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ABSTRACT

Recent evidence suggests that the solvolysis of
organic halides is associated with Arrhenius activation
energies which have negative temperature coefficients.
‘It 1s considered that this 1s most probébly due to fhe
increased solvation of the transition state of the reactio
relative to the initial state of the reactants. Bensley
and Kohnstam have suggested that the heat capacity of
activation (aCp# = dE/AT - R) 1s a measure of this
increase in solvation and also that in Syl reactions,
the entropy of activation, AS% 1is a measure of the
same phenomenon; whereas in Syg2 reactions an additional
negative contribution to AS# due to the covalent binding
of the nucleophillic reagent must be considered. The
solvolysis of R-Hal in a given solvent and at a given
temperature should, therefore, have a constant value
for the ACp %*/AS#* ratio for Syl reactions, independent
of the nature of the group R and the ratio should have
atlower value for Sy2 reactions (since ACp# and AS#*
are both negative in the type of reaction being considered

At the commencement of this study these tentative
suggestions required experimental verification. A
parallel study has shown the constancy of ACp#/aS#% for

Syl reactions and thils thesis describes the determination
-iv~-




of this ratio: for the solvolysis of some n-alkyl
bromides in 50% ag.acetone when the extreme form

of the Sy2 mechanism is operative. These compounds
all showed negative temperature coefficients of activ-
ation energy and the ACp¥/aAS¥ ratio was always lower
than for Syl reactions, in agreement with the earlier
predictions.

It can be concluded that the determination of this
ratio provides an additional test of solvolytic mechanism
which seems likely'to be applicable to border-line reac-
tions in which there 1ls a transition from mechanism Sy2
to mechanism Syl. Here, the 'classical! mechanistic

tests do not always yleld unambiguous results.
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CHAPTER I

INTRODUCTION -

Electronic Theory of Reactions (1)

Organic substitution'reactions are essentially
electrical phenomena and reagents react by a constitu-
tional affinity elther for electrons (electrophilic
reagents) or for atomic nuclei (mucleophilic reagents).
Thus, providing there 1s at some pointlin a molecule
a sufficiently high electron density, then will an
electrophllic reagent attack that point. Conversely,

a nuéleophilic reagent will attack a molecule provided }
that there i1s at some point a sufficiently low electron
density. The development of the critical electron
density at the,reaction centre is‘an essential feature

of the activation energy for the process. The replace-
ment of one group by another at some point in the molecule
other than the reaction centre, will affect the facility
of reaction depending on the effect sach has on the

electron density'at the reaction centre.

Mechanisms of Electron Displacement (1)

All such mechanisms are based oh the electronic .

theory of the atom and of valency. The electronic
7 kgélgh?\lcrevf""&/’/
{ 25dL 999 -1~
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theory requires that electron displacements will maintain
as completely as 1is pogsible, the palring of electrons,
and the octets or other stable electronic configurations
vin‘the atoms. |

Two mechanismé have been proposed whereby substit-
uents can transfer electrons towards, or away from,
another part of the molecule without violating the
principle of octet stabllity.
(1) Inductive Effect

Lewis (2), first proposed the inductive effect
which arises from the electrical dissymmetry of the
unequal sharing of the bonding electrons bstween two
linked atoms which causes displacement of the electron
pairs along the molecule by a process analogous to
electrostatic induction. The mechanism is represented
thus:

Cl «— CHg «— CH2 <— CHg
the arrows pointing in the direction of electron con-
centration. In this case, the effect 1s caused by the
electron dlssymmetry of the C-Cl bond due to the
electronegativity of the chlorine atom.

However, the electron displacements are not equal,
as the.further a group 1s from the C-Cl dipole, so will
the induced dipole be progressively reduced.

(11) Conjugative Mechanism (3)

The second method of electron displacement which

preserves duplets and octets 1s characterised by the

-2-



substitution of one duplet for another in the ssme
glectron octet, and 1s known as the conjugative
mechanism. This type of dlsplacement was assumed by
Lowry(4), who showed how the entrance into an octet
of an unshared duplet possessed by a neighbouring atom
could cause the sjection of anpther duplet which would
then either become unshared or initlate a similar change
further alqng the molecuie. This effect 1is represented
by a curved arrow polnting from the duplet to the point
towards which thécsdlsplacement is assumed to occur.
The effect can be propagated along a conjugated chain
thus:
Rgﬁr\L_ C :é:“\c — ¢ =é:~\0 Structure I
If such a duplet displacement carried on to completion
the following structure would result -
Rgﬁ =— ¢ — C = C —— 0~  Structure IT

'In actual fact the true picture is considered to be
the resonance hybrid of the above two canonical forms.
4The greater the conjugative release of the group RoN,
the greater will be the contribution of structure II
to the structure of the molecule. It 1is obvious that
maximum transmission of this effect will be achieved
when the releasing group is connected to a conjugated
system. When the conjugative mechanism appllies to
the normal states of molecules 1t 1s called the Mesomeric
Effect.

These effects are by far the most important in the

—-F-



kinetics of the alkyl halides, except in certain
specially constituted systems, and so other electronic
effects will not be consldered here.

Dependence of Polar Effects on Environment.

It should be noted that polar effects of groups
are not constant but vary with their enviromment. For
example, if in the two molecules:-
R
iq- c = ¢c— Y
X is capable of electron release by the mesomeric effect;
Y and Y1 are cépable of electron attraction by the in-
ductive effect, where Yl has the larger electron attracting
power, then interaction polarisation between the groups
X and Y (or Y1) will cause each effect to be enhanced.
Thus, the enhancement of the mesomerlic effect of X
will be greater in the second case, due to the extra
electron attraction of Yl compared with Y.
Electron repulsions and attractions are usually
considered on a relative basis, and by convention,
the standard of reference 1ls hydrogen. A group 1is
sald to be electropositive, or to repel electrons,
if it does so more than hydrogen would in the same
molecular situation. A group described as electron-

egative or electron attracting, attracts electrons more

than would hydrogen if 1in the same molecular situation.




Mechanisms of Nucleophilic Substitution at a
Saturated Carbon Atom. (1), (3), (4), (5).

It has previously been stated that the replacement
of one group by another in a molecule will affect the
ease of reaction according to the effect each has on
the electron density at the reaction centre. In order
to decide exactly what effect a particular change of
substituent will have on the ease of reaction, it 1s
necessary .to consider the electrical requirements of
the reaction in question. These electrical requirements
are dependent upon the reaction'mechanism, since this
determines the electrical demands of the transition
state. The various mechanisms of the substitution will,
therefore, be considered below.

Reaction Types

In a simple substitutlon reaction of the form
Y+R-X — Y-R4+X
in which only one bond is exchanged, it is necessary
to distinguish between two main types of bond flssion,
defined as follows:
| "R . | . X (homolytic fission)

R.. | X (heterolytic fission)

where the dots represent electrons(6).

Processes involving the first type of rupture are
common in gas phase reactlons and produce or consume
atoms or neutral particles.

e.g. H + HH — H-H + H

The gecond form of fission is characteristic of a
-5-



large proportion of substlitution reactions in solution,
which generally involve lons or entitles which readlly
form ions. The reactions considered in this investi-
gation are of this type. Within this category it is
further necessary to distinguish between two types,

Nucleophilic Substitution,

¥: + R/:X — Y:R 4 X (Represented by Sy) -

. Electrophilic Substitution, '

¥ +RyY/X — YR+ % (Represented by Sg)
in the SN'reaction, the expelléd group carries the bonding
electrons away with it end the deficit on R is made up
by electrons from the attacking nucleophilic group Y

e.g. the Finkelstein reaction,

I" 4+ BR-Cl — I-R + C1°

In an Sp reaction, the expelled group leaves the
bonding electrons behind. The attacking electrophilic
| reagenﬁ has a deficit of electrons which 1s made up by
the excess on R.

e.g. D* 4+ R-H — D-R + H*
Oonly the SN'ﬁype is the concern of the present investiga-
tion. |

The reactionsito be-considered are of the general
type:

¥ + Ak |+ X — v-21k 4+ X
where the new bond is formed by co-ordination and the
0ld bond broken by heterolysis. There 1s an electron
' transfef from the substituting agent Y to the centre of
substitution in Alk, and from this centrse to the expelied

-6-




group X. As a consequence of-the substitution, Y
becomes formally 6ne electronic unit more positive,

and X one unit more negafive. Subject to this there
need be no restriction on the states of electrification
of the specles involved

e.g. Y may be neutral as in the hydrolysis of an
alkyl halide

R-Br + Hz0 — R-0H + HBr
or'Y'may be negative as in the Finkelstein reaction
I + R-C1 — R-I + Q"

Mechanisms of Nucleophilic Substitution

Two mechanisms, for which there is exceilentﬂevidence,
" have been proposed for nucleophilic substitution.

The first 1s a bimolecular procéss (7) which occurs
in a éingle stage and involves the direct attack of Y
on RX, the two molscules undergoing a simultaneoﬁs
change in covalency. The mechanism is labelled Sy2 and
may be represented thus:

Y: + R-X>| Y--=-R=-=-X | — ¥ -R+ X (542)
transition state

The attacking mucleophile Y combines with the carbon
atom at the slde opposite to that at which the mucleo-
philic group is beihg displaced, thus inverting its steric
configuration, as shown in the following equation (8)

L.
Ut




In the case where Y 1s neutral, the charge distri-
bution in the transition state will be appropriately
different. Thls type of process had been suggested by
Le Bel (9) restated in an electronic form by Lewis (10)
éndAapplied by London (11) to give a physical interpre-

“tation of the reaction H + Ho — Hy + H, which although
not a heterolytic reaction, involves an analogoué syn-
chronous bond fonming'and breaking prodess.

The second.methbd of nucleophilic substitution
involves two stages; a slow rate determining heterolysis
of the cﬁmpound to be substituted 1s followed by a rapid
co-ordlnation between the formed carbonium ion and the
substituting agent. Since only one molecule is under-
going covalency change in the rate determining stage,
the mechanism is called unimolecular and labelled Syl (7).

It méy be-represented thus, where Y is negative.

R=-X — [R?----%i] — R* 4+ X Slow)

. - ) (sy1)
R"+Y -— BR-Y Fast )

The rate)controlling lonisation is slow because it
must pass through an enefgy maximum for a certain ciitical
extension of the bond and a certain critical degree of
charge transfer. The very large energy values required
for the formation of gaseous ions accounts for the fact
that thermal lonisation does not occur at ordinary
temperatures. However, in the case of an SNl reaction,
which occurs in solution, the energy maximum 1s reduced

8-




to accessible values by solvation forces which increase

as the charge transfer increases.

DETERMINATION OF Sy MECHANISM

' I. Kinetic Criterion of Mechanism (12)

The simplest test of reaction mechanism is to
determine whether the observed kinetics are of first or
second order as found by substitution of the experimental
data in the appropriate rate equation. Provided that
both reacting species are in small and controllabls
concentrations, the bimolecular mechanism should lead
to second ofder kinetics as expressed by the equation:-

Rate = Ko . [ X ] X [ RX]

On the other hand the unimolecular mechanism will lead

to first order kinetics, with an overall rate equa; to

the rate of heterolysis, providing that the rate of rever-
sal of the heterolysis 1is much\smaller than the rate of
co-ordination of the carbonium ion with the substituting
agent. If this condition does not apply, the Syl
substitution will then show a complex kinetic form.

The present work 1is concerned with solvolytic
reactions In which the nucleophilie substituting reagent,
viz. the solvent, is presént in large excess and its
.Iconcentration may, therefore, be regarded as constant.

In this case first order kinetics will be observed, the

rate being equal to:-

Rate = K1 . [Rx ]|

-0=



Thus in solvolytic reactions the kinetic criterion of
mechanism does not apply. Various supplementary methods
have been revieﬁed by Hughes (21) in en attempt to try
to resolve this difficulty. These methods will be
briefly discussed below.

ITI. Variation of Solvent Composition

It has already been indicated that most of the
transition states and some of the reactants involved in
Sy reactions possess formal electrical cﬁarges. ‘In
solution such specles will, thersefore, be solvated to a
certain extent. Thus, when an ion or a polar molecule
is surrounded by a solvent which is 1tself of a polar
nature, 1t orientates and attracts some of the polar
solvent molecules. This involves doing elsctrostatic
work, in which case the system will lose energy and
become more stable. This solvation energy of an ion
can be very large in a polar solvent, often of the order
of the strength of a covalent bond (13). Conséquently
a change from a less polar to a more polar solvent will
increase or decrease the heat of activation (usually
taken as the Arrhenius Activation Energy), depending
on whether the transition state is more or less polar
than the lnitial state of the reactants. There may
also be a counteracting change in the entropy of activa-
tion, which the qualitafive theory assumes, plays only
a minor part compared with the activation energy in

-10-




controlling the rate.

