
1.1 INTRODUCTION

Literally, stereochemistry means chemistry in space and describes chemistry as a function of molecular
geometry. Historically, it happened the other way round — certain molecular phenomena were observed
and in order to explain them, the stereochemical principles had to be developed. One such observation
which marked the beginning of organic stereochemistry was made by the French physicist Biot (1815)
who found that certain organic molecules rotate the plane of a polarised light in solution or in the
gaseous phase—a property known as optical activity. Later, Louis Pasteur (1848), who may be regarded
as the father of organic stereochemistry, ascribed this property to the presence of some dissymmetric
grouping of atoms in a molecule. It was, however, van’t Hoff and Le Bel* (1874), working independently
of each other, who laid the foundation of organic stereochemistry by postulating the tetrahedral geometry
of carbon compounds and thus added a third dimension to the two-dimensional chemistry of earlier
days. With the help of the new structural hypothesis, they not only explained optical activity in terms
of asymmetric atoms but also made certain predictions which have since then been experimentally
verified, e.g., the existence of optical activity in substituted allenes and spiranes. The tetrahedral
disposition of the four carbon bonds has now received firm support from physical measurements of a
more direct nature, e.g., electron diffraction and X-ray diffraction experiments and also from theoretical
calculations.

The next important event which brought a revolutionary change in the field of stereochemistry
was the introduction of the concept of conformational analysis during the early nineteen-fifties by
Barton and Hassel. This concept not only helped chemists to appreciate certain detailed aspects of
molecular structure in relation to physical and chemical properties but added another dimension, a
time-dependent (temporal) one to the three-dimensional stereochemistry and extended its scope to
reaction processes marking the advent of dynamic stereochemistry.

*Actually, Le Bel never advocated the tetrahedral theory although it was indirectly implied in his treatment (see Ramsay
1981).
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1.2 MOLECULAR STRUCTURE AND CHEMICAL BONDING

To gain an insight into the molecular structure, one must know the nature of chemical bondings which
hold the atoms in a molecule together. For organic compounds, chemical bonding is relatively simple
since it usually involves stable covalent linkages of carbon atoms with other carbon atoms, with atoms
of a few other common elements like hydrogen, halogens, oxygen, and nitrogen, with other heteroatoms,
and occasionally with some metals. What makes the chemistry of carbon compounds so fascinating is
the unique catenating property of carbon atoms which combine among themselves by single and
multiple covalent bonds to give almost infinite varieties of structural patterns. The non-planar geometry
of a tetrahedral carbon having four ligands (connected atoms or groups) and the planar geometry of a
trigonal carbon having three ligands permit the existence of structural isomerism and stereoisomerism
by multiplying the possible arrangements of the ligands. Chemical bonding in carbon compounds has
been adequately dealt with in numerous textbooks in organic chemistry and books on reaction mechanism
and theoretical chemistry. Only a few salient features of the chemical bonding of carbon are included
here which are pertinent to stereochemical discussion.

1.2.1 Bond length, bond angle, and dihedral angle

Three basic parameters are of primary importance in defining the bonding geometry of a molecule.
They are bond length (l), bond angle (�), and dihedral angle (�)*. The bond length is measured by the
distance between two atomic nuclei joined together by single or multiple covalent bonds, the bond
angle (�) by the angle subtended by two atoms covalently linked to a third atom as in A—B—C (I),
and the dihedral angle (�) by the angle between the two planes containing X—C1—C2 and C1—C2—Y
respectively in a molecule, X—C1—C2—Y as shown in (II) (Figure 1.1). The dihedral angle is best
seen in a Newman projection formula (III) in which the molecule is viewed along C1—C2 bond, the
dot in the front indicating C-1 and the circle behind it indicating C-2 (the remaining four bonds are not
shown). The bond length, bond angle, and dihedral angle are one-dimensional, two-dimensional, and
three-dimensional parameters of a molecule involving two atoms, three atoms, and four (or more)
atoms respectively. Because of vibration along a bond axis (stretching and compression) and of scissoring
motion (bending in and out) across the plane of an angle, mean or equilibrium values of bond lengths
and bond angles are used. The deformation of a bond is a high energy process and seldom needs to be
taken into consideration. On the other hand, deformation of bond angles is relatively easy requiring
approximately 0.04 kJ mol–1 for a change of 1° and may be sizeable thus causing substantial deviation

Figure 1.1 Bond angle and dihedral angle

*Different symbols are used by different authors for these parameters.
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in the molecular geometry from the idealised model based on the equilibrium values of bond lengths
and bond angles. These deviations are, however, not sufficiently high to invalidate the usefulness of
describing molecules in their idealised forms (see Chapter 9).

