THE MECHANISMS OF DECARBOXYLATION OF
PYRIDINE- AND PYRROLE- CARBOXYLIC ACIDS

IN AQUEOUS SCLUTION
by

Gordon Kwok-Jung Lee

ABSTRACT

The rates of:decarbokylation of pyridine-carbdxylic
acids have been studied at high temperature in aqueous
v SOIutiqn with varying pH and constant ionic strength. The
”ﬁﬂéymﬁétrical shapéS 6f@tﬁe rate versus pH curves indicate - » é
that the decarboxylation of-these acids 1s not the decom~
_poéition of a single_speciés. A probable mechanism, in=-
volving thebdecarboxylation of both the neutral species and

the anion, is postulated. The resulﬁs off the 613~k1netic

isotope effects on pyridine;z-carboxylic and pyridineez,"

3-dicarboxylic acids agree with the proposed mechanism,

The pH dependence on rate at constant ionic strength

for pyrrole-24carboxylic acld has also been examined. The
results, together with the 013-k1netic isotope effects,

indicate that its decarboxylation mechanism resembles that

of anthranilic acid.,
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I. INTRODUCTION

A number of areas of Chemistry have profited

immeasurably through the use and study of the process of
decarboxylation. The frequent occurrence of decarboxylation
in the degradative and synthetical procedures of organic

- chemistry and during the'enzymic reactions of biochemistry,’

and the use of the decarboxylation reaction to illustrate

'thé fundamentals of reéction kinetics in solution, are

. a suffigient indication of its importance. Organic chemists
early recognised the value of decarboxylation and applied

it aé a standard method for the degradation and synthésis

of molecﬁles. Physical chemists have used decarboxylation
‘techniques in their fundamental studies of reaction‘
kinetics in sblution; An extension of this work followed

in the development of mechanistic studies of the decar-
boxylation process particulariy by thermal and catalytic

means, Success in this direction has given impetus to

investigations of the mechanism of enzymic decarboxylative

reactions in the biochemical field.

~.__Decarboxylations of‘organic acids have been
studied in the melt (56), solid (19; 82), gas phase (5),

aqueous (27; 93), and non-agueous solution (263 30);




'and have been carried out by a number of procedures.
Included among these are anodic (88), metal-catalyzed (41; 87),

photochemical (38; 73), and more recently, high-pressure (10)

" methods. Enzymic reéctions have been observed to be

“the cause of numerous biochemical decarboxylations (57).

An excellent review of the data is.given by

Brown (14), and many examples involving aliphatic aclds
can be found in the discussions by Hine (45) and Kosower
(57). More recently, Willi (96) and Long (62) also present
very thorough and up to date discussions of the subject,
A'#ariety of mechanisms have been suggested by these

autﬁors, each applicable to certain types of acids,

In the succeeding chapter of this dissertation,

the mechanisms of decarboxylation will be discussed and
examples from the literature will be given. In view of

the relevance to our work, a special section will be

centered upon the'decarboxylétion of aromatic amino
aclds in aqueous solution. Works published on the

.decarboxylation of pyridine- and pyrrole-carboxylic acids

will be covered at the end‘of the chapter.,




II, . LITERATURE REVIEW

A, - GENERAL

In a very general sénse, decarboxylation of an
acid RCOOH 1nvolves separation of H and R from the COo
molety, and the combination of R with H, The mechanisms
of decarboxylation vary with»the sequence in which these

processes take place,

Evidence has accumulated to show that decarboxylatiohs
may sccur either by a unimolécular’or by a bimolecular
mechanism,. The unimolecuiar decomposition of acid moleéules
was known many years ago from kinetic investigations.

Many organic acids were proved to decarboxylate in the
férm of_their.anions:

RCO3 — B~ + CO»

However, some organic acids are known to be decarboxylated
more readily as free acids: |

RCOgH«——-———-H"'RCOZ—-——-)Hﬁ + CO»

The bimolecular mechanism was first suggested by Schenkel
and Schenkel-Rudin (76) in 19481-

RcogH '+ H — gE +'coz + HF

The occurrence of this mechanism was supported by later

studies,
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Since decarboxylation can be considered to'be
vessentialiy a replacement of the carquyl group by hydrogen,
the foilowing formulationé of eledtrophilic-subspitution
_have been put forward (14; 49; 76); analogous to the
original ferminology‘used in'aliphatic nuclebphilic

substitution reactions:
istl (a) H*RCO; — s ER 4 co,
'~(b) RCOE*%—ﬁR°. + COy
Sg2  (a) RCOH &+ E — 3 mm 4 €O, + E
(b) RCO; + E' — > RE 4 co,

Electrophilic sﬁbstitution by a unimolecular process,
designated as SEl, can conceivably occur by the decarboxylation
of»the free acid molecule (or zwitterion) or anioh. The

symbol SEZ,is used tb describe the electrophilic replaQemeﬁt

by a bimolecular mechanism, .
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B, UNIMOLECULAR MECHANISM

Examples of the SEl’(a) mechanism can be found by
examining the case in which-theyacid molecule is able to
exist as the zwitterion. Nitrogen-containing acids of the
A-amino type, such as picolinic, quinaldinic and iso-
quinaldinic acids, have been studied by Brown, Hammick and
co-workers (1; 11; 12; 31); The activating electron
acceptance here arises from the hetero N atom whose greater
electronegativity COmpared to carbon becomes important.
First order kinetics were observed in the decarboxylation
of quinaldinic acid in quinoline. There is evidence to

1showéthat the decarboiylationfprobably proceeds‘through the
zwitterion form. They‘showed that the methyl betaine,
l-methylquinolinium ~-2-carboxylate (I), which could not

N

~
"l'Il\I |
o3

Coo0~

I

tautomerize to a non-zwitterionic form, decomposed relatively
rapidly, and therefore the analogous zwitterion (II) is

probably the form of the acid that decarboxylates.




\ .
20
+1;I/ C(o. |
ko
I1 ITI Iv

The existence of the &=-quinolyl carbanion intermediate (III)

was supported by the fact that, in carrying out the decar-
boxylation in such réagents as aldehydes, ketones, quinoline
and aromatic nitro compounds, one could isolate from the
reactidn miitures other substances, an example of Whiéh is

given by (VII):

\\\ l \\\\ \s\

, + CR,=0 4 ~er o ? _~CR,0H
- +N 2 NZ

H

v ‘ VI VII

Among»the best examples -of aliphatic acids which

decarboxylate by an Sgl (b) mechanism are trihalogenoacetic

acids. These acids cannot form zwitterions, but the
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negative substituents reduce the activation energy for the
heterolytic fission of the carbon-carbon bond sufficiently
to enable decarboxylation to occur at observable temperatures.:

The kinetiec work of Verhoek and his colleagues (2; 22; 42;‘

84; 86) and of Johnson and Moelwyn-Hughes (50) has proved
that trifluoro-, trichloro- and tribromo-acetic acids

decompose as the anions:

X40%C0p —————) XqC~ + CO,

‘Some other acide capable of yielding fairly stable
carbaniohs also have been found to deoarboxylate'by first-
order reactions of their anions, e.g, phenylpropiolic
acid (34), and 2,4,6-trinitrobenzoic acid (84; 85). With
2,4 6 trlnltrobenzoic acid, the rate of decarboxylation is
& maximum under cond1tions where 1t is completely dissociated

into ions. Also, addition of base to aqueous or alcoholic

solutions of this aromatic acid increases the rate of
decomposition. Mathematical analySis of the data shows that

- a reaction of first order with respect to the anion is

involved. It is perhaps surprising to note the stability
of the 2,4,6-trinitrophenyl anion (IX), evidenced by the
relative ease of decomposition of the related carboxylate

enion (VIII), but this is further supported by the observation

- of deuterium exchange of trinitrobenzene in alkaline ethanol

solution (53),




02N _ NO»
-

to,

VIII | IX

For several puketo acidsy, 1t has been demonstrated

o that the decarboxylation involves both the anion‘and'the‘
zwitterion forms of the acids. The relative rates of
decomposition of anions and of the undissociated acids

| for several B-keto acids havé been measured and are

summarized in‘Table I.

TABLE I | - .

RELATIVE RATES OF DECOMPOSITION OF 6-KETO ACIDS AND THEIR
ANIONS IN WATER

Relative k

Acid Acid  Anion Temp., °C  Ref.
Acetoacetic 53 1 37 ' 90
" det=Dimethylacetoacetic ~ 180 1 18 71
Camphor-3-carboxylic 34 1 98 9
Dihydroxymaleic 1 Lo 20 . 37
Acetonedicarboxylic 1 245 50 37

Malonic 10 1 90 43




The kinetic equation for the decarboxylation of

acetoacetic acld in agqueous solution has the form (90);

rate = k[CH300032002H] + k'[CH3coc:Hzco§]

’That part of the reaction due to the acetoacetate anion

was belleved to proceed by the carbanion mechanism (90):

. L= =CO . ' - ~
CHA=C=CH,4C%0F ————2— | CHA=C=CHS ¢—> CHa=C=CH-
3~ 22‘@ 0 3~C-CHz 37¢=CHz

slow
0 o
+ Hs0 -

In a study of the reaction as a whole, Pedersen used

agdndi thylaceto acetic»acid'ﬁc aveoid the type of ketow §
- enol tautomerism thaf could complicate the study of acetd-‘ |
acetic acid itself (71). Since *yA-dimethylacetoacetic

acid, which cannot exist in an enolic form, is readily
decarboxylated, Pedersen (72) concluded that it is the

zwitterion form of this acid (X) that decarboxylates:

0 OH 0
j e
CH3-C~C(CH3) p=COxH —= CH3—8-C(CH3)2-C</
-
X
OH l

| :
CH3~CO-CH(CH3)2 — CH3-0=C(CH3)2 + Co,
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Westheimer and Jones (89) found that the rate of decarboxy-
lation of'ogd-dimethylacetoacetic acid is virtually
independent of the dielectric constant of the solvent._
Since a reaction which takes place by way of a polar
intermediate should proceed ‘more rapidly in solvents of
high dielectric constant, they therefore concluded that
Pedersen'’s zwitterion (X)vcannot be an intermediate.
Instead, these anthors suggest that it is the hydrogen-

bonded form of the acid (XI) which is decarboxylated.

CHy CH
R,/ :
N | 1/

Hag g 0 ———> cHy-C=G + o,
N4 : CH,

XI

These two views must be almost identical, since the
zwitterion (X) is very likely a contributor to the hydrogen-
bonded structure (XI), because the nuclear configurations

- Involved are identical. Similarly, the decarboxylation of
Az-pyridylaoetic acid may occur through a hydrogen-bonded
form (XII). However, this idea cannot be extended to

h-pyridylacetic acid (25).

N// CH

: | 2

H C=0

N\ ./
0




C,  BIMOLECULAR MECHANISM

It is only within the last twenty years that

decarboxylation by a bimolecular mechanism (SEZ) hae
been'firmly established. Schenkel and Schenkel-Rudin (76)
first suggested in 1948 that some orgenic acids are de-

. carboxylated by a bimolecular electrophilic substitution

mechanism:

H+ +- RCOzH "—L—') HR + C02 '. 4 H+ “ses SEZ(E.)

-1n which the rate is determined by the attraction of a
proton by the carboxylic acid, The kinetics are then

governed by the equationx

rate = k, (8" (Rco,H)
1 2

. Two possibilities arise, The proton may attack the un-
dissociated acid molecule yielding a kinetic equation

of the type shown above. On the other hand, the reaction

~could take place between a proton,and the acid anion:

- k
H+ + RC02 ._2_9 HR + C02 IR RS R SE‘?' (b)

when the kinetic equation would be:

rate = k, [EY) [RCOE]
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"For elther mechanism, the rate 1s dependent on the attraction
between a proton and the carbon atom alpha to fhe carboxyl
group. Reaction generally occurs at an unsaturéted carbon
atom, thereby allowing the new carbon—hydrogen bond to
form completely in the‘fate-determining step without the
necessity for a simultaneous breakage of the carbon-
carbon bond, C-H bond formation is also expected to be
favoured by electfon-donating substituents and aromatic
'rings bearing such groups bonded to the beta-carbon of
the carboxylic acid. A more common and favourable situation
would be to have the alpha-carbon itself part of the
Aaromatic ring system. Molecular strnctures of this type
would be expected to disperse the poSitive charge of the
carbonium idn intermediate and presumably the transition

state leading to it.,

Since the formation of the anion will increase
the electron density on the alphafcérbon atnm, it may be
‘expected that the second mechanism ( Sg2(b) ) will require
iéss activation enérgy thén the first ( Sg2(a) ). However,
it 1s possible that both mechanisms will occur, singlyb
or simultaneously, and an analysis has to be made for each

type of acid studied.




~ An example of an acid which is decarboxylated
by the‘SEZ mechanlism was found py examining the case in

which the anthracene-9-carboxylic acid ( XIII ) decomposed

 COOH

XIiI

more rapidly in acidic solvents (chloroacetic and sulfuric
acid) than in basic (7, S—benzoquinoline) or neﬁtral solvents
(75) « Anthracene-9-carboxylic acid possessed certain
structural features that could accommodate a bimolecular
decomposition, The alpha-carbon, being in the 9~-position,

is more reactive to electrophiles because of its relatively
high electron density. Furthermore, the carboxyl group
"in this position is sterically compressed by the peri-
hydrogen atoms (67). |

Other evidence for a bimolecular mode of attack
in decarboxylation was put forward by Schubert and his
co-workers (773 78) in their study of mesitoic acid in
strong sulfuric acid solutions. In their work, they found
& proportionality between the pseudo-first-order rate

constants and the concentration of the hydroxonium ion

|
1
i
!
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in aqueous acid containing 80-100% of sulfuric acid, and
therefore proposed that_the decarboxylation ‘occurred by
a specific hydroxonium catalysis having the rate equation

in the form:
rat;é - X (250%] (ac1d)

Hence, the reaction was suggested to occur by a SEZ -

mechanism of the following type:s

7/ N
H
3/013
CH ¢ & H30 —_fast o
F N
0
Hq )
CHj
H
*C*o + . H0 4 CH
CHj
fast
CHj
co - m.ot .
2 + 3 + 3
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BothnerQBy and Bigeleisen (8) measured the carboxyl-c-13
kinetic isotope effects for the decarboxylation of natural

>mesitoic acid in 86% sulfuric acid solution at 92 °%.

-Stevens et. al. (82) have simultaneously measured the 013
and 014 1sotope effects under the same conditions, using
a sample of mesitoic acid with 0,8% Clhlin>the carboxyl

groups Below is a summary of the results of both sets of

0,5 82

workerss .

Temperature (°¢) ' Isotope | 100(k/k* - l)in % Ref, ;
60 £ 0.5 ct3 3.8+ 0.1 g2
61.2 4 0.5 et 3:7 & 0.3 8
92.0 + 0.1 | o cl3 3.2+ 0. g
60,0 £ 0.5 - ¥ 10.1 4

These results'indicate that’carboxyl carbon bond-breaking
occurs in the slow step of the decarboxylation, in agreement

with Schubert's bproposed mechanism,
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‘D« AROMATIC AMINO ACIDS IN AQUEOUS SOLUTION

Benzoic and most monosubstituted aromatic acids
“are very stable in aqueous solution.fDecérboxylaﬁion
occurs at measurable rateé only when there are present
elther several nitro groups or, conversely, groups with
especially high electron-donéting power, Thus, for exémple;
o~ and p-aminobenzoic acids (64) are slowly decomppsed in
aquedus acid solution at 70°C. The hydréxybenzoic aclds

are more stable; their decarboxylatioh is only observed
below the boiling point of water when, along with the o-
ér p=hydrcxy group, a fﬁrthcr eleétrof-donating group is

present,

A numbe: of aromatic amino acids have been observed
to undergo decarboxylation in agqueous solution under

relatively mild conditions,
NH,ArCOOH —uy ATNH, + (A

The earliest studies were those of McMaster and Shriner
(64) who studied the stability of the three monoaminobenzoic
acids in boiling aqueous solution. The extent of reaction

was determined by titrating the undecomposed amino acid

With'alkali. Anthranilic acid was found to decarboxylate
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by a first-order process twice as fast as p-aminobenzoic
( these authors attributing this to the proximity of

the ortho-amino group), while m-eminobenzoic acid had not -

,decarboxylated‘after three hours under similer conditions.
Since the work of McMaster and Shriner, mechanistic
investigations of décarboxylation of aromatic amino acids

in aqueous solution have been concentrated upon anthranilic

(82), p»aminobenzoic (95) and p—aminosalicylic acids
(613 Thy 92), "

'Kinetic'studies-of amino acids in aqueous solution:

are'complicated by the fact that they may bve present as

neutral molecule, zwitterion, cation or anion. Any one -

or mdre-of'these ofgaﬁic species mayvdedarboxylate.
Although’the ratio of neutral molecule to zwitterion is
independent of pH, the proportions of the other species
present in solution vary with the acidity of the solution.

”Consequently, the rates of decarboxylation of: amino acids

in aqueous solution may vary with the acidity of the
solution,; and the manner in which they vary may be expected

to yield information about the nature of the organic

species undergoing decarboxylations

Bjerrum (6) has proposed that in aqueous solution
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of an amino acid, four organic species are in eéuilibrium
 with each other, and they are present in a proportioh
depending on the hydrogen ion concentration. Taking
anthranilic acid as an example, these species, referred

to as Bjerrum specles, may bg represented by the following

symbols:

Organic species - - Abbreviation

cooH

HzAf Cation _

NH';

’

COOH _ .
Neutral species

Co5
Z . Zwitterion .
NH*B' .
co, - o
A~ Anion

9
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The equilibria are shown below with the hydronium ions

qmitted.

