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Foreword

Fifty years ago the student taking up organic chemistry—and I speak
from experience—was almost certain to be referred to one or other of
a few textbooks generally known by the name of their authors—e.g.
Holleman, Bernthsen, Schmidt, Karrer and Gattermann. On these
texts successive generations of chemists were nurtured, and not in one
country alone, for they were translated into several languages. These,
the household names of fifty years ago, have for the most part gone. In
past times of course the total number of books available was rather
small and it is only in the last quarter of a century that we have seen
a veritable flood of organic chemical textbooks pouring into book-
sellers’ lists. The increase in the number of texts may be in part due to
the rise in student numbers but the primary reason for it is the revolu-
tionary impact of mechanistic studies on our approach to organic
chemistry at the elementary level. With the plethora of books avail-
able, however, it is now much more difficult for an author to become
a household name wherever the subject is taught. Yet this has indeed
happened to Dr. Peter Sykes through his Guidebook to Mechanism in
Organic Chemistry.

In the Foreword which I was privileged to write for the First
Edition in 1961 I described not only my own view of what was happen-
ing in organic chemistry but also the type of approach to teaching it
which was favoured by Dr. Sykes. Having known and watched him
Over many years first as student, then as colleague, and always as
friend, I was confident that he had written an excellent book which,
in my view at least, would add new interest to the study of organic
chemistry. But its success has far exceeded even my high expectations
and in its later editions it has been revised and refined without ever
losing the cutting edge of the original.

_ The present volume continues the tradition. Once again the recent
lltgrature has been combed for new examples the better to exemplify
principles of reactions. Of particular interest is an admirable chapter
dealing with reactions controlled by orbital symmetry. Until I read it
I was not convinced that this very important new development in the
theory of organic reactions could be simply yet usefully communicated
to students at an elementary level. To have succeeded in doing so only
underlines further Dr. Sykes’ gifts as a teacher and writer and I am sure
that this new edition of the Guidebook will more than equal the success
of its predecessors.

Cambridge TODD



preface to sixth edition

It is nowW twenty-five years since this Guidebook first appeared and,
hardly surprisingly, the current version is vastly different in both
content and physical appearance from that first offering of so long
ago. Over the years a real endeavour has been made to incorporate
new, and to delete old, material not to reflect current trends and
fashions, but to encompass significant changes in our fundamental
understanding of organic chemistry; more particularly, to decide
how these changes can best be conveyed to a largely undergraduate
audience. At the same time care has been taken to retain the
underlying framework and structure of the book for the excellent,
pragmatic reason that this has been found to work well in practice.

The current version incorporates no new chapter but a number of
new topics have been introduced, e.g. ipso aromatic substitution; the
mechanistic borderline in nucleophilic substitution; more use of
activation parameters, particularly in ester hydrolysis; Dimroth’s Et
parameter; correlation of spectroscopic data with Hammett’s o;
13C n.m.r. in biogenesis, etc. The now outmoded term ‘carbonium
jon’ has been replaced throughout by ‘carbocation’, which has the
advantage of being the natural antithesis to carbanion, and avoids
the rather dubious alternative of carbenium ion. Apart from these
more obvious changes, the whole text has been gone through, line
by line, in an effort to remove ambiguities, to provide clearer, more
cogent explanations, and more telling examples. The overall result,
in garage parlance, has been a very thorough overhaul and extensive
re-tune!

It has always been my feeling that many textbooks fall short of
their full potential because the author has never entirely made up
his or her mind whether the subject matter is addressed wholly to
students or, in part at least, to their mentors; and the requirements
of the two are, after all, different. This new edition is directed, as
were its predecessors, unequivocally at the student; I trust therefore
that it will continue to prove helpful to chemistry students in
general, irrespective of the particular institution in which they
happen to be studying.

As always I am greatly indebted to many correspondents who
have pointed out errors, infelicities, and made suggestions for
improvements; wherever feasible these have been incorporated in
this revision. I should greatly appreciate similar kind assistance from
readers in the future.
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Finally, acknowledgement is made to the copyright holders for

permission to reprint diagrams as follows: the American Chemical |

Society for Fig. 13.1 (Hammett, L. P. and Pfluger, H. L., J. Amer.

Chem. Soc., 1933, 55, 4083), Fig. 13.2 (Hammett, L. P. and Pfluger |

H. L., J. Amer. Chem. Soc., 1933, §5, 4086), Fig. 13.3 (Hammett,
L. P, Chem. Rev., 1935, 17, 131), Fig. 13.4 (Taft, R. W. and Lewis,
I. C., I. Amer. Chem. Soc., 1958, 80, 2437), Fig. 13.5 (Brown, H. C.
and Okamoto, Y., J. Amer. Chem. Soc., 1957, 19, 1915), Fig. 13.6
(Brown, H. C., Schleyer, P. von R. et al., J. Amer. Chem. Soc.,
1970, 92, 5244), Fig. 13.8 (Hart, H. and Sedor, F. A., J. Amer.
Chem. Soc., 1967, 89, 2344); the Chemical Society and Professor J.
A. Leisten for Fig. 13.7 (Leisten, J. A. and Kershaw, D. N., Proc.
Chem. Soc., 1960, 84).

Cambridge PETER SYKES
September 1985

Structure, reactivity, and mechanism
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The chief advantage of a mechanistic approach, to the vast array of
disparate information that makes up organic chemistry, is the way in
which a relatively small number of guiding principles can be used, not
only to explain and interrelate existing facts, but to forecast the out-
come of changing the conditions under which already known reactions
are carried out, and to foretell the products that may be expected
from new ones. It is the business of this chapter to outline some of
these guiding principles, and to show how they work. As it is the
compounds of carbon with which we shall be dealing, something
must be said about the way in which carbon atoms can form bonds
with other atoms, especially with other carbon atoms.

I.1 ATOMIC ORBITALS

The carbon atom has, outside its nucleus, six electrons which, on the
Bohr theory of atomic structure, were believed to be arranged in
orbits at increasing distance from the nucleus. These orbits corres-



2 Structure, reactivity, and mechanism

ponded to gradually increasing levels of energy, that of lowest energy,
the 1s, accommodating two electrons, the next, the 2s, also accommo-
dating two electrons, and the remaining two electrons of the carbon
atom going into the 2p level, which is actually capable of accommo-
dating a total of six electrons.

The Heisenberg indeterminacy principle, and the wave-mechanical
view of the electron, have made it necessary to do away with anything
so precisely defined as actual orbits. Instead the wave-like electrons
are now symbolised by wave functions, y, and the precise, classical
orbits of Bohr are superseded by three-dimensional atomic orbitals
of differing energy level. The size, shape and orientation of these
atomic orbitals—regions in which there is the greatest probability of
finding an electron corresponding to a particular, quantised energy
level—are each delineated by a wave function, ¥4, ¥y, ¥, etc. The
orbitals are indeed rather like three-dimensional electronic contour
maps, in which y? determines the relative probability of finding an
electron at a particular point in the orbital.

The relative size of atomic orbitals, which is found to increase as
their energy level rises, is defined by the principal quantum number, n,
their shape and spatial orientation (with respect to the nucleus and
each other) by the subsidiary quantum numbers, ! and m, respectively.*
Electrons in orbitals also have a further designation in terms of the
spin quantum number, which can have the values +3 or —}. One
limitation that theory imposes on such orbitals is that each may
accommodate not more than two electrons, these electrons being
distinguished from each other by having opposed (paired) spins.t This
follows from the Pauli exclusion principle, which states that no two
electrons in any atom may have exactly the same set of quantum
numbers.

It can be shown, from wave-mechanical calculations, that the ls
orbital (quantum numbers n = 1, = 0, m = 0, corresponding to the
classical K shell) is spherically symmetrical about the nucleus of the
atom, and that the 2s orbital (quantum numbers n =2,/ = 0, m = 0)
is similarly spherically symmetrical, but at a greater distance from the
nucleus; there is a region between the two latter orbitals where the
probability of finding an electron approaches zero (a spherical nodal
surface).

As yet, this marks no radical departure from the classical picture
of orbits, but with the 2p level (the continuation of the L shell) a
difference becomes apparent. Theory now requires the existence of
three 2p orbitals (quantum numbers n = 2, | = 1, withm = +1, 0, and

*n can have values of 1,2,3,...,1 values of 0,1,2,...,n — 1, and m values of
0, £1, £2,..., +1 We shall normally be concerned only with ! values of 0 and 1, the
corresponding orbitals being referred to (from spectroscopic terminology) as s and p
orbitals, respectively, e.g. s, 2s, 2p orbitals, etc.

t One electron with spin quantum number +1, the other —1.

1.1 Atomic orbitals 3

3p

3 }M shell

} L shell

Is

2p
2s

Is —— K shell

—1, respectively), all of the same shape and energy level (orbitals
having the same energy level are described as degenerate), but differing
from each other in their spatial orientation. They are in fact arranged
mutually at right-angles along notional x, y and z axes and, therefore,
designated as 2p,, 2p, and 2p,, respectively. Further, these three 2p
orbitals are found not to be spherically symmetrical, like the Is and
2s, but ‘dumb-bell’ shaped with a plane, in which there is zero probability
of finding an electron (nodal plane), passing through the nucleus (at
right-angles to the x, y and z axes, respectively), and so separating the
two halves of each dumb-bell:

2p, 2p, 2p, 2p,, 2p, and 2p,
combined

The six electrons of the carbon atom are then accommodated in
atomic orbitals of increasing energy level until all are assigned (the
aufbau, or build-up, principle). Thus two electrons, with paired spins,
will go into the 1s orbital, a further two into the 2s orbital, but at the
2p level the remaining two electrons could be accommodated either in
the same, e.g 2p,, or different, e.g 2p, and 2p,, orbitals. Hund’s rule,
which states that two electrons will avoid occupying the same orbital
so long as there are other energetically equivalent, i.e. degenerate,
orbitals still empty, will apply, and the electron configuration of carbon
will thus be 15*2s?2p}2p;, with the 2p, orbital remaining unoccupied.
This represents the ground state of the free carbon atom in which
only two unpaired electrons (in the 2p, and 2p, orbitals) are available
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for the formation of bonds with other atoms, i.e. at first sight carbon
might appear to be only divalent.

This, however, is contrary to experience, for though compounds are
known in which carbon is singly bonded to only two other atoms,
e.g CCl, (p.267), these are highly unstable: in the enormous majority
of its compounds carbon exhibits quadrivalency, e.g. CH,. This can
be achieved by uncoupling the 2s* electron pair, and promoting one
of them to the vacant 2p, orbital. The carbon atom is then in a higher
energy (excited) state, 1s°2s'2p2p;2p!, but as it now has four unpaired
electrons it is able to form four, rather than only two, bonds with
other atoms or groups. The large amount of energy produced by
forming these two extra bonds considerably outweighs that required
[~ 406 kJ (97 kcal) mol '] for the initial 2s% uncoupling, and 2s — 2p,
promotion.

1.2 HYBRIDISATION

A carbon atom combining with four other atoms clearly does not use
the one 2s and the three 2p atomic orbitals that would now be available,
for this would lead to the formation of three directed bonds, mutually
at right angles (with the three 2p orbitals), and one different, non-
directed bond (with the spherical 2s orbital). Whereas in fact, the four
C—H bonds in, for example, methane are known to be identical and
symmetrically (tetrahedrally) disposed at an angle of 109° 28’ to each
other. This may be accounted for on the basis of redeploying the 2s
and the three 2p atomic orbitals so as to yield four new (identical)
orbitals, which are capable of forming stronger bonds (cf. p. 5). These
new orbitals are known as sp> hybrid atomic -orbitals, and the process
by which they are obtained as hybridisation:

2s 2p, 2p, sp® hybrids

It should, however, be emphasised, despite the diagram above, that
hybridisation is an operation carried out not actually on orbitals
themselves but on the mathematical functions that define them.

