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PREFACE

The work described in the present thesis has been done with
the object of gaining further knowledge of the influence of high
pressures on the rates of chemical reactions in solution, The
reactions studied in the present investigation were all carried
out in aqueous solution, and fall into two main classes, One
group comprises the hydrolysis in alkaline solution of esters
and amides, the other the alkaline fading of certain organic
dyes,

Following an introductory section (chapter I), the thesis is
divided into two main parts, the first (chapter II) dealing with
the hydrolysis of esters and amides, and the second (chapter III)
with the alkaline fading of dyes, At the end of each part there
is a discussion of the significance of the experimental results
obtained, and a final chapter (chapter IV) briefly shows overall

significance of the work carried out,
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ABSTRACT,

The rates of the alkaline hydrolysis of some esters and
amides, and of the alkaline fading of certain organic dyes,
have Been studied over a range of hydrostatic pressures from
atmospheric pressure to 16,000 pounds per square inch,

In the case of the ester and amlide hydrolyses the results
obey van 't Hoff's law, the logarithm of the rate constant
varying linearly with the pressure, From the slopes of the
lines values of AV*, the volume of activation, were calculated;
they fell in the range of =10 to =17 cc. per mole, These
negative volumes of activation are to be correlated with the
negative entropies of activation for the reactions, It is
suggested that the results may be explained in terms of the
hypothesis that the activated cOmpiex i1s much more polar than
the reactants,

In the case of the alkaline fading of dyes the results
were somewhat more complicated, the van 't Hoff law not always
being obeyed., In the case of crystal violet the rate was found
to be independent of the pressure, With brom phenol blue and
phenol phthalein the rates were markedly increased by pressure,
so that the volumes of activation are negative, These negative
volumes of activation are found to be correlated with the
entropies of activation for the reactions., An explanation for

the results is given in terms of the changes in polarity during

the course of the reactions,
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Chapter I

General Introduction

HISTORICAL REVIEW OF PRESSURE EFFECTS ON REACTION RATES

The history of high pressure chemical research dates
back to the nineteenth century. The earliest application of
pressure to a chemical reaction should be ascribed to
Berthelot and Pean de Saint Gilles (1) who in 1862 measured
the rate of esterification of acetic acid with ethanol at 50
and 100 atmospheres pressure, The pressure was found to cause
no significant change in rate., Thirty years later Roentgen (2)
made a systematic study of the effects of 500 atmospheres
pressure on the rate of inversion of sucrose catalysed by
hydrochloric acid, He found the pressure to have an adverse
effect on the rate. In 1896 Stearn (3) repeated the same ex-
periment by using both weak and strong acids as catalysts, He
obtained the same result as Roentgen in the case of the reactions
catalysed by strong acid, but the rate of inversion catalysed by
weak acids was increased by pressure., In the same year Rothmund
(L) studied the effect of pressure on the rates of inversion of
sucrose and the hydrolysis of ethyl and methyl acetates, both
catalysed by strong-.acids, He confirmed Roentgen's result in the
case of sucrose inversion, but the rates of hydrolysis of esters
were found to be increased at 500 atm. pressure, Tammann and
Bogojawlensky (5) in 1897 measured the rate of hydrolysis of
methyl acetate catalysed by strong and weak acids as well as

weak bases, It was found that all rates were increased by pressure,




the rates catalysed by weak electrolytes being affected
by pressure to a greater extent.

After the invention of the high pressure pump by
Cailletet in 1870 high pressure techniques developed repidly,
Thus Cohen and his coworkers (6,7,8) were able to use high
pressure apparatus up to 1500 atm.at the beginning of this
century., Besides repeating the reactions that had been studied
before, they also investigated the alkaline hydrolysis of
ethyl acetate and the bromate-broﬁide reaction, In the former
case they found an acceleration by pressure, while the latter
reaction was retarded by pressure, During the nineteen thirties
Conant (9,10) has made a general survey of the effect of
pressures up to 12,000 atm. on orgénic reactions in the liquid
phase, Perrin and his coworkers (11,12,13,1L) studied the rates
of a number of organic reactions up to a pressure of 12,000 atm,
Perrin (1l) summarized the results by dividing these reactions
into three classes, as follows:

(1) "Slow" reactions - These are bimolecular reactions

with very low frequency factors; they are markedly
accelerated by pressure,

(2) "Normal" reactions - These are bimolecular reactions

with normal frequency factors; they are slightly
accelerated by pressure.

(3) Unimolecular reactions - These are slightly retarded

by pressure.

In 1937 Newitt (15,16) studied some acetic acid




esterifications and Knoevengal condensation reactions up to a
pressure of 6,500 atm,
During the present decade, work in the high pressure field

has revived considerably, Hamann and his collaborators (17,18,19,

20)have studied the rates of a number of SNl and SNZ solvolysis
and Menschutkin reactions as well as the iodination of allyl
alcohol up to pressures as high as 30,000 atm, Burris and
Laidler (21) investigated some more complicated reactions, and
discovered that some bimolecular reactions were retarded by
pressure; they therefore modified the "unimolecular reactions"
in Perrin's classification to 'fast reactions", Weale and Harris
(22,23,2l1) have studied the rates of Menschutkin reactions as
well as rearrangements and isomerizations, Except for the re-
arrangement of N-chloroacetanilide catalysed by hydrochloric
acld, which was retarded by pressure, all of the other reactions
they studlied were found to be accelerated by pressure, They also
have measured pressure effects at several temperatures,

Ewald (25) and Nicholson and Norrish (26) have studied
several free radical reactions up to a pressure of 10,000 atm,;

they were all found to be retarded by pressure,

THEORIES OF PRESSURE EFFECTS ON REACTION RATES

The basic theory of the effect of pressure on the rates of
chemical reactions was first formulated by van 't Hoff (27) in
190l. His treatment may be presented using modern notation as

follows,

E ]




ell-

Consider the reaction:

5]
A+ B — AB

——

k_y

The equilibrium constant K is defined by the equation

K = [AB = ]fl_.