\ Z /
It is also expedient to let [N] refer to the total con-~

centration of ampholyte, i.e.

W = (24 + (2

_ wheré e concentrations (or, at nigh 1onié stbcngth,'the
activities) of HA and Z are represented by [HA] and [Z]

Since the ratio [Z]/[HA] = K, varies with lonic strength,
but not with pH, for most purposes the ampholyte may be -

treated as a single speéies;

The equilibrium constants which relate the four
organic species are difficult to evaluate (60), but they
can be related to the measurable ionization constants,

Kl and Kz, of the equilibriaz
. , <
Bt == ®* 4+ «x

I — : A




and K. =  (BF - (81 ((ua 7
| 1 HoA (H247)
Ky = (307 - _ [5Y (a7) |
| () (B4 + [2])

The equilibrium constants K, , Ky 5 Ky » and K can also

be expressed in terms of the four organic species as:

e
K [Z] [H+] l~or [Z] = KB:[H2A+]

BT [E47)

KC: = _ (a7 (=Y

(EA]
Ky = __[47) [E')

2] |
and KZ = [ZJ = K'B - KC '
| (54) Ky p

K AKC = KBKD

- Substitution for [HA] and [Z] leads to the relationshipss

1 = 1 + 1
Ky Ka Kp

When the total concentration of amino acid is [C] s 1l.e.,

(6) = (547) + (= AJ ‘+  (2] + [a7)




then, from the above relationships,'the concentrations

of the individual Bjerrum species are given by the equations:

(2,4%] = (e}
Kiko/(g"f+ K1/(my+ 2
[v) = ()
. [‘HTK]_ + 1 + KZ/[H"']

T [C] -
[H_ /K1K2+ [H J/ K2+ 1

(2]

In a solution of concentration (C) with respect to total
)aminq_acid, [E,47] and [ A7) approach [C] at low and high
PH respectively, and [N] reaches a maximum when [H+] lies
between Ki and K,. By setting d[N)/a(E¥)= o, it is found
that [N] reaches a maximum When’[Hf]=~/KiK53 that is, at
the isoelectric point, where pH = 1/2 ( pK1 + pK2 ) s
Since [Z]'and (HA] are both proportional to [N], and the
proportionality i1s independent of pH, it follows that'bdth
(HA) and [Z] will also have‘their maximum values at the

isoelectric point.,

In principle, any of the four forms of amino acids
can decarboxylate, and the rate of decarboxylation should
be greatest at the pH where the concentration of that form

is greatest. The same will be true, of course, for any other
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(non-B jerrum) species in equilibrium with one of "‘the
- Bjerrum species, or with one of these and water, so long

as the equilibrium does not involver gain or loss of proctons.

The aromatic amino acid for which the effect of
PH upon rate of decarboxylation‘in aqueouvs solution has
been most thoroughly exsmined is p—aminbsalicylic acid.

Willi and Stocker (92) found that the oversall rate of

disappearance of”aoid was first order with respedt to total
acid in solution, and the pseudo first order rate‘constanf
was a function of the pH of the solution. Rate of de- ,
6arboxylation was observed to reach a maximum at the
isoelectric point, and it was concluded that the rate~
controlling step involves the protonation of pnaminosalicylate
anion, AT 3 at the l<position of the aromatic ringn However,

it was also found that, althonghvthe»rate decreases as

the pH is decreased below the isoelectric point, it does .

noﬁ decrease as fast as does the~calculated value of

{HﬂﬂAj » Therefore, the zwitterion may also be subject to
decarboxylation by proton attack at the l-carbon,; so that

the overall rate expression becomes

) %-@:k'lﬂﬁ (a7 o+ v (af) () veeen(1)

with k' larger than k'*® by a factor of about 10.




- 23 -

Slightly different conclusions were drawn by Bekker
and Nauta (74),’Who-investigated the UV absorption spectra

of p-aminosalicylic acid and related compounds and their

rates of decarbo xylation., They found that the protonated
specles did not deconpose, but that the rate at various
hydrogen ion concentratiors was proportional to the amount of
free dcid or zwitterion present; as calculated from the knowh

dissociation constants of the acid:(94) In agreement with

Willi's findings (92), they also observed a maximum in the
rate of decarboxylation of p-aminosalicylic-acid in agueous E.
solution at the isoelectric point, but did not find any |
decarboxylation in strong acid where Willi's kinetic expression
shows it should be appreciable. The reaction was concluded ‘ {

"to be a first order decarboxylation of the zwitterion.

The decarboxylation of p-aminosalicylic acid in
agueous solution was also investigated by Liquori and

Ripamonte (61). They too, observed the rate-maximum at

the isoelectric point at 25°C, but concluded that the rate-
controlling step is a first-order decomposition of the

molecular acid HA.

In order to determine whether s slow proton transfer

or a rupture of a carbon-carbon bond  was involved in the
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rate-determining step, Stevené and co-workers (82) looked
for an 1sétope effect in the decarboxylation of anthranilic
acld both in melt and 1n_aqueous solution with varying pH.

- None was found 1n‘either‘case. A relatively broad maximum
in the rate was observed in 0.75N sulfuric acid (without
using buffered solutions or constant lonie strength) at

the temperature of bolling water. Unfortunately, no pH
measurements were made, and the effect of acidity on the
lonization equilibria was considered only quelitatively.
However, they concluded that the rate controlling step is

protqnation of~the zwitterion at the l-carbon.

- -“The pH dependence of rate of decarboxylation using

- p-aminobenzoic acid was carefully investigated by willi (95).
ﬁe found that the raﬁe of deca:boxylation Increases with
increasing hydrogen=-ion éoncentration, but. does not reach

a maximum at the isoelectric point (pH = 3) nor even at

PH = 1.7, the highest acidity studied. He showed that, as
‘with p-amindsalicylic aclid, his daté can be accommodated.

by equation (1) with k" = 25%°*,

Dunn, Leggate ard Scheffler (27) studied the effect
of changing pH upon the rate and mechanism of decarboxylation

of h-methyl— and 4-methoxyanthranilic acids. The decar-
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boxylation was followed by noting the change in concentration
of substituted anthranilic acid with- time spectrophoto-

metrically by measurements made in alkaline solutionﬂwherev

~all the acid was in anionic form. Although the effect of
acidity upon the rate of decomposition of anthranilic acid
in aqueous solution had been investigated earlier by Stevens

and co-workers (82), no buffered or constant ionic strength

solutions were used, It was on rather qualitative evidence
that they concluded that the rate-determining step was

protonation'of.the zwitterion at carbon 1.

- Dunn and co-workers (27) found that both h-methoxy-
and 4nmethylanthranilic acids decarboxylated by a first-
ordér procéss at a constant pH, They'showed that the rate. g ;§*'
is a ﬁaximum at a pH of about 1.1 - 1.4, whereas the
isoelectric pH was found to be 3.3; and decreases at both
higher andbldwer pH values. The observed dependence of

the rate constant, k, upon pH obtained by these authors

is shown graphicallj in Figure 1, Since the pH dependence
of the rate constant could not by accounted for by reaction

of any combination of Bjerrum species, it was concluded

that decarboxylation must take place via some intermediate

which is not part of the Bjerrum system,

Dunn et, al., (27) have proposed a mechanism for




FIGURE 1
The observed pE Cﬁetp.end.enoe of the rate constant
for the decarboxglation of 4-methoxyanthranilic'
acid at 60°C and ionie: strength of 0. 5
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..the reaction in which thevnon~Bjerrum intermediates

- Hpa", 5%, and HZ" are formed by protonation of the

d-carbon of HA, A and 2Z respectively. This mechanism is

Shown in Egquation (2),

Assuming that all three non-Bjerrum intermediates
decarboxylate,.- the following expression was dez‘vi‘ved (27)
for the rate of decarboxylation:

~a[c]

ae— = [ {xaky + (kgaKp/Ky + k5K, /K7) [5*]} x

————

K e (WG + kTS ) Y]
* .

R R L N S Y S s

| | | - cessns(3)
where [N]'.-_- [HA] + [Z]

and Ky and Kz'are defined as

. Ky o . :
H2A+ Errmam. ) H+ 4 N 'o".-()"')
X2 o . o |
N H -+ A lto---(5)

s

Since the ratio [E.A] /[Z] is independent of pH, HA and Z

- may be combined under the single symbol N+, Equation (2)

may then be simplified to -
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CooH | c00~ Ny C00”
Ng, Ko NH, 1/Kp v}

HA A" Z

N A

”~ :
+ + +
kg | | s (5] kg | ka(H) kg | |up(E")
J’. N2 J

NH, , Vh2 NE}

) :-n::;-(Z)




- 29 -

Kl . Kz .
BN R > 4
kHAl K_Ha Ky J K s
K*
HyA HA
Jk"' K
Co, CO,

-)-nnt(é)

The. iate expression then simplifies to:
x o KaK1Kp + Xk [HF] KKy + Xt [HY] |
1 . X #* ® S
Ky + [E] (X + E Ky + (K + k_g,) 5]
l.‘inl.('?)

As 1t'stands,.equétion (?).does not fit'the data,
because the [Hf]z terms of the numerator prevent the
rate from becoming small at low pH, For the rate to decrease
‘at low pH, it Will require either that kHA ; 0 or that
.kf‘= 0, but not both. That is, in order for equation (2)
to represent the mechanism, HZA* mﬁst participate, but
either 1t is not formed directiy-by protonation of HA and
Z (kgp = 0), or it does not decarboxylate (k* = 0). In

the former case, the mechanism becomes:




' Ky Ko . -
AN . —— N | > A
. |
kol [k_p
#* K2 y v %
HpA™ ¢ > HA
xt K
J’ J/ )
COz 002 _

and

SATLTZ x*k5 + w*t[g*
Ky + [E] < it

(x + kK_a)Ko + (KT 4 k_ga) [H] |

.’lll'l"(8)

and in the latter case:

+ Ky \ Ko y L
HN™ & ~ N .\
k K_ga Kyl 1%_p
: *

3 K2 ‘> Jr #*

HoA™ ¢ HA

k.*

co
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and

-k'= kAK1K2,+,kHAK1[H+] o K> :
Ky + [H] T k_p)K5 + (Kt + X _ma) [EY]

10-30»3(9)

Dunn et. 2l. concluded that mechanism (8) requires a
kinetic isotope effect at both low and high pH values,
Whereas mechanism (9) requires an isotope effect at low

-

.~pH but can accommodate an effect or none at high pHe.

Dunn and Buccinil (29) solved the problem by
'measuring the carboxyl-ClB-kinetic lsotope effect for
lJ-methoxyanthranilic acid at 60° in agueous solutions of
different pH and constant ionic strength., The kinetic

!
!
isotope effects are summarized below: : ?.

pH | 100(k/k* - 1) in %
043 : b2 4 0.1

1.3 | 1.4 4 0.1

h.o 0,2 £ 0,1

Thus, a large effect of 4,2% was found at low

... pPH, and no isotope effect was found at high pH, Therefore,
the reaction proceeds via mechanisnm (9), in which both of
HA and Z may be protonated to form HZA and HZ s but

neither HZA nor Hz* decarboxylate directly.
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Since there is no 013-carboxy1 kinetic isotope
effect at low acidity, so k_A is small compared to x* 5

and because there is such an isotope effect at high

acidity, kt is small compared to k ~HA® Hence, equation (9) can
. be reduced tos '

+ *., %
kpK1Kp + kypyKq [EY] KKy

k= .
Ky + [H] * UKL ¥ g, []

lt,..'(lo)
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E. PYRIDINE-CARBOXYLIC ACIDS

The ready decarboxylation of pyridine-carboxylic

aclids was early appreciated. Historically, the reaction’
played an important role in thé studies of orientation
of quinoline, isoquinoline, and the benzoquinolines (58) .
Decarboxylation occurs more readily than with benzene-~

carboxylic acids, and in the sequence 2§> 4> 3, The

decarboxylation temperatures of solid pyridine-dicarboxylic
aclids depehd roughly on their strengths as acids - the
stroﬁger the acid, the lower the temperature (48). At
185919000; pyridine-2,3,4 ~tricarboxylic acid gives
pyridine—j,44dicarboxylic acid, which above its m.p.
ﬁroduces mainly nicotinic with some isonicotinic acid (47).
The easier removal of an «~ than of a p~carboxyl group has
important practioal.consequences, fof the oxidation of |

quinoline at 1500- 190°C with sulphuricvand nitric acid

and a catalyst glves quinolinic‘acid, but at temperature

higher than 210°C nicotinic acid results (97). For the same
reason, "aldehyde collidine" ( 5-ethyl-2-methylpyridine )

is also a valuable source of nicotinic acid (51) .

Three reactive forms which could possibly be the
initial reactants in the decarboxylation of picolinic acid
were postulated in the literature. They are the un-ionized

acid (XIV), the chelated form (XV) and the zwitterion form (XVI),
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Reactive form (XIV) was not considered as a possibility

(65;70385) for it has been fairly well established in the

literature on decarboxylation of other acids that the
initial reactant is an anionic or intramolecularly hydrbgen'

bonded structure rather than the free acid except in the

case of the dibasic acids oxalic'andwmalonic (4); Both
forms (XV) and (XVT) incresse the p0sit1ve potential of

the ring nitrcgen and reduce the electron density én the
d~carbon which could then exert an at£ract1on oh the carbon
to carboxyl pair of électrons,‘drawing them toward the ring

and favouring release'of carbon dioxide,

The form (XV) was suggested in the work of Doering

and Pasternmak on - pyridylacetic acids (25). Similar
cyclic intermediates have been proposed by Wiig (91) and
Muus (66) in their work on B~ keto acids. Hammick (44),

on the basis of his work with quinaldinic acid in quinoline,

suggested that the heteroeyeclic o{- amino acids, picolinic,
quinaldinic, and iséquinaldinic acids, probably decarboxylate

in the form of thelr zwitterions (from XVI).
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The decarbdxylation of picolinic acid with the
carboxylate group.o( to a quaternary amménium function
was suggested by Brown (14) to proceed at an accelerated-
fate'presﬁmably attributed to inductive stabilization of

the carbanion in the form of an ylid intermediate (XVII):

— |
N//'COZH. '&// co, %r//—
o H H

XVIiT

In an attempt to decide between the hydrogen-
bonded structure (XV) or the zwitterionic structure (XVI)
fér pPicolinic acid as the species undergoing decarboxylation,
the uncatalyzed reaction rates of picolinic acid and some
of itsmethyl derivatives were determined by Cantwell and
‘Brown (15)« Kinetic data for the decarboiylation of
picolinic and methylpicolinic acids in p-dimethoxybenzene

are shown in Table II.

On the basis of the data obtalned, thej could not
decide whether form (XV), the cyclic form, or form (XVI),
the zwitterion form, is the predominant initial reactant
since both can take part in the mechanism proposed by these

authors:
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TABLE 1T

DECARBOXYLATION OF PICOLINIC ACIDS IN P-DIMETHOXYBENZENE (15)

. Substituent E, kcalmole~l ioglOA k, secflx 104(00)

- 31.1 | 15,63 2.155 (171.,5)

3-He 32.1 16.66 8471 (171.2) 5
4-He 34,6 17.35 1.858 (169.6)
Selte 50,0 20.66 . 1.510 (175.4) |
6-He | 35:0 | 17.41 1.439 (170.0) ?

by6-Me, : 38,7 19,27 1.547 (171.0)
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Methyl substitution of the pyridine ring has a proncunced

effect on the rate as well as the activation energy of

decarboxylation, However, from these studies, no definite

conclusion could be reached as to the natufe of the

initial reactant in the decarboxylation process., .

In Cantwell and Browns' Subsequent studies on the
decarboxylation mechanism of picolinic acia (16), the rates

bf decarboxylation of this acid were determined in aecidie,




~basic and polar neutral solvents, The observed rates were

found to be first order in all cases, and in the order of

neutral solvent > basic solvent > acidic solvent,
The rate constants in neutral acldic and basic soivents
are quoted from the work of Cantwell and: Brown (16), and

are shown in Teble III.

‘The data obtained indicated that the rate of de-
carboxylatidn of picolinic acid is lowered and the activation

energy raised by both acldic and basic solvents., Neutral

i
|
|
|
|
|

polar solvents also have g pronounced but varied effect,

The suppression of the rate by acidic solvents was believed
to be caused by_competitidn between the acidic hydrogen

of picolinic acid and the acidiec hydrogen of the solvent
(phenol, AOH) for the nitrogen of the pyridine ring.

ACH 4+
N
HOA
L] \ l \
ACH  + Je=0 or 4~ €00~
o "
H—0 H
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TABLE IIT

FIRST-ORDER RATE CONSTANTS FOR THE DECARBOXYLATION OF
PICOLINIC ACID IN NEUTRAL, ACIDIC AND BASIC SOLVENTS . (16)

NEUTRAL SOLVENTS  BASIC SOLVENTS
Temp., C, kx10 , sec. Temp., “C, kx 10 , sec,
p-Dimethoxybenzene Aniline
171.5 2.16 168,5 1.21
179.0 3.94 - 173.6 7 1.89
184,5 . 5.87 177.0 2,43
190.5 - 9.18 S _
p-Bromoanisole o Quinoline
174.2 2,60 169.2 1.04 !
178.8 » 3.91 173.5 1.67 |
183n0 - 5539 17835 : 2'56 . j
. Nitrobenzene | Tributylamine B
169.0 1.75 168.5 0.92 P
174.6 3,06 173.5 _ 1.79 -
179.0 hep1 179.0 3.17
183,.0 5:82 182.5 4.87

ACIDIC SOLVENTS

Tempsg OC' | k'x lO [ SGCu
. Phenol - N .
170.0 0.60 -
174,0 1,03
. p-Nitrophenol :
169,0 0.22
"173.5 0«34
179.2 - 0.75.
- 182.6 1.04
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In the case of basic solvents (aniline,‘quinoline, tri-
butylamine), & probable acid-base equllibrium between
the acid in question and the base, B, to form the anion

~could have helped to reduce the reactivity.