1.3 Bonding in carbon compounds 5

Similar, but different, redeployment is envisaged when a carbon
atom combines with three other atoms, e.g. in ethene (ethylene) (p. 8):
three sp?> hybrid atomic orbitals disposed at 120° to each other in
the same plane (plane trigonal hybridisation) are then employed. Finally,
when carbon combines with two other atoms, e.g. in ethyne (acetylene)
(p- 9): two sp' hybrid atomic orbitals disposed at 180° to each other
(digonal hybridisation) are employed. In each case the s orbital is
always involved as it is the one of lowest energy level.

These are all valid ways of deploying one 2s and three 2p atomic
orbitals—in the case of sp? hybridisation there will be one unhybridised
p orbital also available (p. 8), and in the case of sp* hybridisation there
will be two (p. 10). Other, equally valid, modes of hybridisation are
also possible in which the hybrid orbitals are not necessarily identical
with each other, e.g. those used in CH,Cl, compared with the ones
used in CCl, and CH,. Hybridisation takes place so that the atom
concerned can form as strong bonds as possible, and so that the
other atoms thus bonded (and the electron pairs constituting the
bonds) are as far apart from each other as possible, i.e. so that the
total intrinsic energy of the resultant compound is at a minimum.

1.3 BONDING IN CARBON COMPOUNDS

Bond formation between two atoms is then envisaged as the progressive
overlapping of an atomic orbital from each of the participating
atoms, the greater the overlap achieved (the overlap integral), the
stronger the bond so formed. The relative overlapping powers of
atomic orbitals have been calculated as follows:

s = 1.00
p=172
sp! = 1.93
sp? = 1.99
sp® =200

1t will thus be apparent why the use of hybrid orbitals, e.g. sp* hybrid
orbitals in the combination of one carbon and four hydrogen atoms
to form methane, results in the formation of stronger bonds.

When the atoms have come sufficiently close together, it can be
shown that their two atomic orbitals are replaced by two molecular
orbitals, one being at a lower, and the other at a higher, energy level
than the two original atomic orbitals. These two new molecular
orbitals spread over both atoms and either may contain the two
electrons (Fig. 1.1):
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Anti-bonding (6*)
molecular orbital

&
£ Atomic orbital A Atomic orbital B
S ¥ S
Bonding (o)

molecular orbital

Fig 1.1

The molecular orbital of lower energy is called the bonding
orbital, and its occupancy results in the formation of a stable bond
between the two atoms. In the above case, the pair of electrons con-
stituting the bond tend to be concentrated between the two positively
charged atomic nuclei, which can thus be thought of as being held
together by the negative charge between them. The molecular orbital
of higher energy is called the anti-bonding orbital; this corresponds
to a state in which the internuclear space remains largely empty of
electrons, and thus results in repulsion between the two positively
charged atomic nuclei. The anti-bonding orbital remains empty in the
ground state of the molecule, and need not here be further considered
in the formation of stable bonds between atoms.

If overlap of the two atomic orbitals has taken place along their
major axes, the resultant bonding molecular orbital is referred to as a
o orbital,* and the bond formed as a ¢ bond. The ¢ molecular orbital,
and the electrons occupying it, are found to be localised symmetrically
about the internuclear axis of the atoms that are bonded to each other.
Thus on combining with hydrogen, the four hybrid sp* atomic orbitals
of carbon overlap with the Ls atomic orbitals of four hydrogen atoms
to form four identical, strong ¢ bonds, making angles of 109° 28’ with
each other (the regular tetrahedral angle), in methane. A similar,
exactly regular, tetrahedral structure will result with, for example,
CCl,, but where the atoms bonded to carbon are not all the same,
e.g. CH,Cl,, the spatial arrangement may depart slightly from the
exactly symmetrical while remaining essentially tetrahedral (cf. p. 5).

1.3.1 Carbon—carbon single bonds

The combination of two carbon atoms, for example in ethane, results
from the axial overlap of two sp® atomic orbitals, one from each

* The anti-bonding molecular orbital is referred to as a ¢* orbital.

1.3.1 Carbon-carbon single bonds 7

carbon atom, to form a strong ¢ bond between them. The carbon-
carbon bond length in saturated compounds is found to be pretty
constant—0-154 nm (1-54 A). This refers, however, to a carbon—carbon
single bond between sp® hybridised carbons. A similar single bond
between two sp hybridised carbons, =CH—CH =, is found on average
to be about 0-147 nm (1-47 A) in length, and one between two sp’
hybridised carbons, =C—C=, about 0-138 nm (1-38 A). This is not
really surprising, for an s orbital and any electrons in it are held closer
to, and more tightly by, the nucleus than is a p orbital and any electrons
in it. The same effect will be observed with hybrid orbitals as their
s component increases, and for two carbon atoms bonded to each
other the nuclei are drawn inexorably closer together on going from

sp3-sp> — sp*—sp? —» sp'-sp’.

We have not, however, defined a unique structure for ethane; the
o bond joining the two carbon atoms is symmetrical about a line
joining the two nuclei, and, theoretically, an infinite variety of different
structures is still possible, defined by the position of the hydrogens
on one carbon atom relative to the position of those on the other.
The two extremes, of all the possible species, are known as the eclipsed
and staggered forms:

H H H
H H
H H H
H H H H
HH H
i H: $ :H
H
H HH H H
H

Eclipsed Staggered

The above quasi three-dimensional representations are known as
‘sawhorse’ and Newman projections, respectively. The eclipsed and
staggered forms, and the infinite variety of possible structures lying
between them as extremes, are known as conformations of the ethane
molecule; conformations being defined as different arrangements of
the same group of atoms that can be converted into one another
without the breaking of any bonds.

The staggered conformation is likely to be the more stable of the
two as hydrogen atoms on one carbon are then as far away from
those on the other as they can get (0-310 nm; 3-1A), and any
so-called ‘non-bonded’ interaction between them is thus at a
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minimum; whereas in the eclipsed conformation they are suffering §
the maximum of crowding [0-230 nm (2-3 A), slightly less than the §
sum of their van der Waals radii]. The long cherished principle of
free rotation about a carbon—carbon single bond is not contravened,
however, as it has been shown that the eclipsed and staggered
conformations differ by only =12 kJ (3 kcal) mol™! in energy content §
at 25°, and this is small enough to allow their ready interconversion 1
through the agency of ordinary thermal motions at room §
temperature—the rotation frequency at 25° being ~10'*sec™'. That §
such crowding can lead to a real restriction of rotation about a 3§
carbon—carbon single bond has been confirmed by the isolation of §

two forms of CHBr,CHBr,, though admittedly only at low tempera-

tures where collisions between molecules do not provide enough

energy to effect the interconversion.

1.3.2 Carbon—carbon double bonds

In ethene each carbon atom is bonded to only three other atoms, two
hydrogens and one carbon. Strong o bonds are formed with these
three atoms by the use of three orbitals derived by hybridising the 2s
and, this time, two only of the carbon atom’s 2p atomic orbitals—an
atom will normally only mobilise as many hybrid orbitals as it has
atoms or groups to form strong ¢ bonds with. The resultant sp? hybrid
orbitals all lie in the same plane, and are inclined at 120° to each other
(plane trigonal orbitals). In forming the molecule of ethene, two of the
sp? orbitals of each carbon atom are seen as overlapping with the
1s orbitals of two hydrogen atoms to form two strong ¢ C—H bonds,
while the third sp? orbital of each carbon atom overlap axially to form
a strong 0 C—C bond between them. 1t is found experimentally that
the H—C—H and H—C—C bond angles are in fact 116-7° and 121.6°,
respectively. The departure from 120° is hardly surprising seeing that
different trios of atoms are involved.

This then leaves, on each carbon atom, one unhybridised 2p atomic
orbital at right angles to the plane containing the carbon and hydrogen
atoms. When these two 2p orbitals become parallel to each other
they can themselves overlap, resulting in the formation of a bonding
molecular orbital spreading over both carbon atoms and situated
above and below the plane (i.e. it has a node in the plane of the
molecule) containing the two carbon and four hydrogen atoms
(. indicates bonds to atoms lying behind the plane of the paper,
and A\ bonds to those lying in front of it):

H\?_?/H H\ﬁ/ H
u’ O O\H HY ) >y

1.3.3 Carbon—carbon triple bonds 9

This new bonding molecular orbital is known as a © orbital,* and the
electrons that occupy it as 7 electrons. The new n bond that is thus
formed has the effect of drawing the carbon atoms closer together,
and the C=C distance in ethene is found to be 0-133 nm (1.33 A),
compared with a C—C distance of 0-154 nm (1-54 A) in ethane. The
lateral overlap of the p atomic orbitals that occurs in forming a n
bond is less effective than the axial overlap that occurs in forming a
o bond, and the former is thus weaker than the latter. This is reflected
in the fact that the energy of a carbon—carbon double bond, though
more than that of a single bond is, indeed, less than twice as much.
Thus the C—C bond energy in ethane is 347 kJ (83 kcal) mol ™!, while
that of C=C in ethene is only 598 kJ (143 kcal) mol .

The lateral overlap of the two 2p atomic orbitals, and hence the
strength of the = bond, will clearly be at a maximum when the two
carbon and four hydrogen atoms are exactly coplanar, for it is only in
this position that the p atomic orbitals are exactly parallel to each
other, and will thus be capable of maximum overlap. Any distur-
bance of this coplanar state, by twisting about the o bond joining
the two carbon atoms, would lead to reduction in = overlapping,
and hence a decrease in the strength of the o bond: it will thus be
resisted. A theoretical justification is thus provided for the long
observed resistance to rotation about a carbon—carbon double bond.
The distribution of the 7 electrons in two lobes, above and below
the plane of the molecule, and extending beyond the carbon—carbon
bond axis, means that a region of negative charge is effectively
waiting there to welcome any electron-seeking reagents (e.g. oxidis-
ing agents); so that it comes as no surprise to realise that the
characteristic reactions of a carbon—carbon double bond are pre-
dominantly with such reagents (cf. p: 178). Here the classical picture
of a double bond has been replaced by an alternative, in which the
two bonds joining the carbon atoms, far from being identical,
are considered to be different in nature, strength and position.

1.3.3 Carbon-carbon triple bonds

In ethyne each carbon atom is bonded to only two other atoms, one
hydrogen and one carbon. Strong ¢ bonds are formed with these two
atoms by the use of two hybrid orbitals derived by hybridising the 2s
and, this time, one only of the carbon atom’s 2p atomic orbitals. The
resultant digonal sp" hybrid orbitals are co-linear. Thus, in forming the
molecule of ethyne, these hybrid orbitals are used to form strong o
bonds between each carbon atom and one hydrogen atom, and
between the two carbon atoms themselves, resulting in a linear molecule

* An anti-bonding, n*, molecular orbital is also formed (¢/. p. 12).
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having two unhybridised 2p atomic orbitals, at right angles to each ;

other, on each of the two carbon atoms. The atomic orbitals on one
carbon atom are parallel to those on the other, and can thus overlap
with each other resulting in the formation of two n bonds in planes
at right angles to each other:

The ethyne molecule is thus effectively sheathed in a cylinder of
negative charge. The C=C bond energy is 812 kJ (194 kcal) mol " !, so
that the increment due to the third bond is less than that occurring on
going from a single to a double bond. The C=C bond distance is
0-120nm (1-20 A) so that the carbon atoms have been drawn still
further together, but here again the decrement on going C=C — C=C
is smaller than that on going C—C— C=C.