AT [B K,

where the bracketed terms denote activities and the k!s

denote speciflc reaction rates. In addition

AF = «RT 1n K

AF AE + PAV « TAS

where AF is the change in free energy, AE the change in
internal energy, AV the change in volume, AS the change 1in
entropy, P the pressure and T is the absolute temperature,

From (2) and (3) we get

-RT 1n K = AE + PAV - TAS
in K =-AE - PAV 4+ TAS
RT RT RT
Differentiation with respect to pressure at con-
stant temperature, assuming that S and E are independent of

P, gives
\'s

A
RT
From equation (6) it can be seen that if AV is

( ) an) = -
2P p T

positive (i.e.,, the volume increases when reaction proceeds)
K decreases with increasing P, This means that pressure

reduces the extent of reaction, Conversely if AV is negative

(1)

(2)
(3)

(W)
(5)

(6)

s e s ey e T ST T ..
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(L.e. the volume decreases as reaction proceeds) K increases
with increasing P; pressure therefore favors the reaction,
Equation (6) can be looked upon as a quantitative statement
of Le Chatelier's principle.

The change from A + B to AB involves the activated come
plex, and one can write the equations

AV =V -V

P r (7)
Ay = V¥ o v (8)
av_y = v¥ o v, (9)
AV = AV] - av_ T (10)

where V,, is the total volume of the reactants, Vb the total
volume of the products, V¥ the volume of the activated complex,
AV the total volume change, AV? the volume of activation for
the forward reaction and AV;? the volume of activation for

the backward reaction. Insertion of (1) and (10) into eq. (6)
gives

d1n k 31n k AV av
(=75 T ) [z =1 (11)

van 't Hoff then made the assumption that eq. (11) can be split

into two equations:

31n k AV
1 _ 1
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9 1ln k 3%
I -1 = AV_a
T ap )T (13)

The above equations can also be derived from the thermody-
namical formulation of reaction rates according to which the

rate constant can be expressed as
= % 3
kl = %? eAsl /R o~ AH1 /RT (1)

where ASl* is the standard entropy of activation and AHl*

the heat of activation., Eq. (1ll.) can also be written as

k= EL - 0F/RT (15)

where AF&* is the standard free energy change in going from

the initlal state to the activated state, It follows that:

3¢
= 1p KT _ RS -
1 in g =1n 3 - &7 (16)
: dln k - ¥ %
- and 1 = 1 JAF = AV
3 ) - Sk - =
Similarly we get
; :aln k-l% - . AV;'*
i 3F T
From eq. (13) we can see that if AV,” is negative, i.e. the
activated complex has a smaller volume than the reactants,

pressure will increase the rate, Conversely, if the volume of

e s ims e o
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activation 1s positive, pressure will have an adverse effect
on the reaction rate., Moreover if, as in most cases, AVi* is
independent of pressure, this equation can be Integrated,

Dropping the subscripts we get

Ink =1n k - AV p (17)
RT
k
or In £ =% (18)
ko RT

where ko is the rate constant at zero pressure. The above
equations are referred to as van 't Hoff's law, A plot of
in k or 1n (k/ko) against P will give a straight line of

slope equal to - %E%, from which the volume of activation can
T

be calculated,

Similarly integration of eq, (6) yields

<

In K=1In K« A
o “& P (19)
A plot of 1n K vs, P will give a straight line and from the

slope, which is equal to - AV, the value of AV can be calculated,
RT

In some cases, however, AV¥ 1s not pressure independent,
A plot of 1n (k/ko) against P gives a curve instead of a straight
line. Nevertheless we can still calculate AV" from the slope of
the tangent line at any desired pressure.

Since the effects of pressure on reaction rates are
very small, 1t 1s necessary to use falrly high pressures(several

thousand pounds per square inch) in order to get sufficiently
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accurate volume data., Some have even worked up to 15,000 or
30,000 atmospheres, The value of one atmosphere is relatively
small.as compared to such high pressures; the rate constant
determined under atmospheric pressure can therefore be taken as

k, in eq. (18) without introducing much error

THEORIES OF VOLUMES OF ACTIVATION

There are two main theories in connection with the
interpretation of AV¥, They are: (1) the structural theory of
Stearn and Eyring, (2) the electrostriction theory,

It was Evans and Polanyl (28) who first interpreted the
volume of activation in 1935, Although there were not many
volume data available at that time, they pointed out that AV®
was made up of two parts:

(1) The actual volume difference between the activated
complex and the reactants due to change in
structure (Alvﬁ)

(2) The volume change arising from the reorganization
of solvent molecules due to the change of polarity
when the reactant molecules pass into the
activated complex (A2V*)

Stearn and Eyring (29) suggested that 1t is only the first term
that needs to be considered. According to them the volume of
activation arises solely from the expansion or contraction of the
system due to changes in the lengths of bonds which are partially

broken or formed to produce the activated complex. They assumed
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that in the activated state a bond is stretched about 10%, with
constant cross section. Stearn and Eyring's theory works quite
well when applied to the reactions of the Menschutkin type,
which are accelerated by pressure, because the activated complex
is more compact in structure than the two separated reactant
molecules, By making some estimates of bond distances they ob-
tained a vaiue of AVi* which agrees satisfactory with the ex-
rerimental value,
In contrast to the structural theory as suggested by

Stearn and Eyring, however, Buchanan and Hamann (17) proposed
that the second term is frequently more important in predicting
the pressure effect, They investigated two umimolecular solvolyses
of alkyl halides, and found that their rates were increased by
pressure, which means a negative AV*. This result is in contrast
to the Stearn-Eyring theory which would predict a positive AV*.
A similar situation arises from the work of Burris and Laidler(2l),
whose results could only be explained by the electrostfiction
theory., The essence of this theory is that when two ions of
opposite sign react together the charges may be partially
neutralized, The activated complex is therefore less polar than
the Individual reactant molecules and there is therefore less
electrostriction of the solvent molecule§ which are therefore
partially released, Consequently there will be an increase in
volume (AV* positive) and a retardation of rate by pressure, Con-
versely 1f two lons of the same sign react together there will be

an intensification of the electrostatic field, causing an increase

in the electrostriction of solvent molecules. This glves a
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decrease in volume (AV® 1s negative) and the rate is accelerated
by pressure, Burris and Laidler's work also disclosed two
bimolecular reactions which are retarded by pressure, They there=-
fore modified Perrin's third class of reaction as 'fast reaction'.
Thus all the ionic reaections can now be classified into three
classes according to the kinetic point of view, They can be
explained by the electrostriction theory as follows (21,30):