’

\ —_ 4
B + : <« BH +
. N/ =0

{
0
H

or

From a consideration of the over-all observed

- effect of solvents on the activation energy of decarboxylation
and an analysis of the effect of solvation on the potential
energies of the two forms, the chelated form (XV) and the
zwitterion form (XVI), Cantwell and Brown favored the

zwitterion as the initial reacting form,
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Clark added to the investigation by studying the

decarboxylation of picoliniec ascid in the molten state’ and

in p-cresol, eniline, phenetole, p-chlorophenetcle,.
p~dimethoxybenzene ang nitrobeﬁzene (18): The ”irst—order
_rate constants are quoted from nis work and Presented in
Table IV, He, in tnls and subsequent studles in 12

more polar solvents (21), found that the rate was in the

order of basic solventsj> neutral solvents > acidic °olvents,'
which is not in agreement with Cantwell and Browns'
findings. He also found that the-results in different

solvents conformed very closely to a single isokinetic-
temperature 1iﬁe in an enthalpy-entrony plot which was

paraliel to g Similar line obtained previously for ﬁhe
decarboxylation of oxamic acid énd its derivatives in ‘ 5
the molten state and in a variety of solvents (20). On
this evidence and on information presented esrlier by

Fraenkel et al. (36) that the decarboxylation of oxamic p

acid in quinoline involved the formation of an activated
complex between unionized acid and the»nucleophilic
solvent, Clark, in a different view from Cantwell and

Brown, favoured the hydrogen-bond form of picolinic acid

(XV) over the zwitterion(XVI),
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TABLE v

FIRST-ORDER RATE CONSTANTS FOR THE DECARBOXYLATION OF MOLTEN
PICOLINIC ACID, AND OF PICOLINIC AGID IN SEVERAL SOLVENTS (18)

System . ' Temp., (OC) kxlou(Sec‘;) Av, dev,

Molten picolinic acid 167.47 1.28 0.02

173.67 2,46 | 0.02

180.61 3.73 0.02

184,22 7.05 0.04

188,35 - 10.57 0.04

Picolinic acid + 170,56 1.64 0.02

p-dimethoxybenzene . 180,61 ' 3.74 o - 0.03

_ 191,20 . 8.71 - 0.02

“Picolinic aecid + 172,46 @ 1;75 0.03

p-chlorophenetole 182,72 b.15 0,02

192.89 011,13 0,04

Picolinic acid + 150,71 0.37 0.01
phenetolie 159,60 0.665 ' 0,005 ;
165,47 ' 1.18 0.01 |
168.2 1.53 - 0.0L

Picolinic acid + - 172.36 1.73 0.01
nitrobenzene : 180,50 3.52 0,01 |

N 189.61 6.69 - 0.03
Picolinic acid + 160,37 1,20 0.02 |
aniline 168,35 3.98 0,02 f

s 178,90 3.98 0.02

Picolinic acid + 170,45 1.19 0.02

p-cresol 179,70 2479 0,02

: . 189.61 669 0.03
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However; it is the author’s opinion that, in

, changing solvents Cantwell and Brown had changed solvent
polarity aslwellvas solvent acidity, and that the rate-
differences in different solveﬁts were small enough to

be caused by_the polarity changes alone, Clark had.added
to the ihVestigation by inereaeing the number of solvents
studied, and in his results, differences in rates obtained
in different solvents were even smaller, Therefore, it

is felt that the efrect of acidity on rates as reported

by these authors 1is not too reliable.

Kinetic 1ucarbonmisoﬁope effects on decarbexylating
plcolinic acid in the fused state’as well as in quinoline
and phenols were studied by Zlotowski and Zielinski eX~
perimentally and'compared to a theoretical model (98),

The kinetic isotope effect is quoted from their work‘and-

presented in Table V,

These results show that the C-C bond 1s»bquen in
or before the rate-determining step of the decarboxylation,
which agrees with the’ylid type‘of mechanism proposed by
the workers previously quoted. It ig interesting to note
-that the lsotope effect is noticeably larger in acidic
solvents than in basic ones, However, the authors did

not comment on this point,
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TABLE V.

% . TEE _KINETIC ISOTOPE EFFECT T IN THE DECARBOXYLATION OF

1HE KINETIC I¢
: PICOLINIC ACID AT 186°C (98) \
Solvent . [(-kcn/kcm,) - l:‘in % é
Melt 5.6
Quinoline bo7 " 3
o-Nitrophenol 5,0 |
Phenol : | 5.4
0~Méthylphenol 5elk

Hydroguinone | 5:6
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F.. PYRROLE~CARBOXYLIC ACIDS

The ﬁost striking properties of pyrrole-carboxjiic
aclds having the carbexyl greup directly attached to the
nueleus is their ready decarboxylation. This occurs when
the acids are heated under a variety of conditions; the

ease varies with the character of other substituents present. o

Melting is usually accompanied by decarboxylation, and
breparative procedures have used decarboxylation by heat-
ing at reduced ppessurev(ho), by heating_in glycerol,
2~aminoethanol and alkali, and distillation from weakly
aeidesolution (17335).,

No quantitative data are avallable to permit an
assessment of the effect of substituents or carboxyl group
orientation upon ease of decarboxylation., It is believed

that in the byrrole series, the behaviour observed is

similar to that of hydroxybenzoic acids having one or more
hydroxyl groups ortho and para to the carboiyl group (13),

In theee cases of decarboxylation facilitated by electron-

H
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relegsing groups (13), it isvlikely that the mechanism
Anvolved is that denoted (14) Sg2; but whether the acid

. Oor its anion is involved is not. known., Rough qualitative
comparisons suggest that pyrrole-z- and. -3-carboxylic
'acids are decarboxylated about as readily as the resorcylic

acids (235 24),
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- III.  OBJECT OF THE PRESENT WORK

Since'mechanisms proposed in the literature for
the decarboxylations of pyridine- and pyrrole-carboxylic
 ac1ds are based entirely on qualitative evidence, and
arguments by anﬁlogy wilth the substituted benzoic acidé,
it was thought that it may be desirable to study these
decarboxylétions in aqueous solution. In this case,
quantitative measurements of the effect of acidity on

rates are possible.

The mechaniém of the decarboxylation of pyrrole-
carboxylic acids have not previously been examined.
‘Pyrrole 1s generally ﬁhought.to resemble aniline and
’phénol, so the decarboxylation might be expected to
resemble that of anthranilic or salicylic acid., It was
therefore an object of the present work to find out if
the acid dependence of pyrrole-carboxylic acid decar-
uboXylation resembles that of anthranilic or salicylic

acid previously described.,
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IV.  RESULTS AND DISCUSSIONS

A, PYRIDINE~CARBOXYLIC ACIDS

1. Picolinie acid

It Wascshcwn earlier in the Thesis that for an
amino scid if the concentrations (or, at high ionic st-
rengths, the activities) of HA and Z are represented by
[ﬁA] and [Z], then the concentration of total ampholyte
is [N] = [ﬁA] + [ ], and that [N] reaches a maximum when

PH = 1/2‘(PK1 + PK5) 5 that is, at the isoelectric point.
'81nce_[Z] and [HA] are both proportional to [ﬁ]and the
broportionality is 1ndependént of pH, it follows that

both [HAJ and‘[z] will also have their maximum values at

the isoelectric noint. If the ratencontrolling‘step in

the decarboxylation of plcolinic acid is the first-order

or pséudo—firsﬁ-order decomposition of any of the Bjerrum
species, H2A+, HA, 2, A™, a plot of the rate constant

against pH should show the same inflections as the concentrat-
lon versus pH plot for the corresponding species as shown

in Figure 2,

In other words, if the literature mechanism for

the decarboxylation of picolinic acid (via neutral species)




[l

FIGURE 2

pH dependence of substrate concentration of picolinic
acid in aqueous solution at‘25°C

{ K, and K, were taken to be 8.32 x 10-2, and

4,79 x_lo"é_respectively (33) )
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is correct; the rate of decarboxylation should be a maxi-
mum at the isoelectric PH. The investigation therefore

began with an attempt to test this requirement of the

literature mechanism.

A statement in. Sidgwick's Well-known book on

nitrogen compounds reads (79):

"The pyridine-«~-carboxylic aclds are decarboxylated
' verJ easily oy heating with hydrochloric acid cccee”

In order to confirm this statement, attempts were made

to decarboxylate picolinic acid in aqueous solution, A
stock solution was made up by dissolving 2 gm of picolinic
~acid in.bne liter of distilled water. Two ml aliquots |
of the stoQk solution were then withdrawn and injected
into seven flasks each containing 100 ml of buffered
solutions;qf PH = 2} PH = 5; 1N NaOH;ASN NaQOH; 1N stou;k

2N H2804 and 5N H2804. These solutions-were kept refluxing

and the evaporation losses were minimized by using water
-condensers. The UV spectra of these solutions were taken
in approximately one~day intervals, and it was found

that the UV spectra remained unchanged after two weeks,

indicating no decomposition had occurred in any of these

solutions, Theréfore, Sidgwick's statement seemed to be

invalig,
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In scme subsequent experiments on the decarboxylation

of picolinic acid, it was found that 1t did not decarboxylate

at a measurable rate until the temperature reached 150°%.
Numerous difficulties weére encountered in trying to study
the effect of changing PH upon the rate at such high temp-~

erature., The reaction vessels used by Dunn et. al. (27) at

60 C cannot be used When the temperature of the solution is

above 100°C due to evaporation. However, it was found that
sealed ampoules of 2 ml capacities can stand such high
temperature, and the ampoule technique was therefore used.

for the rate measurements,

In order to test the ﬁypothesis that the rate ehould f
be a maximum at the isocelectric PH, rates will have to be
measﬁred in buffered solutions at constant ionic strength.
The following buffered solutions as suggested by Bates (3)
- Wwere tested separately for their stabilities atlhigh,temp—

erature:
 Acidic component } Basic component ’ pH Range
HC1 Glycine 1.0-3,7
HC1 © Na,H citrate | 1.0-5.0
Citric acid NaOH 2.2-6,5
 Citric acid Na, HPO, 2.2-8.0

Formic acig NaOH ‘ 2.8-#.6
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Nine ampoules, each containing the same buffered solutions,
were kept in the oil bath at 150°C for one weelr, and three
ampoules were withdrawn_at the beginning, the middle and the
end of the experiment. These were cooled down to 25°C for
PH measurements. It was found that for all the buffered
solutions mentioned above, the pH's before and after the
‘experiment had a difference of between 1 to 2 pH units,
'probably due to the decomposition of the organic components

of these buffered solutions at 150°C.

In Subsequent experiments, it was found that the
PH of phosphate buffer remained unchanged after being kept
for 500 hoursvat,15096,,and'$he following buffered solutions

Werevtherefore used for the rate measurements in this investi-

gatlion:
Buffexr pH region
HC1 0=2.2
HCl—NaH2P04 1.8-%,2
NaHzPoquazHPoa L,0-6,4

' The rates of decarboxylation of Picolimic acid were
measured by using the above buffers for different pH regions,

and ampoules as reaction vessels. The rates were obtained
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spectrophotometrically by following the change in concen-
tration of the acid with time. The absorbance measurements

were made in alkaline solution where all the acid is in the

anionic form, and at wavelength where the absorbance of the
reaction product, pyridine, is negligible.,  The UV spectra
of picolinic acid and pyridine are shown in Figure 3. As

shown in the Figuré,'275 mM was chosen as the wavelength

for the rate measurements.

FirSt-order plots of the logarithm of absorbance

t
i

i

i

I
§
|-
b
f

1

i

against time gave excellent fits up to more than 90%
-conversion. A typical plot of log. absorbance'versus time
for the decarboxylation of picolinic acid at 150°¢C s and

M= 140 is shown in Figure 4,
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Table VI records the rates obtained on the decar-

- boxylation of picolinie acid at 15000 in buffered solutions

with pH measured at 25°C, and ionic strength,# , of 1,0.
Enough data are available to show that the rate is a
maximum at an intermediate PH and decreases at both high and

low pH. The pH at the maximum cannot be determined precisely

because the pH's were measured at 25°C instead of 150003
However, 1t will be shown in the subsequent studies on

quinolinic acid that the PH's of buffers similar to these




FIGURE 3

" The UV spectra of picolinic acid and pyridine
in 1IN NaOH |

== Picolinic acid, C = 2.8 x 10-4 M

*s2***> Pyridine, C = 2,8 x 10_1+ M
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‘ FIGURE l L+

A typical' plot of log. _z‘a‘.bsorbanc.e versus time
for the decarboxylation of picolinic acid at
150%, m= 1.0 .
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TABLE VI

RATES OF DECARBOXYLATION OF PICOLINIC ACID AT 15OOC, M= 1,0

(_ WITH pH AT 25°% )

Buffer# PH at 25% k x 107, s71 b
A 0,124 . 1.61
A 0.252 2.19
A 0.411 A ) 2,92
A 0.735 b.57
A 0.832 5.54
A 0.984 ‘ 6.22
A 1.38 8.20
A 1.53 9.21
A 1,68 9.84
A 1.75 9.81
A 1.78 10.1
A 2,01 10.4
A 2.16 10,5
B 1.78 10.0
B 1.88 10.0
B 2.01 10.2
B 2.29 10.7
B 2,38 10.6
B 2.61 10.4
B 2.92 10.1
B '3.09 9.52
B 3.25 8.99
B 3.41 8.55
B 3.64 7.63
B 3.81 7.02
B 3.88 6.80
B L,05 6.49
c 4,02 6.50
c L,53 5.62
C 5.03 5.10
C 5'45 5:11‘,’
C 5,74 5.17
c 6.24 5.01

* The symbols A, B and C refer to HC1; HCl-NaH2P04 ;3 and

NaHéPOu—NaZHPou buffers respectively.
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were found to'increase in pH by less than 0.1 unit on

changing temperature from 25°C to 95°C, thereforé, it may

be safe to assume that the PH’s may increase about 0,2
unit on changing from 2500 to 150°C. The results appeared
in Table VI are reproduced in Table VII with the assumption

Ehat'pHVs increasejo.z unit on changing from 2500 to lSOOC.

As shown in TablévVII, the rate maximum appears to
occur &t about pH of 2.4 at 15000.' The rates of decarboxy-
lation of picolinic acid at 150° and ;= 1.0 as shown in

Table VII are plotted in Figure 5. The most noticeable

-

2V A A A e
L=C aS SEEML Ln o

o by v e
LHULC ) Lo 1LuS

3

- £ +he wmatra wa T vmamvnAs
feature of the rate vo »H rof

e
unsymmetrical shape., This alone télls us that the decarboxy-~
. 4’
lation is not the decomposition of a single species, because [
the concentration profile of the neutral acid would be ’

symmetrical about the isocelectiric PH as shown in Figure 2,

As suggested by Evans et 2al. (33), the three
molecular species which occur in agqueous solution of picolinic

aclid can be represented by the structural formulae,XVIII,

XIX and XX.

(P Ol (2
! . ~A-co0~
+N/ COOH N —COOH N

H H

(a) | - (b)
\\___.__.\f-_"",
XVIII ‘ XIX
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TABLE VII T

RATES OF DECARBOXYLATION OF PICOLINIC ACID AT 150%, m = 1,0

( WITH pH AT 150°% )

Buffer* pH at 150°C k x 107, s~1
A T 04328 , 1,61
A 0,452 v 2,19
A 0,611 2,92
A 0.798 : 3.78
A 0.935 L,57
A 1.03 5.54
1.18 : 6.22
1.31 7.07 i
1,73 9,21 - E
1.88 9,84 1
1-98 1001
2,21 10.4 |
2.36 10.5 |
1.98 : 10.0 |
2,08 10,0 ;
: 2,21 10.2 |
244 10.4 5
2,49 10.7 -
2.58 10.6 |
2,81 10.4 |
3,12 10.1 I
3.29 9,52
3.45 8,99
3.61 8.55
3.84 763
“L,01 7.02
L.,o8 6.80
4,25 6.49
h,22 6.50
h,73 5.62
5.23 5,10
5.65 5.14
5.94 5.17
6.44 5,01

'oooooowwwwwwwwwmmmwww>p>>>>>>>

# Data from Table VI; pH's at 15000 are from those measured at

25°C, and an increase of 0,2 unit fron 25°C to 150°C 1is assumed.

* The symbols A, B and C refer to HC1l; HC1-NeH, POy ; and

NaE[gPOL,;-NaZHPOLP buffers respectively.,



FIGURE 5
pH dependence of experimental rate constants for

the decarboxylation of picolinic acid at 150°C,
/U-:l.O- .




12k

10}



- 60 -

In an agqueous solution of picolinic’acid, the following
equllibria, analogous to aminobenzoic aclids, can be

considered (39): . L oy

N,// COOH

XIX (a)

‘The cationic species behaves as a dibasic acid for which
two thermodynamic dissociation constants K1 and K2 can be

- measured by the usual methods. These are related to the

- constants of the above equilibria byb
K1=KA+_KB

1/K2 = 1/KC‘+ 1/KD
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Ky = Ky/Kpg = Kp/Ka

The unsymmetrical shape of the rate vs. pH curve

for picolinic acid as shown in Figure 5 suggests that the
decarboxylation of this acid is not the decomposition of
’ & single specles. The reaction may involve simultaneous

decarboxylation of two or more of species XVIII to XX.