Three maln assumptions have to be made as to the
degree of solvation to be expected in the.presence of
electric charges - (14).

(1) Solvation will increase with the magnitude of the
chargs.

(11) Solvation will decrease with increasing dispersal
of a given chargs.

(ii1) The decrease in solvation due to the dispersal of
charge will be less than that due to its destruction.

As for the solvents themselves, it has been assumed
(15) that polarity or power to solvate charges will:~

(1) Increase with the molecular dipole moment of the
solvent.

(11) Decrease with increased shielding of the dipolar

_ charges, e.g. in the series water, ethanol, acetone
and benzene thers 1s a gradual diminution in
polarity.

The rates for Syl reactlons are much more critically
dependent on the lonising power of the solvent than are
the rates for Sy2 reactions because there is a greater
~ concentration of charge in the Syl transition state.

The Syl transition state will therefore be solvated to

a larger extent than would the Sy2 transition state,
with the result that Syl reactions are accelerated (16)
more than Sy2 reactiops by increasing the ionising power
of the solvent. It should be noted that before any
quantitative or theoretical conclusions can be drawn
from a study of Syl and Sy2 reactions, it 1is necessary
to use only those solvent systems which lead to a 'pure!

-11l=




mechanism, because of the sensitivity of reaction
mechanism to the ionlsing power of the solvent.

III. Veriation in the Substituting Agent.

The rates of bimolecular reactions are dependent
on the nucleophilic activity or nucleophilicity of the
substituting agent. On the other hand unimolecular
reactions are independent of the nucleophilicity (17)
because 1t 1s ﬁhe initiasl ionisation of the R - X bond
which is the rate determining factor in Syl reactions,
and not the rate of co-ordination of the nucleophile as
in Sy° reactions.

Thus in the Sy reactions of alkyl halides or alkyl
sulphonium ions with a series of nucleophilic reagents
arranged in order of decreasing nucleophilicity 1t is
found that as we pass along the series the bimolecular
rate falls. At some stage the rate falls below the
rate of heterolysis of the molecule being substituted,
in which case the reaction assumes a unimolecular
cheracter and 1s then independent of the substituting
agent. This phenomena has been demonstrated for the
substitution of the trimethylsulphonium salts in ethyl
alcohol (18) using the series of nucleophiles (arranged
in order of decreasing nucleophilicity) OH™, OPh™, HCOz ,
0AC™ and €1~ and also for a number of other reactions (17)
It should be noted that the ethoxide ion is an even
stronger micleophile than the hydroxyl group.

-12-




IV. Structural Changes

The effect of structural changes in the reacting
molecule on the mechaniam of Sy reactions is dependsnt
on the magnitude of the inductive effect, which is the
most Important mechanism of electron release, except
in certaln speclally constituted systems. Sy2 reactions
involve simultaneous electron transfers from the sub-
stituting agent to the alkyl group and from the latter
to the expelled group. In general these transfers will
not be exactly balanced in the transition state of the
reaction, so that a polar effect on rate is to be ex-
pected; thils should only be small since it depends only
on a lack of exact balancs. The effect of electron
releasing groups 1s thus embiguous, because, whilst in-
creasing electron release faclilitates the breaking of
the R - X bond, 1t hinders the approach of the nucleo-
philic resagent. Therefore, the polar effect of structural
changes should only be small, causing only a slight in-.
crease or decrease in rate, depending on the relative
effects on the breaking bond and the attacking mcleophile.
On the other hand, in the rate determining stage
of a Syl reactlion there 1s an electron transfer from the
alkyl group to the dlsplaced group, without any compen;
sating gain of electrons by the alkyl group. Hence a
large kinetlc polar effect is to be expected and its
direction is unambiguous; electron release must accelerate

such substitutions.



Thus the polar effect_of structural changes in
general hgs & much greater effect on Syl than on Sye
reactions.

In alkyl compounds the separation of a group with
its shared electrons is assisted by the inductive effect
and any carbonium ion formed is stabilised at best by
hyperconjugative mesomerism, whereas in aralphyl compounds
containing an o -phenyl substituent, the more powerful
mechanism of conjugative electron displacemsnts is available‘
to assist the separation of the displaced group and the
carbonium ion formed 1s stabilised by conjugative mesom-
erism. It would thus be expected that the phenyl sub-
stituent would exert a facilitating polar effect on both
Syl and Sy2 reactions, especlally so for Syl reactions.

The sharp contrast in the magnitude of the kinetic
effect on passing from any bimolecular substitution to
a strongly electron-demanding unimolecular type of sub-
stitution illustrates not only the different electrical
situations created in the two mechanisms, but also the
Importance of the electroﬁeric aspect of the polar effect
of alkyl and phenyl substituent groups.

V. Stereochemical Considerations

It has long been known that bimolecular reactions
always produce inversion of configuration (19). This
has been explained by asserting that the transition state
(I) leading to inversion must have much less internal




energy than the state corresponding to retention of

configuration, structure II. The reason for this is

R R
| N
) I T P
& Ve R ‘R Ny

that in structure I, the partisl bond binding X and Y
will have an'approximately planar surface of zero
electronic density (exactly plénar iIfX=7%) in which
the three bonds CRz can lie. This arrangement ensures
that the positive exchange energy between the altered
and the preserved bonds is a minimum. Structure II,
on the other hand, admits of no such stable arrangement.

The steric course of Syl reactions 1s less specific
as there can be either racemisation op sdmetimes_inversion
and at other times retention of configuration if there
is a configuration~holding group, such as the « -carbox-
yléte-ion group present (20). Whilst these other
stereochemical configurations do occur, the general rule
for Syl reéctions is the production of a racemised
product as a result of the free carbonium ion formed
in the rate determining step, when the attacking nmucleo-
phile can attack from any angle with the resulting forma-
tion of & racemic mixture.

However, és indicated, these general rules are not
always obeyed. For instance, when the life of the
carbonium ioh is very short then the expelled anion will

still be quite close to the carbonium ion and so exerts
' ' =15~




some influence on the direction of attack of the
nucleophlile, leading to inversion of configuration.

Great care, allied with other mechanistic informa-
tion, must therefore be taken In assigning mechanistic
categories based on. stereochemical effects.

VI. Effect of Salt Additions on Kinetic Form

The unimolecular mechenism has a typically somewhat
campléx kinetic form which does not necessarily reduce
to flrst order kinetics even for solvolytic reactions.
The reason for this 1s the reversibility of the initial
heterolysis in syl reactions as;:-

RC (% fi_:,cr _I(ig_(;_y ROH-f‘H'N"-rCI‘

As larger chloride fon concentrations are built up
by reaction (3) so reaction (2) gains in importance with
the result that the rate determining ionisation becomes
progressively.retarded by its reversibility, though
without necessitating any reversal of the overall re-
action. The rate then simply falls further and further
behind the first order rate as the reaction proceeds.

An analogous retardation effect is observed, if any
common-ion salts (i.e. salts having an identical anlon
with that of the alkyl compound) are added at the start
of the reaction. On the addition of a non-common ion
salt such as sodium azide, there is a similar retardation

of the hydrolysis, but the overall rate of destruction

~16~




of the reacting molecule is not diminished because of
the extra mode of attack on the carbonium ion by the

azlde ion.

L ——

H,0

g ROH + HY 4+ C1~

R-Cl‘(L)—‘R"WrCl‘%
(2) N~

(4)
RNz + Cl~

In accordance with the Law of Mass-Action thése salts
can therefore have no effect on the initial rate of
destruction of the solvalysing molecule. Superimposed
on these mass-law effects there is always an accelera-
tive electrostatic effect on the rate connected with
the ionic strength of the solution, the theory of which
is qualitatively analogous to that of solvent effects.
This ionic strength effect (which is shown by all
electrolytes) arises as a result of the stabilisation
of the ion-atmosphere of a polar specles such as the
transition state due to lon electrostatic interactions.

Sye reactions involve quite a different set of
circumstances because in the irreversible reactions bﬁ
this‘mechanism mass action can confer no kinetic effect
on either the produced chloride ion or on any added
common-ions.

HyO + R-C1 —— ROH + H* 4 C1°7

The addition of non-common ions can, however, sometimes

6ause an acceleration of rate due to the fact that an

o
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additional mode of attack on the moleculé is provided (20).
As is the case in lelsolvolysis, the ionic strength
effect again causés same acceleration of rate in Sy2
reactions. The additién.of a common-ion salt 1s thus

the only effect which serves to distinguish between

the Syl and Sy2 mechanlsms. Even so, this is not

always a good test of mechanism since as a result of the
mass-law and the lonic-strength effects working in
opposite directions for SNl reactions, the net: effect

is often ambiguous.

Methods reviewed here have all been well established
for a large number of SNl and extreme Sy2 solvolytic
reactions for which they are satisfactory methods.

Full détails may be found in extensive reviews by
Hughes (21) and Ingold (22).

TRANSITION BETWEEN THE SNl AND SNZ MECHANISMS

It 1s apparent from the previous discussion on the
effect of structural changes on mechanism that electron
donor substituents facilitate Syl reactions. Therefore,
1f we consider the Sy2 reaction of a given compound
then by'altering the substituents so as to give
increased electron donation to the reaction centre, it
would be expected that le reactions would be promoted.

This is well demonstrated by the alkaline hydro-

lysis of a series of alkyl bromides in which there is

-18-




gradually increased « -methyl substitution (23), i.e.
a series of increased capacity for electron release to
the reaction centre. It 1s found that the primary
alkyl bromides undergo Sy2 solvolysis, the rate for
ethyl being less than that for methyl. But as we
pass along the series to 1-PrBr and t-BuBr so strong
1s the kinetic effect of electron release on the Sy
mechanism that it causes a change in mechanism to le
substitution. From thls region of mechanistic change
there is a considerable increase in the rate when first
order kinetics are observed; the specific rate for
t-butyl bromide being some 50 times the specific rate
of the first member of the series, MeBr.

In a serlies of arylalkyl compounds where a phenyl
substituent progressively replaces a hydrogen atom on
the alkyl group, e.g. MeCl, PhCH,C1, Ph,CHCL, Ph,CC1
a similar change of mechanism is observed (24) in the
ethanolysis of these compounds. MeCl reacts by
mechanism Sy2 and benzyl chloride mainly by §y2, but
from this region onwards there is a change in mechanism
to Syl for chlorodiphenyl methane and chloro-triphenyl
methane. As & result of the greater effect of conjuga-
tive eleéctron release on the stability of the carbonium
ion, the phenyl substituent causes the onset of the
change in mechanism at an earlier stage than in the

case of the substituted alkyl serles previously mentioned.

The change in mechanism due to the effect of

-19-



increasiﬁg electron release has further been demonstra-
ted in the solvolysis in aqueous acetone of the p-sub-
stituted benzyl chlorides, p-NOy, p-H, p-Me and p-MeO
(25). From left to right this 1s a series of increas-
ing electron release towards the reaction centre. It
was found that the p-MeO compound solvolysed by mechan-
i1sam SNl’ whereas the behaviour of the other compounds
became increasingly like extreme Sy<2 reactions as the
electron-releasing power decreased. These results -
~are thus in accord with the postulate that increasing
electron accession to the reaction centre facilitates
the Syl mechanism.

It 1s generally accepted that there are the two
distinct mechanisms, Syl and Sy2, except for Swain (13)
who belleves there 1s only one mechaniam. This alter-
natlve mechanism 1is, according to Swain, a termolecular
"push-pull” mechenism in which one reagent pushes off
Ehe substi%uent ion by cationic solvation of, or
nucleophilic attack on, the carbon atom and another
reagent molecule pulls it off by solvating it. This
hypotheslis is not supported by the vast amount of
evidence which substantistes the Syl, SNZ concept;
whose kinetics and characteristics have been exten-.
sively studied and conditions for the operation of each
of the mechanisms to the exclusion of the other have

been obtained. ST




There 1s, however, less agreement on how the
transition from mechanism SN2 to mechanism le occurs.
Several different vlews have been expressed about the
nature of the reaction path in border-line reactions,.
l.e. In reactions which are almost, but not quite, SNl
in character. The different views will be discussed

in the following section.