1."Slow" reactions These are greatly accelerated by pressure,

and have large negative values of AV*. These reactions include
Menschutkin reactions and unimolecular solvolyses in which the
activated complex is more polar than the reactant molecules, The
negative AV¥ value results from the increase in binding of solvent
molecules which also causes a loss of entropy of the system,
Therefore AS¥ 1s also negative, Since the frequency factor A is
equal to e %‘1‘_ o= AS*/R, a decrease in AS* means a small value

of A, The frequency factors of the reactions of the slow class are
therefore abnormally low (sometimes as low as 105 litres :mole"1
sec.”1),

2,'Normal" reactions These are only slightly or not

affected by pressure, and have very small or zero AV* values,

Some of them, like the negative ion displacement reactions,
involve an ion and a neutral molecule, The activated complex has
about the same polarity as the reactants, There is, therefore, not
much change in electrostriction of the solvent molecules, and
consequently not much change in volume, Their frequency factors

are normal (of the order of 109 - 1011) as predicted by
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collision theory, and the entropies of activation are small,

3, "Fast" reactions These are retarded by pressure, and

have poéitive volumes of activation, These reactions involve the
approach of ions of opposite sign or the spreading of charges. The
electrical field is weakened when the reactants become the
activated complex, There is therefore a release or loosening of
the bound solvent molecules and consequently positive volumes
and entropies of activation. The frequency factors of these
reactions are therefore abnormally high (21.01’+ - 1017).

The experimental work to be described in the next two
chapters was designed with the object of throwling further light
on the theoretical basis of pressure effects on reactions in

aqueous solution.

reren
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Chapter II
The Alkaline Hydrolysis of Esters and Amides

INTRODUCTION

As a general rule reactions between ions and neutral
molecules in aqueous solution have frequency factors that may
be described as '"mormal", in that they agree approximately with
the kinetic theory of collisions, It is probable that if there are
no important electrostatic effects involved in a reaction in
solution the frequency of collision is close to that predicted
by the kinetic theory. In the case of reactions between ions and
neutral molecules there are usually no large electrostatic effects,
and the normal frequency factors are to be understood on this
basis, For reactions between ions of the same sign or of opposite
signs abnormal frequency factors are often obtained, and can
generally be explained in terms of electrostatic effects, as was
done in the last chapter,

There are, however, certain reactions, involving an ion
and a neutral molecule, for which the frequency factors are very
much lower than predicted by the kinetic theory of collisions,
These are the hydrolyses of substances containing a carbonyl
group, such as esters, amldes and anilides., For these reactions
the frequency factors are always several powWers of ten lower than
predicted by collision theory, and theories that consider merely
the electrostatic interactions between the reactants can give no
satisfactory interpretation of this result; the electrostatic

Interaction between an lon and a dipole is much too small to

—t»\mv—:'z—rv-n—:‘rrfr.':?'ﬂ“u_m




account for the low frequency factors, The effects of solvents
on reactions of this type have been shown to lead to the cone
clusion that there is a large dipole moment in the activated
complexes for reactions of this type, ana & theory in terms of
these dipole moments agrees quantitatively with the experimental
results using mixed solvents, Unfortunately, however, a satisfactory
theoretical treatment of frequency factors along the same lines has
not yet been formulated, If there is indeed a large increase of
dipole moment when the activated complex is formed there will be
an increased electrostriction of solvent molecules, and consequently
a loss of entropy. At the same time there will be a contraction
resulting from this electrostriction, and an increase in velocity
with increasing pressure is to be expected, Studies of the effect
of hydrostatic pressure should therefore contribute to an under-
standing of the exact nature of reactions of this type, and may
eventually lead to a more detalled formulation of the structure of
the activated complex,

The present work has been carried out with this object
in view, For technical reasons (attack of the metal valves by acid)
the acid catalysed hydrolyses could not be studied, but an
investigation has been made of the alkaline hydrolysis of four
carbonyl compounds, over & range of pressures from atmospheric to
15,000 1bs, per square inch, In order to avoid the complications

arising from the use of mixed solvents the work was done in pure
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aqueous solutions, enough of each substance being soluble to

allow satisfactory rate measurements to be made, The four

compounds employed were methyl acetate, ethyl acetate, acetamide
and propionamide, Activation energies were also determined in

the case of the first two compounds, but in the case of the

emides the values recently obtained by Willems and Bruylants (32)
have been employed, The results did show a marked decrease in volume
during the formation of the activated complex, and the significance

of this is discussed in more detail later,

EXPERIMENTAL PROCEDURE
Materials The methyl acetate was purified by refluxing for 6 hrs,
with acetic anhydride and then fractionally distilled, the distile
late passing at 56° to 57° being collected, The distillate was
shaken with anhydrous potassium carbonate, filtered and redistilled,
The procedure with ethyl acetate was similar, but the refluxing
was done with both acetic anhydride and a few drops of sulphuric
acid,

Acetamide was washed in a mixture of benzene and ethyl
acetate (50:15 by volume) and recrystallised from methyl alcohol.

Propionamide was used as a crystallised Eastman Organics product.




High~Pressure Technigue The reaction vessel used for the study

of the reactions at high pressures i1s shown in Fig, 1, which is
largely self-explanatory, The vessel 1s constructed of stainless
steel and has a maximum working pressure of 20,000 pounds per
8qe in. The pressure is generated by an electrically operated
pump,