Since the left hand side of the meximum approaches zero
at lower,pH, whereas the righﬁ hand'side seemé to 1eve1b
off at higher pH, the reaction, besides involving the
decarboxylation of the neutral épecies, XI1X; may also
 inv51ve the decarboxylation of  the anion. XX. This can

be represented in the following scheme:

AN | *, N o ! N X

, ’ ' A A-CO00™ 00~
‘N,/ COOH N// OO0H N N//' Co0
TH ' \__\/_JH
) K K. -
H,AT L > N - . > A
+* -
k k




-z

where K, = %El[iﬁ] [H2A+] - [N][I:E"']
e - la7e 4= K, [v]
N 5
I T R G S I
B[ S N ) .,
NKl ] = - [¢]

k
For N d 002
.the rate expression is:
~alel | e L F
$o = k[l = x [N]

_ )
(B /Kq + 1 + Kp/[H]

3%
or k = k

E1/K; + 1 + Ko/ [E']
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- 'k .
For A > COp

the rate expression is:

-4 [c]
e
- k- K, [c]
[2"] ([H+] /K] + 1+ Kz/[H ])
or k- : "2 Cveese(12)

[a*]([H"'] /K] + 1+ K /[H+]>

and thec cverzall rate constant for the reaction is the

addition of equations (11) and (12):

L. XIET 4+, |
= ..".' 1
"] ([H"] /Ky + 1 + Ky/ [H > (13)

In order to obtain k and k™ in equation (\713),
and eventually to calculate the ré.te constants at various
hydrogen ion concentrations, it is necessary to know the
values of K, and Ko at 150°C‘ahd p= 1.0, According to
Evans, Herington, and Kynaston (33), the pK:L 'ancl’pK‘2 of
picolinic acid are 1.08 and 5.32 respectively. These were
measured at 25 oC and at ionic strength of 0,03, Since

- K3 and K, were not measured atm= 1,0, the ionic strength
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jof our experimenti, it will be necessary to estimate them
by an extrapolation of the Debye-Hlickel theory to this
ths. I¥ At 1s assumed that ionic

- reangesef -denis siren
strength will have little effect on the activity of the

neutral species, N, then it follows that: -

GH1A*>1.O

(K )p,0= ( Kp Do 057
| | ’ (sz +>
0.03

and

<fA') 0.0‘3‘

A7 1.0

( K2 )i.0= (K3 )g,03 x

‘Where K represents observed ionization constant, f represents
- activity coefficiént, and the subscripts outside parentheses
refer to ionic strengths, IntronCingithe simpie Debye-
Hiickel relationship for acfivity coefficient in aqueous

solution

~log f = __ 405/

1+ 1.6J?{

gives ( K3 )1.0 = 5¢55 x 10™° and ( K5 )y,0= 7.18 x 10

6

or pKl = 1.25 and pK2 = 5.14 at/u= 1.0.
The pK 's mentioned above were measured at 250@, whereas

our rate measurements were carried out at 150°.
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- Unfortunately, measurement of ionization constants at
15090 proved to be 1mposéible. However, although no

work has been published on the temperature effect of

ibnizations of picolinic aCid_in the literature, temperature
dependence of glycine, an amino acid, has been reported (54)

‘from 10°C to 50°C, and the results are summarized in

‘Table VIII.

TABLE VIIT
IEMPERATURE DEPENDENCE OF GLYCINE IN AQUEOUS SOLUTION

Temp. C P | P2
10 | 2.3971 10,1928 ?
15 2.3800 -~ lo.o493 é
20  2.3640 9.9103 |
25 2.3503 9.7796
30 2.3394 | 9.6517
35 2,3312 9.5300
Lo 2.3266 | 9.4124
ys | . 2,3242 9.2988
50 2.3200 9.1887

The equilibrium constants which relate the organic species

of glycine in aQueous solution may be represented in the

following equilibria (57):
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A q K = X . H
+ Ly e B - T2 -
-C- BTN-C-C00 H.N-C-COO0

HoN ¢-coon g F-C- : > HpN-

Stepﬁenson_and Sponer (81) studied the near ultraviolet
abS6fbtioﬁ spectra,dfjfhe'pyridine-monocarboxylic acids

in water and ethanol solutions, and concluded that Plcolinic
}acid exists primarily in the zwitterion form in water,

This view is also in agreemént with the findings of

Green and Toné (39). Therefore, as analogous to glycine,
We can relate the equilibrium constants, Kl and K2, of
picolinic acid to its organic speclies in aqueous solution

~—C00 ¢———0 N//’ oo a

as follows:

N

s

As shown in Table VIII, the temperature seems to

‘have a drastic influence onvpKé of glycine, which decreases
one whole pK unit, from 10.2 to 9.19; whereas pKl does not

seem to change very much in the temperature range of

lO°C to 50°¢C. By analogy to glycine, we may assume that
the pK2 of picolinic acid probably decreases to a very
large extent from 25°C to 150°C, but pKi only slightly

decreases, Since the pK1 and pK2 were calculated to be

1.25 and 5.14 respectively at 2500, we can further estimate
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that the value of PK, probably would be between 3 to 4,
and pK1 probably would be slightly less than 1.2 at

150%.

The general rate expression ( equation (13) )
can be simplified if we consider when pH <:2, the Kz/[Hﬂ

termfin the denominator may be neglected, and equation (13)

becomes:

[/ o+ xk, | (11

[Hf]([Hff/Kl + %)

Also, if we assume that k would have a value at lecas

. * -
as great as k¥, and since Ko < gt s then k [H+]>k Ko

and equation (14) thus becomes

*
k = !
[H] + X,
or 1/ = [EY] /KKy + 1/%" T ereesa(15)

From the linear plot of 1/k vs. [H'], the slope should
give'the’value Qf 1/k*Kl ’ Whereas the intercept should
éive the value of 1/k . | ‘
The data ( pH of 0 to 2 ) from Table VII were used
to plot 1/k vs. [Hf]. The calculations are shdwn in Table IX,




o
- 0.324

0,452

0.611
0,798
0.935
- 1.03
1.18
1.31
1.58
1.73
1.88
1.95
1.98
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IABLE IX

CALCULATIONS FOR THE PLOT OF 1/k Vs. [l Fomr

PICOLINIC ACID -

I x 102
b7l
35.3-
2b,5
15.9
11,6

9.33
6.61
4,90

2.63
1.86
1.32
1.12
1.05

k x 107

1.61
2.19
2.92
3.78
b5

6,22

7.07
- 8.20
9.21
9.84
9.81
10,1

1/k x 10~

62.1
bs.7
34.3
26.5
21.9
18.1
16.1
1.1
12,2
10,9
10.2
10,2
9.90




FIGURE 6

‘Plot of 1/k versus [H"'J for picolinic acid
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and are piotted in Pigure 6. A good linear pPlot was obtained,
and from this we get:
*
k
* -
k Ky = 9.65 x 10

8.05 x 107°  ( PKy = 1.09 )

1,20 x 10-6 sec"l | )

8

1]

or Kl
The pKl of 1.09 obtained from the plot is quite agreeable
'With our previous assumption that~pK1 would be slightly

less than 1.2,

Equation (13) can also be simplified if we consider
when pH > 2, 1,e., [H+]less than 10-2; Since the pk; :
obtained from the plot of 1/k vs. [HY]is 1.09, the term |
IHﬂ/Kl in equation (13) will be negligible, and the

equation thus becomes:

¥ [57] + xE,

- n'oat-.(lé)
[E7] + x,

k =

or kQH"'] +K2>_ =k*[H“”] + k'K, ssvess(17)

From the linear plot of k([H"j + K2> vs. [EY], the slope

. Should give the value of k*, and thqﬁintercept should give

the value of k’Kz.

It was assumed earlier that pK2 would be between
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3 and 4, and PK, was found to be 1.09 from the previous

plot. In order to have a best fit into the experimental _
rates vs, pH profile, we further assume that pK2 would be
about 3 7y oOr K2 = 1,99 x 10 b. This value of K2 was used
to plot k([ +] + K2> V8. [H+] s The calculations are shown
in Table X,;and are plotted in Figure 7, From the linear

.plot,‘the following values were obtained;:

K = 1.08 x 100 sec-l
XK, = 9.9 x 1071

or k™ = 4,96 z 10~7 sec-1

' #*
The values of k obtained from Figure 6 and Figure ?

are quite agreeable, and the average value of k Would be

1,14 x 10"6 sec™l,

Substituting the values of k s K, Kl and Kz

into the general rate expression ( equation (13) ) gives:

X = 1.14 x 10-6[Hﬂ + 9.9 x 107 . |
[aH] [H] 1. 107
8,05 x 10-2 *+ 1+ 9?H§’ coes(18)

Withvvarying hydrogen ion concentrations substituted in

equation (18), different values of k were obtained, and

the construction of a theoretical rate vs, PH profile
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T RABLE X

' CALCULATIONS FOR THE PLOT OF k:<ﬁfﬁ + K;) vs. [mY romr

PICOLINIC ACID

pi 5 x 10" @Hﬂ + Kz>x 107 K x 107 k@H*]} K;x 1070

2.58 26,3 28.3 10.6 30.0
2,81 15.5 17.5  10.4 18,2
3.12 7.59 9.58 10,1 9.68
3.29. 5.13 7.12 C9.52 6.78
3.5 3.55 5.5k 8.99 4.98 |
3.61 2.46 b, 45 ~ 8.55  3.80
3.8 1.45 3.4 | 7,63 2,62
4,01 0.977 2.97 7,02 2,08
k,08 0.832 2.82 - 6.80 1.92
k.22 0.603 = 2,59 6.50 1.68

4,73 0,186 2,18 5.62 1.23

¥ Ky = 1.99 x 10"4 -




FIGURE 7

Plot of‘k QH+] + K2> versus [H"] for picolinic acid
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+

was possible. Rate constants calculated from equation (18)

are presented in Table XI, and are plotﬁed in Figure 8._

In Figure 8, the expemlmentalfrate constants with Varyihg
pPH values were also included, As shown in the figure,
the theoretical values have an excellent fit into the
experimental results. Therefore, we may be able to assume

that our propcsed mechanism agrees with the kinetics of

‘the'decarboxylation of picolinic aéid in aqueous solution.

In'order to compare the decarboxylation of picolinic
acld with that of anthranilic acid, the 013-kinetic
isdtope effect of picolinic acid st 15000 and/u=1,0 were

determined, and the results are shown in Table XII. » f

If the ylid mechanism is correct, wifh only one
speclies decarboxylating, the ClB—kinetic isotope effect

should be independent of PH, but the results shown in

Table XII seem to have a small dependence on pH. This
could be explained if the species decarboxylating at high

PH is different from the one decarboxylating at lower pH

as postulated on page 61.‘However, the C13-kinetic isotope
effect on pyridine-carbcxylic aclds will be discussed later

‘when work on quinolinic acid has been covered.
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TABLE XI' _ “
RATE CONSTANTS CALCULATED FROM EQUATION (18) FOR THE DECAR-

BOXYLATION OF PICOLINIC ACID AT 15OOC,./U. = 1.0

DNODON O

pH 187 g 107 | X x 107, s*
0 1000 0.851 c
0.4 398 1.92 - £3
.8 159 3,84
.0 100 5.07 -
o2 63.1 » 6.37
'L" 39 s 8 ? . 61
-6 25.1 8.62 .
.8 15.9 . 9,42
.0 10.0 10,1
o2 6.31 ‘ v 10.4
ol 3.98 10.6 2
.6 2.51 10.6 ' ;
2.8 1.59 - 10.5 |
3.0 1.00 10.3
3.2 0.631 . 9.82
3.4 0.398 ' 9.27
3:6 01251 : 8-59
20 0,100 C 7.13
o2 0.0631 6.55
U 0.0398 6.08
6 0,0251 5,73
.8 0.0159 5.47
.0 0,001 3 5,31
.2 6.31 x 10~ 5,04
2 6.31 x 1072 4,99

N O E TS




- FIGURE 8

Plot of calculated rate constants versus pH for
the decarboxylation of picolinic acid at'lSOOC;
o= 1.0 | |

== Rate coﬁstants'calcuiaped:frpm Equat1on (18)

O 'Experimental rate constants
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TABLE XII

ClB-KINETIC_ISOTOPE EFFECTS ON THE DECARBOXYLATION

OF PICOLINIC ACID AT leOC and M= 1,0

Buffer* pH at 25°¢ % Reaction 13062/12002 100( ky,/ky 5 1)
R ©100.0 0.010362
2,41 100.0 10.010357
241 100.0 0.010356
1,13 15.61 0.010148 . 2.25
1,13 ] 15.61 0.010149 2.23
1,13 15.61 ~ 0.010147 - 2.26
3.95 14,76 0.010165 2,06
3.95 14,76 0.010162 | 2.09
395" 14,76 0.010164 2.08

W W w > k> W @ w

- ¥* The symbols A and B refer to HC10), and HC10, ~NaH, POy,

buffers respectively.
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2. 6-Methylpicolinic acid

In the preceding sectioﬁ, a mechanism has been
proposed for the decarboxylation of picolinic acid. The
ﬁechanism fits the experimentai results very well if we
assume that the dissociation constants ofbpicoliniq acid
both increase (pK's decrease) with temperature. It was

further assumed that pPX, decreases to quite a large extent,

whefeas pKl only changes slightly in going from 25°C to 15000. :

However,'the proposed mechanism is not conclusive, since the

- PK's were not actually measured at 15000. It was thought

that with either electron-donating or electron-attracting
substituents in picolinic acid, we may be able to find a

substituted plcolinic acid which can decarboxylate

”cbnveniently below lOOOC where the dissociation constants

can be measured experimentally,

It was therefore decided to continue our study on

- the decarboxylation mechanism of picolinic acid with picoliniec

acids having electron-donating and electron-attracting

~substituents. 6-Methylpicolinic acid is commercially

: available and was tried while 5-nitropicolinic acid was

being synthesized.

The UV spectra of 6-methylpicolinic acid and its

decarboxylation product, 2~-picoline (2-methylpyridine),




- 79 -

are shown in Figure 93 and 280 mm was chosen asvthe wave-

length for rate measurement.

Unfortunately,vit was found that the rate of decaf-
boxylaticn of 6—methy1picolinic acid in aqueous solution
“at 150°C was slower than that of picolinic acid itselr,

The decoﬁpositioh was also found to be firstuorder, and the
plot of logarithm of absorbance‘versus time gave exqellent‘
fits up to more than 9O%Ic§nversion. A typical plot of log, |
absorbance versus time is shown in Figure 10, and the rates |

obtained on buffered solutions are-.recorded in Table XITI,

Alﬁhough'thewdiséociation constants, Kl and K2' of
‘6-methylpicolinic acid could not be measured experimentally
at 150°c, it is very interesting to note that its rate.versus
QH"profile seemed to be quite similar to that of picoliniec
acid., The rate 1s a maximum at‘an intermediate PH and de-
ereases at both high and low pH. The unsymmetrical shape

of the raté versus pH curve can be seen in Figure 11,

The dissociation constants of 6-methy1picolinic
acld were reported in the 1literature by Homes and Crimmin

(46), and have the following values:

pKl = 0,9 (= 0;5 and at 18°C)
PK, = 5.83 (m= 0,02 and at 25°C)




. FIGURE 9

The UV spectra of 6-methylpicolinic acid and
2-picolihe in 1IN NaOH

L

~== G-Methylpicolinic acid, C = 3.0 x 10, M

PEYIERA L 2 ™S . e . . -~ - ‘_—‘,,-'L,"-g
-‘.I:’.L(.;U.LJ.I.IB, W o= J.U X LU ) l'l
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FIGURE 10
A typical plot of log. absorbance versus- time
for the decarboxylati@n‘» of 6—methy1bioolinic
acid at 150°C, M= 1.0:.
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RATES OF DECARBOXYLATION OF 6~-METHYLPICOLINIC ACID
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TABLE XIII

AT 150°%, M = 1.0

Buffer#*

¥ Data from those measured at 25°,

A
A
A
A
A
A
B
B
B
B
C

‘ QH of the solution

0.225
1.09.
1.4
1.64
1.85
2.05
2.21
2.50
2.79
3¢53
b.46

At 25°%

O
At 150 ¢

O.L"25
1.29

2.05
2-25

2.41

2.70
2.99

3.73

k.66

* The symbols A, B and C refer to HC1; HCl-NaH2P04

NaHZPO -NazHPOu buffers respectively.

I

“unit from 25°C to 150°C is assumed.

[]
1

4,48

and

and an increase of 0.2




FIGURE 11 -

pH dependence of experimental rate .constants for
the decarboxylation of 6-methy§1picolin1é acid
~ at 150%, m = 1.0 .
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Since these values were not obtained at the ionic strength
of our experiment ( M= 1.0), an extrapolation of the Debye-
Hiickel theofy will be necessary, The ca1cu1ation is similar
to that of picoliniec acid, and the following values were

obtalned at m =1.0;:

= 0.94 at 18%
2.8 - 5.64 at 25°%

“or K, = 1.15.x 107" at 18%
Ky = 2.29 x 107 at 25°

As‘previously mentioned, the general rate expression
(equation 13) for the mechanism proposed for picolinic acid
is:

K +] + KK,

a1 (:[ + 1+ ——?T

.If the same mechanism applies to 6-methy1plcolinic acld

109(13)

the calculated rate constants should agree with our _

experimental values.