Mechanlisms of Border-Line Reactions

In accordange with the scheme of Winstein, Grunwald
and Jones (26) it 1is convenient to regard the transition
state of Sﬁ reactions as the resonance hybrid of the

three canonical structures:-

Y R-Cl Y-R__Cl Y R Q
I 11 III

Thus, 1f the extreme form of the Sye mechanism is in
operation, only structures I and IT will make an
appreciable contribution to the transition state struc-
ture; whilst in the Syl mechanism only structures I
and III will make any appreciable contribution. If
I, II, and IIT all contribute to the structure of the
transition state, the reaction must be regarded as
bimolecular, by definition (27) since covalent parti-
cipation by the reagent Y is still an essential feature
of the activation process.

Winstein, Grunwald and Jones (26) have suggested

that Sy reactions must alwayé proceed via a single
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reactlon path as a consequence of the considerable
resonance ensrgy represented by these three canonical
structures. They consider that the importance of III
relative to II increases as the experimental conditions
(such as the structure of R or solvent composition)
increasingly favour reaction by the Syl mechanism. A
border-line reaction, therefors, occurs by mechanism
Sy2 in view of their postulate of a single intermediate
mechanism. These authors have also concluded that a
border-line reactlon does not occur by the concurrent
operation of a Syl process and a process involving the
extreme form of mechanism Sy2 (i.e. there is no con-
tribution from III). Bird, Hughes and Ingold (37),
while essentially agreeing with this conclusion, have
criticised the method by which 1t was derived. Bensley
and Kohnstam (28) have reported that the reaction of
benzyl chloride with 50% aq. acetone cannot be explained
in terms of a concurrenée of Syl and extreme Sy2 mechanisms.
» Other authors have suggested that a variety of
reaction paths may be available in the border-line region.
Bird, Hughes and Ingold (37) have suggested that thnere
is no sharp line of demarcation between the Syl and Sy2
mechanisms; and that "there must be degress of collabora-.
tion by the reagent in the process of expelling the sub-
stituent that i1s to be replaced." That is, the two

mechanisms are regarded as the exbremes of a graded range

where many molecules may react along paths which cannot
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be clearly classified as bslonging to either mechanism.
In terms of canonical structures they thus favour an
Intermediate mechanism involving various transition
states oscillating about some mean state and composed
of sﬁructuresI, IT and III in different proportions.
Crunden and Hudson (29) also accept this view of a
tcontinuous épectrum' of transition states, but on the
basis of experiments on the hydrolysis of acyl chlorides
they suggest that the 'spectrum' may be sufficiently
'broad! to allow simultaneous reaction by mechanism

SNQ (i;e. gome contribution from structure II) and
mechanism Syl. Gold (30) considers that the !Broad
spectrum! should be extended even further to include

the whole range of transition states from the extreme
form of the Sy2 mechanims to the Syl mechanism. On
this basis, Gold, Hilton and Jefferson (31) have reported
that the hydrolysis of benzoyi chloride can be explained
in terms of concurrent Syl and Syx2 processes.

So far, there is no unsmbiguous evidence that Sy
reactions can occur by simultaneous Syl and Sy2 processes.
Results indicating this type of behaviour in bromine
exchange with t-butyl bromide (32) are not confirmed
by more recent work (33) and the interpretation of the
simultaneous hydrolysis and ammonolysls of benzoyl chlo-
ride in such terms (31) appears to require further

examination as 1t hés been shown that at least part of
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the reaction does not involve an Sy mechanism (34).
| While various mechanismsfor the border-line region
have been proposed, none have been identified with any
certainty as the actual recognition of mechanism is
extremely difficult in the border-line region. The
'classical' tests of solvolytic mechanism (discussed

in the previous section) distinguish quite satisfactorily
between Syl and extreme SyR reactions, but in the border-
line region these methods are quite insufficient. For
instance if one considers a reaction in the border-line
region involving a single transition state intermediate
between the extremes there will be a large contribution
by canonical structure III, but also some contribution
by II. The stability of the transition state will,
therefore, be largely controlled by factors affecting
structure III and so it is then feasible that an Sy2 re-
action will behave more like an Syl reaction with, for
instance, variation in solvent composition, than an
extreme Sy2 reaction.

The question tﬁus poses itself, how does one determine
mechanism in the border-line region? Winstein, Grunwald
and Jones (26) have tried to distinguish between inter-
mediate me;hanisms and concurrent Syl and Sy2 mechanisms
by making a systematic study of the solvent effect on
reactivity. They suggésted that it was possible to
arrange solvents on a scale of reactivity for Syl and
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extreme Sy2 mechanisms and to give a quantitative
Index to the reactivity for each solvent for each of
the two mechanlsms. They showed that for many alkyl
halides therse was a linear relation between the free
energy'of activation A4 G* of R-Hal and aG*¥ for t-butyl
chloride in the same solvent.

4G %/ g1 =m.8G% pioy  + constant
They further defined two mechanistic categories LIM
and N, roughly corresponding to Syl and SN2, and con-
sidered that when R-Hal solvolysed by the LIM mechanism,
m=1, and when by mechanism N m= 0.3. As a result they
showed that the rate of a reaction expected to be a
border-line case, did not correspond to the rate predicted
from solvent reactivities if the reaction were the sum
of two concurrent mechanisms and therefore. concluded that
the reactions must proceed by an intermediate mechanism.
Thelr conclusions have siﬁce been thrown into some doubt
as Bird, Hughes and Ingold (37) have criticised their
expérimental technique and because the validity of the
free energy relationship does not always hold as the
plot 1s not linear for compounds solvolysing by the N
mechanism. Additional limitations on the validity of
the linear free energy relatlonship for the quantitative
interpretation of solvolysis rates have been recently
discussed by Winsteln, Fainberg and Grunwald (35).
However, even if such a relationship were valid, it would
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not serve to fix the point of mechanistic change between
Syl and Sy2 as the relatlionship would merely show the
general trend in the mechanistic change.

The other mechanistic tests for interpreting the
border-line reactions are all open to objections. These
will now be briefly discussed. The objections to the
‘use of changing substituents as a test are the same as
in the case of solvent compositional changes, in that
the stability of structure IIT is largely controlled
by these factors, as it is in Syl reactions. The
stereochemical evidence is not always unambiguous as
some Syl reactions show inversion of configuration; which
they dlways do when the carbonium ion has a very short
lifetime (i.e. unstable) as there is then shielding by
the leaving group. This point was discussed more fully
on p. 1l6. Finally, the mass-law effect does not always
show up in Syl reactions where there is an unstable
carbonium lon, for then the solvation shell collapses
with the formation of the alcohol before the carbonium
ion has completely freed itself from its bound anion.
Thus the effect of any added common-ions would not be
observed because the carbonium ion is being destroyed too
rapidly to participate in the equilibrium between these
ions. S0, whilst no mass-law effect would be obsefved,
which 1is characteristic of Sy2 reactions, the reaction
would in fact still be Syl if there were no covalent
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bonding of the attacking nucleophile in the activated

complex.

Mechanistic test based on the temperature dependence
of the Arrhenius parameters

A new test of mechanism based on the temperature
dependence of the Arrhenius paraemeters has been tenta-
tively proposed by Bensley and Kohnstam (28). Eyring's
absolute rate equation leads to the conclusion that the
temperature coefficient of activation energy d&/dT is
related to the heat capacity of activation ACp*, which
represents the difference in the heat capacities of the
initial and final activated states. Tt is assumed that
this difference arises from an increase in solvation as
the reacting system passes into the more polar transition
state. Full detalls will be given in Chapter IT.

ACp* can, therefore, be taken as a measure of the solvation
of the transition state relative to the initial state.

The entropy of activationa S* i1s also mainly controlled
by this increase in solvation in SNl reactions. There

is, however, a positive contribution to & S* as a result

of bond stretching in the alkyl halids. This contribution

1s 1likely to be very small and, therefore, is negligible
compared with the negative contribution to A S *as a result

of solvation; a conclusion which has already been suggest-
ed by Evans and Heman (36). Thus to a first approximation,
8S8* for Syl reactions can be taken as a measure of the

solvation of the tran8ition state relative to the initial
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state. It would, therefore, seem that AS* and 4Cp¥ in
the Syl solvolysis of alkyl chlorides are measuring the
seme phenomenon.  Conseguently, 8C.%*/AS* ought to be a
constant, independent of substrate and only dependent

on temperature and solvent composition. It is reasonable
to suppose that the chanpge in -heat capacity of a solvent
molecule is very much the same when it forms a partial
covalent bond in Sy2 reaétions as wheﬁ it helps to solvate
an incipient ifon. On the other hand, the increased
order brought about by the formation of this covalent
bond 1s 1likely to lower the entropy of a solvent molecule
more than when it acts merely as a solvating agent.

There will thus be an additional negative contribution

to AS#1in Sy2 solvolysis, whereas there is no such contri-
bution in Syl reactioﬁs. Assuming, therefore, that there
is very little change in ACp*, the ratio & Cp*/ss* for
Sye solvolysis could reasonably be expected to have a
lower value than would an Syl reaction in the same solvent
and at the same temperature.

At the commencement of this study the constancy of
the 8Gf/as* ratio for Syl reactions had not been fully
establiéhed, but as a result of a parallel investigation
(25) the hypothesis of constant acf/as¥ ratio seems to
be quite justified. The present study was concerned
with determining the 8Gf/aS* ratio for a series of recog-
nised Sy2 reactions proceeding by the extreme form of
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this mechanism. The compounds chosen were the primary
alkyl bromides; ethyl, propyl and butyl bromides, and

the solvent chosen was 50% aqueous acetone as this was

the solvent used for the énl reactions already studied
from this point of view. It should be noted that strictly
for pﬁrposes of comparison with thezsquas* ratios for

the Syl chlorides this work should be carried out on Sy2
chlorides. The primary alkyl chlorides are unfortunately
all extremely volatile and, therefore, difficult to study
under constant conditions, not very soluble in 50% aqueous
acetone and furthermore their reaction rates in tﬂis solvent
wduld be very slow. Consequently any rate data derived
from ﬁhese compounds would probably be insufficiently
accurate for the determination of the Arrhenius parameters
and hence the 8G¥/as% ratio.

Before discussing the results it 1s necessary to
consider the reasons which led to the identification of
ACp* as a measure of the Increase in solvation on passing
from the initial to the transition state of the reaction
and also to discuss me%hods by which this parameter can
be derived from the experimental results. These points

will be fully discussed in the following chapter.



- CHAPTER ITI

The Temperature Dependence of the Arrhenius Parameters.

The refinement of the rate-temperature relation
for kinetic data 1s essential for the long term develop-
ment of a quantitative theory of reaction mechanism.

A more Immediate galn would be to provide a parsmeter
which could be Interpreted in a thermodynamic sense and
could provide the means for obtalning a quantitative
measure of the factors involved in solvation processes
for reactions in solution; as opposed to the doubtful
empirical method of using mixed solvent systems.

Derivation of the temperature dependent parameters.

The purely empirical Arrhenius equation which
describes the varliation of the rate of a reaction with
temperature (38) defines the activation energy, E, in
terms of the differential equation.

E — RT2 d lnk oo.ooooono.o'.(l)
daT

This relationship was firmmly established when the
collision theory of reactions was found to lead to the
seme result. The activation energy has usually been
assumed to be constant and, therefore, the above equation
i3 more often used in 1ts integrated form.

k = B = E/pp N €3




E 1s defined as the energy requird to raise one mole of
the reacting species into the activated state. The
parameter B which arises as a constant of integration
(the non-sxponential term) can be identified with the
frequency factor 'In(PZ) of the collision theory which
predicts k¥ = PZe_E/R? (39) where Z is the collision
number and P the steric factor. B can thus be con-
sidered to represent the probabilify of attaining the
transition state. Most chemical reactions investi-
gated have been found to obey the Arrhenius relationship,
though in the past Trautz (40), La Mer (41), Scheffer
and Brandsma (42) have stressed on theoretical grounds
that E should vary with temperature.

The same conclusion arises from Eyring!s absolute
rate equation (43); a theoretical rate equation which
is now universaliy accepted. This equation was derived
assuming the reactants to be in equilibrlum with the
activated complex and then treating-this equation by
normal thermodynamic methods on the further assumption
that the activated complex be treated as a normal moleculs,
except that translational motion along the reactlon co-
ordinates woﬁld lead to decomposition. As a result the

following equation was derived:

Tk =In(ET) + as®. 2B (3
(Fy) R RT

0S%# 1s the entropy of activation, and throughout this

study refers to the quantity calculated from the observed
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first order constants. This corresponds to defining
the standard state of the reactant as its state in the
solvent under consideration. a Hiis the enthalpy or
heat of activation.
For reactions 1n condensed systems,

AH# = AT#
where AU¥ is the increase in internal energy for the
activation process.