The reaction mixture is introduced into the vessel by
first placing 1t in the bulb at the top of the apparatusy this is
e double-walled glass bulb, and water from the constant temperature
bath is constantly circulated through the jacket so as to maintain
the bulb at the same temperature as the bath, The mercury level 1s
first brought up to the bottom of the bulb by the application of
gentle pressure to the vessel, and the reaction mixture is then
introduced into the bulb, The introduction of the mixture into the
Yeaction vessel itself is expedited by the use of a vacuum pump
connected to the oll reservoir of the high pressure punp., The high
pressure valve 1s then closed, and the desired pressure épplied by
means of the pump. When samples are required for eanalysis the
pressure is released, and a sample of solution forced into the
upper bulb by the application of gentle pressure. A sample 1s then
pipetted off, and the remainder introduced agaln intoc the pressure
vessel and the pressure applied, This procedure is carried out at
various stages during the course of the reaction. The time taken

for these procedures is only a small fraction of the total duration
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of the experiment, and the correction necessary is therefore

very small.,

Kinetic Procedure For the determination of the energy of activation

of the alkaline hydrolysis of methyl acetate and ethyl acetate

the reactions were carried out in flasks maintained in the constant
temperature water bath, A mixture was made of 25 ml, each of 8,1 M
sodium hydroxide and the ester, and 5 ml, samples were removed

at various intervals and mixed with 5 ml, of 0,1 M hydrochloric
acid. The excess acld was titrated with Q0,1 N Ba(OH)2 solution

from a microburette, using phenolphthalein as indicator,

The high pressure runs were carried out at 25°G in the
vessel in the manner indlcated above, In order to slow down the
reactions for the high pressure work the solutions were used at
lower concentrations than above, In the case of the ester hydrolyses
25 ml, each of 0,01 M NaOH and ester solutions were mixed and intro-
duced into the vessel, 5 ml, samples were taken at ebout 800-second
intervals and added to 5 ml, of 0,01 M HCl., The excess acid was
titrated with 0,01 N Ba(OH)2, using phenolphthalein as indicator,

For the hydrolysis of the amides 10 ml, each of 2 N NaOH
and amide solution were mixed and introduced into the pressure
vessel, 1 ml, samples were taken at about 1,000-second intervals,
added to 2 ml, of 2 N H280 s and diluted to 100 ml, 10 ml, aliquots
were delivered into a Nessler tube and diluted to 25 ml, 10 ml., of

2N HéSOu followed by 15 ml., Nessler reagent were then added, After
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thorough mixing the solutions were examined in an Evelyn
photoelectric colorimeter, using filter 515,

RESULTS

All of the reactions studied were kinetically of the second
order, and the rate constants were determined by plotting x/a(a-x)
against the time, and measuring the slope cf the stralght line,
Hydrolysis of Esters The results obtained for the alkaline

hydrolyses of methyl and ethyl acetate at atmospheric pressure and
at four different temperatures are shown in Table 1, and the
corresponding Arrhenius plots are shown in Fig, 2. The activation
energles calculated from these plots are 11.95 and 11,55 kcal, per
mole respectively, Potts and Amis (33) have given a value of 11,66
kcal, for ethyl ester, in good agreement. Values of 11,21 and 11,22
kcal, for the two esters have been quoted by Moelwyn-Hughes (3l)
who, however, gives no reference to the original source, The
frequency factors and entroples of activation for the reactions are
shown in Table 1,

Table 2 shows the rate constants obtained for the alkaline
hydrolysis of the two esters for a range of pressure up to 12,000
pounds per sq., in, Figure 3 shows a plot of the logarithm of
k/ko agalnst the pressure; ko is the rate constant at zero pressure,
here assumed to be the same as atmospheric pressure, The van't Hoff

law 1s seen to be obeyed accurately with AV* constant and from the

vt cromnn ST
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slope of the curves the values of AV* have been calculated; these
are shown in Table 2, It 1s to be noted that in Tables 1 and 2
there i1s a slight difference between the rates at atmospheric
pressure and 25°, and this 1s attributed to the differences in
concentration; there is a small ionic strength effect for these
reactions, Cohen and Kaiser (7) have studled the effect of
pressure on the alkaline hydrolysis of ethyl acetate at 2,4°C

using 0,01 M solutions, and from their results we calculate a AV
value of =4.8 cc, per mole. The much smaller value obtained

by them is attributed to the much lower temperature they employed,

Alkaline Hydrolysis of Amides Since accurate values of activation

energies for the amide hydrolyses have recently been determined
by Willems and Bruylants (32) we did not carry out a remeasurement
of these quantities, Table 3 shows the rate constants at the
various pressures, and the corresponding van 't Hoff plots are in-
cluded in Fig.3. The volumes of activation are shown in Table 3,
Figure |} shows an Arrhenius plot for the data of Willems and
Bruylants and ourselves; our own rates at 25°C are seen to be
consistent with theirs at the higher temperatures, The activation

energies and entroples are included in Table L,
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Table 1 '

Rate Constants for the Alkaline Hydrolysis

of Methyl and Ethyl Acetates
at Different Temperatures

Concentration of both reactants after mixing = 0,05 M

1 1l

Rate constants in litres mole™™ sec,”

Rate Constants for

Activation energy
(kcal, per mole) 11.95 11,55

Temperature Methyl Acetate  Ethyl Acetate |
(°c)

lta0 0.0343 0.0258 i
10.0 0.0573 0,0410 |
18.0 0.0982 0.0680 3
25.0 0.158 : 0.1080 %

]

}

|

Frequency factor t

(1itres mole™> sec.,"l)  9.28x107 3,23%107 E
Entropy of
activation (e.u.) -2l,1 -26,2
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Table 2

Rate Constants for the Alkaline Hydrolysis

of Methyl and Ethyl Acetates

at Different Pressures

Concentration of both reactants after mixing = 0,005 M

1 i

Rate constants in litres mole —sec. T = 25.0°C

Rate constants for

Pressure Methyl Acetate Ethyl Acetate
Tbs, in."2) |

1.7 0.146 0.080

4000 0.163 0,089

8000 0,181 0,098

12000 0,203 ' 0,107

AV¥ (cc. mole™t) -9.93 -8.77




Table 3,
Rate Constants for the Alkaline Hydrolysis

of Acetamide and Propionamide

at Different Pressures

Concentration of both reactants after mixing =1 M,

25,0°C

Rate constants in litres mole'l sec.'l T

Rate Constants for

Pressure Acetamide Propionamide
(1bs.in,"?)