1.3.4 Carbon-oxygen and carbon-nitrogen bonds

An oxygen atom has the electron configuration 1s?2s*2p22p;2p!, and
it too, on combining with other atoms, can be looked upon as utilising
hybrid orbitals so as to form the strongest possible bonds. Thus on
combining with the carbon atoms of two methyl groups, to form
methoxymethane (dimethyl ether), CH,—(—CH;, the oxygen atom
could use four sp> hybrid orbitals: two to form o bonds by overlap
with an sp* orbital of each of the two carbon atoms, and the other
two to accommodate its two lone pairs of electrons. The C—O—C
bond angle is found to be 110°, the C—O bond length, 0-142 nm
(1-42 A), and the bond energy, 360 kJ (86 kcal) mol ~*.

An oxygen atom can also form a double bond to carbon; thus in
propanone (acetone), Me,C=0: , the oxygen atom could use three sp>
hybrid orbitals: one to form a ¢ bond by overlap with an sp? orbital
of the carbon atom, and the other two to accommodate the two lone
pairs of electrons. This leaves an unhybridised p orbital on both
oxygen and carbon, and these can overlap with each other laterally
(¢f. C=C, p.9) to form a = bond :

1.3.5 Conjugation 11

The C—C—O bond angle is found to be x~120°, the C=0 bond
length, 0-122 nm (1-22 A), and the bond energy, 750 kJ (179 kcal) mol ~ 1.
The fact that this is very slightly greater than twice the C—O bond
energy, whereas the C=C bond energy is markedly less than twice
that of C—C, may be due in part to the fact that the lone pairs on
oxygen are further apart, and so more stable, in C=0 than in C—O;
there being no equivalent circumstance with carbon. The fact that
carbon—oxygen, unlike carbon—carbon, bonds are polar linkages also
plays a part.

A nitrogen atom, with the electron configuration 1s22s22p! 2p12pz,
can also be looked upon as using hybrid orbitals in forming smgle
C—N, double, C=N, and triple, C=N, bonds with carbon. In each
case one such orbital is used to accommodate the nitrogen lone pair
of electrons; in double and triple bond formation one and two n bonds,
respectively, are also formed by lateral overlap of the unhybridised p
orbitals on nitrogen and carbon. Average bond lengths and bond
energies are single, 0-147nm (1-47 A) and 305kJ (73 kcal) mol ™!,
double, 0-129nm (129 A) and 616kJ (147 kcal) mol ™', and trlple
0-116 nm (1-16 A) and 893 kJ (213 kcal) mol~*.

1.3.5 Conjugation

When we come to consider molecules that contain more than one
multiple bond, e.g dienes with two C=C bonds, it is found that
compounds in which the bonds are conjugated (alternating multiple
and single; 1) are slightly more stable than those in which they are

isolated (2):
0 0% 0 a

N(. éﬁ CH,

/Cl'{ CH\ '
Mew{ \CH;
o J =

(1a) (1b)

C
cH, H\, - @CH\ CH/,Hz

(2a) (2b)

0
éz
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This greater thermodynamic stability (lower energy content) of con-
jugated molecules is revealed in (1) having a lower heat of combustion,
and a lower heat of hydrogenation than (2); and also in the general
observation that isolated double bonds can often be made to migrate
quite readily so that they become conjugated:

MeCH=CH—CH,—C=0 e, MeCH, —~CH=CH—C=0

catalyst

Me Me

Conjugation is not of course confined to carbon-carbon multiple
bonds.

With both (1a) and (2a) above, lateral overlap of the p atomic
orbitals on adjacent carbon atoms could lead to the formation of two
localised m bonds as shown, and the compounds would thus be
expected to resemble ethene, only twice as it were! This is indeed
found to be the case with (2), but (1) is found to behave differently
in terms of its slightly greater stability (referred to above), in spectro-
scopic behaviour (see below), and in undergoing addition reactions
more readily than does an isolated diene (p. 194). On looking more
closely, however, it is seen that with (1), but not with (2a), lateral
overlap could take place between all four p atomic orbitals on adjacent
carbon atoms. Such overlap will result in the formation of four
molecular orbitals (Fig. 1.2), two bonding (¥, and ¥,) and two-anti-
bonding (y, and Y, }—the overlap of n atomic orbitals always gives
rise to n molecular orbitals:

n* w"#}Ami-bonding
x |1 Pty
energy | ———————————-———————— i _I_
pAOs Tl p AOs sz—l} bondic
101—_
n MOs MOs
Ethylene (x2) Butadiene

Fig. 1.2

It will be seen from Fig. 1.2 that accommodating the four electrons
of the conjugated diene (la) in the two bonding orbitals as shown
leads to a lower total energy for the compound than—by analogy
with ethene—accommodating them in two localised m bonds. The

1.3.5 . Conjugation 13

electrons are said to be delocalised, as they are now held in common
by the whole of the conjugated system rather than being localised
over two carbon atoms in 7 bonds, as in ethene or in (15). Accommoda-
tion of the four electrons in the bonding molecular orbitals ¥, and ¥,
results in electron distribution in a charge cloud as in (3):

3)

For such delocalisation to occur the four p atomic orbitals in (1a)
would have to be essentially parallel, and this would clearly impose
considerable restrictions on rotation about the C,—C; bond in (3),
which is indeed observed in practice as highly preferred conformations.
It might also be expected that the n electron density between C, and
C; would result in this bond having some double bond character,
e.g in its being shorter than a C—C single bond. The observed bond
length is indeed short—~0-147nm (1.47 A)}—though no shorter than
might be expected for a single bond between sp? hybridised carbon
atoms (¢f. p. 9). The stabilisation energy of a simple conjugated diene,
compared with the corresponding isolated one, is relatively small—
ca. 17kJ (4 kcal) mol~'—and even this cannot be ascribed wholly to
electron delocalisation : the state of hybridisation of the carbon atoms
involved, and the consequent differing strengths of the 6 bonds between
them, must also be taken into account.

Delocalisation is, however, much involved in stabilising the excited
states of dienes, and of polyenes in general, i.e. in lowering the energy
level of their excited states. The effect of this is to reduce the energy
gap between ground and excited states of conjugated molecules, as
compared with those containing isolated double bonds, and" this
energy gap is progressively lessened as the extent of conjugation
increases. This means that the amount of energy required to effect
the promotion of an electron, from ground to excited state, decreases
with increasing conjugation, i.e. the wavelength at which the necessary
radiation is absorbed increases. Simple dienes absorb in the ultra-
violet region, but as the extent of conjugation increases the absorption
gradually moves towards the visible range, i.e. the compound becomes
;Oioured. This is illustrated by the series of aw-diphenylpolyenes

elow :

CH,(CH=CH),CiH, Colour

n=1 colourless
n=24 yellow
n=>5 orange
n=_8§ red
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1.3.6 Benzene and aromaticity

One of the major problems of elementary organic chemistry is the §
detailed structure of benzene. The known planar structure of the
molecule implies sp? hybridisation with p atomic orbitals, at right
angles to the plane of the nucleus, on each of the six carbon atoms (4):

(4a) @ (4b)

Overlapping could, of course, take place, 1,2; 3,4; 5,6; or 1,6; 54;3,2, |
leading to formulations corresponding to the Kekulé structures (4a |
and 4b): but, as an alternative, all six adjacent p orbitals could overlap, |
as with conjugated dienes (p. 12), resulting in the formation of six j
molecular orbitals, three bonding (y, — ¥,) and three anti-bonding }

(Y4 — ¥,), with energy levels as represented below (Fig. 1.3):

» w e s—
¢ Anti-bonding
n* Yy 5
E o T l
nergy | ——-——-—————————————~———————————
tl 1171l
4 AOs = ¥ 2 ¥
n MOs ‘ Tl Bonding
1
MOs
Atoms Ethylene (x3) Benzene
Fig 1.3

The bonding MO of lowest energy (,) is cyclic and embraces all

six carbon atoms, i.e. is delocalised. It has a nodal plane in the plane

of the ring, so that there are two annular lobes, one above and one
below the plane of the ring, of which only the upper one (looking down
from above) is shown in (5a): two electrons are thus accommodated.
The two further bonding MOs (, and ¥/,), of equal energy (degenerate),
also encompass all six carbon atoms, but each has a further nodal
plane, at right angles to the plane of the ring, in addition to the one
in the plane of the ring. Each MO thus has four lobes of which only
the upper pair (looking down from above) are shown in (5b) and (5¢):
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each of these two MOs accommodates two more electrons—thus
making six in all

The net result is an annular electron cloud, above and below the
plane of the ring (6):

6

The influence of this cloud of negative charge on the type of reagents
that will attack benzene is discussed below (p. 131).

Support for the above view is provided by the observation that all
the carbon—carbon bond lengths in benzene are exactly the same,*
0-140 nm (1-40 A), i.e. benzene is a regular hexagon with bond lengths
somewhere in between the normal values for a single (0-154 nm;
1:54 A) and a double (0-133 nm; 1-33 A) bond. This regularity may
be emphasised by avoiding writing Kekulé structures for benzene, as
these are clearly an inadequate representation, and using instead :

©

There remains, however, the question of the much remarked
thermodynamic stability of benzene. Part of this no doubt arises from
the disposition of the three plane trigonal ¢ bonds about each carbon
at their optimum angle of 120° (the regular hexagonal angle), but a
larger part stems from the use of cyclic, delocalised molecular orbitals
to accommodate the six residual electrons; this is a considerably more
stable (lower energy) arrangement than accommodating the electrons

* As also are all the C—H bond lengths at 0-108 nm (1-08 A).
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in three localised = molecular orbitals, as is apparent from Fig. 1.3
(p. 14). The much greater stabilisation in benzene than in, for example,
conjugated dienes (cf. p. 13) presumably stems from benzene being a

cyclic, i.e. closed, symmetrical system.
A rough estimate of the stabilisation of benzene, compared with

simple cyclic unsaturated structures, can be obtained by comparing
its heat of hydrogenation with those of cyclohexene (7) and cyclohexa-

1,3-diene (8):

O +H, — O AH = —120kJ (—28-6 kcal) mol ™!

m

© +2H, — O AH = —232kJ (— 556 kcal) mol ™

®

@ +3H, = O AH = —208 kJ (—49-8 kcal) mol ™!

The heat of hydrogenation of the cyclic diene (8) is very nearly twice
that of cyclohexene (7), and the heat of hydrogenation of the three

double bonds in a Kekulé structure might thus be expected to be of i

the order of 3 x —120kJ (—28-6 kcalymol ™! = — 360 kJ (—85-8 kcal)

mol~1; but when ‘real’ benzene is hydrogenated only —208 kJ (—49-8
kcal) mol ~! are evolved. ‘Real’ benzene is thus thermodynamically more §
stable than the hypothetical ‘cyclohexatriene’ by 151 kJ (36 kcal) mol™'; 4

this compares with only ~17 kJ (4 kcal) mol ! by which a conjugated

diene is stabilised, with respect to its analogue in which there is no }

interaction between the electrons of the double bonds.

In marked contrast to benzene above, the heat of hydrogenation of "‘
cyclooctatetraene (9) to cyclooctane (10) is —410 kJ (—98 kcal) mol ™!, ]

while that of cyclooctene (11) is —96 kJ (—23 kcal) mol™*:

O~Q-C

1) (10) 1y

AH = —410kJ (—98 kcal)mol ~* AH = —96 kJ (—23 kcal) mol !

The difference between AH for (9) and 4 x AH for (11) is thus minus |
26 kJ (—6 kcalymol ™! : cyclooctatetraene, unlike benzene, exhibits no |
characteristic stabilisation when compared with the relevant hypo- |

thetical cyclic polyene (it is in fact slightly destabilised), i.e. it is not

aromatic. This lack of aromatic character is, on reflection, not really §
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surprising for cyclic p orbital overlap, as with benzene, would require
(9) to be flat .with a consequent C—C—C bond angle of 135°, resulting
in very considerable ring strain for an array of sp? hybridised carbons
(preferred angle 120°). Such strain can be relieved by puckering of the
ring, but only at the expense of sacrificing the possibility of overall p
orbital overlap. That such puckering occurs can be seen from X-ray
crystallographic measurements, which show cyclooctatetraene to have
the ‘tub’ structure (9a) with alternating double (0-133 nm; 1-33 A)
and single (sp>-sp®, 0-146nm; 1-46 A; . p. 1), carbon—carbon’

bonds:
@ 0133nm
0-146 nm

Sa)

Conditions necessary for cyclic polyenes to possess aromatic character
are referred to below.