1.2.2  Covalent radii and van der Waals atomic radii

A useful concept has been introduced to express the bond length between two atoms, as in A—B, in
terms of the hypothetical radii rA and rB, known as covalent radii of atoms A and B respectively, so that
rA + rB is equal to the equilibrium bond length. The covalent radius of an atom is independent of the
nature of the other atom to which it is bonded. The bond lengths and the covalent radii of a few
common elements are given in Table 1.1.

Bond energy is another very important parameter of a bond but we are not concerned with it at
the moment.

Table 1.1 Bond lengths and covalent radii

Bond Bond lengths Element Coordination Covalent radii
(nm) number (nm)

C—C 0.154 C 4 0.077
C=C 0.133 C 3 0.0665
C�C 0.121 C 2 0.0605
C—H 0.110 H 1 0.033
C—O 0.143 O 2 0.074
C=O 0.121 O 1 0.062
C—N 0.147 N 3 0.074
C=N 0.127 N 2 0.062
C�N 0.115 N 1 0.055
C—Cl 0.177 Cl 1 0.100
C—Br 0.191 Br 1 0.114
C—I 0.210 I 1 0.133

To each atom or neutral grouping corresponds a definite distance within which it resists penetration
by other atoms. Pauling has estimated this distance, known as van der Waals atomic or group radius for
a number of atoms and groups (Table 1.2). When two non-bonded atoms approach each other, weak
attractive forces, known as van der Waals attraction (or London forces) operate until at a certain
distance (r), an energy minimum is reached. Beyond this, the attractive forces are replaced by a very
strong repulsive force (van der Waals repulsion or Born force). The sum of the attractive and repulsive
forces is known as non-bonded interaction and the distance r is the sum of the van der Waals radii of the
two atoms. It corresponds to the optimal approach between two non-bonding atoms or groups and
plays an important role in determining steric strain in a molecule. The values given in Table 1.2 are
from crystallographers’ data which are slightly lower (by approximately 0.03 nm) than the more
realistic values applied to isolated atoms (Allinger 1976) in which, unlike in crystals, intermolecular
packing forces are absent.
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Table 1.2 van der Waals atomic and group radii (nm)

H 0.120 O 0.140 N 0.150 Cl 0.180

C 0.150 S 0.185 P 0.190 Br 0.195

CH3 0.200 Se 0.200 F 0.135 I 0.215

1.3 HYBRIDISATION AND CHEMICAL BONDING

The  electronic configuration of carbon in the ground state is 1s22s22p2 which suggests bivalency
(2 empty p orbitals) for carbon. In order to provide a simple rationalisation of the bonding in carbon
compounds, Pauling suggested that the four L-shell orbitals (2s, 2px, 2py, 2pz) be mixed together and
then split into a set of four equivalent hybrid orbitals, designated sp3—a process known as hybridisation.
These hybrid orbitals, under idealised condition are directed towards the four corners of a regular
tetrahedron. The two important consequences of hybridisation are: four bonds instead of two may be
formed to carbon; and secondly, the highly directional sp3 orbitals provide more effective overlap
during bond formation which more than compensates for the extra energy required in placing the
valence electrons in the hybrid orbitals. Methane and carbon tetrachloride with four identical ligands
form a perfect tetrahedron with valency angles of 109.5° as shown in structure (IV) (Figure 1.2).
H’s joined to carbon by full lines are in the plane of the paper, H joined by a dotted line is below the
plane, and H joined by a thick line is above the plane. During bonding between two sp3 hybridised
carbons as in ethane (V), two sp3 orbitals overlap forming a C—C � bond while the remaining six sp3

orbitals form bonds with hydrogens by overlapping with their s orbitals. Because of the cylindrical
symmetry of electron distribution in a � bond, free rotation about a single bond might be expected.