1.7 3.77%10°°  3.00x1077
1,000 u.uux10'5 —

5000 —  3.75x207°
10000 5.4 7x107> .86x10™°
15000 6.80}:10-S 6.07::10"5

AV*(cc.mole'l) -1 .2 =16,9
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Table g

Sumary of Results

for the Alkaline Hydrolysis of Esters and Amides

Reaction E A as¥ Av*
(kcal,) (eow) (cce. per mole)

Methyl acetate + OH 12,0 9.3x107 =21l =G.9
'Ethyl acetate + OH™ 11,6  3,2x107 =26.2 =8.8
Acetamide + OH™ 14.2 9.5:;105 =335 -14.2
Propionamide + OH~ 1,6 1.5x106 =32,6 16,9
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Pigure I

Arrhenius plots for the alkaline hydrolyses of acetamide
and pz-opidnamide; the open circles are the results of

Willems and Bruylants, the closed circles those of the

present work,
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DISCUSSION

‘Table )} shows the main results of the present investigation.
It 1s of interest to consider on what basis we may interpret the
values of the volumes of activation that have been obtained for
the esters and amides; the values have been seen to fall in the
range of =10 to =17 cc. per mole., The work on the hydrolysis of
esters and amides in mixed solvents (31) has suggested that the

alkaline hydrolysis may be represented according to the mechanilsm

ook 0
H ‘02\H NH

(initial state) (activated complex) (finsl state)




The principle on which the ionisation of the activated complex

has been formulated is that by the time the activated state

has beén reached the charge transfers have occurred to just one

half of the extent to which they occur in the complete reaction.

This type of activated complex has been seen to provide an

adequate interpretation of the effects of solvents on the rates,
The emplirical equation obtained by Couture and

Laidler (35,36) indicates that a unit charge in aqueous solution

brings about a diminution of volume of 26 cc. per mole as a

result of the electrostriction effect, Considering the hydroxids

ion in the initial state of the reaction, we may therefore say
complex, contributions must be assigned to the individual charges.

and if it were completely surrounded by water a contribution of
-26 would be obtained. The rest of the molecule however occupiles
perhaps one quarter of the volume, and a reasonable estimate is
therefore 3/l of -26, i.e, approximately -18, For the carbon atom
in the carbonyl group a reasonable estimate is that three-quarters
of the surroundings are occupled by the activated complex itself,
and a contribution of 1/l of -26, namely -6, may be taken. Two
other oxygen atoms bear half charges, and in both cases the
environs may be said to be occupied to approximately half of the
extent by complex, and half by water; a contribution of about 1/l

of -26, namely -6, be therefore be taken in both cases,

that there will be a volume diminution of 26 cc. For the activated

The oxygen atom of the carbonyl group bears a full negative charge,

- _m




The total diminution in volume in the activated state, due to
electrostriction, is therefore roughly equal to =18-6-6-6,

l.e., ;36. As a result of the electrostatic effects alone, there-
fore, there has been a change of volume from =26 to =36, i.e., &
decrease in volume of 10 cc. Structural effects are not likely to
be important in this case of the addition of the hydroxide ion

to an ester, and the electrostatic effects are probably the maln
ones. The theory, although crude, therefore appears to give an
adequate interpretation of the volume changes taking place 1n

these reactions,
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Chapter III

The fading of organic dyes in alkaline solution.

INTRODUCTION

An experimental study was also made of the influenee
of pressure on the fading, in alkaline solution, of three organic
dyes, viz. brom phenol blue, phenol phthalein and crystal violet,
All of these reactions, as seen below, are reactions between two
ions; in the first two cases the lons are of the same sign, in
the third case of the opposite sign,

The kinetics of the alkaline fading of brom phenol blue
were first studied under atmospheric pressure by Panepinto and
Kilpatrick (37) and by Amis and La Mer (38). The results of
these workers led to the following proposed mechanism for the

reaction, suggested by Amis and La Mer:

- LD

//L\\\OH

\O xs

The reaction was found to go to completion under the experimental
conditions employed,

The alkaline fading of phenol phthalein was studied by
Kober and Marshall (39), Biddle and Porter (40), Lund (41),
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Wygaert and Eeckhout (42), and Barnmes and La Mer (43). The
mechanism of the reaction can be represented by the following

equations:

Q“/ == ¥ == g
E:ili;ﬁ,/o‘ E:ZJI\\B//9 E::](iii/xr

quinoid form lactone form carbinol form
(red) : (colourless)

The reaction does not go to completion, and the reverse
reaction must therefore be taken into account in the kinetic
studies, In the investigation carried out the kinetics have in
fact been investigated in both directions over a range of
temperatures and pressures,

The kinetics at atmospheric pressure of the fading of
crystal violet in alkaline solution was studled by Biddle and

Porter (40), Hockberg and La Mer (U}, Goldacre and Phillips (45)

and in great detall by Turgeon and La Mer (L46). The reaction goes
essentially to completion under experimental conditions, and
again involves the formation of & carbinol, as indicated on the

next page.

e e e R
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H'BC\N/CHg H;C\N/CH: H,C\N/CHz "'s"—\N/CHa
ﬁ\ + OH ——— C'\ +cl”
l OH
L el
et Nen H;C/N\CH3

It is to be seen that the three reactlons may be

represented schematically by the following equations

(B.PeB.)” + OH- = (B.P.B.)=0H
(P.P.)- + 0B < (P.P.)0H
(c.v.)* + o8- = (C.V.)OH

The first two therefore involve a reaction between ions of the
same slgn, the last between ions of opposite sign. According to
the simple ideas discussed in chapter I it would therefore be
expected that the first two reactions would involve a decrease in
volume during the activation process, and would therefore be
accelerated by pressure, The third reaction, on the other hand,
should involve an iﬁcrease in volume, and should therefore be
retarded by pressure. The results show that these anticipations
are realized in the first two cases, but that the third reaction

is wnaffected by pressure. As will be discussed below, this result
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may be due to the fact that the charges do not approach very

closely in the formation of the activated complex,

EXPERIMENTAL PROCEDURE

Materials The brom phenol blue used in the investigation was an
Eastman product. A stock solution 0,00004M in brom phenol blue
was prepared by dissolving 0,0268 g. of the dye in absolute
ethanol, adding )4 ml. of 0,01M sodium hydroxide to convert it to
the monosodium salt, evaporating the resulting solution in