At pH < 2, the term Ky / Hj in the denominator

can be neglected, If we sssume Xk ﬁﬁj §> k” Koy then:




. x[gY] _ K"Ky
‘ ﬁfﬂ(%%? + 1?) ﬁfﬂ +_Ki

or 1k = [E)AM +  1a*

A plot of 1/k versus [Hf]is shown in Figure 12, and the

calculations‘are shown in Table XIV.

From the linear plot, the fdllowing values are 6bta1ned=‘

X = 7.93 x 10~ sec~l

. % - 6
k K1 = 1.02 x 10
or Kl = 1,29 x 10-1 ( pKl = 0,89 )

At pH > 2, [HY] /K, term will be neglected, and this leads to

K [5Y] + x7k,
B O+ ks

or k([ + k) = x*[aY KK,
Again, if we assume that pKz'changes drastically from
2500 to 150°C, and a value of 3,95 is used, a linear
plot of k([Hf] + Kp) versus [Hf] is obtained as shown in
Flgure 13. Calculations are shown in Table XV, A value of
3.9 x 10”7 sec™Lwas 6btained}for'k; and 7.69 x 10" ’sec™ for k*.
Inserting all the values of Kis Koy x, X' to equation (13),
the general rate expression becomes:

7.81 x 1077 [5Y] 4+ 4.37 x 10711

’-[Hﬂ (54 + 14+ 1.12 x 1077 se202(19)
\1.29 x 107" [a'] ‘ .




FIGURE 12

Plot of 1/k versus [H"'] for 6-methylpicolinic acid
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TABLE XIV

CALCULATIONS FOR THE PLOT OF 1/k Vs. [HYl Fom 6-METHYL -

PICOLINIC ACID

g 1 x 10 K x 107 1/k x 1077
0.425 - 37.6 2.19 15,7
1.29 5.13 5,48 18;3
1.61 2,46 6.67 15.0
1,84 1l.45 6.96 14,4

2.05 0.891 7,42 13.5




Plot of k

FIGURE 13
[H'l] + Kg'versus [*] for

6-methylpicolinic acid




56

80

- 88 -




pH

- 2.25

2,41

2,70
- 2.99

373
4,66

*Kz
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CPABLE XV

CALCULATIONS FOR THE PLOT QF15<Lﬁ1 + Ké} vs. [#Y] Fomr

[Hﬂ' ] 104 Q?ﬁ . K;>x 104%_;=-

6~METHYLPICOLINIC ACID'

56.2
38.9
20.0.
10,2
1.86

= 1,12 x 10~

I

573
Lo.o
21,1
11.3
2.98
1,34

% x 107 k(IHﬂ+ ﬁ;&lolo

7+53
7.81

7457

7,140
6.25

L,48

43.2

31.2

16,0
8.36
1.86
0.601
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Rate constants with varying hydrogen ion concentrations
calculated from equation (19) are presented in Table XVI,
and are plotted in Figure 14, As shown in Figure 14, the’
experimental results fit very well with the theoreticéi
réte constants, and the results obtained from 6-methyl-
picolinic acid seem to agree with our proposed mechanism

for_pibolinic acid,

H
|
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i
P
|
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f
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TABLE XVI

RATE CONSTANTS CALCULATED FROM EQUATION (19) FOR THE DECAR-

' BOXYLATION OF 6-METHYLPICOLINIC ACID AT 150°C, = 1.0

P . | 59 x 10° / k x 107, 57
0.2 63 1.23
o | 398 101
0.6 - 251 2.66 |
0.8 159 3.52 |
1.2 I 63.1 | 5,26 f
1.6 25.1 3 6.55
2.0 10,0 | 7.21 5
2.k | 3.98 7.49
2.8 : | 1.59 o 7.52
3.2 | 0631 7.20
- 3.6 0.251 . 6.41
L,o o : 'o.loo 5.75
bl | 0.0398 -~ h,95

k.8 - ~0.0139 | 4,39




FIGURE 14

Plot of calculated rate constants versus pH for
the decarboxylation of 6-methylpicolinic acid at
150°C, M= 1.0 . - |

— Rate constants calculated from Equation (19)

O Experimental rate'constants
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3. 5-Nitropicolinic acid

In the preceding section, 6-methylpicolinic acid

was found to decarboxylate at a slower rate than its
parent acid at 15000,_and consequently, the determination
~of its dissociation cohstants at a temperature corresponding

to its decarboxylation temperature was not possible.

It was therefore decided to continue the search for a
substituted picolinic acid which can decarboxylate at

a temperature below 100°C.

5-Nitropicolinic acid was chosen beoause nitro,
in contrast to methyl which is electron-donating, is
_ cbﬁsidered tc be a strohg electron~-withdrawing group. Since
the electron~donating substituent was found to inhibit
the rate, the electron-withdrawing substituent might be

expected to enchance the rate.

The UV spectra of 5-nitropicolinic acid and its
decarboxylation prdduct, 3-nitropyridine, are shown in

Figure 15, and 285 mm was chosen as the wavelength for

rate measurement,

The decomposition was found to Ee first-order, and




FIGURE 15

The UV spectra of 5-nitropicolinic acid and
3-—n1tropyridine in 1IN NaQH
.LI"
| S— 5-Nitroplcolinic acid C =2.5x10 .
Ji-

- g

s80000ass 3-N1tropyridine, C 2 5 X 10 M
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fhe plot of 1ogérithm of absorbance against time gave

excellent fits up to 90% conversion. A typieal plot of

log. absorbance versus time is shown in Figure 16, and‘the'

rates obtained at 150°C on the buffered solutions ﬁith pH

measured at 25°é and,u: l.0 are recorded in Table XVII. As

shown in Table XVIiI, the rate of decarboxylation of 5-nitro-

picolinic acid is, as expected, faster than its parent

acid, However, it is not fast enough to decarquylate at

a temperature below IOOOC where the dissociation constants
can be measured. Similar to picolinic and 6-methylpicolinic

“acids, a maximum can also be observed in the raﬁe vs. pH

profile for 5-n1tropicolinic acid; but, since the dissociation

constants of this acid were not reported in the literature at

any temperature, a detailed investigation of the pPH depend-

ence of this acid was felt not to be useful. However, more

| detailed discussion of the decarboxylation mechanism of

picolinic acid will be found in the next Section on the

studies on quinolinic acid.

{
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|




FIGURE 16
A typical plot of log. absorbance versus time
for the decarboxylation of 5-nitropicolinic
"acid at'15OOC, M= 1,0 .
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TABLE XVIT

RATES OF DECARBOXYLATION OF 5-NITROPICOLINIC ACID

AT 150°C, M= 1.0

Buffer* pH at 25% k x10%, &7
A . 0,122 1.73

T 0.752 2.09

A 1.50 2,18

B

2,47 1.92

* The symbols A and B refer to HC1l and HCl-NaH2P04

buffers respectively,
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L, Quinolinic acid

Since 1t was found in the preceding sectioﬁS»thét
6-methyl- and 5-nitropicolinic acids decarboxylate too |
slowly at a temperature below lOOOC, the search fof andther
substituted picolinic acid which caﬂ decarboxylate conven-

ilently below IOOOC was continued,

A paper bh the-chromatographic determinatioh 6f
quinolinic acid (pyridine-2,3-dicarboxylic acid) among
other pyridihe derivatives was reported by Pallini et. al.
(69),‘and the most striking aspect of this paper was 1its
coﬁments about the decarboxylation of quinolinic acid to
“nicotinic acid (3-pyridinecarboxylic acid). It was re-
ﬁorted by these authors that quinolinic acid could be
deéarboxyiated quantitatively in agueous solution to nicotinic
acid when heated for 21 hours at 12000 in a sealed tube.,
Quinolinic acid can‘also bekregarded as a Substituted
kpicolinic acid, and since it can decarboxylate quantitatively
to nicotinic acid in only 21 hours at 120°C, it will be very
likely that it can also decarboxylate at a measurable rate

at a temperature below'100°C.

The UV spectra of quinolinic acid and its decar-

_bprlation product, nicotinic acid, are shbwn in Pigure 17,




FIGURE 17

The UV spectra of»quinol__inic and nicotinic acids

in 1IN NaOH

-%-Quinolihic» acid, C = 2.5'x 10_4 M

IeeveeeNicotinic acid, C = 2,5 x 10 M
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and 280 mu was chosen as the wavelength for rate measurement.

It was found that quinolinic acid, as expected, can °
decarboxylate at a meaéurable rate at 95°C, and its decar;
-boXylation product, nicotinic acid, is very stable at thisv
temperature. First-order plots of the logarithm of absorb-
ance against time gave excellent fits up to more than 90%
conversion. A typical plot of log, absorbance versus time
for the decafbbxylation of quinolinic acid at 95°C, and

M= 1.0 is shown in Figure 18,

Since the decarboxylation of quinolinic acid was
carried out at 95°C>and the determination of pH at that
temperéture 1s possible, the pH measurements were made at
both 25°C and 9500 on the same series of buffer solutions
covering the range of each buffer compound énd’having the
same composition as: those used for rate determinations.
The effect of temperature on buffered solutions is shown

in Table XVIII.

By plotting pH at 9500 against pH at 2500, linear
calibration curves ﬁere obtained which could be used to
calculate from measurements made at 25°C the pH of solutions

to be used for rate determinations at 95°C, Differences in




FIGURE 18
A typical plot of log. absorbance versus time

for the decarboxylation of quinolinic acid at
o)
95 C’/a"-'-' 1-0 ™
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TABLE XVIII

THEYEFFECT or TEMPERATURE ON THE pH's OF THE BUFFER SOLUTIONS

Buffer# ~ pH at 25% pH at 95%

A 0.115 ' 0.163 |
A 1.25 1.31 |
A 2,00 2.06 ;
B 2439 - 2,46 §
B 2,88 | 2,95
B 3.92 3.98
C 5.03 5,11 |
¢ 6.21 6427

* The symbols A, B and C refer to HCIj HC1-NaH,P0) ; and
NaHzPOlL"NaZHPOlL buffers respectively, |




-.163'_

"PH at the two temperatures were usually leés thanAO.l pH

unit.

Table XIX shows the variation‘with PH in the rate
‘of. decarboxylation of quinolinic acid at 95 C in buffered

"solutions of ionic strength 1.0,

In an aqueous solution of qulinolinic acid, the

following equilibria were suggested by Lecco and Saper (59):

_____IEJ.-___> g or
_J-coog ¢—-—— L coon
T H R \/_JH
HBAf | HyA

o A coo”
- CO00H | AN

Z+~C00™ ¢

®
N
=
b
v

¥

N

~

HA™ A"
If the mechanism proposed for p1601inic acid also applies
to quinolinic acid, i.e., the reaction, besides involving
the decarboxylation of the neutral species, HzA, may also
involve the decarboxylation of the monoanion, HA™, then,

it cén be represented in the'following scheme:




- 104 -

TABLE XTIX

RATES OF DECARBOXYLATION OF QUINOLINIC ACIb AT 95°C,ﬂt= 1.0
-1

Buffer#*

A
A
A
A
A
A
A
A
A
A
A
A
A
A
A
B
B
B
B

¥ The symbols A and B refer to HC1l and HCl-NaH2P04 buffers

respectively.

pH at 9500

6

k x 10, s

0.079

0.373
0.418
0. 464
0.570
0.702

0.907
0.971
1.11
1.35
1.52
1.61

- 1.90

2.19
2.87
3.41

3.98

1.69
1.92
2,24

2.26

2.50

2.57
2,66

2,71

2.76

2.76

2.67
- 2.56

2.b2
2.14
1.84
1.25
1.08
1.06




K K -
-y pr— W —> ———— &
k*‘ | k-
co, co,
] o] - Bl
[254%] I K
[ Ema] Tga” Kp [Ep4]
K, = 21 [ , - [ma7] = ,
2 24 | | [57]
 end [E4a°] + [Ho4] + [Ea7] ‘-}. (a7 = ic]

-Since it Wasjreported by Lecco and/Saper (59) that. - -

PKo> and PK3 of Quinolihic acid at 25°C were 2.43 and

5.06 respectively, the concentration of AT in thé'pH'

region where our rate measurements were made is very

small, and therefore

[5587] + [Ep4] + [HAf] = [c]

'[HzA]Kl[H] + [H4] + f2 [T;ﬁ*]]
[HzA]' = lc]

[H"’} /Ky + 1+ Ky/ [H"'J

= [c]




For

"- 106 -

-HZA : 71002.

the rate expression is:
-ald * |
¢ =kl =x [2,4]

k*‘[c]v

or k = k

5] /ky + 1+ x,/[57

] /e 1+ K,/ [5]

- k N
HA ? GO

-
the rate expression is:

-dfc]

e = ko] = x” {ma7]

k_Kz[C]

veee(20)

[E] QH*] /Ky + 1+ Ky [H+])

or ok = kK

2

00-001(21)_ |

A (m i

1+ Kz/[Hﬁ)
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Vand the overall rate for the reaction is the addition

of equations (20) and (21):

eo  EE] 4 xx, eeeea(22)
_[H+]([H'l] /Eg+ 1+ KZ/[H+D
 Since the rates‘of decarbpxylation 6f quinolinic-
écid were. determined at 9500, and the measurement of
dissociation constants at thisvtemperature.iS'possible,
K, of this,acid was determined spectrophotometrically
at 95°C and ionic strength of 1.0 by the métﬁod éf
Dunn and Kung (28). The absorbance measurements of various
buffered solutions of ‘this acid were carried out at
262 mm , At this wavelength, the absorbance due to free
aecid, HZA, is much more significant than due td fhe

monoanion, HA . The data are shown in Table XX.

For the dissociation of quinolinic acid in water,

A Ko
HyA o > A +  EBY

'“‘the'dissociaﬁion'constant, K5, may be expressed by

(147 [5Y]

[E24]
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TABLE XX

EXPERIMENTAL, DATA OF pH AND CORRESPONDING ABSORBANCE OF THE

VARIOUS BUFFERED :SOLUTIONS:GF QUINOLINIC ACID AT 95°C

= 1.0 | | t = 95%
¢ =1.5x 107% - A= 262 mm

Buffer®  pH at 95%¢ Absérbagcé
A 0.301 04335
A 0.840 0.331

A 1.29 0.322 B
A 1.68 | 0.298 §
B 2415 0,273 5
B 2.42 _ ' 0.257 |
B '2.70, | . _» 0.245 |
B 2.99 | 0.239 |
B $3.18 0.237
B 3.65 - 0.237
B

~ biog  0.237

¥ The symbols A and B refer to HC1 and HC1-NaH,PO, buffers

‘respectively.
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~Where the quanti'ties in brackets represent molar con-
centrations, If the total concentration of acid (ionized

plus un-ionized) is C, i.e.; C ’='[Héfq + [EA7], then

e - - gl

e C - [a7] [E24]
80 ’t‘ha’c‘ Ko - K, [EAT = [ma7] [2*]
K¢ = [EA] (59 + x mal
= [5a] <[H+] + K2>
KpC
=] - ] + «k,
| Similarly [HZA]_ = [H_'] j[H;]z

Since hydronium ion does not absorb in the visible
or uitraviolet regions, the tbtal absorbance, A, of the
equilibriun sclution of HZA :_2 HA™ is given by

A=ly g+ Aygy-

2
where.AHz’A 1s the absorbance of the equilibrium concentration

of un-ionized acid, HZA, and AHA“ is the >absorbance of

the eéuilibrium concentration of monoanion HA . For a

;
;
i
|
i
|
i
|
i
!
!
|
|
|
i
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lem cell, the Beer-Lambert relationship converts the

preceding equation into

A = &g 4] + EHR'--[HA-]

where § = molar absorptivity.

When the expressions for [HZA] and [HAT| derived

above are introduced, this becomes

A = Cx 8“26 [H+] + gga—_Kz\

]+ x, )/

Since A, ﬁfﬂ s and C are observable quantities, the above
'equation contains only three unknowns : Kz, Emﬂ and SHk .
The computer program prepared by Leggate and Dunn (60)

was used to calculate K_. The pK_, obtained by the computer

2 2
was 1.90 + 0.03, and the values of CE@M and €&, were

0.339 + 0,002 and 0.233 + 0,001 respectively., The calculated

curve and expérimental points are shown in Figure 19.

If we consider the general rate expreésidn,

equation (22), i.e.,

k [H+] + kK2 - |
[H-'j<Hﬂ/K + 1 4 K H-l]) resess(22)




- FIGURE 19

Plot of pﬂ aﬁd cqrreSponding absorbance of the
various buffered sblutions of Quinolinic acid at
95°C, it = 1.0 |

| == Curve 6btaihed'ffom the computer

O Experimental points -
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it can be simplified at the region where pH < 0.9, Since
pK2 of quinolinic acid was determined to be 1.90 at 9500,
~ the term‘Kz/[Eﬂ is not important in this region, and

* - .
x [B] + Kk, .
k = C easeses(23)
: hﬁ]<1Hf]/Kl + %) ’ .
If we further assume that k* would have a vélue at least

as great as k , and. since K2<§jﬁﬂ ' then.k*IHfl-§> k-Kz,

‘and equation (23) thus becomes

i, - =

K 1 | : - N
[Hf]‘+ Ky N : ‘ . gi

or 1/1{ = [H-ﬂ /k*Kl -+ 1/k* ' .‘...-.-.-(24). g

The data ( pH <:O.9 ) from Table XIX Wére used to plot
1/k vs. [Hﬂ . The calculations are shown in Table XXI,

and are plotted in Figure 20,

 From the linear plot, the following values were

 obta1nedz

X = 3.18 x 10~0 gec-1

6

#* -
k Kl = 2,99 x 10

or Kj = 9.55 x 10~
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TABLE _XXI
CALCULATIONS FOR THE PLOT OF 1/k vs. [#¥l rom qurNorINIC AcID

pE Bzl k x 108 1/k x 1077

0.079 8.3  1.69 5,92

0.189 6,47 1.92 5,21

0.373 b2 2.0 e

0.418 3.82 2.26 S 4,43

0.464 RN 2,34 b2y

0.570  2.69 2,50 4,00 |
0.702 . 1,99 2,57 3.89 |

0.761 1.66 2,66 3.76 |




FIGURE 20

Plot of 1/k versus [H'l'} for quinolinic acid
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The general rate expression, equation (22), can
also be simplified if we consider the region where pH :>-1 5.