The amount by which benzene is stabilised compared with the
hypOthCFIC(:ll ‘cyclohexatriene’ should properly be called its stabilisation
energy, it is, however, often called its delocalisation energy, which
immediately begs the question as to how much of the stabilisation is
actually due to delocalisation of the 67 electrons in benzene. The term
resonance energy, though still widely used, is highly unsatisfactory on
semantic grounds as it immediately conjures up visions of rapid
oscillation between one structure and another, eg. the Kekulé
:)tr;l;)tures, thus entirely misrepresenting the real state of affairs (cf.
_ The requirements necessary for the occurrence of aromatic stabilisa-
tion, and character, in cyclic polyenes appear to be : (a) that the molecule
should be ﬂat (to allow of cyclic overlap of p orbitals); and (b) that
all the bonding orbitals should be completely filled. This latter condition
is fulfilled in cyclic systems with 4n + 27 electrons* (Hiickel’s rule)
and the arrangement that occurs by far the most commonly in aromatic;
compounds is when.n = 1, i.e. that with 6n electrons. 10z electrons
(n =2) are Erlesent in naphthalene [12, stabilisation energy, 255kJ
(61 kcal) mol ], and 14n electrons (n = 3) in anthracene (13) and
phenanthrene (14)—stabilisation energies, 352 and 380kJ (84 and

91 kcal) mol ™!, respectively :

(12) (13) (19

* Signif 10me(n = 2) 14ne(n = 3) 14ne(n = 3)
1gnificantly, cyclooctatetraene with 8z electrons (4n, n =
ROt 10 be arammary AP rons (4n, n = 2) has already been shown
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Hiickel’s rule should not, strictly, apply to them—the introduction of §
the transannular bond, that makes them bi- and tricyclic, respectively,

of the n electrons over the cyclic group of ten or fourteen carbon §
atoms is concerned. 7

Quasi-aromatic structures are also known in which the stabilised }
cyclic species is an ion, e.g. the cycloheptatrienyl (tropylium) cation §
(15, ¢f. p. 106), the cyclopentadienyl anion (16, cf. p. 275), both of }
which have 6ne (n = 1), and even more surprisingly the cyclopropenyl
cation (17, ¢f. p. 106) which has 2ne (n = 0): ;

O o s

(15) (16) an

i

Further, the ring structure need not be purely carbocyclic, and pyridine :‘
(18, ¢f. p. 165), for example, with a nitrogen atom in the ring and 6mne {
(n = 1), is as highly stabilised as benzene: j

@

N
(18)

A useful experimental criterion of aromatic character, in addition }
to those already mentioned, arises from the position of the signal §
from hydrogen atoms attached to the ring carbons in the compound’s |
nuclear magnetic resonance (n.m.r.) spectrum.* The position of the j
n.m.r. signal from a hydrogen atom depends on the nature, i.e. local §
environment, of the carbon (or other atom) to which it is attached. ]
Thus the proton signal of cyclooctatetraene is seen at 85-6, and such a §
position is typical of protons in a non-aromatic cyclic polyene, while §
the proton signal of benzene is seen at §2-8, which is found to be typical §
of aromatic compounds in general. "

1.3.7 Conditions necessary for delocalisation

The difficulty in finding a satisfactory representation for the carbon- :
carbon bonding in benzene brings home to us the fact that our normal §
way of writing bonds between atoms as single, double or triple, involving |

* A useful simple account of the use of n.m.r. (and other) spectra in an organic context '

may be found in: Williams, D. H. and Fleming, 1. Spectroscopic Methods in Organic
Chemistry, McGraw-Hill, 3rd Edition, 1980
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two, fopr and six electrons, respectively, is clearly inadequate: some
bonds involve other, even fractional, numbers of electrons. This is
seen very clearly in the ethanoate (acetate) anion (19),

o
V4
CH,C
N
0°
(19

where, in flat contradiction of the above formula, X-ray crystallo-
graphy shows that the two oxygen atoms are indistinguishable from
each other, the two carbon-oxygen bond distances being the same, i.e.
involving the same number of electrons.

These difficulties have led to the convention of representing molecules
that cannot adequately be written as a single classical structure by a
combination of two or more classical structures, the so-called canonical
structures, linked by a double-headed arrow. The way in which one
of these structures can be related to another often being indicated by
curved arrows, the tail of the curved arrow indicating where an
electron pair moves from and the head of the-arrow where it moves to*:

(0] )
v £ °
CH,C\ L d CH,C\ = |CH,C
0° 8 \0
(19a) (19b) (19ab)

It cannot be too firmly emphasised, however, that the ethanoate anion
does not have two possible, and alternative, structures which are
rapidly interconvertible, but a single, real structure (19ab)—sometimes
referred to as a hybrid—for which the classical (canonical) structures
(19a) and (19b) are less exact, limiting approximations.

A certain number of limitations must be borne in mind, however,
when considering delocalisation and its representation through two
or more classical structures as above. Broadly speaking, the more
canonical structures that can be written for a compound, the greater
the delocalisation of electrons, and the more stable the compound will
be. These structures must not vary too widely from each other in
energy content, however, or those of higher energy will contribute so
little to the hybrid as to make their contribution virtually irrelevant.
The stabilising effect is particularly marked when the structures have
the same energy content, as with (19a) and (19b) above. Structures

) * We shall, however, subsequently write canonical structures, e.g. (19a) and (19b),
linked by a double-headed arrow, but without curved arrows. These will be reserved
for indicating a real movement of electron pairs, i.e. as happens during the forming,
and breaking, of bonds in the course of a real reaction.
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involving separation of charge (cf. p. 24) may be written but, other
things being equal, these are usuvally of higher energy content thar
those in which such separation has not taken place, and hence contribute
correspondingly less to the hybrid. The structures written must alf
contain the same number of paired electrons, and the constituent
atoms must all occupy essentially the same positions relative to each:
other in each canonical structure. If delocalisation is to be significant,
all atoms attached to unsaturated centres must lie in the same plane’
or nearly so; examples where delocalisation, with consequent stabilisa-
tion, is actually prevented by steric factors are discussed subsequently
(p. 26).

1.4 THE BREAKING AND FORMING OF BONDS

A covalent bond between two atoms can be broken in essentially the
following ways: 4

R- X
Ve
R:X — R:© X®
~a
R® :Xx©

In the first case each atom separates with one electron, leading to the
formation of highly reactive entities called radicals, owing their J
reactivity to their unpaired electron; this is referred to as homolytic |

fission of the bond. Alternatively, one atom may hold on to both |
electrons, leaving none for the other, the result in the above case bein
a negative and a positive ion, respectively. Where R and X are n
identical, the fission can, of course, take place in either of two ways, j
as shown above, depending on whether R or X retains the electron
pair. Either of these processes is referred to as heterolytic fission, the’
result being the formation of an ion pair. Formation of a covalent g
bond can take place by the reversal of any of these processes, and also,
of course, by the attack of first-formed radicals or ions on other
species:

R* + Br—Br — R—Br + Br- (. 324) §
R® + H,O0 - R—OH +H® (p. 107)

Such radicals or ion pairs are formed transiently as reactive inter- §
mediates in a very wide variety of organic reactions, as will be shown !
below. Reactions involving radicals tend to occur in the gas phase 3
and in solution in non-polar solvents, and to be catalysed by light
and by the addition of other radicals (p. 300). Reactions involving
ionic intermediates take place more readily in solution in polar §
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solvents, because of the greater ease of separation of charge therein,
and very often because of the stabilisation of the resultant ion pairs
through solvation. Many of these ionic intermediates can be considered
as carrying their charge on a carbon atom, though the ion is often
stabilised by delocalisation of the charge, to a greater or lesser extent,
over other carbon atoms, or atoms of different elements:

S
CH,=CH—CH,
H® —H,0
CH,=CH—CH,—OH & CH,=CH—CH, —OH, = !
N o
CH,—CH=CH,
[
0 CH,—C—CH,
I °o
CH,—C—CH, & ! + H,0
09
]
CH,—C=CH,

When a positive charge is carried on carbon the entity is known as a
carbocation, and when a negative charge, a carbanion. Though such
ions may be formed only transiently and be present only in minute
concentration, they are nevertheless often of paramount importance
in controlling the reactions in which they participate.

These three types, radicals, carbocations and carbanions, by no
means exhaust the possibilities of transient intermediates in which
carbon is the active centre ; others include the electron-deficient species
carbenes, R,C: (p. 266), nitrenes, RN (p. 122); and also arynes (p.
174).

1.5 FACTORS INFLUENCING ELECTRON-AVAILABILITY

In the light of what has been said above, any factors that influence the
relative availability of electrons (the electron density) in particular
bonds, or at particular atoms, in a compound might be expected to
affect very considerably its reactivity towards a particular reagent:
a position of high electron availability will be attacked with difficulty
if at all by, for example, ®OH, whereas a position of low electron
availability is likely to be attacked with ease, and vice versa with a
positively charged reagent. A number of such factors have been
recognised.

1.5.1 Inductive and field effects

In a covalent single bond between unlike atoms, the electron pair
forming the ¢ bond is never shared absolutely equally between the
two atoms; it tends to be attracted a little more towards the more
electronegative atom of the two. Thus in an alkyl chloride (20), the
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electron density tends to be greater nearer chlorine than carbon, as §

the former is the more electronegative; this is generally represented
as in (20a) or (20b):

o+ 6~ AN
—C—Cl —C+-Cl
/ /

(20a) (20b)

If the carbon atom bonded to chlorine is itself attached to further

carbon atoms, the effect can be transmitted further:

C—C—C+C»Cl
4 3 2 1

The effect of the chlorine atom’s partial appropriation of the electrons
of the carbon-chlorine bond is to leave C, slightly electron-deficient;
this it seeks to rectify by, in turn, appropriating slightly more than its
share of the electrons of the ¢ bond joining it to C,, and so on down §
the chain. The effect of C; on C, is less than the effect of Cl on C,, §
however, and the transmission quickly dies away in a saturated chain, §
usually being too small to be noticeable beyond C,. These influences |
on the electron distribution in ¢ bonds are known as inductive §

effects.
In addition to any inductive effect operating through the bonds in

a compound, an essentially analogous effect can operate either

through the space surrounding the molecule or, in solution, via the
molecules of solvent that surround it. In many cases, however, it is
not possible to distinguish between the operation of an inductive

effect as such, and this closely similar (and parallel) field effect. "
Subsequently, reference to an inductive effect will, therefore, nor- j

mally be taken to include any such field effect.

Most atoms and groups attached to carbon exert such inductive
effects in the same direction as chlorine, ie. they are electron-with- |
drawing, owing to their being more electronegative than carbon, the }

major exception being alkyl groups which are electron-donating.*
Though the effect is quantitatively rather small, it is responsible for
the increase in basicity that results when one of the hydrogen atoms of
ammonia is replaced by an alkyl group (p.66), and, in part at any rate,
for the readier substitution of the aromatic nucleus in methylbenzene
than in benzene itself (p. 153).

All inductive effects are permanent polarisations in the ground state
of a molecule, and are therefore manifested in its physical properties,
for example, its dipole moment.