Figure 1.2 Hybridisation and bonding (only axes of hybrid orbitals are shown)
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In a similar manner, one 2s and two 2p orbitals may be hybridised to give three equivalent sp2

hybrid orbitals. They lie in a plane and are equidistant from one another making an interorbital angle
of 120° (VI). Two of the sp2 hybrid orbitals can undergo axial overlap forming a C—C σ bond as in
ethylene (VII) with the remaining four hybrid orbitals forming σ bonds with four hydrogens. Each
carbon is left with one 2p orbital (containing an electron) perpendicular to the —CH2 plane; these
orbitals can undergo lateral overlap with each other forming a π bond. The two carbons are thus
doubly linked which shortens the bond length and confers extra stability to the bond. In order to
provide most effective overlap between the two p orbitals, the molecule should necessarily be planar
and any deviation from planarity would weaken the π bond. As a result, rotation around a double bond
is highly restricted.

Hybridisation of one 2s and one 2p orbital similarly gives two equivalent sp hybrid orbitals
which are linearly oriented (maximum separation) and the interorbital angle is 180° (VIII). In acetylene
(IX), a σ bond is formed between the two carbons by axial overlap of an sp orbital of each and two
more σ bonds to hydrogen are formed by overlap of carbon sp and hydrogen s orbitals. In addition, two
π bonds are formed due to lateral overlap of two sets of mutually perpendicular 2p orbitals. The two
carbon atoms are triply bonded which causes a further shortening of the bond length and an increase in
the bond energy. Because of the radial distribution of electron density, rotation about the triple bond is
expected to be free; in any case, it does not alter the shape of the molecule. The geometries of sp3, sp2,
and sp hybridised carbon are tetrahedral, trigonal, and linear with four, three, and two ligands respectively.

Nitrogen with an electronic configuration, 2 2 1 1 11 2 2 2 2x y zs s p p p  and oxygen with an electronic

configuration, 2 2 2 1 11 2 2 2 2x y zs s p p p  are also assumed to form bonds through similarly hybrid orbitals

with the difference that one (in nitrogen) and two (in oxygen) of the hybrid orbitals are occupied by a
lone pair or pairs of electrons. In Table 1.3, the characteristic properties of a few common bonds are
summarised.

Table 1.3 Characteristic properties of some C—C, C—N and C—O bonds

Type of State of Molecular Bond Bond angle Bond Rotation
bond hybridisation geometry length1 (idealised) energy

(nm) (kJ mol–1)

C—C sp3 tetrahedral 0.154 109.5° 350 “free”2

C=C sp2 trigonal 0.134 120° 670 restricted

C≡C sp linear 0.120 180° 960 free

C—N sp3 tetrahedral 0.147 109.5° 305 “free”2

C=N sp2 trigonal 0.127 120° 616 restricted

C≡N sp linear 0.115 180° 893 free

C=O sp2 trigonal 0.121 120° 750 restricted3

1 The bond lengths are already included in Table 1.1 but reproduced here for the sake of comparison.
2 Not really free; see later.
3 As seen in complexes.
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1.3.1 Hybridisation and bond angles

In Table 1.3, the idealised values of bond angles are given. However, deviation of bond angles is rather
a rule than an exception. Thus in propane (X) (Figure 1.3), the C—C—C angle is 112° and the
H—C—H bond angle is 107°. Similarly, in compounds containing trigonal carbons, the bond angle is
seldom 120°. Two factors are generally responsible for the deformation of bond angles: steric and
electronic. Thus in propane, the bulky methyl groups interact with each other sterically and the angle
between them increases with a simultaneous decrease in H—C—H angle (Thorpe-Ingold effect). In
contrast, in dichloromethane (XI) the Cl—C—Cl angle is smaller (108°) and H—C—H angle is larger
(112°). Here the electronic factor predominates. The C—H bond being shorter than C—Cl, the bonding
electrons in the former are nearer than in C—Cl bond and exert greater electrostatic repulsion. In
general, there is a balance between the two factors and it is not often easy to predict which will
dominate. An alternative explanation is based on the change of hybridisation of the bonding orbitals to
accommodate steric and electronic effects. In a p orbital, the electron distribution is away from the
centre of a bond while in an s orbital, it is directed towards the centre. So any factor which moves the
bonding electrons away from the centre (e.g., electronegativity of Cl) would increase the p character of
the orbital and decrease the bond angle. This is more strikingly exhibited in H2O and H2S molecules