-1
Since the K1 obtained from the previous rlot was 9. 55 x 10 3%

the term [Hﬂ /K will be negligible and the equation

becomes

v 5]+ X K,
[E] + &,

> ky @Hﬁ] * K2> = x 5] + KKy | -}

The plot of k([H'*']l + K) VS, [H"] is shown in Figure 21,
and the calculations are shown in Tablé‘XXII. From the

linear plot, the values of k¥ and kX are:; ' Cod

k*

I

3.32 107 see”l - |

kK = 1.02 x 10-6 sec™L

The values of k obtained from Figures 20 -and 21 are

quite agreeable, and the average value would be 3.25 x 10-6sec“1,fj

; #* -
Substituting the values of k , k ’“Kl and K2 into

the general rate expression gives:

k = 325 x 10~ [Hﬂ + 1.29 x 10 -8 5
(g™ 1.26 -
H+ . X 10
]<955x10”r+1+ T E]

oto'oo(25)



FIGURE 21

Plot of k@H"] + K; versus [H'] for quinolinic acid
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- TABLE XXII

CALCULATIONS FOR THE PLOT OF I Q%ﬂ + K;)VS. [ ror

QUINOLINIC‘ACID~

pH ] = 10° ([Hm' K2>_ x10°% kx10° & ([H"_’! + K; x10°

1,61 - 24,6 3.72 2,42 9,00
1,90 . 12,6 2,52 2,14 5.39

2,19 6.46 1.91 1.84 3,52

2,87 1.35 1.40 1.25 1.75

3.41 0,389 1.30 1.08 . 1.40

3.98 0.105 1,27 - 1.06 1.35

»

#* Kz = 1.26 x 10~
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'Equation (25) was used to calculate k at varying hydrogen
lon concentrations., The theoreticdl rate vs, PH curve

for quinolinic acid, together with the experimental

~results, are shown in Figure 22 and the calculations
are shown in Table XXIII. As shown in Figure 22, the ~ : E
experimental results give excellent fiis to the calculated

values,

In order to obtain more information about the
decarboxylation mechanism, the 013-k1netic isotope effect , ?
of Quinolinic acid at 95°C and Ja= 1,0 was determined,

and the reéults are shown in Table XXIV.

The general rate expression, equation (22), can

be rewritten for the individual isotopes as:-

- kiz [H+] -;- kIsz" | : .
Ko = [H,,] <[H+J /K1 .+ - Kz/[H*D ‘....,(26)

_ k;B[Hq + kZBKZ
kiB [H&](lﬁf]/Kl s +'K2/[HﬁD ...ff$27)

o, )

b2 o =]+ 525 - g1

kl k* [H+] k_K ) 3‘.'0.'( )
3 13 R .




FIGURE 22

Plot of calculated rate constants versus pH for
| the decarboxylation of quinolinic acid at 95°C,
A= 1.0

_WsG-:Rate éantantsicélcuiéted frbﬁ Equatibh (25)

O Experimental ratefConstanté'
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TABLE XXIII

RATE CONSTANTS CALCULATED FROM EQUATION (25) FOR THE DECAR-

BOXYLATION OF QUINOLINIC ACID AT 9500 . A= 1.0

pH [E1 x 10° k x10%, 571
0 1000 - 1.58
0.2 | 631 1.95
0.4 3 398 | 2,27
0.6 | | 251 | 2.5
0.8 ‘, 159 B 2,67
1.0 ' 100 2.73
1.2 63.1. | 2.73
1.4 - 39.8 2,64
1.6 25,1 2,46
1.8 | | 15,9 2,24
2,0 - 10.0 | 2,00
2.2 6.31 1.77
2.4 © 3.98 1.56
2.6 : | - 2.51 | 1.40
2,8 | o 1.59 1.27
3.0 1.00 1.19
3.2 0,631 | 1.14
4 0.398 | 1.09
3.6 0.251 1.07
b0 . ~0.100 1.04

4.6  0.0251 1.03
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TABLE XXIV

ClB-KINETIC ISOTOPE EFFECTS ON THE DECARBOXYLATION

OF QUINOLINIC ACID AT 95°C and M = 1.0

Buffer*  pi at 95°C % Reaction 13coz/lzco2 100( kyp/k; 5 - 1)

A 1.0 100.0 0.010424

A 1.04 100.0 0010419

A 1.04 100.0 0.010420

A 0 38.31 0.010197 2.82
A ‘ 0 6.686 '04010144 2,84
A 0 6.919 0.010140 2.87
B 2.63 6.422 0.010152 2,7h
B 2.63 6.758  0.,010154 2,74
B 2.63 6.420  0.010157 2.70
B 3.95 9.445 0.010163 2.67
B 3.95 - 9.075 0.010165 | 2.66
B 395 6,764 0.010161 2,67

#* ?he symbols A and B refer to H0104 and HC104-NaH2P04

buffers respectively,
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From equation (28)

X,
12 + A
X = [HJ + Kz- _
e N ¥ Ky
k5 o R
2[5+ g =
K13 v
%
Koo 4y
= 2] K,
N ‘, | | k.,
k. . k. | S }2”
(P x =2 x 12> [2]  + X, 13
N2 K K4 | |

;.-.-..;--(29)

At pH = 0 or [H+] =1

.kzz [ > kypKy

k;B[H"] >> k] 5K
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‘and equation (28) becomes

3*
Ko Ko
‘ki T onE
13 ks

and klz/k13 at pﬂ = 0 was found to be 1.0284,

#* %
therefore klz/k13 = 1,0284 | essese(30)

At pH = 3.948
KoK > ik, [H]
KK, > kiie3 []
and véquation (28) becomes

1:12/)::13 - kiz/kZB = 140267  seeusso(31)

3% -
klz/k12 was previously found to be 3,19 seees(32)

' ) * - - ¥ - .
The values of k12/k13' klz/k13' kyo/kyo of equations
(30), (31), (32) are substituted to equation (29), and
at pH = 2.632, the calculated value of klz/k13 is 1.0273

which is in excellent agreement with the experimental

result.
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From the results on the C13-kinetic 1sotope effect

of quinolinic acid, it is 1nteresting to note that the
isotope effect ls slightly smaller in the anion than in

‘the neutral species. Though the difference is small; it

is butside the experimental error. In picolinic acid,

the same trend was observed. This further agrees with

the report‘by'Zlotowski'ahd Zielinski (98) who found that
the Clb—iSOtopé effect of picolinic acid is larger in
acidic solvents than in basic ones ( their results were

quoted in page 44 of this Thesis ).
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5. Discussions on the decarboxylation mechanism

of pyridine-carboxylic acids

In the preceding sections, a decarboxylation
mechanism for picolinic and substituted picolinic aclds
has been proposed., This mechanism fits the expérimental
data for plcoiinic and 6-methyipicolinic acids véry ﬁellv
©if the pKzs were assumed to change drastically from 25 %
"~ to 150 C, whereas pKis only change s ightly° The werk on
the subsequent determination of the)pKz of quinolinic

acid at 9500 agrees very well with this assumption.

Lecco andeaper (59) had reported that the pK. of quinolinic

acid was 2.43 at 25°C and f+= 1.0, but the DK, obtained
in this Work at 95° C and m= 1,0 was: 1. 90. That is, a
m 25°C

change of more than 0.5 pK units was observed
to 95 C, and it would not be surprising if the pKés for
both picolinic and 6-methylpicolinic would change more
than one pK unit from 25°C'to.l50°C.

The pK1 of gquinolinic acid was not measured in
this work, mainly_because the pKi is so small (néar zZero)
that when determining it.spectrophotometrically, some

UV spectra have to be measured ét ilonic strength of
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greater than 1, Nhe reas the ionic strengths of all the
decarboxylation experiments performed.on the'pyridine—

carboxylic acids were kept at a constant value of 1,0,

' "Also, no work has been reported on the»pKl_of'quinolinic
—acid at any temperature,-andfhence:no~cemparison_can be

~med.e with the pKl of 0.02 at 95°C obtained from the plot

. ._.of l/k.vs. [EﬁJJ.However,witfisvbelievednthat'the'pKl

obtained from the plot is reasonable since the pKl for

v-pyridine-z 5-dlcarboxy¢io acid at 25° ¢ was: ‘reported to
'be_O 5 (69),

It is interesting to note that the ratioc for
the~va1ues-k* (rate constant of neutral species decar-
"boxylation) and:k’ {rate constant of anion decarboxylanion) "
for quinolinic acid is aEOut 3 to 1. Since the pH's and
pKz 6f this acid were measuréd‘at the same temperagture

and same ionic strength in which the rate measurements -

were carried out, with the only asSumption being the

- value of pK1 which is believed to be quite reasonable,
the values of k and k-~ obtained Would-oeem te be quite

“reliable, This further confirms the smell ratio of k™

—..to k¥~ obtained earlier for picoliniec and é-methylpicolinic -

acids.




- 127 =

_ SR 2
It must be remembered, however, that k¥ is the
rate constant for decarboxylation of the total of neutral

spscies, unionized acid plus zwitterion,

. [ﬁyA]%[Z]»l . e

Eaerlier workers have postulated that only zwitterion

 decarboxylates (14; 44), and this seems to be a reasonsble

- assumption in view of the‘great advantage of C02 over

CooE" as leaving group in the deéarboxylation of enthranilic
(27) and salicylic acid (92) in aqueous 301ution._If

only Z decarboxylates, then the rate constant,kz for

: deoarngylation of Z could be'much.larger,than the overall

rate constant for decarboxylation, k*, which 1s based on

[v].

Recalling (page 20) that [z]/[HA = Ky », it follows |
that | | |

z - M
K+l

Then, if only Z decarboxylates,

d(CO ) E3 *
2/ _
T =k [N =X, [2
so that kK
V X = Z"7Z

380’8 5(33)




vIt’was reported (39) that the KZ fcf picolinic, nicotinic
and isonicotinio acids are 15, lb and- 25 respectively,
and 1t is believed that the Kz~probably would be also-
vlérge for quinolinic acid. Thereforé, the k* 6btained in
our experiments are approximately equal to k;,(rate

constant for the zwitterion decérboxylation).'

It is perhaps surprising to note that the rate
constant for therwitterion decarbbxylation (k;)‘is not
- much larger than the rate constant for the anion
decarquylation (k7) in the pyridine-carboxylic aci&s.»
It might have been expected that the unit positive charée

oen the nitrogen of the zwitterion wouldbhave exerted a

‘;v~1arge sﬁabilizing effect on the carbanion (ylid) product

by loss of COp and, presumably, therefore on théﬁéfanSitibn |
state leading to iﬁ. However, it may be noted that |
calculations suggest that the positive charge5on the
nitrogen of pyridinium ion does not much increase the
already large electron defiéiency at the d-carbon of
pyridine in the ground state (32)., The same calculations
show that the electron attraption'of the ring nitrogen,_
whether charged or uncharged, is exerted largely thrdugh

the §-bond skeleton of the ring rather than through the T

bonds, If 1% is assumed that electronic effects in the
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éransition state are similér to those in the ground
”sﬁaﬁé,Athese'céiéulaﬁiéné”#iliIaéfeé‘ﬁith_the fe?oit

that picolinic acid decarboxylates much faster than

nicotinic or isonicotinic seid (97), end our observation |
that niﬁro.and methyl substituents in the 5 and 6 positions |

| of picolinic adidihavé much'1ess effect on the rate of

" decarboxylation than does the carboxyl group in the 3

'Tposition (qﬁinolinic acid).

It is possible, however, that the accele:ating
effect of the ortho-carboxyl groﬁp inAQuinolinic acid
cquld be at least partly steric. By forcing the 2-éarboxyl
_gfoup dut;Of §oplaﬁérity ﬁiﬁh'§he ring, a2 3-substituent
7W0u1d decrease édnjugation of fhe Z-Carboiyl group with

the ring and so weaken the carbon-carbon bond to be.

broken in decarboxylation. It may be noted that 3-alkyl

substituents have been found to increase the rate of

decarboxylation of picolinic acid in non-aqueous solvents

(15), although alkyl substituents elsewhere decrease the

rate‘(15). . , B | '.?

It is alsc possible, of course, that the 3~-carboxyl

group of quinolinic acid has some kind of neilghbouring-
group interaction with the departing 002 or the developing
carbanion. This would be an interesting subject for

- future work.
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Our mechanism proposed for the decarvoxylation
- of picolinic acid involves anion decarboxylation, and in

basic solution, this would be predomihantn Carbanions

. can also be genérated by other methods, and it is interesting
to'compare the ease of carbanion formation by decarboxy-

lation and by other methods.

Kawazoe et al. (52) reported that pyridine

exchanges hydrogen exclusively at the 2,6 positions'af
22000 in D50 ~-NaOD. However, Zoltewicz and Smith (99),

in thelir study on the hydrogen-deuterium exchange for
pyridine, reported that in~D20~NaOD at 19800, the pyridine
'protons at all positions exchange, and in the order of

L > 335 2>2,6. They suggested that the mechanism for .
exchange in basic solution.most likely involved removal

of a proton from pyridine by deuterioxide. The resultant
pyridyl carbanion then abstracted a deuteron from solvent

to form exchanged product. This can be shown as below: -

~ op_ > ~ : D20 N l D
-3 B

oD~

L2
|

N
(@]

. D . s
AN B TR

v




if the order of reactivity reported by Zoltewicz

- and Smith { i.e., l&§>-3,5§> 2,6 ) is correct, then in

basic solution, 4-pyridinecarboxylic acid (isonicotinic

acid) might be expected to decompose faster than o-pyridine-
carboxylic acid (picolinic acid)., In order to test this '

hypothesis, the decarboxylation of isonicotinic acid

was carried out in basic solution.,.

The UV spectra of isonicotinic acid and pyridineﬂ.
are:-shown in Figure 23, and 280;@# was chosen for rate

neasurement.

The rate of decarboxylation of isonicotinic éoid»

-was measured spectrophotbmetrically as previously described

for the other pyridine-carboxylic acids. However, no
decarboxylation of isonicotinic acid was observed in_
IN NaOH after 20 days (so that k < 4 x 10-9sec‘1), whereas
the rate of decarboxylation of picdlinic acid in 1N NaOH

, _ . ), 1

at the same temperature was found to be about 5 x 10 fsec™ ., ;

In other words, the rate of decarboxylation is in the

order of 2 >’4, even when it 1s the carboxylate salt

réther than the carboxylic acid which is decarboxylating.

The order seems to contradict Zoltewlcz aﬁd

Smiths*® (99) findings and 1s in agreement with the results




FIGURE 23

The._UV spectra of isonicotinic acid and” pyridine v‘
in IN NaOH

e Isonicotinic acid, C = 3.0 x 107 1
sssespyridine, ¢ = 3.0 x 107 N
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of -Kawazoe et. 2l. (52). quever;”i“'is‘quite ‘possible
that the transitionvstate leading-to-carbOnucarbon-bond

fbreaking Would be di feren* from that 1ead¢pg to C-HE -

bond breaking, and tnus the order of carbanion formanion
lxmay be different Por pyridire and pyzidine-cerboxyWi

acids,'3

_ Finally, the 0*3 isotope effect may be considered.
In anthranilic (27) and salicylic acids (92), where
protonation of the A-carbon precedes Cozﬂcleavages, the

eformer is rate~-controlling at low acidity and the latter

o+ hy 1‘@\!\4-17? J-he\-nt\ ﬁﬂ o f‘13 'lr-‘mn-l--ﬁn
N “\J-—'ﬁr’—'—d’ L A i — e o Tt

high 22343t

LS v ~
o - - - <

isotope effect at high acidity but not at low. We have

- shown that for picolinic and quinolinic acids there is

avCIB-kinetic isotope effect’at both low and high acidities.
This shows that C-C bond breaking is always rate-controlling.
in picolinic acids and agrees with the carbanion mechanism

proposed for these acids.

13

However, it was found that the C “isotope effect

1s slightly less in the decarboxylation of the carboxylate

eanion than in that of the acid (zwitterion). The difference

is not much outside the experimental error, but appears

to be real. If so, it shows that C-C bond breaking has
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:proceeded further in the transition'state'derived from

the zmitterion than in that for the anion., This is interesting

4-Vvand perhaps. unexpected. Lt would show that the energy

_maximum (+ransition state) comes sooner in the bond--
breaking prooess for the stronger bond (if bond strength ;a.;gt.j
;:can be related to rate of bond breaking). lf one uses - o
nthe simp e model of a stretched spring for the C—C bond,.“;lr
then it would be expected that a stiffer spring (stronger

bond) would reach its elastic limit (transition state)
’ at e,smaller extension than would: a soft spring (weaker

bond). This, however, is undoubtly a too naive model.