* The metal atoms in, for example, lithium alkyls and Grignard reagents, both of
which compounds are largely covalent, are also electron-donating, leading to negatively
polarised carbon atoms in each case: R—<Li and R+~MgHal (cf. p.221).
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1.5.2 Mesomeric (conjugative) effects

These are essentially electron redistributions that can take place in
unsaturated, and especially in conjugated, systems via their n orbitals.
An example is the carbonyl group (p. 203), whose properties are not
accounted for entirely satisfactorily by the classical formulation (21a),
nor by the extreme dipole (21b) obtainable by shift of the = electrons:

AN \e o o+ s-
CFO < C+O= C-»—Oj,
ST, l:/
(21a) (21b) (21ab)

The actual structure is somewhere in between, i.e. (21ab) a hybrid of
which (21a) and (21b) are the canonical forms. There will also be an
inductive effect, as shown in (21ab) but this will be much smaller than
the mesomeric effect as o electrons are much less polarisable, and
hence less readily shifted, than = electrons.

If the C=0 group is conjugated with C=C, the above polarisation
can be transmitted further via the = electrons, e.g. (22):

® 5+
CH CH CH CH CH CH_
\ N\ /N _ 7 N\ [ VAR S
Me/ \CH/ \o Me CH 0° Me CH o

(22a) (22b) (22ab)

Delocalisation takes place (c¢f. 1,3-dienes, p. 13), so that an electron-
deficient atom results at C,, as well as at C, as in a simple carbonyl
compound. The difference between this transmission via a conjugated
system, and the inductive effect in a saturated system, is that here the
effect suffers much less diminution by its transmission, and the polarity
at adjacent carbon atoms alternates.

The stabilisation that can result by delocalisation of a positive or
negative charge in an ion, via its  orbitals, can be a potent feature in
making the formation of the ion possible in the first place (c¢f. p. 55).
1t is, for instance, the stabilisation of the phenoxide anion (23), by
delocalisation of its charge via the delocalised n orbitals of the nucleus,
that is largely responsible for the acidity of phenol (cf. p. 56):

o° 0 0 0
° )
+ HO & ©H©HOQ—»©+H300
é
(23a) (23b) (23¢) (234d)

An apparently similar delocalisation can take place in undissociated
phenol (24) itself, involving an unshared electron pair on the oxygen
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:OH ®0OH ®0OH °0OH
(=] e
© — @ - @ - @
e

(249) (24b) (240) (244d)

atom,

but this involves separation of charge, and will thus be correspondingly
less effective than the stabilisation of the phenoxide ion which does not.

Mesomeric, like inductive, effects are permanent polarisations in the
ground state of a molecule, and are therefore manifested in the physical
properties of the compounds in which they occur. The essential

difference between inductive and mesomeric effects is that while 4

inductive effects can operate in both saturated and unsaturated
compounds, mesomeric effects can operate only in unsaturated,
especially in conjugated, compounds. The former involve the elec-

trons in o bonds, the latter those in 7= bonds and orbitals. Inductive 3

effects are transmitted over only quite short distances in saturated
chains before dying away, whereas mesomeric effects may be trans-
mitted from one end to the other of quite large molecules provided
that conjugation (i.e. delocalised 7 orbitals) is present, through
which they can proceed.

1.5.3 Time-variable effects

Some workers have sought to distinguish between effects such as the
two considered above, which are permanent polarisations manifested
in the ground state of a molecule, and changes in electron distribution
that may result either on the close approach of a reagent or, more
especially, in the transition state (p. 38) that is formed from its
initial attack. The time-variable factors, by analogy with the perma-
nent effects discussed above, have been named the inductomeric and
electromeric effects, respectively. Any such effects can be looked
upon as polarisabilities rather than as polarisations, for the distribu-
tion of electrons reverts to that of the ground state of the molecule
attacked either if the reagent is removed without reaction being
allowed to take place, or if the transition state, once reached,
decomposes to yield the starting materials again.

Such time-variable effects, being only temporary, will not, of course,
be reflected in the physical properties of the compounds concerned.
It has often proved impossible to distinguish experimentally between
permanent and time-variable effects, but it cannot be too greatly
emphasised that, despite the difficulties in distinguishing what pro-
portions of a given effect are due to permanent and what to time-
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variable factors, the actual close approach of a reagent may have a
profound effect in enhancing reactivity in a reactant molecule, and so
in promoting reaction.

1.5.4 Hyperconjugation

The relative magnitude of the inductive effect of alkyl groups is normally
found to follow the order,

Me\ 'Me\
Me}-C-»— > /CH-»— > Me+CH,+ > CH,+
Me Me

as would be expected. When, however, the alkyl groups are attached
to an unsaturated system, e.g. a double bond or a benzene nucleus,
this order is found to be disturbed, and in the case of some conjugated
systems actually reversed. It thus appears that alkyl groups are capable,
in these circumstances, of giving rise to electron release by a mechanism
different from the inductive effect. This has been explained as
proceeding by an extension of the conjugative or mesomeric effect,
delocalisation taking place in the following way:

H H®
H—(IT—CH=CHz L nd H—C=CH—(afl~lz
H H
(25a) (25b)

H H H H
H-C-H  H-C H® H—C H® H—C HE
SEIOEISIe

— — —
e
(26a) (26b) (26¢) (264d)

This effect has been called hyperconjugation, and has been used
successfully to explain a number of otherwise unconnected phenomena.
1t should be emphasised that it is not suggested that a proton actually
becomes free in (25) or (26), for if it moved from its original position
one of the conditions necessary for delocalisation to occur would be
controverted (p. 20).

Reversal of the expected (inductive) order of electron-donation to
CH,; >MeCH, >Me,CH >Me,C could be explained on the basis of
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hyperconjugation being dependent on the presence of hydrogen on
the carbon atoms «- to the unsaturated system. This is clearly at a
maximum with CH; (25) and non-existent with Me,C (29),

lli T\iie Me Ivlie
H—(IJ—CH=CH2 H—(ll—CH=CH2 Me—(IJ—CH=CH2 Me—(IJ—CH=CH2
H H H Me
(25) 27 (28) (29)

hence the increased electron-donating ability of CH, groups under
these conditions. Hyperconjugation could, however, involve C—C
as well as C—H bonds, and the differences in relative reactivity
observed in a series of compounds may actually result from the
operation of solvent, as well as hyperconjugative, effects.

Hyperconjugation has also been invoked to account for the
greater thermodynamic stability of alkenes in which the double
bond is not terminal, e.g. (30), compared with isomeric compounds
in which it is, e.g. (31): in (30) there are nine ‘hyperconjugable’
a-hydrogen atoms, compared with only five in (31):

CH, CH,
CH,—C=CH—CH, MeCH,—C=CH,
(30) (1)

This results in the preferential formation of non-terminal alkenes, in
reactions which could lead to either these or their terminal isomers
on introduction of the double bond (p. 256), and to the fairly ready
i(son)lerisation of the less to the more stable compound, eg. 31)—
30).

1.6 STERIC EFFECTS

We have to date been discussing factors that may influence the relative
availability of electrons in bonds, or at particular atoms, in a compound,
and hence affect that compound’s reactivity. The operation of these
factors may, however, be modified or even nullified by the influence
of steric factors; thus effective delocalisation via = orbitals can only
take place if the p or # orbitals, on the atoms involved in the delocalisa-
tion, can become parallel or fairly nearly so. If this is prevented,
significant overlapping cannot take place, and delocalisation may be
inhibited. A good example of this is provided by a comparison between
the behaviour of N,N-dimethylaniline (32) and its 2,6-dialkyl deriva-
tives, e.g. (33). The NMe, group in (32), being electron-donating (due
to the unshared electron pair on nitrogen interacting with the
delocalised n orbitals of the nucleus), activates the nucleus towards
attack by the diazonium cation PhN,®, ie. towards azo-coupling,
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leading to substitution at the p-position (¢f. p. 153):

Me Me e Me Me
AN \Ne / ANV
5 c N
PhN, ~He @
—_—
S _
PhN=N PAN=N" H PhN=N
]
(32)

The 2,6-dimethyl derivative (33) does not couple under these
conditions, however, despite the fact that the methyl groups that have
been introduced are much too far away for their bulk to interfere
directly with attack at the p-position. The failure to couple at this
position is, in fact, due to the two methyl groups, in the o-positions to
the NMe,, interfering sterically with the two methyl groups attached
to nitrogen, and so preventing these lying in the same plane as the
benzene nucleus. This means that the p orbitals on nitrogen, and on
the ring carbon atom to which it is attached, are prevented from
becoming parallel to each other, and their overlapping is thus inhibited.
Electronic interaction with the nucleus is thus largely prevented, and
transfer of charge, as in (32), does not take place (cf. p. 71):

(33)

The most common steric effect, however, is the classical steric
hindrance, in which it is apparently the sheer bulk of groups that is
influencing the reactivity of a site in a compound directly: by impeding
approach of a reagent to the reacting centre, and by introducing
crowding in the transition state (c/. p. 38), and not by promoting or
inhibiting electron-availability. This has been investigated closely in
connection with the stability of the complexes formed by trimethyl-
boron with a wide variety of amines. Thus the complex (34) formed
with triethylamine dissociates extremely readily, whereas the complex
(35) with quinuclidine, which can be looked upon as having three
ethyl groups on nitrogen that are ‘held back’ from assuming a con-
formation that would interfere sterically with attack on the nitrogen
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atom, is very stable:

Me CH,—CH, Me
CH, Me \e 9/Me
\e o/ sMe CH N
N:B VTR
H,C: N CH,- Me
Me Me CHz_CHz
CH,
AN
Me
(34) (35)

That this diﬂ“ergnce is not due to differing electron availability at the
nitrogen atom in the two cases is confirmed by the fact that the two
amines differ very little in their strengths as bases (¢f- p.72): the uptake
of a proton constituting very much less of a steric obstacle than the
uptake of the relatively bulky BMe,. Esterification and ester hydrolysis
are2 401t)her reactions particularly susceptible to steric inhibition {cf.
p. . ‘
It should be emphasised that such steric inhibition is only an
extreme case, and any factors which disturb or inhibit a particular
orientation of the reactants with respect to each other, short of prevent-
ing their close approach, can also profoundly affect the rate of reactions :

a state of affairs that is often encountered in reactions in biological
systems.

1.7 REAGENT TYPES

Rgference. has already been made to electron-donating and electron-
W1thdraW1'ng groups, their effect being to render a site in a molecule
electron-rich or electron-deficient, respectively. This will clearly
mﬂugnce the type of reagent with which the compound will most
readily react. An electron-rich species such as phenoxide anion (36)

O~

(36a) (36b)

will tend to be most readily attacked by positively charged cations such
as C¢H;N,®, a diazonium cation (p. 146), or by other species which
though not actually cations, possess an atom or centre that is electron-’
deficient; for example, the sulphur atom of sulphur trioxide (37) in
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sulphonation (p. 140):
-
IS £
Q==Ss+++
‘-\0,,_
37

Such reagents, because they tend to attack the substrate at a position
(or positions) of high electron density, are referred to as electrophilic
reagents or electrophiles.

Conversely, an electron-deficient centre, such as the carbon atom
in chloromethane (38)

4+ 8-

H,C+Cl
(38)

will tend to be attacked most readily by (negatively charged) anions
such as ®OH, ©CN, etc., or by other species which, though not actually
anions, possess an atom or centre which is electron-rich; for example,
the nitrogen atom in ammonia or amines, H;N: or R3;N:. Such
reagents, because they tend to attack the substrate at a position (or
positions) of low electron density, i.e. where the atomic nucleus is
short of its normal complement of orbital electrons, are referred to as
nucleophilic reagents or nucleophiles.

It must be emphasised that only a slightly unsymmetrical distribution
of electrons is required for a reaction’s course to be dominated: the
presence of a full-blown charge on a reactant certainly helps, but is
far from being essential. Indeed the requisite unsymmetrical charge
distribution may be induced by the mutual polarisation of reagent
and substrate on their close approach, as when bromine adds to
ethene (p. 180).