Hence on differentiation of (3) with respect to T

d(1ln k) = AH% 4+ RT
-dT RTS

which on comparison with the Arrhenius equation (1)
shows that

E = aAH¥* 4 RT I €3
Since AH¥ 1s a normal enthalpy change Kirchoff's Law

applies then d(E) = aCp# + R ceenees(5)
ar

where aCp# 1s the heat capaclty of activation and repre-
sents the dlfference in heat capacity between the initial
and transition states. Thus the temperature dependence
of E arises from a difference in heat capacity and E
wlll vary with temperature unless ACp# is zero.

Observation of dE/AT

In general, the initial and activated states are
unlikely'to have the same heat capacity and, therefore,
1t would be expected that E should vary with temperature.
Howsver, E 1s more often than not reported as being
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constent. There are two main reasons for the lack of
observation of d?]@T
(1) The activation energles of most solvolytic reactions
1ie in the range 10 - 30 K cals and so 1t becomes rather
difficult to observe dE/AT values which are very much
smaller than E itself. The value of dE/dT is generally
in the range 10 - 70 cals/9, while values of E have often
been quoted as being only reliable to 0.5 K cal. Con-
siderable accuracy in the rate measurements is required
to prbduce reliable values'of E, such that the experimental
errors are small enough to allow a variation of E to be
detected. For example, standard deviations of 0.441%
and 0.287% in the final mean rate coefficients of n-PrBr
(Tabie II;‘Ch.III) at 80°C and 90°C respectively, lead
to a sténdard deviation in E(21.074K cals.) of 3 135 cals.
as calculated by the method of Purlee, Taft and de Fazio
(44). Errors'of'this-0rdbr~of'magnitude'in the megsuralrate
constants over a 40° temperature range thus lead to an
error in dE/AT (-21.4 cals/®)of 3 6 calg/® It should
be noted that such experiments should be carried out over
as wide a temperature range as possible in order to ob-
serve dE/AT values of the above order of magnitude. In
view of the accuracy required, it is hardly surprising
that this effect has been missed when rate cocefficilents
have been wariously quoted as being from only i to 3% re-
liable. h
-33-




(11) Another reason why the non-observation of dE/dT

is so common is that very often activation energies

have been determined by plotting a graph of log k against
1/@; the slope of which gives E according to equation
(2). Such plots have usually been regarded as perfectly
linear, when in fact there could be a slight curvature
(see fig. 1). As the deviations from linearity are so
small they may either not have been observed or not have
been considered significant in view of experimental
inaccuracies.

Tempersature dépendent values of E have been reported
from time to time but many of these claims do not stand
up to detalled analysis. However, unambiguous evidence
observed in the last decade is now available. This
confirms that E does in fact decrease with increasing
temperature for solvolytlc reactions in which the transi-
tion state 1s more polar than the initial state.

The first genuine observation of a negative tempera-
ture coefficient of E for solvolytic reactions was observe
in 1938 by Moelwyn-Hughes (45) in the hydrolysis of the
methyl halides when a value for dE/4T of =64 cals/was
reported. Thilst there is no doubt that his observation
of dE/dT is correct, 1t would seem that his value for
dE/dTvis rather high. This probably arises from the
experimental inaccuracy and the calculation of activation

energlies outside his experimental range by means of a



rather dublious extrapolation. In the last decade more
accurate data have been reported. In the substituted
aryl sulphonates Roberﬁson and co~-workers (46) have found
that dE/AT is of the order =25 to =35 caly®  Tommila,
Tiilikainen and Voipio (47) have reported an average
dE/dT of -60 cals/Ofor t-butyl chloride in various acetone-
water mixtures and predicted that dE/dT for ethyl bromide
should be about -18 caly/Owhich is less than their ex-
perimental error. Bensley and Kohnstam (48) have also
observed negative dE/dT values in the solvolyses of
benzyl chloride and substituted benzyl chlorides when
dE/dT varies between =19 and -44 calg/®in 50% aq.acetone
and between -29 and =71 calg/Cin 50% aq.ethaﬁol.

It should be noted in passing that positive &E/4T
valueé have been reported in reactions where reactants
with opposite electrical charges yield a less polar
transition state. Most of the studies showing this
phenomenon are concerned with reactions between ammonium
and cyanate ions (49) and it 1s now thought highly likely ‘
that the rate-detérmining step involves a moleculer rather
than an lonlic mechanism (50). The net result of this
1s that the activation energy of'the process is a composite
quantity which involves the temperature dependent parameter
o H® for reactions such as:-

NE; + NGO — NHg +  HNCO
Further critical detalls of the phenomenon can be obtained
“35-




from the literature, e.g. Kemp and Kohnstam (50) and

Frost and Pearson (51).
Heat capactites of initial and activated states.

-It has been shown that if we accept the assumptions
made in Eyring's Rate Equation, then the variastion in
E with T 1is related to the difference in heat capacities
of the initial and activated states. It 1s, therefore,
necessary to cbnsider the reasons for~this difference
in heat capacity.

The well authenticated cases of temperaturse dependent
activation energies (see previous section) all involve
the creation of partial electrical charges on passage
of the reactants into the transition state. As has
already been mentioned (Ch. I, p.9 ) the essentisl
feature of reactions of this type 1is that solvafion of
the polar species reducés the activation energy to
accessible values. It 1is, therefore, reasonable to
postulate that thers will be an increase in solvation
as the reactants pass into the transition state.

Solvation of the transition state.

There are two kinds of solvation, primary and
secondary (47). In pfimary solvation the forces involved
are essentially chemical forces binding the solvent mole-
cules finmlj to the solute. In secondary solvation the
binding of the solvent molecules is due to electrostatic
interaction between charges. As a result of the pseudo~




dipoles formed the effect tends to orientate solvent
molecules successively from the seat of substitution
into the bulk of the solvent though with rapidly
dimiﬁishing effect.

Thus, when a solvent molecule solvates a charged
body,'the binding forces cause loss of rotational
degrees of freedom; the orientated molecules will then
be less free to move than those in the bulk of the
solvent. These orientated molecules are, therefors,
less able to absorb heat and so their heat capacity
and entropy will decrease, e.g. ACp for the conversion
of water to ice 1s =9 cal/C. This 'freezing-out' of
solvent molecules in the immediate neighbourhood of
charged partiéles has been stated to account for the
negative partial molar heat capacities of electrolytes
(52) and the negative heat capacity of ionisation of
wesk acids (53), (54). Whilst these considerations
apply to fully developed ions in solution, it 1is quite
reasonable to expect similar considerations to apply:

" to the formation of partial ions or charges in solution.
On this view, the transition state of an Sy reaction
is, therefore, expected to have a lower heat capacity
than the 1initial state due to the extra solvation of
the partial charges created in the transition state,
i.e. 0 Cp* should be negative.

Negative o Cp# values have besn observed for a
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number of reactions in which the transition state is
‘more polar than the initlal reactants. In the hydrol-
ysis of acetic anhydride in water and agueous acetons,

A 6p % varies between -85 and -55 cal, depending on the
solvent'cqmposition (55); 1ts value for the solvolysis
of l-methallyl chloride in 50% aq. ethanol is about
-60 (56), ebout =40 for the hydrolysis of diphenyl-
chloromethane in aqueous acetone (57), -45 for the hydrol-
ysis of methyl nitrate in water (58) and about -66 for
the hydrolysis of the methyl halides alsc in water (4),
though in a later investigation over the seme tempera-
ture range, 4&Cp* was found to increase with increasing
temperature, finally attaining positive values (13).
‘Values of A Cp# for the solvolysls of the « -chloro |
substituted benzyl chlorides and benzyl chloride itself
were found to lie in the range -21 to -46 cals, in 50%
aq. acetone, and between -31 and =73 cals in 50% aq. '
ethanol (59). Robertson and co-workers (60) (él) have
quoted a large number of values for A Cp# in an exten-
sive investigation on the hydrolysis of aryl sulphonic
esters.

The postulate that negative A Cp# values arise
from solvation of the transition state relatively to
the initial state of the reactants is glven support by
other'evidence:-

(1) Salts in aqueous solution are known to have negative
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partial molar heat capacities (52) due to solva-

tlon of the lonic specles and
(1ii) the heats of electrolytic dissociation of weak

aclds have negative temperature coefficients (53),

(54), again due to the exlstence of charged bodies

in the final but not in the initial state of the

system. The common factor in these studies and
in Sy reactions, is the existence of charged species
in solution and hence the conclusions reached by

Everett and WynneJones (53), Everett and Coulson (54)

and Randall and Rossini (52) should be applicable

to Sy reactions with respect to solvation of the
transition state.

Thus, 1t seems fully justified, that the concept
of gréater solvation of the transition state relatively
to the initial state 1s the cause of negative a Cp#*
values. This explanation has been postulated on a
number of occasions. Robertson (60) is of the opinion
that solvation of the transition étate is the principal
factor controlling & Cp%#, because the change in
activation energy of -13 cal/® for ionogenic reactions
due to the temperature dependence of dielectric constant
will not account for the large values of A Cp% (see
following section for fuller discussion) nor will it
account for the differences in A Cp* for different
compoundé. In view of the large differences in A Cp¥*
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for different sulphonic esters and other compounds, he
postulates that it seems probable that specific solva-
tion of the anionic part of molecules may be very
important in determining the value of ACp¥  Robert-
son accounts for these differences by assuming that

A Cp* will be relatively smaller for those compounds
in which the dipole-dipole interactions in the initial
states are only slightly weaker than the interactions
in the transition states. Thus, the sulphonic acid
group 1s expected to have a relatively small valus of

A Cp# because of the intense solvent interaction in .
the initial state due to the great solubility of this
g‘roup in water. The change in heat capacity will,
therefore, be smaller on passing to the transition
staﬁe as compared with, for example, the methyl halides
in which solvent int‘eraction in the initial state is
relatively small. This would also account for the
lower value of & Cp¥ for the hydrolysis of methyl
nitrate than for the methyl halides reported by McKiniey-
McKee and Moelwyn-Hughes (58).

. The values of A Cp* for the methyl halides are
all the same in splite of very different bond strengths.
This led Glew and Moelwyn-Hughes (62) to conclude that
A Cp¥ is related to specific differences in the solva-
tion of thé reacting molecule. They accounted for the

A Cp# values being the same because they calculated
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that six water molecules were 'frozen' to the transi-
tion state. Tommila, Tiilikainen and Voipio (47),
Caldin, Long and Trowsse (65)-and Bénsley and Kohnstam
(48) have all explalned A Cp%* in terms of the greater
solvation of the transition state compéred with the
solvation in the initial state.

It is worth noting that the relative difference
in solvation between the initial and transition state
over a sixty degree range of temperature remains very
much the same for a serles of compounds. This 1is
concluded from the observed constancy of the kHzo/kDgo
ratio for a series of substituted benzene sulphonates
and substituted benzyl bromides (61).

Dielectric Constant Theory

An alternative theory developed by Amis and
La Mer (64) and Warner and co-workers (65) to account
for thevtemperature coefficlent of activation energy
is based on the fact that the forces between charged
bodies in solution depend on the dielectric constant
of the medium. This electrostatic approach based on
the Born relation; treats the solvént as a continuous
dielectric having the macroscopic dielectric constant
D and that there is a contribution Ep to E due to
electrostatic effects in such a system. For all known
solvents D decreases with Increasing tempefature, 80

that ED aﬁd hence E, can be expected to be temperature-
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dependent, l.e. dE/AT does not equal zero. Details

of the mathematicai derivation of dE/dT by thils approach
have been given by Amis and La Mer (64) and Warner (55)
assuming Kirkwood's (66) equation.

However, 1t seems most unlikely that a bulk prop-
erty such as the dielectric constantaof a mixed solvent
should control the very short range forces which act
between partial charges in the transition state.