A slightly more sophisticated ‘model can be.obtained

from the Hammond postulate (QUA). It proposes that tran— i R

sition states for endothermic reactions {such.as decarboxy-
lations) resemble'products more than reactants. It might
be expected from this that the transition state for a more

eniothermic C-C bond breaking would occur later in the

breaking process than would the transiticn state of a
less endothermic C-C bond breaking. If 1t 1s assumed that |
the slower C~C bond breaking (that of the picolinate anion)

is more endothermic than the faster one (zwitterion),

then the transition state for the anion should resemble
products more than that for the zwitterion, and should

therefore have a larger cl3 isotope effect. This is the
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opposite of what is,observed, so some of the assumptions
involved in the afgument must be unjustified. It is
unfortunate that the difference in isotope effeéts is so
sﬁall as to bé uncertain and therefore unsafe_tolbase

any conclusion upon.

~

e
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B.  PYRROLE-2-CARBOXYLIC ACID

In the previous seotion;'a mechanism has been
proposed. for the decarboxylétion of picolinic acid in
aqueous solution, which is qulte different from that
found for other aromatic amino acids such‘as anthranilic
and p-aminobenzolc acids, Since pyrrole is generally
believed to resemble aniline or phenol more than pyridine,
, 1t was of‘intérest td fiﬁd out if the‘decarboxylation of
pyrrole-carboxylidkacids resembles that of heterocyeclic
pyridine—Carboxylipvacids or the aminobenzoic acids; and

pyrrole-2-carboxylic acid was chosen for this purpose,

The UV spectra of pyrrole-Z—carboxylic acid and
1ts decarboxylation product, pyrrole, are shown in Figure 24,
and 250 mﬂL was chosen as the wavelength for rate measure-

ments.

Pyrrole-2-carboxylic acid was found to decar-
boxylate very readily even at low temperature, and the
rates of decarboxylation of this acid were obtained
spectrophotometrically at SOOC by following the change in
cohcentration of the acid with time. First-order plots
of the logarithm of absorbance against time gave excellent

fits up to more than 90% conversion. A typical plot of

!




e

FIGURE 24

© The UV-speotra/of pyrrole-z-carboxylic’acidiand‘

pyrrole in 1N NaOH
memme Pyrrole~2-carboxylic acid, C = 1.1 X'lo_h_M
*tseseree Pyrrole, C = 1.1 x 10 M




- 137 -

240

280

260

220

30

50

i
o
-

9 ..mozapp .ﬁaws.m.HH .

- Wavelength, mm




- 138 -

log. absorbance versus time for the decarboxylation of

this acid at 50°C is shown in Figure 25.

Table XXV records the rates.obt alnea on. the de-~
c?rboxylation of pyrrole-2-carboxylic acid at 50°C in
buffered solutions with'pH measured at the same temperature

and lonic strength of 1.0. Some. rates obtained at high

acidities ( where ﬁb)>1 O ) are also included.

In order to gain more information about the
decarboxylation mechanism of pyrrole-2-carboxylic acid,
the ClB-carboxyl kinetic isotope effécts were also deter-

mined.;Thé results are shown in Table XXVI.

' In order to interpret the rates as a function of
PH, it is necessary to prw the ionization constants of
pyrrole-2-carboxylic acid. McCay and Schmidt (63) had

reported that the pK, and pK for‘pyrrole—Z—carboxylic
1 2

acid were 1.5 and 4.4 respectively. The main purpose of
these authors was to determine the dissociation constants
of proline by tifration. The titration curves for proline

and pyrrole-2-carboxylic acid reproduced from McCay and

Schmidt are shown in Figure 26. As shown in the figure,

only one point was obtained in each titration curve for




\  FIGURE 25

A typical plot of lég. absorbance versus time

for the dedarboxylation of pyrrole-2-carboxylic

acid at 50°C, M= 1.0 .
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TABLE XXV

. BATES OF DECARBOXYLATION OF PEBBOLEr2~CARBOXYLIC ACID AT

50%, M= 1.0

purers  pratso’c Ex100, s
- 223
B _3.}41 , - - z.80 -

: B ' 2.9 L L . 3_21- -
B 2.66 3.5
B 2.9 b2
A 1.82 6.01
A 1.51 9.3
A 1.32 : | 1‘2.3
A 0.992 24,2
A 0.795 o 34.8 |
A 0,603 - 49,0 - |
A 0.443 o 69.9 |
A 0.399 - 72.0
A 0.332 84,1
A 0.181 . 105
A 0.079 | 126
A -0,161 ( 1.458 ¥ 168
A ~04396 ( 2.498 208
A ~0.822 (» 6.64N W 318
A -1.01 ( 10.3N W 357

-—#-The symbols A, B and C refer to HCl; HC1-NaH,PQ, ; and
2

NaHyP0, ~-Na HPO) buffers respectively.

# Ionlc strength > 1.0 o
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TABLE XXVI

ClB-KINmTIC ISOTOPE EFWECTS OV TEE DECARBOXYLATIOW OF

PYRQOLE 2-CARBOXYLIC ACID AT 50 C M=1.0

Qa a o W W ow . b

¥ The aymbols A, B and C refer to HCqu; HClOa-NaH P04 and"

4N HClOu buffers respectiveiyg

. Buffer# PH at 50°% % Reaction 13COé/lZCOé . 100¢( kiz/k13 -1 }
0.102 100.0- 0.010301
04102 100.0 . 0.010301

0.102 160.0 0010300
2,63 10.05 0,010296 0,043
2.63 G, 9L5 0.010292 0,088
2.63 ~13.33 0,010300 0.016

~0.602 23.31 0.010052 2,83

-0,602 22,96 0.010056" 2.79

—0.602 22,7 05010053 2,81




FIGURE 26

The titration curves for proline and pyrrole-2-
carboxylic acid (63)
O Proline

X Pyrrole~2~ca.rboxyrlic aclid
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pyrrole-2-carboxylic acid, and theseiauthors estimated
'the dissociation constants of pyrrole-2-carboxylic acid

by analogy to proline. Therefore, it 1s believed thatbthe»

V"reported values of pKldand pK2 for pyrrole-2-carboxylic

ecild are not too reliable.

It was therefore decided to determine the p&l

“of pyrrole 2-oarboxylic acid spectrophotometrically at

‘50 C and at constant 1onie strength of 1.0. However,

it was found that the UV spectra~rema1ned unchanged in

the region of PH = 3 up to 10N HC1 ( as shown in Pigure 27 )
Therefore, it would appear that the pK] is actually
"negative, which is not in agreement with McCay and

Schmidts*® rough estimation.

Isotope effects for pyrrole-2-carboxylic acid
as shown in Table XXVI resemble those of anthranilic

ecid (29), which suggests that the decarboxylation

mechanism of this acid may be similar to that of anthr-
anilic acld previously described in page 32 of this TheSis.

Equation (10) is reproduced here for convenient reference:

. + * ¥
KK Ky + Ky [H] k K,

k = F X C:a 2 . ey
Ky + [H] kK, + k_,[H7]

........._.‘(10) 7




 FIGURE 27 - -

The UV spectra of pyrrole-2-carboxylic acid at

various acidities

Temperature = 509C

Ionicbsfrépgth.= 1¢Oi

Concentration ;'1;0 x«lo_‘ o

emme The spectra in buffered solutions of pH = 2.98;
2.01;'1.56;_and'1N, 2N, ﬁN and 8N HC1

vessevee The speotrum' in 10N HC].
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Since PK; is more negativevthan the lowest pH we studied
( PE = -1.01 or 10.3¥ KC1 [H*j will be negligible with .

recpect to Kl at the ph *egion where the rates of decar-

boxylation were obtained

In a region where there 1s no C13~carboxy1 kinetic
"1sotope effecn, the right hand fraction of the general
rate expression ( equation (10) ) must equal to. unity,

since the rate constant for carbon-carbon bond breaking,

* : .
k , appear only in this fraction. Under this condition,

'eequation“(lo)*can be reduced to

+ k K

K + [H]

.3...(34).

Since K §> [Hﬂ as previously assumed, equation (34)

will become

o.-oo-(35‘)

A plot of k versus [Hﬂ_is shown in Figure 28 and the
calculations in Table XXVII. From the linear rlot,

following values were obtained:




FIGURE 28

Plot of k vs, [H+] for pyrfole-z-carboxylic acid
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TABLE XXVII

CALCULATIONS FOR THE PLOT oF k vs. [gY FOR_ PYBROLE 2-

fgg vL
7.32
3 A3 41

2, 93

2.66
2.19
1.82
1.51

CARBOXYLIC ACID -

--:itHﬂ x,103'

™ 0

0.389
L
2.19
6.46
15.1

3049

ok x 105"

D any

2.80
321
3.45
Lh,22
6,01
9.13
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Ky = 2.10 x 1072 gec™t
5 -1

KKy = 2.9 % 10~ sec

13

Ih a region where there is C “~carboxyl kinetic
isotope éffeot, the right hand fraction of equation (10)
does not equal unity, and since K, > 51 , the

‘equation thus becomes

k = GAKé + kHA [H@ % - |
| - K gt
| 1 —_—

+
sz.

000000(36)

From the previous plot, k., > k,K,, and therefore

o + . s
kHA[H ] > kAKZ, and evquaulon (36) becomes

. +
¥ = %A[H] a
T «ee(37)
k..HA[H] '
2
or 2. 1 . X_ga
K ey [E7] K Kok,

..'..(38)




A plot of 1/k versus 1/{Hﬂ is shown in Pigure 29 and
the calculations in Table XXVIII. From the linear plot,
the following values were obtained:

3

kip = 2,26 z 10 ° sec™t

. ¥* % . 21
K, /k K, = 5.83 x 107+

The values of kHA obtained from Figures'28 and 29 are
. quite agreeable, and the average:valﬁe'for ke, 18
2,18 x 10-3 sec’l.:
Substituting the values of k,K,, kHA’ k_HA/k K2
“into the general rate eXpr¢ssionvgoverning the rate constants

in the pH‘fegions we studied ( equation (36) ), then

1+ 5.83 x 10~ [H]

K = <2,9 x 1072 + 2.18 x 1073 [H@x !

ceenee(39)

With varying hydrogen ion concentrations sﬁbstituted in
équation (39), different values of k are obtained. The
calculations are sﬁown in Table XXIX, and the plot is
shown in Figure 30. As shownvin the figure, the experi;
mental results have excellent fits into the calculated

values ( except at high acidities where ionic strength

is not cohstant ) e




FIGURE 29

Plot of 1/k vs. 1/[Hﬂ for pyrrole-2-carboxylic acid
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- TABLE XXVIII

CALCULATIONS FOR THE PLOT OF 1/k vS. 1/lH') FOR PYRROLE-2-

7 CABBOXYLIC ACID

pH BT x 100 € x 10° 1/ x 1072

0.795  1.60  6.25 % R Y- A
. 0.603  2.50° - k00 49,0 2044

C0.M43 361 2,77 69.9 - 143

0.399 ' 3.99 2.51 72.0 13.9
0.332 Lb,66 2.15 8l,1 11.9

.1 en 1ng - : o gn
- By - ) P2 v

D

N

o
"
o
ﬂ
\O
0
W un
=

1.20 126 |  7.9h
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TABLE XXIX

BATE CONSTANTS CALCULATED FROM BQUATION (39) FOR THE DECAR--

BOXYLATION OF PYRROLE~2~CARBOXYLIC ACID AT 5OOC,ﬂ£= 1.0

vE.f.I. | | ’[Hﬁ} X ioz : Ok x'”lOSnk.Spl ‘
7.32 S 4,79 x 10~6 2.90
3.41 | | 0.0389 | 2.98
2,93 | o8 o  3.16
2,66 | 0219 . 3.3
219  0.646 - | 4,31
1.82 | 1.51 S v6.13
.51 3409 9.45
1.32 L, 79 - 12,9
0.992 ' - 10.2 o 23.7
10.795 . 16,0 | 34,7
0.603 | 25,0 49.9
0443 36.1 67.5
0.399 0 39.9 7341
10.332 6.6 | 82.6
0.181 - 65.9 | 107
0.079 ' ' 83.4 - 124
~0.161 1us 173
~0.396 | 249 223
-0.822 . 664 298

~1.01 1030 ' 320




FIGURE 30

Plot of calculated rate constants versus pH for
the decarboxylation of pyrrole-2-carboxylic acid

at 50 c,,«

w—-.nate constants calcuLatea from nquabior
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o ‘Experimental rate constants
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Equation (39) shews that a full ¢ o-kinetic
1sotope. effect will not be observed until[ﬁ*i>>20. The
magnitude of the full ioo bope effect can be calculated

—from the data of Table XXVI as.follows;”w_v |
»mEquaticn.(ﬁ?) can‘be»rewrittenifordthe individual isotopes

ass:

. o &HA[E}? oo . . g---..;'-....s.(LPO)

and

k3

| K oo [H | x
1 -+ -—':EgA._*_ . éncssoonoo(“’l)

k
12 _ k132 | R
k13 k [H-‘-] ‘ccocvtocch(L"Z)
1 + SHA
—_—
k. K




If 1 = full isotope effect = k12/k1°

' * 3*
then kyg = ky,/i

. ¥* ‘ . i
‘and introducing the value of kl3 to equation (42):

13 k H."] ;
‘ v - :-n-.n.tot(q’j)

In 4N perchloric acid, the isotope effect obtained was

2.81%, therefore equation (43) becomes

1.0281

12 2 '
Il.ﬂot.l‘(“’l"’)"

' # % ‘ -
where k-HA/klZKZ-WaS previously found to be 5.83 x 10 lc_

Equatibn (44) can be solved to give 1 = 1,040,
Dunn and Buccini (29) obtained a full isotope effect of

.24 for the decarboxylation of @-methoxyanthranilic

ecid at 60°C, therefore a full isotope effect of 4,0%
forvpyrrole-z-carboxylic acid Would'seem to be quite

reasonable,
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~In conclusion, it is belleved that the decar-
'-boxy1$tion meohanismméf-pyrfole~2ecarboxylip_acid séems

to resemble that of anthranilic acid previously proposed

: 'by Duhn.éhd:db—Workers ('27;”29 );jwith"the’dnly méjor’
difference being that pyrrole-2-~carboxylic acid'is such

& weak base that it is not protonated in the acid concent-

“.raﬁions studied, so that the rate does not decrease at.

high acidity.
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V.  EXPERIMENTAL

" Ac MATERTATS

1. Pyridine end its de”ivatives

The pyridine-carboxylic acids and some substltuted
pyriaines used in this investigation are listed in lable XXX,;

&long with an indication of the source and melting or

boiling point.of the particularucompoundauThe pyridine
end substituted pyridines were_fieShly'distilled before -
~used, and all the acids wefe purified by one or morev
recrystallization from anhydrous benzene (except 5-nitro-
picolinie acid which was recrystalllzed from water). The
melting points given are for: the recrystallized aclids

deternined With’a.FishernJohns melting point apparatus,

The rate of heeting”within lOOC of the melting point’ was

maintained at 1°C per 2 minutes..

Preparation of 5-nitropicolinic acid

The methed reported by Thome and Goebel (83)

. -for the preparation of this acid was closely followed.

Diphenyl (24 gnm), 17 gm of 2-bromo-5-nitro-
pyridine (K & X Laboratories, Inc.), and 9 gm of cuprous

cyanide were melted in a 100 ml wide mouth flask, heated




- TABLE XXX

PYRIDINE AND IT¢ DERIVATIVES

Melting Point, °C.

pxridine | B . Source . Observed : Literature
Parent Matheson, Coleman and Beli 114 (b. p.) o 115.25 (55)
2-Me Aldrich'gheﬁical Co. | - 130 (b. 5.) 129'4’(55)
3-NO, Aldrich Chemical Co, 217 (Db. p.) 216 (55) :
. ’ . |

2-COoH Ald;icn qhemical Co. | | 137 - 138.. | 136.5 -'138 (7). éé

| 3-COH | Aldrich Chemical do. | 236'- é}é 234,5-235,5 (7) ! §
4-CO,H Aldrich Chemical Co. 323 - 325‘ 323 - 325 (7) |
2-CO H-6-Me J. T, Baker Chemical cé. ) 128 -129 . 129,(15)
2-C0O, H-5-NO, Synthesized in thlslwork 210 - 212 211 - 212 (83)

2,3-(C0,H),  Aldrich Chemical Co. | 191 - 192 190 (55)
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with stirring for two hours at 205 - 10°C. The melt was
then poured into a mortar and ground. The residue in

the flask was pulverized and extracted with 200 ml of

acetone to which the original powder melt was added.

v The solution was added tc 300 ml 6N4HCl,7precipitating,
the diphenyl,’while the 2-cyanof5wnitropyridine remained
in solution. The precipitated diphenyl Was’extracﬁed with'

v150 ml 0.1N HCl; which was combined with the briginal
.acid‘extract; and the acid solution Wasvdistilled in vacuo,
giving more diphenyl in the distillate,'and*leaving a
residue of 5-nitropyridine-2-carboxemide (I). From the mother
liquid, more (I) was obtained and the total yield was

4.8 gn, which on reecrystallization from acetic acid

gave yellow leaves, m.p. 244 - 5°C ( liﬁ., 246 - 7% (83) ).