This electrophile/nucleophile dichotomy can be looked upon as a
special case of the acid/base idea. The classical definition of acids and
bases is that the former are proton donors, and the latter proton
acceptors. This was made more general by Lewis, who defined acids
as compounds prepared to accept electron pairs, and bases as sub-
stances that could provide such pairs. This would include a number
of compounds not previously thought of as acids and bases, e.g. boron
triftuoride (39),

e @
F;B + :NMe, 2 F;B:NMe,
(39 (40)

which acts as an acid by accepting the electron pair on nitrogen in
trimethylamine to form the complex (40), and is therefore referred
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to as a Lewis acid. Electrophiles and nucleophiles in organic reactions
can be looked upon essentially as acceptors and donors, respectively,
of electron pairs, from and to other atoms—most frequently carbon.
Electrophiles and nucleophiles also, of course, bear a relationship to
oxidising and reducing agents, for the former can be looked upon as
electron acceptors and the latter as electron donors. A number of the
more common electrophiles and nucleophiles are listed below :

Electrophiles :

H® H,0%, ®NO,, ®NO, PhN,® R,C®

50,,¢0,, BF,, AlC,, 1, Br,, 0,

Nucleophiles :

H®,BH,°, I;I§O3e, l;lOe, RO®, RS®, °CN, RCO,®, RC=C®, SCH(CO,Et),
O:, N:, S:, RMgBr, RLi (41)

Where a reagent is starred, the star indicates the atom that accepts
electrons from, or donates electrons to, the substrate as the case may
be. No clear distinction can necessarily be made between what con-
stitutes a reagent and what a substrate, for though ®NO,, ®OH, etc.,
-are normally thought of as reagents, the carbanion (41) could, at will,
be either reagent or substrate, when reacted with, for example, an alkyl
halide. The reaction of the former on the latter is a nucleophilic attack,
while that of the latter on the former would be looked upon as an
electrophilic attack; but no matter from which reactant’s standpoint
a reaction is viewed, its essential nature is not for a moment in doubt.

It should be remembered that reactions involving radicals as the
reactive entities are also known. These are much less susceptible to
variations in electron density in the substrate than are reactions
involving polar intermediates, but they are greatly affected by the
addition of small traces of substances that either liberate or remove
radicals. They are considered in detail below (p.313),

1.8 REACTION TYPES

There are essentially four general types of reaction which organic
compounds can undergo:

(@) Displacement (substitution)
(b) Addition

(¢) Elimination

(d) Rearrangement

In (a) it is displacement from carbon that is normally referred to, but
the atom displaced can be either hydrogen or another atom or group.
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In electrophilic substitution it is often hydrogen that is d.isplaced,
classical aromatic substitution (p. 132) being a good example:

H NO,
© + H®
+ °NO, —

In nucleophilic substitution it is often an atom other than hydrogen
that is displaced (p. 77),

NC® + R—Br — NC—R + Br®

ilic di is also known (p. 167).
but nucleophilic displacement of hydrogen is a
Rl:ldical-indlzlced displacement is also known, for example the halo-

ion of alkanes (cf. p. 323). - - .

gen:ggﬂion reactions, too, can be electrophilic, nupl;qphlllc or radical
in character, depending on the type of species that initiates the process.
Addition to simple carbon—carbon doubl.e.bonds is normally either
electrophile-, or radical-, induced; e.g. addition of HBr,

Br
N |/

\C=C/ HBr c—C

/ N /}—l{ N

which can be initiated by the attack of eithe'r.H“’ (p.184) or Br.- (p. 317)
on the double bond. By contrast, the addition reactions exhibited by
the carbon—oxygen double bond, in simple aldehydes and _ketone;, are
usually nucleophilic in character (p. 204). An example is the base-
catalysed formation of cyanohydrins in liquid HCN:

Elimination reactions are, of course, e_ssentially the reversal o(g
addition reactions; the most common type is the loss of hy_drogelrll( an
another atom or group from adjacent carbon atoms to yield alkenes

(p. 246):

H
/- NIl 7
—C/ —HBr \C=C H,0 /C_(Ij\
77N 70N OH
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Rearrangements may also proceed via intermediates that are
essentially cations, anions, or radicals, though those involving
carbocations, or other electron-deficient species, are by far the most
common. They may involve a major rearrangement of the carbon
skeleton of a compound, as during the conversion of 2,3-
dimethylbutan-2,3-diol (pinacol, 42) into 2,2-dimethylbutan-3-one
(pinacolone, 43, cf. p. 113):

Me,C—~CMe, ,;& Me,C—CMe
[ .Y |
HO OH
42) (43)
The actual rearrangement step in such reactions is often followed by

a further displacement, addition or elimination, before a stable
end-product is obtained.

Energetics, kinetics, and the
investigation of mechanism

2.1 ENERGETICS OF REACTION, p. 33.

2.2 KINETICS OF REACTION, p. 36:
2.2.1 Reaction rate and free energy of activation, p. 37; 2.2.2
Kinetics and the rate-limiting step, p. 39; 2.2.3 Kinetic v.
thermodynamic control, p. 42.

2.3 INVESTIGATION OF REACTION MECHANISMS, p. 43:
2.3.1 The nature of the products, p. 43; 2.3.2 Kinetic data, p. 44;
2.3.3 The use of isotopes, p. 46; 2.3.4 The study of intermediates,
p. 49; 2.3.5 Stereochemical criteria, p. 51.

We have now listed a number of electronic and steric factors that can
influence the reactivity of a compound in a given situation, and also
the types of reagent that might be expected to attack particular centres
in such a compound especially readily. We have as yet, however, had
little to say directly about how these electronic and steric factors,
varying from one structure to another, actually operate in energetic
and kinetic terms to influence the course and rate of a reaction. These
considerations are of major importance, not least for the light they
might be expected to throw on the detailed pathway by which a
reaction proceeds.

2.1 ENERGETICS OF REACTION

When we consider the conversion of starting materials into prod-
ucts, which constitutes an organic reaction, one of the things that
we particularly want to know is ‘how far will the reaction go over
towards products?’ Systems tend to move towards their most stable
state, so we might expect that the more stable the products are,
compared with the starting materials, the further over in the
former’s favour any equilibrium between them might be expected to
lie, i.e. the larger A,,pu, is in the diagram (Fig. 2.1) below, the
greater the expected conversion into products:

—~ -
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Starting materials

A sabitity

Decreasing stability ——

Products

Fig. 2.1

However, it quickly becomes apparent that the simple energy 4
change that occurs on going from starting materials to products, and
that may readily be measured as the heat of reaction, AH*, is not an |
adequate measure of the difference in stability between them, for there }
is often found to be no correlation between AH and the equilibrium
constant for the reaction, K. Highly exothermic reactions are known !
with only small equilibrium constants (little conversion of starting
materials into products), and some reactions with large equilibrium
constants are known that are actually endothermic (enthalpy of 4
products higher than that of starting materials): clearly some factor |
in addition to enthalpy must be concerned in the relative stability of

chemical species.

That this should be so is a corollary of the Second Law of Thermo- 1
dynamics which is concerned essentially with probabilities, and with
the tendency for ordered systems to become disordered : a measure of
the degree of disorder of a system being provided by its entropy, S.
In seeking their most stable condition, systems tend towards minimum 1
energy (actually enthalpy, H) and maximum entropy (disorder or |
randomness), a measure of their relative stability must thus embrace a
compromise between H and S, and is provided by the Gibb’s free 4

energy, G, which is defined by,
G=H-TS

wher§ T is the absplute temperature. The free energy change during a
reaction, at a particular temperature, is thus given by,

AG = AH - TAS

*H .is a measure of the heat content, or enthalpy, of a compound, and AH is preceded
by a minus sign if the products have a lower heat content than the starting materials :
when there is such a decrease in enthalpy the reaction is exothermic.
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and it is found that the change in free energy in going from starting
materials to products, AG® (AG® refers to the change under standard
conditions: at unit activity; less exactly at unit, i.e. molar, concentra-
tion), is related to the equilibrium constant, K, for the change by the
relation,

~AG® = 2303RTlog K

i.e. the larger the decrease in free energy (hence, minus AG®) on going
from starting materials to products, the larger the value of K, and the
further over the equilibrium lies in favour of products. The position
of minimum free energy thus corresponds to the attainment of
equilibrium by starting materials/products. In a reaction for which
there is no free energy change (AG® =0) K = 1, which corresponds
to 50% conversion of starting materials into products. Increasing
positive values of AG® imply rapidly decreasing fractional values of
K (the relationship is a logarithmic one), corresponding to ex-
tremely little conversion into products, while increasing negative
values of AG® imply correspondingly rapidly increasing values of K.
Thus a AG® of —42 kJ (—10 kcal) mol* corresponds to an equilib-
rium constant of ~107, and essentially complete conversion into
products. A knowledge of the standard free energies of starting
materials and of products, which have been measured for a large
number of organic compounds, thus enables us to predict the
expected extent of the conversion of the former into the latter.

The AH factor for the change can be equated with the difference in
energies between the bonds in the starting materials and the bonds in
the products, and an approximate value of AH for a reaction can
often be predicted from tables of standard bond energies: which is
hardly unexpected, as it is from AH data that the average bond energies
were compiled in the first place!

The entropy factor cannot be explained quite so readily, but
effectively it relates to the number of possible ways in which their
total, aggregate energy may be shared out among an assembly of
molecules; and also to the number of ways in which an individual
molecule’s quanta of energy may be shared out for translational,
rotational, and vibrational purposes, of which the translational is
likely to be by far the largest in magnitude. Thus for a reaction in
which there is an increase in the number of molecular species on
going from starting materials to products,

AeB+C

there is likely to be a sizeable increase in entropy because of the gain in
translational freedom. The —TAS term may then be large enough to
outweigh the + AH term of an endothermic reaction, thus leading to
a negative value for AG, and an equilibrium that lies well over in
favour of products. If the reaction is exothermic anyway (AH negative),
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AG will of course be even more negative, and the equilibrium constant,
K, correspondingly larger still. Where the number of participating
species decreases on going from starting materials to products there is
likely to be a decrease in entropy (AS negative); hence,

A+BzC AG=AH-(-)TAS

and unless the reaction is sufficiently exothermic (AH negative and
large enough) to counterbalance this, AG will be positive, and the
equilibrium thus well over in favour of starting materials.
Cyclisation reactions may also be attended by a decrease in entropy,
H,
C
H,C”  “CH,
CH4(CH,),CH=CH, & ]
H,C\C,CHZ

H,

for though there is no necessary change in translational entropy, a
constraint is imposed on rotation about the carbon-carbon single
bonds: this is essentially free in the open chain starting material, but
is greatly restricted in the cyclic product. This rotational entropy
term is, however, smaller in size than the translational entropy term
involved in reactions where the number of participating species
decreases on forming products—a fact that is reflected in the
preference for intra- rather than inter-molecular hydrogen bonding
in 1,2-diols:

H

H R H H H

~ ? H\? ~ ? ?/ . ?/ (I)/
~ 7 ~ e ~ -
LC—C AT N

intra-molecular inter-molecular

It should not be overlooked that the entropy term involves tempera-
ture (TAS) while the enthalpy (AH) term does not, and their relative
contributions to the free energy change may be markedly different
for the same reaction carried out at widely differing temperatures.