The dilstances over which these forces act are so small
as to preclude the entrance of any one molecule, let
alone several, between the charged particles. It is,
therefore, extremely probable that the dielectric con-
stant iIn thls region is very small and independent of
the components which constitute the activated complex.
For example, Eyring and Ri (67) assumed D = 1 in the
reglon between the partial charges for the nitration of
substituted benzenes in polar solvents and obtained
good results. Even if this is not the case, the com-
position of the activated complex and the solvent in
its immediate viclnity will be different from the
composition of the bulk of the solvent and hence the
dielectric constant will not be the same. The work
of Hasted, Ritson and Collie (68) is in agreement with
this. These workers observed a decrease in the di-
electric constant of ionic solutions with increasing
salt concentration and found their results consistent
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with the assumption of negative dielectric constants

in the immediate vicinity of the ions. A further
compelling objection to this approach is that the pre-
dictions are inconsistent with the experimental evidence,
e.8. in a study of the ionisation of triphenylmethyl
chlorides (69) and the rate of ionisafion of tertiary-
butyl'chlbfide (70) in widely differing solvents the
behaviour of these compounds did not vary with D in the
predicted manner. Enthalpies and entropies of activa-
}tion derived from Kirkwood's equation have been compared
by Caldin and Peacock (71) with the experimental values
for a number of bimolecular reactions which involve an
increase in polarity on Passage into the transition
state. Here too the predictions of the theory are not
conflirmed by the experimental evidence. Furthemmors,
this approach 1s insufficient to account for the negative
partial.molar heat capacities of electrolytes (53).

Iﬁ view of these objections it is considered most
unlikely that the dielectric constant effect is respons-
ible for the relativelj large values of the temperature
coefficient of activation energy in Sy reactions.

Extension of the Collision Theory

Moelwyn-Hughes (45) has assumed that in reactions
in solution the partial molar enthalpy of the activated
complex OH%* is a constant, independent of temperature

and having the maximum value which molscules can possess
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in solution. Consequently, he regarded the transition
state as having zero heat capacity and, therefore
ACp*# is equal to -Cp® of the iniltial state. If H

1s the partial molar heat content of the initial statse,

then,
EA = AH#% - H
and, therefore, dEy) = -am
—EE— aT

He therefore accounts for a negative dE/dT as being due
to a variation of H with temperature. There seems to
be no justification in his assumption that A H¥ ig
constant. It would be reasonable to suppose that the
energy contained in the breaking bond is at its limit-
ing value, but as the temperature rises, the energy
distributed amongst the various degrees of freedom in
the rest of the molecule must surely increass. Another
objection to this approach is that it is in contradic-~
tion to the assumptions of Transition State Theory which
treats the activated complex as a normal molecule with
one degree of vibrational freedom missing. Furthemors,
it is very difficult to visualise why the heat capacity
of ;uch a molecule should differ greatly from a molecule
in the initial state as this approach does not take Into
account soivation; an essential feature of the activa-
tion process. A final objection to this approach is
that 1t 1s hard to conceive why the partial molar
enthalpy of the methylvhalides in water should rise,
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maximise and then fall as he has observed. An even
more remarkable fact is that the partial molar enthalpies
of all the methyl halides examined maximised at about
the same témperature, though ﬁhis might be due to faulty
data.

In conclusion it may be stated that it is more
reasonable to assume that A Cp* arises from the addi-
tional solvation of the transition state (as previously
mentioned p.3d ) than the other factors discussed. It
should be mentioned that this explanation only applies
if the transition state structure is independent of
temperature which, to a first approximation, is quite a
reasonable assumption.

Experimental Deteruination of the Arrhenius Parameters (72)

(1) Activation Energy

~ Experimental activation energies Eopg for the
temperature range T; - To are usually calculated on the
basis of equation (2) which assumes E to be constant.
Hence from a knowledge of the rate constants ky and ko,
at the absolute. temperatures Ty and Ty, Eypg is given

by:-

R T4T I
Bopg = —m2o - (ﬁ) ........ .(6)
Tg-T ko

It is now necessary to establish the temperature to

which Egpg calculated from equation (6) refers.
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It is assumed that E,pg varies linearly with
témperature, which 1s reasonable since the experimental
accuracy does not allow a better relation between E and

T. Then over the temperature range Ty - To we can

write:-

E(r) = B(py) + c(T - T7) ettt (7)
where C 1s a constant and T lies between T and To.
Therefore,

B(r) By C O3 a(lmk)

R’2  m2 Rt R® a4t

which on integration between the limits Tj, k) and Tp,

ko gives:

E , 7 = :
(Ta) " a1, C . 1n(2g) . C.Ti.aT _ ln(kg)

therefore, E,pg = E(Tl)' - C.7y + C. In (Tz). Ty -To

From equation (7)

_ To-Tp
Eng + Tz} = Bry) * ° ['—2_]

5
(N.B. E(T1,+ T means E at the temperature T, + Ty)
' {r—————- 2
2
Therefore, T T
T
_ - 2) . 1772 1
Bopg = (T + Tg) * C. In Tl> st & T2




2) o, AT
which on writing 1n T in the form In- |1 :+ —TI
1 ' -

can be expanded as a power series if -1 <T£l \< 1
1

ln[l-l-ﬂ = AT—(AT)2+(AT)2 etc.
T1 T1 2T12 3113

Typical values of AT and T, are 10 and 300°K respectively.
Hence the first three termms of the above series are

0.0333, -0.00056, and +0.00001; it is, therefore, only .

necessary to consider the first two terms. It follows
that
2
E = E -¢c. (aT)*
obs ‘ ng +.T2} 2T,
2

A typical value of C is 50 cals/mole.deg., so C.{8T)%
| Ty

is of the order 10 cals and, therefore, is negligible
with respect to activafion energies of the order
20,000 cals.
Thus Eops. = E(Tl + Ty)
2

E determined in this way varies linearly with temperature
over the experimental range within the limits of
experimental error, so that the initial assumption that
E varies linearly with temperature between T; and T2
was justified. Eopg can thus be identified with the
true Arrhenius activation energy at the mean temperature
of the interval for which it was calculated.

The activation energles in this study were,
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therefore, obtained by performing experiments at
different temperatures and E was determined as a function
of temperature by using the rates at adjacent 10°
intervals. dE/dT was obtained from the "best" straight
line E against T; hence ACp* from the equation

ACp* = dE/4T - R
(1i) B Factor
| The true Arrhenius B factor is defined by the
equation |

Ink =B - _E_ N ¢-) |
R.T

where E refers to the temgerature T.

Differentiation of this equation leads to

%% = g% (rr)-1 ceiesaeea. (8)
~8ince | E = Rr2 Q%%E .......... (1)

which means that B is also temperature dependent.
The experimental B factor in the temperature
range T; - Ty is given.by:-

Bobs = 1n k(p) + Egpg Ceeeaeeas . (9)
RTy

and the temperature coefficlent of B when E varies
linearly with temperature is _C_ from equation (8).
It is agaln necessary to estagigsh the temperature'to
which Byphg calculated from equation (9) refers.

It follows that
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Ty + T
B(Tl + TZ) - B(Tl) = % . ln{___é__gJ .......... {10)

(T2 )
Since it has been shown that Eops = Eng + T2§
2

1t follows that Bops = In ky + Eqp, T2§ . L
RT

2
=lnkl+E(T)+C', TZ-TI
o —1°  R.T 2
R.Ty
To = T
= B + . 2 1
(T,) " g7 )

From equation (10) it follows that

C TZ-TI—Q.
2

Bobs = B(ry 4 Tzi TR

’ 2

[TZ'TI i1 -T2 T
2T, 2Ty

o

=B
(T) + TQ} *
2

- which on expanding and taking the first two terms, leads

to
B = B + & are
obs (T + 1o —
T2 ) 871

4 typical value of B 18 25 and if C, AT, and T

taken as before

2
¢ - B8T7 _ o.0035
8T12

and is, therefore, negligible.
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Thus, Bopg m&Y be identified with B, , Tz}’ i.e. the
2

experimentally determined B factor is equal to the true

Arrhenius B factor ut the mean temperature of the

- Interval for which it was calculated.

(1ii) Entropy of Activation

On consideration of the equations

In k(p) = In(kT) + asg* - amEx ....... oo (3)
(h) R RT
and
E = AH* + RT teteseenns (4)

it follows that:-

Ink(p) = In (kT) + 1+ as* - E
\ (h) . 7R R

which on comparison with equation (2) shows that

B = 1+ 1n (KT) + as*®
' (A7) R

where B and AS* refer toAtemperature T, and, therefore,

AS* may be calculated from a knowledge of B. It is,
however, more convenient to have a S*obs at the same
temperature as Egpg- Since equation (9) leads to the

identification of Bobs with B at temperature Ty + Ty,
) 2
it follows that as O S* is calculated from Bypg, 1t,

too must correspond to the mean temperature of the
interval.

i.e. as* at T; + Ty is given by:-
2
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— k V1
Bobs = 14+ 1In2

The experimental determination of the rate
coefficients at various temperatures, therefore, enables
the Arrhenius parameters to be calculated. These
parameters all refer to the mean temperature of the

interval for which they were calculated.
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CHAPTER III

The Solvolysls of Primary Alkyl Bromides

Results and Discussion

I. Procedure

The rates of reaction of EtBr, ﬁ - PrBr and n-BuBr
with 50% aqueous acetone were each studied at five different
temperaéures using the sealed ampoule technique. The
reactlons were followsd by observing the development of
acidlty in the solutions and all runs were carried out in
duplicats. First-order rate coefficients, energles, entro-
ples and heat capacities are given in Tableé I, IT end
ITI, where the standard errors in these parameters are
also reported. Full details of the experimental procedures
and methods émpioyed in the calculation of the results
are given 1n the experimental section (Ch. IV).

Before the results can be discussed, it is necessary
to establish that the measured rate coefficients refer
to the rate of hydrolysis of the alkyl bromides since the
compounds 1lnvestigated could also yield olefines under
the experimental conditions used. If this were fhe case,
the observed first order rate constants would represent

the combined rates of hydrolysis and olefine formation.

It 1s unlikely that these two processes will have the same
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activation energy and the concurrent hydrolysis and olefine
formation will, therefore, not yield the activation para-
meters for the hydrolysis. Moreover, there would be g
positive contribution to dEypg/dT * which would, therefore,
invalidate any arguments based on the observed value of
thls parameter.

Olefine formation is usually small when an alkyl
halide reacts with water in the absence of any alkali (73).
A determination of the olefine formed in the hydrolysis
of n~propyl and n-butyl bromide under the conditions of
this investigation showed that the resction was 100%
hydrolysis within the limits of experimental error.h
Vapour phase chromatographic- analysis of the reaction pro-
ducts from a much more concentrated solution of n -,PrBr
than employed in the kinetic runs also failed to detect
gny propylene. (Detalls are given on p.74). Other

experiments showed that the hydrolysis went to completion

* If the observed rate coefficient, k, results from the
concurrent operation of two separate processes having k3

and kg and activation energies Ej and Eo respectively,

then K = k1 4+ ko

end Eopg = Rr® dlnk - kB3 4, kgEs
s Kl + kg

Hence dEobg/dT = (E1 - E2)°, kike

when E
(K1 + k2)2 RTz 1l and E2 ars

assumed to be independent of temperature.
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as thére was no detectable reaction between HBr and
EtOH, = PrOH or BuOH over beriods of time considerably
longer than used for the'raté measurements (see p.77 ).
It can, therefore, be concluded that the observed first
order rate constants refer to the hydrolysis of the alkyl
bromides and, therefore, the observed activation energy
is the activation energy of the hydrolysils.