Figure 1.3 Deviation of bond angles

where the bond angles are respectively 104.5° and 92.3° shown in (XII) add (XIII). The bonding
electrons are closer to oxygen in H2O than to sulphur in H2S because of higher electron affinity of
oxygen which explains the difference in bond angles. Alternatively, the repulsive interactions of the
lone pairs of electrons occupying the non-bonding hybrid orbitals increase the interorbital angle on
their side and decrease the angle between the two hydrogens, the effect being stronger in H2O because
of higher electronegativity of oxygen. The order of the repulsive interaction between pairs of electrons
is: lone pair-lone pair > lone pair-bond pair > bond pair-bond pair. The H—N—H angle in ammonia
(XIV) is 107.3° and may be ascribed to the interaction between lone pair and bond pair electrons.
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1.3.2 Bond angle deformation in small ring compounds

Bond angle deformation plays a more important part in cyclic compounds. Thus in cyclopropane, the
internuclear angle is, by necessity, 60° much smaller than the ideal interorbital angle, 109.5°. This
gives rise to serious angle strain (Baeyer strain) in the molecule which can be partially relieved by
rehybridising the endo ring orbitals (increasing the p component) so that the ideal interorbital angle is
reduced to 106° or even less. The orbitals forming C—C bonds overlap partly along the axial and
partly in the lateral direction. This type of bond is known as a banana or bent or τ bond and is
intermediate between a pure σ and a pure π bond. The region of maximum overlap (see XV in
Fig. 1.3) does not correspond to the internuclear axis and cyclopropane behaves like an unsaturated
compound in certain respects (e.g., addition of bromine). In cyclobutane, the internuclear and interorbital
angles are 90° and 109.5° respectively and the angle strain is considerably less. The different strains in
other ring systems will be discussed in a later chapter.

1.4 HYDROGEN BONDING

No discussion of chemical bonding can be complete without the consideration of hydrogen bonding.
When a proton donor group (A—H, A being an electronegative element) interacts with an electron
donor (:B) having a lone pair of electrons or a π bond, a weak bond is formed represented by
A—H · · ·  B known as hydrogen-bond (H-bond). If the two groups belong to two different molecules,
the H-bond is called intermolecular and association between the two molecules occurs. If they form
part of the same molecule, the H-bond is called intramolecular and, by default, opposes association.
Examples are shown in acetic acid dimer (XVI) and salicylaldehyde (XVII) respectively (Figure 1.4).

Figure 1.4 Hydrogen bonding

The molecules of water and alcohols are highly associated due to intermolecular H-bonds. The bond
angle in  A—H · · · B is preferably 180° (linear) but may vary (especially in crystals or when the bond
is intramolecular) depending on the requirements of the molecular geometry. The bond length is
typically 0.3 nm and the bond energy lies within 8–40 kJ mol–1 but can be as high as 170 kJ mol–1, e.g.,
in F—H · · ·  F. The bond energy depends on the electronegativity of the acceptor centre (B), the bond
angle, and the acidity of the donor group. Because of its directional property and its ability to connect
groups which are many bonds apart, H-bonds play a very important part in shaping molecular geometry;
they are particularly significant in molecules of biological importance. Thus the secondary structure of
protein molecules, for example, arises out of H-bonds formed between N—H (donor) and C=O
(acceptor) groups of non-adjacent peptide moieties. H-bonding affects the physical, chemical, and
spectroscopic properties of the molecules in which it occurs. Being next to covalent bonds in energy, its
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occurrence profoundly influences the relative stability of molecular shapes (conformations) and is thus
an important factor in conformational analysis to be discussed later. For other aspects of H-bonding,
the readers are advised to consult the literature cited at the end of this chapter.