vacuum to dryness, and diluting with water to 1 litre, The phenol
phthalein used was C,P. grade Fisher product, and it was thrice
recrystallized from absolute methanol. 0,03183 grams of the
purified material was dissolved in‘SO% aqueous ethanol and made
up to 100 ml,, giving a 0,001 molar solution of phenol phthalein,
The crystal violet used was an Anachemia Chemicals Ltd, product,
and was purified as follows., 1 gram of the material was dissolved
in about 200 cc. of hot HZO’ and filtered, 10% sodium hydroxide
solution was added until all of the dye had precipitated as
carbinol, The precipitate was collected on a Buchner fuimnel and
washed thoroughly with water, It was then suspended in water, and
dilute hydrochloric acid was added to dissolve it, After filtration
the carbinol was reprecipitated with excess sodium hydroxide, col-
lected on a Buchner fumnel and washed thoroughly with water. It
was then suspended in about 50 ml., of water and 5 ml, of 3N

hydrochloric acid was added; it was heated until the material was




completely in solution and then filtered while hot. After
cooling the crystals of crystal violet chloride were collected
on & Bﬁchner fummel, redissolved in hot water, and allowed to
recrystallize, The crystals were dried over phosphorus pentoxide

in a vacuum desiccator,

Kinetic procedure Since the sodium hydroxide was in excess of the

dye, the reactions in the case of brom phenol blue and crystal
violet were simple first-order reactions. The phenol phthalein
reaction, on the other hand, had to be treated as consisting of
opposing first-order reactlons,

The kinetic law applying in the case of brom phenol blue

k = 2,303 log _a _ (20)
t a=x

where x is the amount of product at time t, and a is the initial
amount of dye. The first-order rate constants were obtained by
plotting log (a-x) against time and determining the slopes, The
kinetic runs were carried out by mixing 25 ml. of 0,00004 M brom
phenol blue with 25 ml, of 0.4 N sodium hydroxide solution, the
resulting solutions being 2 x 10"S M in brom phenol blue and

2 X lO"l N in sodium hydroxide, 5 ml. samples were taken at inter-
vals of about 1500 seconds and delivered into a colorimeter tube
containing 5 ml. of water. The optical densities of the solution

were determined in an Evelyn photoelectric colorimeter using




filter 565. The concentrations of the unreacted dye were read
from a calibration line, prepared as follows. 10 tubes contalning
separately 5.0, Le5, lle0, 3.5, 3.0, 2.5, 2.0, 1.5, 1.0, 0.5 ml,
of 0,0004 N brom phenol blue were diluted to 20 ml,.; the resulting
concentrations of brom phenol blue in each tube were 1,0 x 10'5,
0.9 x 10'5, 0.8 x 10'5, 0.7 x 10'5, 0.6 x 10’5, 0.5 x 10'5,
Ot x 10'5, 0.3 x 10'5, 0.2 x 10“5, 0.l x 10"5 respectively. The
galvanometer readings were taken by setting the reading cf the
completely faded sample as 100, The photometric densities of these
readings were then plotted against the concentrations of brom
phenol blue, and a good straight line was obtained showlng that the
Lambert-Beer law was obeyed, The high pressure technique was as
described previously. |

Since the phenol phthalein fading 1s reversible the
mechanism must be represented as
E&
£,

(P.P.) + OH" (P.P.)=0H

The rate of disappearance of the dye is therefore given by

- [graz.z= 1 =1k [(p.P.)7] [0H]-k_, [(p.P.)70H]  (21)

where kl is the second-order rate constant for the forward
reaction_and k_1 is the first-order rate constant for the reverse
reaction. Since [OH"] is practically constant we can combine it

wilth k1 to form a>pseudo-first order constant ki, the resulting

- e [ Y
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equation being

- al@p) ] =g [(RPOT] -k, [(P.P.)%0H] (22)

The behaviour is therefore that of opposing first-order reactions,
which obey the kinetic law

ki +k i =2,303 log e (23)
t '

Co— ©

Here Co is the equilibrium concentration of the carbinol form
of phenol phthalein, and ¢ i1s the concentration of the carbinol
form at any time t, Let Crp be the totgl concentration of phenol
phthalein, c; the equilibrium concentration of the pink form of
phenol phthalein, and ¢' the concentration of the pink form at

any time t. Then since

]

Ce = Cp ~ % | (2L)

Cp = ¢ (25)

C

equation (23) becomes

: t
t _ c Cc
(] - C

<]

If the absorption of light by the substance obeys the Lambert-

Beer law the concentration of the coloured substance is directly




proportional to the photometric density L, according to the

following expression

K (27)

Wwhere Ki is the callbration constant whose value depends on

the nature of the coloured substance and the characteristics

of the filter used, L is the photometric density, equal to

log (I/I), where I, is the intensity of the incident light and
I that of the transmitted light, Equation (26) therefore

becomes

L, - Le

— Le

P (28)

k) +ky = 2303 log

where Le is the photometric density of the solution at
equilibrium, and L that at any time t., From equation (28) it

can be seen that & plot of log (L - Le) against the time should
1

result in a straight line with a slope equal to - X1 * ¥_1. so

2,303
that the value of the complex rate constant (ki + k_l) can be

calculated, The individual rate constants k. and k-l can be

1
found from the equilibrium constant K, which is equal to ki/k;l.

If ky + k_; is called k, then

= . K
1 rom=] ‘T = (29)

crrem [N
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-——ff—-fr (30)
From this = 30
4 kl [OH_] -+ K
so that  k_,= k, =k (31)

The kinetic runs with the phenol phthalein were
carried out by mixing 99 ml., of 0,010l Nsodium hydroxide and
1 ml, of 0,001 N phenol phthalein in a 100 ml. volumetric flask,
The resulting solution was 0,01 N in sodium hydroxide and
0.00001 N in phenol phthalein, 10 ml, samples were taken at
about 2000-second intervals and the photometric densities of the
samples were determined in the Evelyn photoelectric colorimeter
using filter 540. The photometric density at equilibrium was
determined in each case by allowing the reaction mixture to
remain under experimental conditions for at least 2L, hours, The

value of the rete constant kc was determined by plotting log

(L - Le) against the time, Phenol phthalein in alkaline solutions

shows an adsorption maximum at 550 p; a calibration line was

prepared by plotting the concentration of phenol phthaleln, vary-

6 6

ing from 1 x 107> M to 10 x 10° M, against the photometric
density using filtef 5,0, The Lambert-Beer law was obeyed.