Results

(1) EtBr in 50% aq.acetone

obs(Kcal)
90 & x 104(min”?) +¢(E)(cal) Eoqlc® =S¥ cal/deg)
50.05 1.118
54.98 2207 + 144 22,07 18.65
59.91 3.091
64.98 21.76 + 103  21.74 19.64
70.06 8.171
75.03 21.42 + 268  21.42 20.70
80.00 19.78
85.00 21,09 + 388 21.09 21.69
90.00 45.24

' ' . .4
dE = -32.8 4+ 0.64(i) or + 1l.4(ii)

ar
AS¥(500) = -18.13
ACp * = =34.8 + 0.64 or + 11.4
AC %
—== at 500 = 1.92
ASE

was obtalned from the 'best! straight line, Eobs
aga%ns% T.s(dE/AdT) was obtained by two methods, (i) 'slope!
method and (1i) from o(B); see p.74 for details.
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(1) n - PrBr in 50% ag.acetonse

~AS { cal/deg)

21.11

22.01

22.30

23.27

6.2

or + 6.2

:AS'(cal/deg)

21.02

22.29

22.85

24.13

Eobs(Kcal)
T0¢ k x 10%(min=1) 4.(g)(cal) Ega1o®
50.02 0.5374
54.82 21.76 + 146 21.74
59.63 1.429
64.73 21.48 + 129 21.53
69.89 3.758
74.95 21.39 + 146 21.31
80.06 9.318
85.03 21.07 + 135 21.10
90.00  21.18
%Ef = -21.4 + 3.0 or i
A 8*(500) = -20.79
X = =23.4 + 3.0
.%.gg_*(sow = 1.13
(111) .
Eobs(Kcal)
7°¢ k x 10%(min"1) +s(E)cal) Ecalc
50.02 0.4625
54.82 21.87 3 115 21.85
59. 63 1.236
64.73 21.47 + 119 21.54 .
69.89 3.249
74.95 21.30 3 142 21,22
80.06 8.022
85.03 20.87 4 156  20.90
90.00  18.10
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(ii1) contirmued.

dE .

daT = -31.4 + 3.62 or + 6.05
45%(50°) = -20. 60
ACpfé = =33.4 + 3.62 or 4 6.05
4 Gp* = 1.62
AS %

IXI. Discussion of Results
(1) Accuracy

The least accurate results in this investigation are

those of EtBr; in all probability due to its relatively
high volatility. It would be instructive to consider
what effect the volatility of a compoind such as MeBr or'
EtBr has on the accuracy of rate measurements. |

The observed rate constsnt is given by the equation

t a - x

where 'a' 1s the initial concentration of the halide
determined from infinity readings and x is the concentration
of acld produced at time t. In the early stages of the

reaction x ((a and this equation can then be expressed in

the form
kp = 1 . x
t a

If the halide is volatile some of it will be in the
vapour phase at the beginning of the resction and the. true
initial concentration will, therefore, be al, { a, where a
i1s determined from the infinity titres when sll of the

halide will have gone back into solution. The true initial
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rate constant will then be given by the equation

It should be noted that this equation is only.applic-
able to the early stages of the reaction though the
underlying principle applies throughout the reaction.
The observed rate constant k; will thus be smal ler
than the true value kll, the relation between them
being given by
k) = k;(al/a)

The larger the fraction Air Space/Liquid Volume, the
smaller will be the ratio al/a, which means that the
observed rate constant will decrease with increasing
air‘space. Furthermore, even i1f the air space is
kept constantkfhe observed rates will be slightly smaller
than the true rate and this discrepancy will become more
pronounced the higher the temperature, i.e. there will
be an extra negative increment to dE/dT. Consequently,
even if the reaction (i.e. the kll values) obeys the
Arrhenius equation the observed results (kl).will
indicate an apparent decrease of E with increasing
temperature.

In this investigation of the solvolysis of EtBr
the alr space was kept as small as possible (see p.70
to try to minimise such an effect. Even so, the air
space could not be maintained absolutely constant and,

therefore, the amount of EtBr in the vapour phase
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could vary. This effect would increase with increas-
iﬁg temperature and would be expected to be reflected
in the accuracy of the rate constants and the magni-
tude of dE/dT. This decrease in accuracy with tempera-
ture was 1in fact observed and could account for the
high value of ACp */ AS™ for this compound as a result
of a slightly spurious dE/AT value. It should be noted
that the experimental values of E are very close to

the calculated values from the 'best' straight line.
This must be regarded as purely fortﬁitous in view of
the large experimental errors in the individual activa-
tion energles.

In the case of the relatively involatile propyl
and butyl bromides the effect of the free space above
the solution should have negligible effect on the rates
and, therefore, no speclial precautions were taken to
ensure a constant Air Space/Liquid Volume ratio. This
assumption would seem to be borne out by the accuracy
of the observed rate coefficients.

(ii) Comparison with Previous Work in sq% Ag.Acetone

It is only possible to compare the ethyl bromide
results with those of Tommila, Tiilikainen and Voipio
(47) who investigated the effect of solvent changes on
the rate and related parameters of ethyl bromide in a

range of solvent mixztures from 100% acetone to 100%

water.

-58-



Table IV

This Investigation  Tommila (47)%¥

k x 105(sec.”l)  1.863 (50.05°C.) 1.48 (50°C.)
k x 106(sec. ™) 5.152 (59.91°C.) 3.91 (60°C.)
E. (Kcal) 22.07 (55%.) 20.80 (55°C.)

The large differences between these results are
most probably due to the unreliagbility of Tommila's
rate data, which for some solvent compositions in thse
50% aq.acetoné region actually lead to a positive
dE)dT value. This effect 1s not considered to be
ireal! as the experimental error of their dE/dT values
1s very much larger than the dE/AT values calculated
from thelr rate data. A further source of discrepancy
is the fact that in this investigation the solvent was
made up by volume, whereas Tommila et al. made their
solvents up by weight. It is generally found that
- solvents made up by volume by different workers vary in
composition to quite a significant extent. Therefore,
what is nominally a 50% v/v solvent may actually depart
from its nominal composition by a large amount, in which
case, the comparison made here may not be strictly
valid. This would help to account.for the differences

in the quoted table.

X Calculated by interpolation as these authors used
solvent systems made up by weight.

-59-



(1ii) Variation of Rate in the Alkyl Series

Et n-Pr n-Bu
k x 10°(min~1) at 50°c 11.18 5.374 4.625
' at 90°C 452.4 211.8 181.0
E.(Kcals) at 55°C 22.07+.144 21.76% 146 21.87+.115
- as* (500¢) 18.153 20.79 20. 60

As can be seen there is a decrease in rate with
increasing alkyl chain length, the differences becoming
less pronounced up the series. This decrease 1s in
accordance with the predicti&ns of Hughes (21) and
other work on increasingly substituted alkyl systems.
The cause of the decrease is in part due to the smaller
inductive effect which influences the Arrhenius parameters
and partly to steric hindrance. In the present investi-
gation it appears at filrst sight that there is a
decrease in E from Et Br to BuBr; the values for PrBr
and BuBr being effectively the same within experimental
srror. In view of the relative inaccuracy of the EtBr
results it 1is coﬁsidared that the apparent trend is not
real and that the activation energies are essentially
the same for all three compounds if the experimental
errors are taken into consideration. Similar conclu-
sions apply to AS¥. It would, thereforse, seem that as
both E and AS¥ for the thres compounds are very much
the same, the rate is controlled by both parameters,
neither of which could be sald to exert a predominating
influence.
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(iv) AaCp¥#/as* Ratios

ACp%/a S* ratios in 50% aq.acetone at 50°C

Table VI
Compound Mechanism - ACp* - AS* ACp*/ 4 S*

PhCHC1, (59) Syl 29.0% 3 11.4 2.5
'PhCClz (59) Syl 46.0% 4 16.2 2.9

t - BuCl (74) syl 26.7 0.8 2.6
EtBr Sy2 34.8%11.4 18.13 1.92
r n-PrBr Sy2 23.4t 6.2 20.79 1.13
n-BuBr Sy2 33.4% 6.1 20.60 * 1.62
p-NOSPhCHoCL (75)  sy2 20.13 25.4  0.86
_PhCHoCL (59) SN2 21.0t 2.5 22.8 0.9

(a) Constancy of ACp*/ 4S* in Syl Reactions
. At the commencement of this investigation the
constancy of the ACp*/ AS* ratio had not been fully
established for SNl reactions. As a result of parallel
investigations, the following compounds which undergo
Syl hydrolysis, are now known to yield aCp*/ AS* ratios
which depend only on the solvent and temperature.
(1) in 50% aq. acetone, PhCHCly, PhCClz (59),
paMecéH4CH201 (75), t-BuCl (74).
(1i) 1in 70% aq. acetons, PhoCHC1, and 1ts
p—NOz; p-_Cl, p-Br and p-I derivatives (76)

and p-MeOCgH4CHSCL (75).
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(1ii) in 80ﬁ aq. acetone, PhyCHCL (76) and
p-160C gH,CHLCL (75).
(iv) 4n 85% aq. acetone, Ph,CHCL (76) end its
p-Me aerivative (75).
(v) in 50% aq. ethanol, PhCH,Cl and PhCClsz (59).
The cénstan;y of 8Cp*/ 45%* for Syl reactions can
therefore be regarded as constant.

. (b) ..ACP""/AS"'" for Sy2 reactions

' It can be seen that the ACp*/ AS¥* ratios for Sy2
reactions are rather lower than the fatios for Syl
reactions and also it is worth noting that the ratios
are higher for the alkyl br&mides now studied than for
the two benzyl chlorides quoted in Table IV. The
ratio is largest for EtBr where Acp* is also subject
to the largesf error and it seems most probable in view
of the experimental errors that it errs in the direction
of being too high. The most probable value for AC,%/a s*
for the alkyl bromides would seem to be in the reglon
of 1.3, whiéh is appreciably less than the quoted ratios
for the Syl reactions of the various chlorides. The
Aratio Acpﬁ/zss% therefore sppears to be a valid test
for Sy mechanism.

It must be pointed out that the ratios being com-
pared are not strictly comparable unless certain reserva-
tions are made because on the one hand are quoted

aCp# AS# data for Syl chlorides whilst this investiga-
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tion leads to data for Sg2 bromides.  Alkyl bromides
were chosen for the present work as the corresponding
chlorides hydrolyse much more slowly and therefore
would have necessitated higher temperatures when the
accurate control of thermostats becomes more difficult.
Murthermore, complications would have ariéen due to the
greater volatility of the alkyl chlorides.

It 1s considered that ACP*/'AS* for primary alkyl
chlorides would have been less than the ratio for the
corresponding bromides for the following reason. .

It is a general rule that AS# is less negative for

bromides than for chlorides in both le and SN2 reactions,

0.8, }
Table VII
Compound - A Mechant am Temperature °¢
PhCH,CLl (77)  21.86 Sy2 37.5
PhCHpBr (77)  15.42 Sy2 37.5
PhCHCl, (77) 8.64 Syl 37.5
PhCHBre (77)  2.164 Syl 37.5
Pnocl;  (77)  10.01 Syl 25.0
PhCBrz  (77) 6.90 Syl 25.0
MeCl (62) 10.96 Sy2 62.4
MeBr (62) 9.12 Sy2 62.4
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This is in agreement with the lower solvation enthalpy
of the bromide ion (78)

The results in Table VIII show that whilst the
heat capacities of chlorides and bromides are very much '
the same those for the bromides are perhaps slightly
more negative.

Table VIII

- ACp* in 50% Acetons

PhCHCL, (59) 29
PhCH,C1 (59) =21
PhCCls (59) 46
EtBr, PrBr, BuBr 30

p-NOC H,CH,C1 (75) 20

Hence the less negative entropy of bromides relative
to chlorides would be expected to lead to a higher
value of ACp*/ A s¥% for bromides than for chlorides.

o Cp% would have to be very much more negatlve
for chlorides than bromides if the ratios of ACp*/ ss¥
‘were to be the same. Since the ACP”/AS™ for 852
bromides 1s less than the ratio for Syl chlorides
(Table VI) an even lower value is expected for Sy2
chlorides. This 1s consistent with the predicted
view that the ACp %/ AS* ratio for Sy2 reactions should
be less than the ratlio for Syl reactions. . Additional

evidence for this conclusion arises from the work on

benzyl chloride (59) and its p=nitro derivative (the
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data for the latter compound were not available when
the present study was started) which undergo hydrolysis
essentlally by the Sy2 mechanism and which show much
lower values of the ratio than the Syl chlorides and
also lower values than the Sy2 bromides of this investi-
gation, in agreement with the considerations outlined
above. Although no reliable data for Syl bromides

are available at the present time, i1t seems reasonabls
to predict that their aCp¥/ AS¥ ratlio will be consider-
ably larger than the ratio for SNZ bromides. The
reasons for this are that the change of mechanism, from
Sy2 to Syl leads to a less negative entropy (Table VI)
for SNl reactions and the results in Table VIII 1ndicate
that A Cp# is possibly more negative for Syl, than Sy2
.reactions and therefore the ratio should be quite &

lot larger than the Sy2 ratio. In conclusion 1t can
be stated that the observed ACp*/ & 8% values have
established the constancy of the ratio for the primary
alkyl bromides within experimental error and morsover
the values of the ratios are in agreement with the

predictions of Bensley and Kohnstam (59).
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CHAPTER IV

Experimental

Purification of Materials

1. Ethyl Bromide

Ethyl bromide (Light'!s) was shaken with concentrated
sulphuric acid, separated, washed'twice with distilled
water, followed by further washings with potassium
carbonate solution and then dried oﬁer phosphorus pentoxide.
After decanting the solution was fractionated and collected
at 37.9 - 38.1°¢: (759 mm) (79).