2.2 KINETICS OF REACTION

Though a negative value for AG® is a necessary condition for a
reaction to take place at all under a given set of conditions, further
information is still needed as the —AG® value tells us nothing about
how fast the starting materials are converted into products. Thus for
the oxidation of cellulose,

(CeH,40,), + 610, & 6nCO, + 5nH,O

2.2.1 Reaction rate and free energy of activation

Starting
E.g materials
g
[
g _AGe
& AG

Products

Fig. 2.2

AG® is negative and large in magnitude, so that the equilibrium lies
essentially completely over in favog; of ((2102 amd l-frz? o;rb:\feﬁ {lf\x;sr;
very largely cellulose) can e read in the air (c .
gir))';zn( tegt!) f(g)r long periods of time without it npt:ceably fad]mg
away to gaseous products: the rate of the conversion e1s extreme}y s 0\¥
under these conditions despite the very large —AG<, thougl; it 1st,. o
course, speeded up at higher temperatures. TheG cgnyersnonl oifsta‘felrng
ials i i ive A is rarely if e
terials into products, despite a negative 1
$:r: run down-ll))ill (Fig. 2.2), there is generally a barrier to be overcome

en route (Fig. 2.3):

x
’ Starting G*
2| materials
o
5
¥ _age
| Products
Fig 2.3

2.2.1 Reaction rate and free energy of activation

The position x in the energy profile above (Fig. 2.3) co.rresponds. tlo
the least stable configuration through which th_e starting matferla ;
pass during their conversion into products, and is generally referre
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to as an activated complex or transition
0 a . state. It should be em i
(tjl;z;tagll;(s: I1)sr (r)rclerely adhlghly unstable state that is passed t}?rogggsirsle:
€ss, and not a discrete molecular i i i
that can actually be detected or i O p.49) An oxmmeorate
: ' even isolated (c¢f. p. 49). A i
(1) in the alkaline hydrolysi b which the HOE 6
the ysis of bromomethane, in which t —
bond is being formed at the same time asthe C—Brbond is bei}rlleg {)Ir(gken

H
H. H H | H
AN - / i H
HO® + __ s \ VAR B /
/C Br — | HO--... (Ij ..... Br| — HO—C/ + Br®
H H AN
H

iy

:néiofll;ie threc_e hydrogep atoms attached to carbon are passing through
2 plailérz;t;otl;l em which they all lie_ in one plane (at right-angles to
oy paper). This reaction is discussed in detail below
The height of the barrier in (Fi i
¢ hei _ g. 2.3), AG*, is called th
of activation for the reaction (the higher it is the slower tfl{rf:azrt,iec:ﬁ)y

and can be considered i
(TAS®) tormar” cred as being made up of enthalpy (AH*) and entropy

AG* = AH* — TAS*

+
tAc)Piﬂe(ct:]ihe;ntitlal{)yhpf activation) corresponds to the energy necessary
stretching or even breaking of bonds that i i
prerequisite for reaction to take pl hing of the ol
bond in 1) Thus ot place (e.g. stretching of the C—Br
d . ing molecules must bri i
collision a certain minimum e Do reem 0 any
: threshold of energy for i
1 reaction
Zc;?il)b.let}(]often called SImply the activation energy, E,.., but relattecc)i ?(f
ol e,r ; e \Yell-lgnowr) Increase in the rate of a reaction as the
mo![e)cuellesur‘ev i;}s} r:lsed 1s, indeed, due to the growing proportion of
n ener i ini
mole gy above this minimum as the temperature
o I;l'htehglarlf?ltude of E,, for a reaction may be calculated from values
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{ ures, I, and T,, using the Ar i i
which relates k to T, the absolute témpera%ure: rhenius expression

k=Ae BRT o0 oo ko E
B10% = ~7303RT * logio A

(\:?:)’Il;:tr:mRf ist;lhe gas constant (8-32 joules mol™'deg™), and A is a

or the reaction—independent of t hat i

t : emperature—that is rel

ncl)oiilceu[l)roglortlon of .the total number of collisions between reacatlatlfl(:
es that result in successful conversion into products. The value

*
The symbol * will oft i
en be applied to a structure to indi it is i
an attempted representation of a transition state (T.S.) 10 indicate that it i intended as
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of E,., may then be obtained graphically by plotting values of log;, k
against 1/T, or by conversion of the above equation into,

Eﬂ[’ l l
log o ki/ky = — 3303R I:Tl - Tz]

and subsequent calculation.
The AS* term (the entropy of activation) again relates to randomness.

It is a measure of the change in degree of organisation, or ordering, of
both the reacting molecules themselves and of the distribution of energy
within them, on going from starting materials to the transition state;
AS* is related to the A factor in the Arrhenius equation above. If
formation of the transition state requires the imposition of a high
degree of organisation in the way the reactant molecules must approach
each other, and also of the concentration of their energy in particular
linkages so as to allow of their ultimate breakage, then the attainment
of the transition state is attended by a sizeable decrease in entropy
(randomness), and the probability of its formation is correspond-

ingly decreased.

2.2.2 Kinetics and the rate-limiting step

Experimentally, the measurement of reaction rates consists in investi-
gating the rate at which starting materials disappear and/or products
appear at a particular (constant) temperature, and seeking to relate
this to the concentration of one, or all, of the reactants. The reaction
may be monitored by a variety of methods, e.g. directly by the removal
of aliquots followed by their titrimetric determination, or indirectly
by observation of colorimetric, conductimetric, spectroscopic, etc.,
changes. Whatever method is used the crucial step normally involves
matching the crude kinetic data against variable possible functions of
concentration, either graphically or by calculation, until a reasonable

fit is obtained. Thus for the reaction,

CH,Br + ®°OH — CH,0H + Br®

it comes as no surprise to find a rate equation,

Rate = k[CH,Br][®OH]

where k is known as the rate constant for the reaction. The reaction is
said to be second order overall; first order with respect to CH;Br,
and first order with respect to SOH.

Such coincidence of stoichiometry and rate law is fairly uncommon,
the former is commonly no guide at all to the latter, which can only
be obtained by experiment. Thus for the base catalysed bromination
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of propanone,

°OH
CH,COCH, + Br, —» CH,COCH,Br + HBr

we find the rate equation,
Rate = k[CH,COCH,J[°OH]

i;t:.ort;lri(::l:li gogse Ii‘lot a}pé):ar, though [®OH] does {¢f p.295). Clearly

br nvolved at some stage in the overall reacti i

: 1on as it

ll: 1:11::or{)orated into the final product, but it patently cannot be involved

mustets;l ss ml\l/(:je ratf lwe are actually measuring. The overall reaction
1 Ve at least two steps: one in which bromine i
ps: mine is

1:2:0]1'\,&1 (whosp rate We are measuring), and one in which it is, In f:;t

Y lew organic reactions are one-step processes as depicted in F ig. 2 3,

v, . . .

6CH,O + 4NH, — C,H,N, + 6H,0

gl;ler(e) t:llsdc?ance fothIl_lle stmultaneous collision of six molecules of
2 our o in a ten-bod llision i i
F 3 y collision is effectivel -
existent. But even whgre the stoichiometry is less extrem. ction
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production line converting starting materials into products: the
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Fig. 2.4

In Fig. 2.4 startin i i
Fig. 2.4 g materials are being converted via transiti
- . . : ansition
ls;;ate ;cécmto tan m}grmednate, which then decompos&s into products
a a second transition state x,. As depicted abov ion o
: : ' ) . ¢ the formation
the intermediate via X, is the more energy-demanding AG,;* > AG *g
2
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of the two steps, and hence will be the slower, i.e. the step whose rate
our kinetic experiments will actually be measuring. It is followed by a
fast (less energy-demanding), non rate-limiting conversion of the
intermediate into products. The above bromination of propanone, can,
under certain conditions, be said to follow an idealised pattern corres-
ponding to Fig. 2.4, in which slow, rate-limiting removal of proton
by base results in the formation of the carbanion intermediate (2),
which then undergoes rapid, non rate-limiting attack by Br, to yield
bromopropanone and bromide ion as the products:

HO® *H BrBir Br + Br®
| oon . Co Br,
CH,COCH, CHZ((:Z())CHJ s * CH,COCH,
+
H,0

It should be emphasised that though this explanation is a reasonable
deduction from the experimentally established rate equation, the latter
cannot be claimed to prove the former. Our experimentally determined
rate equation will give us information about the species that are
involved up to and including the rate-limiting step of a reaction: the
rate equation does indeed specify the composition but not, other than
by inference, the structure of the transition state for the rate-limiting
step. It gives no direct information about intermediates nor, except
by default as it were, about the species that are involved in rapid,
non rate-limiting processes beyond this rate-limiting step.

In considering the effect that a change of conditions, e.g. of solvent
or in the structure of the starting material, might be expected to have
on the rate of a reaction, we need to know what effect such changes
will have on the stability (free energy level) of the transition state:
any factors which serve to stabilise it will lead to its more rapid
formation, and the opposite will also apply. It is seldom possible to
obtain such detailed information about these high-energy transition
states: the best we can commonly do is to take the relevant intermediates
as models for them, and see what effect such changes might be expected
to have on these. Such a model is not unreasonable; the transiently
formed intermediate in Fig. 2.4 closely resembles, in terms of free
energy level, the transition state that precedes it, and might be expected
to resemble it in structure as well. Certainly such an intermediate is
normally likely to be a better model for the transition state than the
starting material would be. Thus ¢ complexes (Wheland intermediates)
in aromatic electrophilic substitutions are used as models for the
transition states that are their immediate precursors (p. 151).

The effect of a catalyst is to increase the rate at which a reaction
will take place; this is done by making available an alternative path of
less energetic demand, often through the formation of a new, and more
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stable (lower energy), intermediate :

T.S. for uncatalysed reaction

T.S. for rate-limiting step
Starting of catalysed reaction

materials

Free energy

Products

Fig. 2.5

Thus the rate of hydration of an alkene, directly with water,

OH
\C=C/+HO—»\(1‘—C/
/s N2 / A\

is often extremely slow, but it can be greatly speeded up by the pr
of an ac1f1 cgtalyst, which effects initial protc?nation oI; tlzle alkrc)alf: etgcae
carbocationic intermediate. This is then followed by easy and rapid
attack on th_e now positively charged carbocation by a water
molecule acting as a nucleophile, and finally by liberation of a
proton which is able to function again as a catalyst (p. 187):

HZO!D
-]
OH OH
N\ SH Ne / mo \I| >/ _wo N1 /
c=Cc's5 ¢-c &8 “c— & -
/TN S NSRS
H H l-ll\

The details of acid/base catalysis are discussed subsequently (p. 74).

2.2.3 Kinetic versus thermodynamic control

Wh_ere a starting material may be converted into two or more alter-
native products, e.g in electrophilic attack on an aromatic species
that aquady carries a substituent (p. 150), the proportions in which the
alternative products are formed are often determined by their relative
rate of fprmation : the faster a product is formed the more of it there
wﬂ! be in the final product mixture; this is known as kinetic control.
This is not always what is observed however, for if one or more of the

i

b
b

b

E
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alternative reactions is reversible, or if the products are readily inter-
convertible directly under the conditions of the reaction, the composi-
tion of the final product mixture may be dictated not by the relative
rates of formation of the different products, but by their relative thermo-
dynamic stabilities in the reaction system: we are then seeing thermo-
dynamic or equilibrium control. Thus the nitration of methylbenzene is
found to be kinetically controlled, whereas the Friedel-Crafts alkylation
of the same species is often thermodynamically controlled (p. 163).
The form of control that operates may also be influenced by the
reaction condition, thus the sulphonation of naphthalene with con-
centrated H,SO, at 80° is essentially kinetically controlled, whereas
at 160° it is thermodynamically controlled (p. 164).

2.3 INVESTIGATION OF REACTION MECHANISMS

It is seldom, if ever, possible to provide complete and entire information,
structural, energetic, and stereochemical, about the pathway that is
traversed by any chemical reaction: no reaction mechanism can ever
be proved to be correct! Sufficient data can nevertheless usually be
gathered to show that one or more theoretically possible mechanisms
are just not compatible with the experimental results, and/or to
demonstrate that of several remaining alternatives one is a good deal
more likely than the others.