The procedure with crystal violet was similar to that
with brom phenol blue. The dye shows an adsorption maximum at
590 u énd the best filter was No, 565, The calibration was car-

ried out by varying the concentration of crystal violet chloride

o




L6

6 -6

from 5 x 107 M to 0.5 x 10" M, and the Lambert-Beer law was
found to be obeyed, The kinetic runs were carried out by mixing
equal volumes of 0,004 N sodium hydroxide and 0,00001 M crystal
violet chloride solutions, so that the resulting concentrations
were 0,002 N in sodium hydroxide and 0.000005 molar in crystal
violet, Samples were withdrawn at intervals of about 900 seconds
and the photometric densities L determined using the colorimeter,
The values of log L were plotted against the time, and straight

lines obtained in each case, The apparent first-order rate

constants were calculated from the slopes of the lines,

EXPERIMENTAL RESTLTS

Brom phenol Blue Rate constants for the brom phenol blue reaction
were determined at a temperature of 25,0°C and at pressures vary-
ing from atmospheric to 15,000 pounds per square inch, Plots of
log (a - x) against time are shown in Figure 5, and the rate
constants, obtained from the slopes, are listed in Table 5; this
table shows the apparent first-order constants ki and the true
second-order constants k1 obtained by dividing ki by the concen-
tration of hydroxide ;ons. Figure 6 includes a plot of log

(k/ko) against the pressure. The relationship is seen to be not
strictly linear. The slope of the line at low pressures corresponds
to a volume of activation of =-$.2 cc. per mole., At higher pressures
the curve is quite linear, and the corresponding volume of

activation is then - 19.6 cc. per mole,
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Figure 5 Plots of log (a-x) against time for the fading of brom

phenol blue at various pressures,
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Figure 6 Plots of log (k/k,) against pressure.
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The energy of activation for the reactlion was determined by

Amis and La Mer (38), and the results at zero ionic strength are

E = 12,2 kcal., per mole
O10

2.0y x 1 litres per mole per second

as¥ = -13,3l; calories per degree per mole.

Phenol phthalein Since an activation energy for the phenol

phthalein reaction had not previously been determined, the rates
of the reaction in both directions were measured over a range of

temperatures, Figure 7 shows plots of log (L - Le) against the

were determined, and are also shown in the table, The separated
1 1

values of ki and k—l are also shown and from kl the values of kl

are calculated, and are shown in the table, Figure 8 shows a

van 't Hoff plot of the logarithm of the equilibrium constant

that a straight line is obtained, The thermodynamical values oOb-

tained from this plot are as follows:

AH = =G,97 kcal, per mole
AF = 22,119 kcal, per mole
AS = -25.1 cal, mole ‘deg !

time at four temperatures, and the variation is seen to be linear,
From the slopes the values of ki + k_1 can be calculated, and the
results are included in Table 6, By allowing the mixtures to stand

for over 24 hours at the four temperatures the equilibrium constants

against the reciprocal of the absolute temperature, and it is seen
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Figure 7 Plots of log(L-Le) against the time, for phenol phthalein
at four temperatures; L is the photametric density at time t,
and Le that at equilibrium.
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Figure 8 Plot of the logarithm of the equilibrium constant against
1/7, for phenol phthalein,
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Figures 9 and 10 show plots of log k, against 1/T and log k_;
against 1/T. The Arrhenius law is seen to be obeyed accurately,

and the energies and entroples of activation obtained are

=
It

1 8459 kcal, per mole

1 1

1.1y x 104 11tres mole~lsec.”

A4S ==l41.94 cal. deg.';mole'

= 18,47 kecal, per mole

L

1l

-1
A, = 3,06 x 107 sec.”™

3% -] -]
AS = =l7.12 cal,deg. mole ~—,

=1
Table 7 shows the results obtained at 25.,0°C and at the various
pressures employed., Figure 11 shows a plot of the logarithm of
the equilibrium constant against thé pressure, and from the slope
of the straight line a value of AV of-8,7 cc. per mole was
calculated, The plots of the logarithm of kl and k-l against the
pressure are included in Figure 6, and from the initial slopes
values of -19,7 and =11 cc. per mole are calculated for the

volumes of activation for the forward and reverse reactions,

Crystal violet Rate constants for the fading of crystal violet

were measured at a temperature of 25,0°C and at pressures varying
from atmospheric to 16,000 1lbs, per sq.in. The results are sum-

marised in Table 8, which shows the apparent first-order constants

ki and the true second-order constants k1 obtained by dividing kl

by the concentration of hydroxide ions,
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Figure 9 Plot of log k, against 1/T, for phenol phthalein,
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Plot of log k_, against 1/1, for phenol phthalein.
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PHENOL PHTHALEIN

N R R S T B

Figure 11

5000 10000 15000
PRESSURE (LBS. PER SQ. IN.)

Plot of log K against the pressure, for phenol phthalein.
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Pressure is seen to have essentially no effect on the
rates, a conclusion that is verified by the plot shown in
Fig. 6.

The results obtained by Turgeon and La Mer (46) at

atmospheric pressure are, at an ionic strength of 0,001l M,

15.1 keal., mole™>
3.13 x 1010 &1 sec. ™t
AS® = .12,3 cs.l.deg."1 mole™L,

T -
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DISCUSSION

Comparison with previous work It is somewhat difficult to

compare the rate constants obtained in the present investigation
with those obtained by previous workers, owing to the different
conditions employed, The following comparisons may, however, be
of interest,

For brom phenol blue the value of the rate constant
obtained at 25,0°C and 1 atm, pressure was 0,000932 ML sec.”t.
Extrapolation of Amis and La Mer's (38) results to the same ionic
strength (0.2 M) gave 0,00085) M-t sec.”t,

For the fading of phenol phthaleiln the present values
of K, k; and k_, at 25.0°C and 1 atm. pressure are as shown below:

K = 65,25 M~1
I, = 0,00572 M™% sec,™?

k_, = 0.0000858 sec.™,

The values obtained by Barnes and La Mer (43) under the same

conditions are:

K = 66,70 M+

k, = 0,0063) Mt sec.,”t
1 - [ 3 eco

k_, = 0,0000972 sec.™,

For crystal violet the value of k1 obtained in the
present work was 0,260 M1 sec.”t at 25.,0°C, The value of Turgeon

end La Mer (46), corrected to the same ionic strength, was




-62=

0.256 M1 sec.”l, It was found that for this reaction there was
some catalysis by the mercury in contact with the solution in
the case of the work done in the high pressure vessel; the rate

1 sec.'l.

constant in the absence of mercury was 0,207 M~
On the whole the agreement between the results of the
present work and those of the previous workers 1s qulte satis-

factory.