2. n-Propyl Bromide

n-Propyl bromide (Light's) was dried over anhydrous
potassium carbonate and'calcium chloride, decanted and
distilled. The fraction bolling at 70.4 -~ 70.6°C (751 mm)
was collected (80).

3. n-Butyl Bromide

n-Butyl bromide (B.D.H.) was dried over anhydrous
potassium carbonate and calcium chloride, decanted and
distilled. The fraction boiling at 101.3°C: (760 mn)
was collscted. (80).
4. Ethanol

Pure ethanol was obtained by refluxing absolute

alé¢ohol with magnesium, when magnesium ethylate was formed

and then distilling from 10% silver nitrate. (81).



5. Hydrobromic Acid

"Constant boliling" commercial hydrobromic acid was
decolourised by shaking with clean mercury.
6. Acetone

A.R. grade acetone was refluxed over potassium
permanganate and caustic¢ soda pellets for two hours,
distilled from hydroquinone and then re-fractionated
carefully, generous head and tail fractions being dis-
carded (82).

The solvent as actually used in the solvolyses
consisted of 50 vﬁlumes of acetone and 50 volumes of
distilled water. Such a solvent composition is referred
to as '50% agq. acetonse.'!

The ﬁcetone in which the titrations were carried
out was ordinary acetone which had been refluxéd with
potassium permanganate and csustic soda pellets and dis-
tilled once. The indicstor lacmoid was added and the
solution neutralised before use.

Purlity of Halldes

The purlties of the halides were determined by
standard vapour phase chromatographic techniques, which
indicated that all the halides were 99.5 -~ 100% pure.

Experimental Detalls

Rate Measurements

n-PrBr and n-BuBr

Kinetic runs were carried out over the temperature

range 50°C to 90°C in thermostats of the conventional

mercury-toluene regulated type with electric lamp bulb
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heaters. A layer of heavy white oil was necessary to
prevent excessive loss of water by evaporation from the

bath. The temperatures, which were constant to + 0.01°C,

were measured with thermometers standardised by the
National Physical Laboratory to + 0.02°C.

The solvolysis of the alkyl bromides in 50% aq.acetone
goes to completion and the rate constants can, %herefore,
be calculated from a knowledge of the acid produced at
various time intervals and the acidity produced at 100%
reaction, without the necessity of using weighed amounts.

Approxﬁhataly 0.02 M solutions of the halides were
made up by dlssolving the appropriate amount of halide
in about 150 mls. of 50%'aq.acetone at room tempergture
or at 0°C for the more volatile ethyl bromide. Aliquots
were run into test tubes, partially drawn oﬁt in the
middle, from a tube-filler (fig. IIa); the volume deliv-
ered being 6.213 mls. at 209C. The ampoules wers then
sealed off, attached to holders and introduced into the
thermostat in batches of about seven, accompanied by
vigorous shéking. Tubes were not removed until the
thermostat had regained its nominal value; normally this
took from two to three minutes.

At suitable time intervals, tubes were removed from
the thermostats and the reaction stopped by cooling in
an ice-salt mixture. After cleaning, the tubes were

'broken under about 200 mls. of neutral acetone and the
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acldity determined by titration against standard caustic
soda (ca. 0.01M) with lacmoid as indidator. The initial
concentration of halide was determined by the acidity
produced at 100% reaction, affer heating the tubes in a
boiling-ﬁater béth for 1015 x the half-life period.

The time'of'the first reading was taken as zero. Several
.batches of the solvent were used for the rate measurements.
This necessitated monitoring each solvent by examining
the rate of solvoiysis of a reactant which had already
been studied in a previous batch. The necessary correc-
tion factor was applied to the results to bring all the
rate cosefficlents to a common batch of solvent.

Ethyl Bromide

Because of the volatility of ethyl bromide a different
type of ampoule was neceésary as 1t was known that reaction
tates of volatile compoﬁnds are sensitive to the amount
of free air space above the liquid. In an attempt to
keep the air space/liquid volume ratio to a minimum, the
reaction tubes consisted of glass bulbs joined to thin
glass stems (fig. 1rb), the volume of the bulb being such
that the reaction solution completely filled the bulb
and part of the stem. The alr space was thus'kept as
small as poésible by sealing off the stem at a distance
above the liquid level such that as the liquid expanded
on being introduced to the thermostat it completely filled
the tube. In sddition the tube-filler was kept at 0°C



by circulating ice-water around it, otherwise the experi-
mental procedure was the same as for the other halides.

Calculation of the Results

Since the solvent was present in large éxcess, the
bimolecular solvolysis was kinetically of the first order.
The rate constants were, therefore, calculated from the
nomal first order integrated rate equation

k, = % 2.305 log &
where t is the time

a 1s the concentration of halide at time t = O

a-x 1s the concentration of halide at time t = ¢
The time of the first reading was taken as zero and "a"
calculated from this and the value of the acidity produced
when the reaction had gone to completion. The rate
constants determined in this way have already been

summarised, more detalled records of individual runs are

glven at the end of this chapter.
- The activation energles E, were obtained from the

mean rate coefficients at adjacent temperature intervals:-

Tg =T (z,)

where Ti and T2 are the absoclute temperatures, and E

refers to the temperature Tj + Tq (Ch. II, p. 47).
2
The temperature coefficient of activdation energy,

dE/4T, was obtained from the 'best'! straight line E - T

by a least squares treatment on the assumption that E is
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linearly dependent on temperature.

Then E= E° + dE . T
dT

whence the least squares wvalue of dE/dt is given by:-

E - 2 (E-Ey )(T-1},)
aT
Z(T_Tm)z (5)

where Ep 1s the mean of the experimental activation
energies and T, 1s the mean temperature of the appropriate
temperature range. Thus, on _calculating dg/dt, E can

be calculated at any temperature from:-
B o= B + & (T-1) | (4)

‘The 'best! values of E calculated from this equation are
reported in the Tables (I, II, III) as Eqglec.

The heat capacities of activation aCp# were obtained
from:-

acp* = d8 =R (5)
dt

as shown in Ch. II, p. 32.
ACp# could also be obtained from the tbest!
straight line AS* - T as follows. '

Since d_ . A4S, % = AQp*
dt T
then a8% = pS;% 4 2.303 ACp™ log T (6)

Therefore ACp# = __1 (85% 85, %)(log T-log Ty) (q)
2.303 :

(log T - log Tm)2
4Cp #* calculated in this way was always in good agreement
with A Cp # obtained from equation (5).
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The entropy of activation, aS#, at temperature

T
_l_:_EE. was calculated from:-

2 -

h .2

as shown 1in Ch. II, p.31.
AS*could be calculated at any temperature by means of the
equation:-

AS# = ASy# + 2.303 aCp# (log T - log T,)
The 4 S* values at 50°C quoted in the Tables (I, II and III)
were obtained from this equation.
Statistical Analysis

In a kinetic investigatlon of this type it is
essential to carry out a statistical analysis of the
results in order to estimate witﬁ some degree of certalnty
the value of dE/dt because its value 1s not large compared
with E and so very often is less than the experimental
errors of some Iinvestigators who have claimed to have
observed 'real! values of dE/dt.

The mean rate coefficients, k,, in this investigation i
were thained by statistical treatment of two runs at

‘any one temperature by considering the runs as one for
statlstical purposes. The standard deviation of the
final mean rate coefficient, «(k), was obtained from:-

ck) =[50 - m)?]F (9)

n

where n was the number of separate determinations of k.
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Accordlng to Purlse, Taft and de. Fazlo (44) the
standard deviation of E,¢(E) is given by:-

(B) = 2—2_%33 ("1 (52) (10)

mb—‘

where di an@laé are the standard deviations of the mean
rate coefficients, kl and k2. |
To give some idea of the accuracy required in k, let
us consider the temperature range 25 - 35°C. Then
E._'._'J.?.].E?. has the value 18,260 cals. and thus a standard
Te=Ty |
deviation of 1% in k, and k, leads to a standard deviation
in E of & 256 éals, irrespective of the valuesAof k.
It should be noted that this standard deviation is not
the maximum possible error.
The standard deviation of dE/AT can be obtained in
two ways:- '

(1) 'Best! straight line method

[

2
« QE) - 2(E - Ecalc.)
ar (n-2)3(T - Tp)3

where n is the number of determinations of E.

(ii) From G(E))
3

o’< dE [i(E“Em)(T‘Tm)z]

ar F(17-7,)%



Method (ii) usually predicts the greater error as
can be seen in Tables (I, II, III)."

Olefine Detgrmination

A number of experiments were performed in order to
determine how much propylene or butylene (if any) was
produced under the experimental conditions used for the
solvolyses. The experiments were carried out in thermo-
stats regulated at 60°C and 90°C. The concentration of
halide used was about 0.04 ~ 0.06 M; at higher concentra-
tions these halides were only partly soluble.

The extraction technique of Hughes, Ingold (83)
was found to be unsuitable, due to its 1nﬁerent inaccuracy
for the low concentrations of olefine likely to be formed
and to the 1hterference of acetone in the titrations in
carbon tetrachloride-bromine solution. The solutions ‘
were, therefore, analysed for olefine by an aspiration
method based on the method of Hughes, Ingold and co-
workers (84). The tubes were filled as in a nomal
kinetle run, heated for 10 - 15 x the half-l1life period
at 60°C and 90°C, analysed by breaking the cleaned ampoule |
in a three-necked flask containing distilled water (100 ml),
attached to which was a reflux condenser surmounted by
a tcold-finger!' at -80°C, which led to two or three traps
cohtaining a standard bromine solution in carbon tetrach-
loride cooled to ~15°C. Nitrogen was bubbled through
the flask and apparatus to act as a carrier. The flask
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and contents were then heated to not more than 50°C for
about an hour, when any olefine produced would have been
driven from the flask and absorbed in the bromine solution.
The excess bromine remaining in the traps was determined
by titrating against standard sodium thiosulphate.
Exactly the same procedure was carried out on an ampoule
which had not been heated to obtain the titration blank.
The accuracy of the method was found by condensing
some propylene into a welghed ampoule, sealed off,
re-welghed and the aspiration procedure carried out.
The method gave readings which were 5% too low, though
this is quite adequate for the estima%ion as the absolute
value of such an error 1s very small in the amounts of
olefine expected to be formed.

Efficiency of 0Olefine Determination

Experiment 19

Welght propylene present = 0.01209 g.
Weight propylene found = 0.01150 g.
error = -5%

Olefine Determination from propyl bromide at 90.00°C

Run 3
Amount PrBr present determined

from the infinity readings = 0.05610 g.
Theoretical yield of olefine
if 100% conversion = 0.01914 g.

Average blank titre of N
bromine solutlon in traps 2.8%1 ml 0.01009 M

thiosulphate

Titre after gbsorption of

propylens 2.792 ml 0.010029 M

thiosulphate
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4.531 x 107° g,

Weight propylene
olefine formation = 0.24%
This was a typical result for the smount of olefine formed

and 1s, therefore, negligible with respect to the hydrolysis.

Products of Hydrolysls

To further verifly whether or not there was any olefine
formation an approximately molar solution of propyl bromide
was made up in 100 ml. of 50% ag.acetonse. At this con-
centration most of the halidé formed a lower insoluble
layer at room temperature. The reaction mixture was
sealed off in a large ampoule and heated at 100°C for
elght days, by which time the reaction shoﬁld have gone
‘to completion. The solution turned brown, with the
formation of an upper dark brown layer. Water (200 ml)
was added, the solution neutralised with emmonia followed
by extraction with two 5 ml. portions of ether. The
ether extract was dried over anhydrous magnesium sulphate.
Two drops of the red-brown extract were analysed by
vapour phase chromatography and a chromatogram obtained
(fig. 3). The peaks were identified by putting known
mixtures or single components through the column under
the same conditions (fig. 4). The chromatograms (figs.

3 and 4) thus identify the constituents of the ether
extract as:~- ether, acetone, propan§1 and unreacted
propyl bromide (due to the high concentration of halide

used in the experiment). There was no evidence for the

formation of any propylene.
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Reversibility of Reactions

It was thought that there might be a back reaction
of the products of the solvolyses, viz, hydrobromic acid
reacting with the alcohol produced. Solutions (0.02M)
of hydrobromic acld and the appropriate alcohol were
made up in 50% ag.8acetons. This concentration was used
to give a solﬁtion of comparable strength to that of the
actual solutions used in the rate measurements in the
latter stages of their reaction. Ampoules were filled
in the normal way, heated at 1000C for four days and the
acldity determined. The initial acidity of the freshly
prepared solution was also determined. Thus, 1if there
were any reaction of hydrobromic acid with tﬁe alcohol,
there would be a reduction in titre of the heated solutions.
At the concentrations used, such = reversible reaction
was not observed for any of the alkyl bromides.