" b4.6 gm of (I) wereheated at 90°C in 100 ml

conc. HC1l for two hours. The solution was then diluted

~with water, and 5-nitropicolinic acid crystallized out

at once. From the mothef liquid, more of this acid was
obtained, and the yield, after being recrystallized from

water, was 1.2 gm. The acid was in the form of pale

yellow leaves, and had the m.p. of 210 - 12°C ( 1it.,
211 - 12% (83) ).
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2. Pyrrole and its derivative

Pzrrole v
Pyrrole (K & K Laboratories, Inc, ) was distilled

‘and the fraction boiling at 128 -~ 309C was collected ( 1ite,

’7~1ﬁz°c (24) ).

Pvrrole—z-carboxylic acld

Pyrrole- 2-carboxylic acid (K & K Laboratorieo,'

Inc.) was recrystallized twice with anhydrous benzene,
':vvacuum dried and finally sublimed under vacuum. The product

" had a melting poing of 204 - 5% ( 1it., 206% (24) ).
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Ba - BUFFER AND STANDARD SOLUTIONS

Hydrochloric acid (in the pH region 0 - 2.2), -

~‘hydrochloric acid-sodium dihydrogen phosphate‘(in-the pH
region 1.8 - 4.2), and sodium dihydrogen phosphate-disodium
hydrogen phosphate (in the pH region 4.0 - 6.4) buffers

were used for the rate measurements. All buffers were

iadjusted'to lcnic strength of 1.0 by addition of potassium

chloride.

The phosphate buffer was chosen because it .was
found in some preliminary experiments that the pH of this
buffer remained unchanged after being kept for 500 hours

at 150°C Also, the phbsphate buffer showed no‘abSOrbance

in the wavelengths where the rate measurements were made.‘
In the pH region 1.8 - 2.2, some rates of decarboxylation
at a particular pH were measured in both hydrochloric

acid and hydrocnlo&ic acid-sodium dihydrogen phosphate

buffers, and the rates in these two different buffers

were found to be the same.

In those experiments where carbon dioxide was to be
collected for isotopic ratio measurements, perchloric
acid wasnsubstituted for hydrochloric acid because of

 the volatility of the latter.
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Standard solutionS'offperohioric and hydrochloric
acids were made by’dilution of the Bbttle.acids. These
- solutions were further standarized by t;trétion with

3standard 86dium hydroxide Solutioh’using»a micro burette,
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Cs PH MEASUREMENTS

All pH measufemenﬁsaweie ﬁade witﬁ a'Radiometer'
_ modei L4e pH meter With shielded glass and calomel elecurod
in cells thermostatted to 4+ 0, 1°C At 25°C the electrodes‘
Were Radiometer GZOZB (glass) and K100 (calomel)

5°C they were Radliometer G302BH (glass) and K4016 (calomel).
The meter was calibrated against National Bureau of
Standards (Ne B. Se) tetroxalate and hydrogen phthalatee_
buffere at the‘apprepriate femperatures, Measured pH's
were repfoducible to tO-OCB PH unit and are assumed to

be accurate to +0.01 unit,

Ds  ABSORPTION SPECTRA AND ABSORBANCE MEASUREMENTS

Absorption spectra were measured on a Beckman DK-1
ispectrophotometer. A Beckman DU spectrophotometer was used
with matched cells for the absorbance measurements, The
~;appropriate,buffervsolution-was used as a standard in the .
reference cell, For'the rate determination, the instrument
was set at the predeterminedhoptimum wavelength throughout
the determination. Measurements were reproducible within

+0.01 unit of absorbance.




- 164 -

" E. | ’DETERMINATION OF /THE TONIZATION "ONSTANT OF
QUINOLINIC ACID AT 95°c

V‘Stook solution of quinolinic acid Wes prepared
fl'bj dissolving 0.25 gm of the acid in a slight eXcess of
0.1N sodium hydroxide solution (about 1.5 ml) and then
v‘diluting to one 1ite“ with distilled water containing
'sufficient potassium chloride to give an ionic strength
of 1 0. - Aliquots (5 ml) of this stock solution, delivered
'from an automatlic burette, were diluted to 50 ml with the
appropriate buffer to give the solutions on which pH and

absorbance determinations were made.

The spectrophotometric work was carried out on
& Beckman Model DK-1 spectrophotometer. The instrument
was equipped with a Beckman 92527 Temperature Regulated
Cell Holder which was thermostatted at}95.0 + 1.0°., In
order to secure a suitable wavelength for study, several
vcomplete UV absorption spectra of quinolinic acid were
obtained at 95°C at pH of‘0.2 to 4.2 and in the Wavelength
region of 200 - 400 mm, A suitable wavelength of 262 ﬁyu
was chosen where the-absorbance differences between these

absorption curves were the largest.




F
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Ih_the actual. ionization constant determination,

the instrument was set at a fixed wavelength of‘262‘mﬁn,

- throughout the determination. A series of determinations
 of absorbance at various hydrogen ion concentrations

ﬁere then made. For each solution, a record was made of ;'

the absorbance over a'pefiod~of éeveral-minﬁtes-during

which the temperature of the cell oscillated between

- 949C and 96°C several times. This temperature variation

produced changes,in the7absorbance”of'not more than.

Q.OOZ‘absorbance units.
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-Fo RATE MEASUREMENTS -

1. Eyridine-earboxylio.acids;

The change inzconoentration of pyridine;oarboxylio
| acid with time was followed spectrophotometrioally by '
ylmeasurements made in alkaline solutior where all the
-vaoid is in the anionic form, and at wavelengths Where
f:the,absorbance of the reaotion product is'negligible."'

. The wavelengths chosen forzthe:aoids:studied'were reoorded )
individually in the Chapter oflResults and Discussions

in this dissertation.

‘ The rate measurements'were carried out at 95,0. +
O 1 °c and 150.0 + 0.l °c. At these high temperatures
the evaporation losses were found-to be considerable, so
the ampoule method was used. About twenty to thirty mg
of the pyridine-carboxylic acid was dissolved in 50 ml
of the buffered solution, Eighteen ampoules (2 ml capacity)
each containing about 1.5 ml of the stock solution were
sealed and kept in the thermostatted bath. After ten
minutes, two ampouleS-were Withdrawn and cooled to 25°C
for PH measurement. Two more samples of two anpoules each
were withdrawn for pH measurements, one at the middle and

one at the end of the run. The three samples had the same
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pH within 0,008 unit in a1l the runs reported in this

‘Thesis.

One ampoule was withdrawn each time at approximately

) “equal“time*intervalé, and “the reéctiOn was quenched by

-placing the ampoule in water. Approximately one ml of the

—golution Was'fhen withdrawn from each ampoule and injected

into weighed 25 ml volumetric flasks containing 15Ami of
1N sodium.hyqroxide solution each. The flasks were reweighed

and.the welghts of the aliguots were calculated as a

~d1f£erencenin weight.~Afterudiiution_to the mark with 1N

" NaOH, the solutionS'Wére‘ready for the spectrophotometric

determination of the concentration of the anion, The

absorbance per“gram-of the aliquots was cai_.cula.’cedC

2s Pyrrdlenzécarboxylié acid

‘As with pyridine-carboxylic acids, the change

in concentration of pyrrole-2-carboxylic acid with time

- W&S .followed spectrophotometrically by measurements made -

in alkaline solution Where all the acid is in the anionic
form, and at a wavelength of 265 ma& where the absofbance

of the‘reacyion product, pyrrole, is negligible,




A 250 ml round-bottom flask immersed to the neck

in an oil bath at 50.0 + O.lOC served as the reaction
vessel. The flask with 200 ml of buffered solution was
‘allowed to come to the bath temperature, then 50 mg
- of pyrrole-Z-carboxylic acid dissolved in about 2 ml of
0.1N sodium hydroxide solution was added. The flask
was shaken, énd three samples of about 20 ml each were
‘withdrawn at the beginning, the middle and the end of the
runy; and were cooledbtd 2500 for pH measurements, The
thfee samples had the same pH in 2all the runs reported.
CAT approximately equal time intervals, 2 ml aliquots were
~withdrawn for absorbance measurements and immediately
injected into Weighed 25 ml1 volumetric flasks containing
abéut 15 ml ofle sodium hydroiide solutibﬁ each, It had
been found experimentally that this stops the reaction .
since pyrrole-zécarboxylic acid.in 1N NaOH did not change
concentration on being kept at room temperature fo: two -
weeks. The volumetric flasks were’feweighed, then filled

to the mark with 1N sodium hydroxide and set aside for

spectrophotometric measurements. Absorbances were corrected

to correspond to a constant weight of aliquot.
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,G;. c®-CARBOXYL KINETIC ISOTOPE EFFECT

l. The high vacuum system

The'high vacuum system was of a conventional
design and is shown schematically in’Figure 31. It was
uséd to collect and purify the carbon dioxide produced
 ‘1n4ﬁhe deoarboxylation. The'two-way stopcocks ( I = VII?):
Wefe'greaséd with Ap;ezon e stopcbck greésé. A rotary
o1l pump and a mercurywdiffusipn pump were used to attain
the high vacuum. A McLeod géuge.was.also connected into

 the system in order to measure the vacuum,

24 Determination of the extent of reaction‘

- in the decarboxylation

In this work, the extent'of reaction was measured
épectrophotometrically.'This procedure Was found to be
simpler than the earlier method reported by Dunn and
Buccini (29), who determined the extent of reaction by
measuring the amount of cafbon.dioxide evolved in the

decarboxylation.

About 200 mg of the acid studied was dissolved




FIGURE: 31

The high vacuum system
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in 100 ml of the bufferedtsolution, and in order to deter-
mine the extent of reaction, three samples of exactly

one ml eaeh were pipetted out before the decarboxylation
and after the‘decarboxylation wes stopped, These samples
were 1njeeted into 50 ml volumetrie flasks containing
about 30 ml of 1N NaOH eaeh, then filled to the mark with
1N sodium hydroxide soiution,'The absorbances of these
solutions were measured in Beekman DU spectrophotometer
at a fixed wavelength. The abSorbances of the different
semples withdrawn at the same time were different froﬁ

each.other by not_more than 0,005 absorbance units.

3. Procedure.

(a) Quinolinic and pyrrole;2-carboxylio,acide

For complete decarboxylation, four samples‘
were prepared by diseolv1ng 30 mg of the carboxylic acid
in 50 ml of buffered solution eachs The reaction vessel
was a 250 ml flask containing a ground glass joint (B/24)
and & stopcock A. The reaction vessel was attached to the
high vacuum system at U keeping the stopcock IV closed.
The reaction mixture was frozen in dry iee-ecetone bath

and. was degassed till a high vacuum was obtained. The
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stopcock A was then closed .and the reaction vessel was
allowed to come to thé room temperature. The. mixture was

frozen again and was degassed. This process was repeated

'fOQr to five times to ensure that all the dissolved
carbon dioxide and oxygen had been removed from the reaction

mixture.

All the four samples so prepared were kept

- together in the oil bath at 50.0 + 0.1°C (pyrrole-2-
carboxylio acid) or 95.0 + 0.1°%C (Quinoliﬁic acid) for
three weeks fo ensure complete decarboxylation. The

samﬁles were then taken out from the bath and the'reaotion
was chilled in water. The vacuum 1iné was flamed thoroughly
to ensure that there were no organic impuritiés iﬁ the
system.,The‘sémﬁlé;(Carbon dioxide) collecting bulb was
attached at T and the reaction veésel at U to the vacuum

line keeping the stopcock A closed. The whole system-

was evacuated till a high vacuum was indicated by the

McLeod gauge. The stopcocks II, V, VI, and VII were
then closed. Bulb P was immersed in liquid nitrogen bath

~and stopcock A was opened keeping the reaction vessel in

ice cooled water., The reaction mixture was stirred by
means of a magnetic stirrer for one hour. Assuming that

a2ll the carbon dioxide had been transferred by this time

Quantitatively into the bulb P, the stopcocks A and Iv

B <
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‘were closed. Bulb P was brought-to the room temperature
end then it was cooled in dry icé-acetone bath whereas
bulb O was immersed in methanol-liquid nitrogen beth.»
After fifteen»minutes; the'stopcock V was opened, thereby
transferring the carbon dioxide from bulb P to 0. Weter
jend other high boiling impurities were trapped in bulb

P. The carbon dioxide collected 1n the bulb O was further
"purified by distillation under high vacuum through the |
bulbs O and N and was eventually collected in the sample

bulb immersed in liquid nitrogen.

Samples_for“partialﬂdecerboxylations were
prepared by dissolving 200 mg of the organic acid in 100 ml‘}
‘of the buffered solution. After evacuatdon, they were
kept in the oil bath for»the length of time estimated
from the known rate constants fo glve the desired percent
reaction, and then were taken out., The extent of reaction
was determined spectrophotometrically, and the carbon

dioxide so produced was purified and collected as described

above,

Mass-spectrometric analyses of the 13002/12002

ratio were carried out with an Altas MAT mass spectrometer

GD 150 with dual collectors° Prior to each analysis,
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the samples were scanned and no interfering 1mpurities

were found to be present.

; k
- The isotope effect, 100 ( EEE - 1), was

calculated (4).fromlthe equation

k. |
12 _ log (1 - f )

%
13 1og (1 - f%i )

(o}

where Ry is the ratiollscoz/lzco2 when the fraction of
acid decarboxylated is f, and R, is the same ratio when

decarbcxylation is complete.

( b ) Picolinic acid

Since it was intended to measure the 013-

kinetic isotope effect for picolinic acid in agqueous

solution at 150°C, the reaction vessels used for quinolinic

end pyrrole-2Z-carboxylic acids would be required to
withstand préssures up to about 10 atmospheres. In this
case, ampoules of 50 ml‘capacities with long narrow
necks and ground glass joints were made. For complete

decarboxylation, 30 mg of picolinic acid was
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4dissolved in 30 ml buffered Solution and transferred into
vthe ampoule, The‘ampoule was theh attached to the high

vacuum line and degassed several times in the same way

as described before. The narrow neck was then sealed
off Wiﬁh'a torch under vacuum. Four samples were prepared
in this manner, and were placed in the oil bath at 150.0 +

'Oiloc for'one month to ensure complete decarboxylation.'

The samplés were ﬁakeh out from the bath and
cooled in water. Each ampoule was placed 1nto a long
tube B with a ground glass joint on. the side as shown in
 Figure 32, A device C was then attached to B through the
silde arm so that the hook of C engaged the neck}of the -
-ampoule, and the tube B was then attached to the high
vacuum line at U. The whole system was evacuated til1l
a high'vacuum.was indicated by the McLeod gauge. With

III of the high vacuum line closed, C was then turned

,W“W360°mand the neck of the ampoule.was thus broken, allowing
~the carbon dioxide generated from the decarboxylation to
escape. From then on, the collection and purification of

- carbon dioxide was the same as described before.

Samples for partial decarboxylation were

. _prepared by dissolving ZOO'mg of picolinic acid in 100 ml




" FIGURE 32

A device for. breaking ampoule under »higlﬁ_l_r-vac\uum
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‘of the buffered solution, and they were transferred to

empoules of 125 ml capacities with long narrow necks and

_ ground glass Jjoints, After being “eVacuated and vacuum
;TSealéd, they were kept in the oil bath at‘l500b'for

the calculated iength_of time;'and then were taken out,
'The'carbpn dioxide so producedfwas collected and purified

in the same way as the ¢omp1ete debarboxylation.‘

Mass-spectrometric'analyses and calculations

were carried out as previously described,




1.

VI. SUMMARY

- The varlation in rate of decarbozxylation with

f;#aryihg PH at constant ioﬁicgstrength'offl;o'has been

measured at 150 + 0.1°C with picolinic, 6-methylpicolinic

quinolinic acid. The results show that both the zwitterion

2. _f‘:

and S5-nitropicolinic acids; and at 95 + O.1°C*with<

‘and the anion of these acids decarboxylate; The rate of

decomposition of the zwltterion is about 2 to 3 times

as great as thaﬁ*éf the anion.

deéarboxylation-of Picolinic and quinolinic acids have
been determined in aqueous solutions of ionic strength-

1.0 at 150 + O.1°C'and‘95 + O.l?C respectively. For -

picolinic acid, the isotope effect, 100( kiz/k13 -1),

is found to be 2.25% at pH 1.13 and 2.08% at pH 3.95;

- whereas for quinolinic acid, the isotope effect is found

3.

to be 2.84% at pH 0; 2.73%‘at pH 2.63‘and 2.,67% pH 3.95,

The first ionization constant of quinolinic

- acid ( K2) hes been determined spectrophotometrically

in water at 95°C end ionic strength of 1,0, The value of

PK, 1s found to be 1.90 + 0.03.

The 013-carboxyl.kinetic"isotope.effects on the .
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L, A mechanism is proposed for the decarboxylation
fof pyridine-carboxylic acids in Whichvboth the zwitterion

~and the anion lose carbon dioxide to produce carbanions . o i

ﬁhich thén abStraét'protons'frdm solvent. It has been-
shown that this mechanism can account for the variatidn

of rates With varying pH and also the C;B—Garboxyl kinetic

“isotope effects,

5.' . The fates,of decarboxylation of pyrrole-2-carboxylic
| acid-have beenlmeasured at 50 + O.1°C,in aqueous solution
----- o ‘with varying pH and constant-ionic strength of 1.0 It .

~hés-beén shoim that the DK. of fhis acld 1s negative.

~ The ClB-Garonyl kineticlisotope effect on the decarboxylatibn
of this acid has also been deﬁermined»in agueous solutions.
of lonic strength 1.0 at 50°C., The isotope effect is
found to be zero at pH 2.63 and 2.81% at pH -0.602.

It is concluded that the decarboxylation mechanism of

oo pyrrole=2-carboxylic acid resembles -that of -anthranilic
- acid in which the anion is first protonated at the alpha-

carbon and then loses carbon dioxide.
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