Significance of the Volumes of Activation The AV® values

obtained in the present investigations are listed in the last

column of Table 9. Also included in this table are the values of

E, A and AS*; the source of these values has been given earlier,

There is again Seen to be a fairly good correlation

between the volumes and entropies of activation for the resactions,

The main discrepancy, although not & very serious one, is found
with crystal violet, for which a negative value of AV*, rather
than a value of zero, might have been anticipated, A possible
explanation for this will now be suggested,

When the hydroxide ion reacts with crystal violet it
approaches the central carbon atom, which is at a considerable

distance from the positive charges on the molecule, which reside

for the most part on the nitrogen atoms, It is true that there is

some resonance involving structures like

xrwwnraa.

rtas e
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H,C H HC CH
3\\*K/c TN

S0

e

N
Hye” “NcHs

.but owing to the much higher basicity of the nitrogen atom as

compared with the carbon atom these structures willl not be as
important as those 1in which the positive charge resides on one
of the three nitrogen atoms. When the hydroxide ion attacks the
carbon atom there is not therefore a very close approach of the
ions of opposite sign, and the zero volume of activation may be
understood on this basis,

On this view the negative entropy of activation is not
to be regarded as arising from electrostriction changes, A loss
of entropy of 7.9 e,u. is actually to be expected from the fact
that two molecules become one in the activated state (the "cratic"
term of Gurney (47) ). The remaining loss of entropy may well be
due to structural factors; there might, for example, be some
interference between the benzene rings when the bonds emanating

from the central carbon atom are forced out of the plane,




In the case of the reactions between hydroxide ions and brom
phenol blue and phenol phthaléin it may be seen from the
equations for the reaction that there must be a fairly close
approach of the ions of like sign during the course of reaction.
On this basis 1t is possible to understand the strongly negative

values observed for the entropies and volumes of activation,
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Summary of Results for the Alkaline

Fadling of Dyes

Dye Reaction Type B
(kcal))

Brom phenol blue D # OH” —» DOH  12.23
Phenol phthalein D + OH™ — DOH 8,59

DOH- —s D~ + OH" 18.47
(reverse reaction)

Crystal violet D' 4 OF" — DOH 15.1

(M'lsec

-1

2.04x10%0

1.1hx10t

3,06x107

3.13x10

10

(e:;:)

"1303“-
=41.9

-17.1

-1243

(cce)
-9.19

-1907

-1190
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Chapter IV

General Discussion

The main results of the present investigation are
sumarised in Table 10, which includes, for comparison, certain
additional data obtained in aqueous solution,

It 1s to be noted that there is some correlation between
the entropies of activation and the volumes of activation., This
is shown in Fig, 12, in which the volumes of activation have been
pPlotted against the uncorrected entroples of activation, A rough
correlation of this kind is to be expected in view of the fact
that the charges and charge distributions on the reacting molecules
and the activated complexes influence both the entropies and the
volumes, However, as has recently been discussed in some detall
(30, 48), an exact correlation between entropies and volumes of
activation is not to be expected in view of the fact that entropies
and volumes do not depend upon these charges and charge distributions §
In exactly the same manner; volumes in fact depend upon the first
power of the charge (35, 36) and entropies upon the square of the
charge (4,9, 50, 51),
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Figure 12

Plot of the volumes of activation against the entropies

of activation, for the reactions studied in the present

work and for five add&ional reactions in aqueous solution,
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Table 10

Summary of Data for Reactions in

Reaction

Methyl acetate + OH™
Ethyl + OH™

Acetamide + OH™
Propionamide + OH"
Brom phenol blue + OH™

Phenol phthalein + OH™

Phenol phthalein + OH™
(k?l)
Crystal violet + OH™

CHzBrCOO + 52 3

GHZCIGOO' + OH™

CHZBI'COOCH3 + 8203

Co(NH;)g Brtt + om”

Agueous Solution

E A
(kecald
12.0  9.3x107
11.6  3.2x107
1.2 9.5x10°
.6 1.5x10°
12,2  2.0x10%°
8.6 1.1x10t
18,5  3.1x10°
15,1 3.1x10°
13.3  1.6x10°
22,7  5.7x10%°
17,2 1.o0x10tlt
23,6  5,0x10%7

# Present work

AS
(eow)

-2).1
-26,2
-33.5
~32.6
-13.3
-l1.9

-17.1
-12.3
=1740
-11.6
- 5.7

2147

av*

(ceper mole)

-9.9
-8.8
-14.2
-16.9

’ -902

=19.7

-10.6
0
-4.8
-6,1
=32

8.5

Ref.

21
12,14
21

2l
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Claims to Original Research.

1. Measurements have been made for the first time of the rates

of the alkaline hydrolyses of methyl acetate, ethyl acetate,
acetamide and propionamide over a range of hydrostatic pressures
from 0 to 15,000 1lbs, per square inch,

2. The results have been analysed with reference to van 't Hoff's
law, and the resulting volumes of activation interpreted in terms
of the detailed mechanism of the reactions,

3. An experimental determination has been made, for the first time,
of the energles and entropiles of activation for the alkaline
hydrolyses of methyl and ethyl acetates in pure aqueous solution.
L. An experimental study has been made of the rates of the
alkaline fading of brom phenol blue, phenol phthalein and crystal
violet over a range of hydrostatic pressures from 0 to 16,000 lbs,
per sq. in,

5. In the case of the fading of phenol phthalein, a stﬁdy was
made of the equilibrium constant of the reaction over a range of
hydrostatic pressures, From the results the effect of pressure on
the reverse reaction was deduced.

6., A determination has been made, for the first time, of the heat
and entropy of reaction, and of the energlies and entropies of
activation, for the alkaline fading of phenol phthalein in alkaline

solution,
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Te
the van 't Hoff law and the resulting volumes of activation

The pressure results with the dyes have been analysed using

discussed with reference to the reaction mechanisms,
8, For the ester and amide hydrolyses, and the alkeline fading
reactions, a good correlation has been discovered between the

measured entropies and volumes of activation.
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