0.8, Expt. 7.
0.02 M HBr and 0.02 M E+ OH in 50% ag.acetone at 1000C

time (hrs.) titre (mls. 0.01013 M NaOH)
0 16.86
12.5 16.88
17.00  16.87
19.00 16.87
37.0 | 16.80
51.0 16.83

A further seriles of experiments were performed as an
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additional source of information as to whether there was
an equilibrium set up if the reactions did not go to 100%
completion. If this were so the position of equilibrium
would be temperature dependent. Solutions were made up
in the usual manner and batches of three or four ampoules
were placed in each of three thermostats at 70°C, 90°C
and 100°C respectively, heated for 10-15 x the half-life
period and the acldity determined. If there were a
position of equilibrium then the titres would be different.
In actual fact the titres were found to be all the ssame
within experimental error, indicating the absence of en
equllibrium and thus no reversibility of the reactions
products.

e.g. Expt. 16. Butyl Bromilde

Average titre (mls NaOH) Temp. ©C
17.69 + 0.02 100 ,
17.67 4+ 0.03 90
17.70 4+ 0.02 w0




APPENDIX

Detalls of Kinetic Runs

First order rate constants, k{, were calculated from

the integrated rate equation:-

' ’ .
= 1 2.303 1o a
ky iA € [a-x ]

where the symbols have the usual meaning. In each case
detalls of one run are given and the mean rate coefficient

1
ky of the duplicate run is also quoted.
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n-Butyl Bromide at 50.02°C. Solvent III. Run XIV.

Initisl Concentration = 0.02516 M
6,213 ml, titrated with 0.01039 M NaOH

t a=x k x 107°
0 15.00 .-
838 14.43 4.672
3755 12.63 4.581
5162 11.77 4.698
6780 11.04 4.525
8495 10.14 4.618
10936 8.98 4,689
13885 . 7.95 | 4.571
16446 6.85 4.766
19336 6. 04 4.704
23715 4.82 4,788
o0 0.00 ———
'
k3 = 4.661
ky = 4.697

mean k referred to solvent IT = 4.624 x 10~°




n-Butyl Bromide at 59.63°C. Solvent II. Run IV

Initlial Conentration = 0.021120 M
6.213 ml. titrated with 0.01205 M NaOH

t amx: k x 107
0 10.88 ——-
161 10.65 (1.330)
890 9.75 1.234
1499 9.04 1.237
2352 8.19 1.208
3025 7,44 1.257
3769 6.80 1.247
4125 ' 6.53 1.241
5234 5.68 1.243
8153 4.04 1.215
8797 | 3.70 1.227
9554 3.33 1.240
10995 . 2.78 1.241
12427 2.34 . 1.237
oD 0.00 —_—
ki= 1.236
k1= 1.236




n-Butyl Bromide at 69.8460. Solvent T. Run XII.

Initlal concentration = 0.02028 ¥
6.213 ml, titrated with 0.01190 M N_aOH

t - a=x k x 1074
0 10.46 —
234 9.69 3.268
505 8.88 3.243
854 8.05 3.066
1151 7.31 3.113
1425 6. 69 3.137
1593 6.29 3.192
2007 5.39 3.305
2334 4.91 3.241
2702 4.23 3.352
2932 4,01 3.271
3230 3.73 3.193
3864 2.99 3.241
4162 2.67 3.282
0 0.00 -—
kK] = 3.225
k; = 3.194

mean k referred to soclvent II = 3.248




n-Butyl Bromide at 80.06°C. Solvent III. Run XVII

Initial concentration = 0.01418 M
6.213 ml titrated with 0.01039 M NaOH

t camx k x 1074
0 8.43 -—
50 8.10 7.968
169 7.38 7.863
258 6.88 7.874
462 5.80 8.097
792 4.40 8.210
921 4.00 8.093
1033 3.58 8.292
1279 2.93 8.264
1586 2.35 8.052
1898 1.82 8.076
2469 1.05 : 8.439
00 0.00 —
k) = 8.111
I = 8.124

mean k referred to solvent IT = 8.022 x 10~4




n-Butyl Bromide at 90.00°C.  Solvent IT. Run X.

Initial Concentration = 0.01818 M
6.213 ml., Titrated wit 0.01190 M NaOh

t a-x k x 1073
0 8.49 - -
30 8.06 . 1.735
65 7.51 1.845
95 7.16 1,794
122 6.79 1.851
142 6. 54 1.838
208 5.82 1.816
270 5.21 1.809
322 4.70 1.837
361 4.34 1.859
0 9.35 -
498 3.80 1.808
572 3,37 1.784
633 2.97 1.811
715 2.55 1.818
o0 0.00 .-
k; = l.e2l
1= 1.799




n-Propyl Bromide at 50.02°C.  Solvent III. Run XVI

Initial Concentration 0.01635 M
6.213 ml. titrated with 0.01039 M NaOH

t asx k x 10-5
0 9.66 ——-
656 9.35 (4.985)
2103 8.62 4.421
5020 7.30 5.582
6427 6.83 5.396
7845 6.31 5.425
9760 5.68 5.444
12201 4.89 5.581
15150 4.20 5.499
17711 3.75 5.344
20592 3.15 5.443
24972 2.42 5.546
o0 0.00 -
k; =  5.468
ky =  5.410
meen k referred to solvent IT = 5.374 x 105
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n-Propyl Bromide at 59.63°C.  Solvent II. FRun IX

Initial concentration = 0.02160 M
6.213 ml titrated with 0.01205 M NaOH

k asx k x 1074

0 11.01 ——
660 10.04 1.399
1392 9.06 1.402
2063 8.25 ~ 1.398
2822 7.35 1.432
3568  6.62 1.430
5296 5.15 1.435
5946 4.61 1.468
6486 4,44 < 1.401
7151 3.97 - l.agv
7844 3.82 (1.350)
8591 3.38 1,375
9286 2.84 1.460
9973 2.53 1.475
10712 2.33 © 1.451

o0 0.00 -—-
Ky = l.427
kI =  1.43:1
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n=Propyl Bromide at 69.84°C. Solvent I. Run XII

Initial concentration = 0.02013 M
6.213 ml tltrated with 0.C1190 M NaOH'

_g. S A=x k x 10~4

0 10.23 -
272 . 9.24 3.734
482 8.55 3.718
844 7.53 3. 629
1149 6.77 3.592
la72 5.91 3,727
1778 5.23 3.772
2071 4.82 3.634
2333 4.59 (3.435)
2627 3.80 3.770
2852 3.68 3.586
2987 3.42 3. 668
3273 3.04 3.708
3727 2.49 . 3.792
4084 2.24 3.719

o0 0.00 ——
ki =  3.689
kz = 3.739

mean k referred to solvent IT = 3.758 x 10~4




n-Propyl Bromide at 80.06°C. Solvent III. Run XVITI

Initial concentration = 0.02143 M
6.213 ml. titrated with 0.C1039 M NaOH

£ a-x k x 1074
0 . 12,68 ---
16l 10.93 (8.428)
242 10.04 9.614
455 8.26 9.426
770 6.23 9.228
890 5.47 9.450
1011 5.11 ~ (8.995)
1248 3.93 9.391
1570 2.83 9,557
1882 2.28 9.120
2182 1.65  9.346
2447 1.21  9.506
2669 0.92 . (9.826)
s0 0.00 -
ki = 9.404
kK] =  9.455

mean k referred to solvent IT = 9.318 x 10-4




n-Propyl Bromide at 90.00°C. Solvent II. Run V

Initial concentration = 0.01632 M
6.213 ml. titrated with 0.01047 M NaoOH

t a-x k x 1079
0 9.30 ' ——-
37 8. 60 2.116
68 8.03 2.161
99 7.55 2.108
126 7.11 2.131
156 6.74 2. 067
217 5.84 2.145
277 5.13 2.149
336 4.58 2.109
400 4.02 2.097
455 3.55 2.117
0 9.26 -
518 3.12 2.100
576 2.88 2.028
638 2.34 2.157
698 2.14 2.105
o0 0.00 -—-
k] = 2,113
k! = 2,123
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Run 3. Ethyl Bromide at 50.05°C in 50% ag.acetons.
- Solvent A )

Initial Concentration = 0.03204 M
4.667 ml. titrated with 0.009434 M NaOH

t a-x | k x 1079
0 15.85 —
137 15. 60 (9.919)
809 14.47 10.96
1358 13.59 11.16
2257 12.25 11.31
3740 10.34 11.36
5148 8.75 11.49
6577 8.45 (9.528)
o0 0.00 _
ki = 1.126
¥ = 1.1l0



Run 4. Ethyl Bromide at 59.91° in 50% ag.acetone.
Solvent A.

Initial Concentration = 0.03089 M
4.667 ml. titrated with 0.009434 M NaOH

t a-x k x 1074

0 . 15.21 -
116 14.77 (2.522)
780 11.93 3.116
943 11.35 3.103
1064 ~ 1l.01 3.036
1243 10.11 (3.288)
2223 | 7.69 . 3.068
2348 .39 3.075
2682 6.66 3.080
3709 4.74 3,145

P 0.00 -—
X" = 3.094

k) = 5.088
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Run 6. FEthyl Bromide at 70.06°C in_ 50% ag.acetons.
Solvent A.

Initial Concentration = 0.03934 M
4,667 ml., titrated with 0.009434 M NaOH

t a-x k x 1074
0 17.21 ---

36 16.71 8.125
119 15.61 1 8.187
249 14.21 (7.686)
362 12.82 8132
473 11,63 8.279
590 11,14 (7.374)
701 9.72 8.149
831 8.89 7.949
976 7.79 8.125

1079 7.50 (7.695)
1301 5.81 8.349
1330 5.75 - 8.241
1576 4.62 8.345
1930 3,47 8.296
o 0.00 -
K, = 8.198
kK =  8.143



Run 29. Ethyl Bromide at 80.00°C in so% ag.acetons.
Solvent D.

Initial concentration = 0.02263 N
4.667 ml. titrated with 0.008796 M NaOH

t a-x k x 1074

0 - 11.83 -
23 11,36 (1.762)
82 10.10 1.930
133 9.11 1.965
211 7.77 1.993
271 6.96 1,957
340 5.90 2.046
452 4.74 2.024
654 . sl 2.093
717 3.04 1.895
i 2.81 1.850
841 1.97 2.132
912 1.71 2.121
1010 1.69 1.928
1128 1.06 2.140

) 0.00 -
ky = 2.006
k; = 2.024

mean k relative to Solvent A = 1,978



Run 27. Ethyl Bromide at 90.00°C in sqp aq. acetons.
Solvent D.

Initial Concentration = 0.02601 M
4,667 ml., titrated with 0.008796 M NaOH

t a-~-x k x 1075

0 ~ 13.55 -

15 12.65 4.575
36 11.39 4.823
64 10.01 4.732
86 8.98 4.783
115 8.18 . 4.387
138 7.08 4.704
152 6.63 4.704
200 ©5.74 (4.298)
236 4.83 4.375
264 3.87 4.751
286 : 3.77 4.478
315 3.39 4.402
338 2.76 4.712

00 0.00 -

k% = 4.618

k. = 4.598

. 1 .

mean k relative to Solvent A = (4.524)
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Run 30. Ethyl Bromide at 60.02°C in 50% aq. acetone.

Solvent D
—  InitTal concentration = 0.02144 M

4.667 ml. titrated with 0.008796 M NaOH

t - a-x kx x 107%
0  10.89 -
170 10.38 (2.845)
352 " 9.75 3.147
957 8.453 (2.678)
1097 7.75 3.094
1922 5.91 3.181
1961 " 5.90 3.126
2269 5.38 3.109
2422 5.01 3.207
2695 4.48 3.297
3202 3.78 3.306
4537 3.45 (2.534)
o0 0.00 —

| ki = 3.183

k; at 59.91°C = 3.149

(V]

149 _ 3 019
.091

Factor for solvent D: solvent A =

(V]
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(1)
(2)

(3):

(4)
(41)
(5)
(6)
(7)
(8)
(9)
(10)
(11)
(12)
(13)
(14)
(15)
(1s)
(17)
(18)
(19)

(20)
(21)
(22)
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