2.3.1 The nature of the products

Perhaps the most fundamental information about a reaction is provided
by establishing the structure of the products that are formed during
its course, and relating this information to the structure of the starting
material. Where, as is often the case with organic reactions, more than
one product is obtained then it is usually an advantage to know also
the relative proportions in which the products are obtained, e.g. in
establishing, among other things, whether kinetic or thermodynamic
controlis operating(cf. p.42). Inthe past thishad to bedonelaboriously—
and often imprecisely—by manual isolation of the products, but may
now often be achieved more easily, and precisely, by sophisticated
chromatographic methods or, indirectly, by suitable spectroscopic
ones.

The importance of establishing the correct structure of the reaction
product is best illustrated by the confusion that can result when this
has been assumed, wrongly, as self-evident, or established erroneously.
Thus the yellow triphenylmethyl radical (3, cf. p. 300), obtained from
the action of silver on triphenylmethyl chloride in 1900, readily
forms a colourless dimer (m.w.=486) which was—reasonably
enough—assumed to be hexaphenylethane (4) with thirty ‘aromatic’
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hydrogen atoms. Only after nearly seventy years (in 1968) did the

n.m.r. spectrum (cf. p. 18) of the dimer (with onl ]
. L, SR Yy twenty-five }
aromatic’ (H), four ‘dienic’ (H), and one ‘saturated’ H), hydrogen 4
atoms) demonstrate that it could not have the hexaphenylethane

structure (4) and was, in fact (5):

H H

(CeH;5),C
H C(CsHs)z S 2(CeHs)sC'#(CeHs)AC_C(CeHs)A

H ) H 3) 4

At which point numerous small details of the behaviour of (3) and of

its dimer, that had previously appear

o, that B p y appeared anomalous, promptly became
. lnforn}atlon about the products of a reaction can be particularly
informative when one of them is quite unexpected. Thus the reaction
pf c_hlo;o-4-methylbenzene (p-chlorotoluene, 6) with amide ion, ®NH,

in liquid ammonia (p. 173) is found to lead not only to the expecteci
4-methylphenylamine (p-toluidine, 7), but also to the quite unexpected
3-methylphenylamine (m-toluidine, 8), which is in fact the major
product:

Cl NH,
©NH, in NH,
lig. NH, +

Me Me Me

6) )] ®)

Expected Unexpected

The latter clegrly cannot be obtained from (6) by a simple substitution !
process, and either must be formed from (6) via a different pathway than
N, or if the two products are formed through some common inter- i
mediate then clearly (7) cannot be formed by a direct substitution §

either.

2.3.2 Kinetic data

The la;gest body of information about reaction pathways has come—
and still does come— from kinetic studies as we shall see, but the
Interpretation of kinetic data in mechanistic terms (¢ p. Sb) is not
always quite as simple as might at first sight be supposed. Thus the
eﬂ'ect_lve reacting species, whose concentration really determines the
reaction rate, may differ from the species that was put into the reaction
mixture to start with, and whose changing concentration we are
actually seeking to measure. Thus in aromatic nitration the effective
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attacking species is usually ®NO, (p. 134), but it is HNO, that we
put into the reaction mixture, and whose changing concentration we
are measuring; the relationship between the two may well be complex
and so, therefore, may be the relation between the rate of reaction
and [HNO,)]. Despite the fact that the essential reaction is a simple
one, it may not be easy to deduce this from the quantities that we can
readily measure.

Then again, if the hydrolysis in aqueous solution of the alkyl
halide, RHal, is found to follow the rate equation,

Rate = k,[RHal]

it is not necessarily safe to conclude that the rate-determining step
does not involve the participation of water, simply on the grounds that
[H,O] does not appear in the rate equation; for if water is being used
as the solvent it will be present in very large excess, and its concentration
would remain virtually unchanged whether or not it actually partici-
pated in the rate-limiting stage. The point could perhaps be settled
by carrying out the hydrolysis in another solvent, e.g HCO,H, and
by using a much smaller concentration of water as a potential
nucleophile. The hydrolysis may then be found to follow the rate
equation,

Rate = k,[RHal][H,0]

but the actual mechanism of hydrolysis could well have changed on
altering the solvent, so that we are not, of necessity, any the wiser
about what actually went on in the original aqueous solution.

The vast majority of organic reactions are carried out in solution,
and quite small changes in the solvent used can have the profoundest
effects on reaction rates and mechanisms. Particularly is this so when
polar intermediates, for example carbocations or carbanions as
constituents of ion pairs, are involved, for such species normally carry
an envelope of solvent molecules about with them. This greatly affects
their stability (and their ease of formation), and is strongly influenced
by the composition and nature of the solvent employed, particularly
its polarity and ion-solvating capabilities. By contrast, reactions that
involve radicals (p. 299) are much less influenced by the nature of the
solvent (unless this is itself capable of reacting with radicals), but are
greatly influenced by the addition of radical sources (e.g. peroxides)
or radical absorbers (e.g. quinones), or by light which may initiate
reaction through the production of radicals by photochemical activa-
tion, e.g. Br, = Br- *Br.

A reaction that is found, on kinetic investigation, to proceed
unexpectedly faster or slower than the apparently similar reactions,
under comparable conditions, of compounds of related structure
suggests the operation of a different, or modified, pathway from the
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general one that might otherwise have been assumed for the series. §
Thus the observed rates of hydrolysis of the chloromethanes with 3
strong bases are found, under comparable conditions, to vary as |
follows,

CH,Cl » CH,Cl, « CHCI, » ccl,

clearly suggesting that trichloromethane undergoes hydrolysis in a;
different manner from the other compounds (cf. p. 267). '

2.3.3 The use of isotopes

It is often a matter of some concern to know whether a particular 1
bond has, or has not, been broken in a step up to and including the .
rate-limiting step of a reaction: simple kinetic data cannot tell us
this, and further refinements have to be resorted to. If, for example, b
the bond concerned is C—H, the question may be settled by comparing |
the rates of reaction, under the same conditions, of the compound in §
which we are interested, and its exact analogue in which this bond has 9
been replaced by a C—D linkage. The two bonds will have the same |
chemical nature as isotopes of the same element are involved, but ‘,
their vibration frequencies, and hence their dissociation energies, will |
be slightly different because atoms of different mass are involved: the §
greater the mass, the stronger the bond. This difference in bond strength §
will, of course, be reflected in different rates of breaking of the two i
bonds under comparable conditions: the weaker C—H bond being
broken more rapidly than the stronger C—D bond; quantum- 4
mechanical calculation suggests a maximum rate difference, kelkp, §
of =7 at 25°, 1

Thus in the oxidation

OH
4 MnO,®
thC P yerad PhZC:O
AN OH
H

it is found that Ph,CHOH is oxidised 6-7 times as rapidly as Ph,CDOH; §
the reaction is said to exhibit a primary kinetic isotope effect, and
breaking of the C—H bond must clearly be involved in the rate- §
limiting step of the reaction. By contrast benzene, C¢Hy, and hexa- |
deuterobenzene, C¢Dg, are found to undergo nitration at essentially |
the same rate, and C—H bond-breaking, that must occur at some ]
stage in the overall process, §

H NO,
OSSO

thus cannot be involved in the rate-limiting step (cf. p. 136).
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Primary kinetic isotope effects are'also observatl)lle WIlt}':‘ p:l;rsla(;i
isotopes other than hydrogen/deuterlum, but‘as the r;a aslvWill s
difference must needs be smaller thelr.mammuntl) va uet:) > il !
correspondingly smaller. Thus the following have been o :

4 (14) kizc 1 o

HO® +(}2CH3—I —> HO—IZCHg +1° m = 1.09 (25°)
k»"Cl o
—= = 10076 (25°)

(37)
3y ® 35010

— — OH + H Cl
PhCH, 3¢l + H,0 PhCH, H o

It should be emphasised that primary kin:eit.ic its)o:openegleectrsn ae;rie
i i lues intermediate betwee -

observed experimentally w1th.va ) : veen the maxi

. tope effect): these too
m calculated value and unity (i.e no iso _ :
tr;:euuseful as they may supply important information about the breaking
rticular bonds in the transition state. o

of rI)':otopes can also be used to solve mechanistic problgms that a;g

non-kinetic. Thus the aqueous hydrolysis of esters to yield an 1?(011/

and an alcohol could, in theory, proceed by cleavage at (a) alky

oxygen fission, or (b) acyl/oxygen fission:

I ,

(a) (a) ,RC—O—H + H'®0—R

N
RC+O+R'“WO

(b) ' > O

R%—”’OH + H—OR’

If the reaction is carried out in water enrigheq 11118the he.a\}llle(rj OX£gzg
isotope 120, (a) will lead to an alcohol Wthl’} 81s O.CDI'IC e 'dartl)  an
acid which is not, while (b) will lead to an O enrlched. 2131 o
normal alcohol. Most simple esters are in fact found to yie gr}[ o
enriched acid indicating thag hydr?lyszlg,s )urlliiesrh (:Ele(iseofcggu:'sl(e be:
ia (b) acyl/oxygen fission (p. 238). It . :

Errr?ggzcsiisseléi th(az thgse{ results are only valid proylded that nel.t};ler z(i:::
nor alcohol, once formed, can itself exchange its oxygen with w
enriched in %0, as has indeed been shown to be the case. _—

Heavy water, D,O, has often been used in a rather similar y.
Thus in the Cannizzaro reaction of benzaldehyde (p. 216),

(0} (0} OlH
il I ®0OH ||_ o .
PhC—H + PhC—H *:6 PhC—O® + PhC| H
H
9

i tom that becomes
the question arises of whether the second hydrogen a
atfa(ghed to carbon, in the molecule of phenylmethanol (benzyl alcohol,
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9) that is formed, comes from the solvent (H,0) or from a second §
molecule of benzaldehyde. Carrying out the reaction in D,0 is found §
to lead to the formation of no PhCHDOH, thus demonstrating that 4
the second hydrogen atom could not have come from water, and must b
therefore have been provided by direct transfer from a second molecule §
of benzaldehyde. Y

A wide range of other isotopic labels, e.g. *H (or T), 1°C, 14C, 15N,
32p, 353, 31(), 1311 etc., have also been used to provide important
mechanistic information. The major difficulties encountered in such %
labelling studies have always been: (a) ensuring that the label is ]
incorporated only into the desired position(s) in the test compound;
and (b) finding exactly where the label has gone to in the product(s) j
after the reaction being studied has taken place. 1

compounds. The “C isotope has been much used in investigating
biosynthetic pathways: the routes by which living organisms build up
the highly elaborate molecules that may be obtained from them.

Thus there was reason to believe that the pentacyclic compound
Sterigmatocystin,

(i) “CH,CO,H

(i) CHy“CO,H — OH (i) §“C atoms
ii 4 , —

(ii) 9**C atoms

OCH,
sterigmatocystin

found in cultures of several fungi, was built up stepwise from
molecules of ethanoic acid. General confirmation of this hypothesis
was obtained through feeding suitable fungal cultures, in separate
experiments, with *CH,CO,H and CH,"“CO,H, respectively. It
was then found from radioactive counting measurements (*C is a g
emitter), on the two extracted samples of sterigmatocystin
(C1sH,,0¢) that: (i) “CH,3CO,H led to the introduction of 8“C
atoms, and CH;'*CO,H to the introduction of 9'“C atoms. But that
still leaves open the question of exactly where in the sterigmatocys-
tin molecule these two sets of labelled carbon atoms are located.
Not long ago this could have been determined only by extremely
laborious, and often equivocal, selective degradation experiments;
but the coming of carbon N.m.r. spectroscopy has now made all the
difference. Neither the '2C nor the 4C carbon isotopes produce an
n.m.r. signal but the