1.5 ROTATION AROUND BONDS AND CHANGE IN DIHEDRAL ANGLE

It has previously been noted that rotation about a single bond (e.g., C—C) is relatively free while
rotation around a double bond (e.g., C=C) is highly restricted. Between these two extremes, there
exist also intermediate bonds with fractional bond order arising out of internuclear delocalisation of
electrons. Rotation around these bonds are also more or less restricted. These three types of bonds are
discussed in the context of restricted rotation and change of dihedral angle.

1.5.1 Rotation around a single bond

According to the principle of free rotation of classical stereochemistry, rotation around a single bond
was considered to be free. Strictly speaking, this would mean that the potential energy of the molecule
is independent of the dihedral angle. However, calculation of enthalpy and entropy of ethane based on
statistical mechanics showed that in order to bring agreement between the calculated and experimental
values, an energy barrier of 12.5 kJ mol–1 has to be assumed. The diagram (Figure 1.5) shows the

Figure 1.5 Restricted rotation in ethane
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change of enthalpy or the energy barrier with the change of dihedral angle from 0° to 360°. Three
energy minimum conformations*, known as conformers and three energy maximum conformations
representing the energy barrier arise during the operation. For ethane, the three conformers are equivalent
as are the three energy maxima (barriers to rotation).

In order to specify the conformations, it is necessary to represent them in perspective formula
following certain conventions. Three modes of representations are commonly used, namely, sawhorse
formula, Newman projection formula, and flying wedge formula (see Chapter 3). The first two are
illustrated by the structures (XVIII) and (XIX) (for ethane) respectively. In sawhorse formula, the
C—C bond is viewed sideways while in Newman projection formula, the C—C bond lies along the line
of vision and cannot be seen. The other bonds are oriented radially making 120° angle with one
another. The 109.5° angle of a tetrahedral carbon and 120° angle of a trigonal carbon would appear as
120° and 180° respectively when projected on a plane. The conformation (XVIII) or (XIX) with the
six hydrogen atoms positioned as far apart as possible is called staggered (s). The conformation (XX)
or (XXI) with the hydrogen atoms in pairwise conjunction is called eclipsed (e). The dihedral angles
are respectively 60°and 0° in these two conformations. A detailed nomenclature will be given elsewhere.

According to the spectral evidence, the staggered conformations are energetically preferred and
contribute to the ground state population of ethane. The eclipsed conformations correspond to the
energy maxima in the diagram and serve as barriers between the conformers. Since the energy barrier
is low (12.5 kJ mol–1), the interconversion of conformers in ethane is fast even at a comparatively low
temperature, i.e., their kinetic stability is very low.

The torsional strain in the eclipsed ethane is believed to originate from the interaction of the
eclipsed C—H bonds. Steric contribution due to non-bonded interaction between the vicinal hydrogens
is negligible since the internuclear distance (0.23 nm) is almost equal to twice the value of van der
Waals atomic radius of hydrogen (0.12 nm) (see Chapter 9).

1.5.2 Rotation around a double bond

Rotation around a double bond is highly restricted because it disrupts a π bond. 2-Butene can be
represented by two isomeric structures (XXII) and (XXIII) (Figure 1.6) both being planar and having
dihedral angles of 0° and 180° respectively (see Newman projection formulae, a and b viewed along
C=C bond). They differ in the relative disposition of the methyl groups and are called cis and trans
isomers respectively. This type of stereoisomerism will be discussed in more general terms later. Starting
from the structure (XXIIa), an increase of dihedral angle to 90° breaks the π bond completely resulting
in a high-energy species (XXIVc) in which the two p orbitals are mutually perpendicular. A further
rotation of 90° regenerates the π bond giving the trans isomer (XXIIIb) (which is more stable than the
cis isomer by approximately 4.2 kJ mol–1 due to the absence of non-bonded interaction between the
two methyl groups) with a large drop of energy (see the diagram). Another energy maximum occurs at
dihedral angle 270° corresponding to a species (c') which is the mirror image of (XXIVc) and finally,
the molecule returns to the original structure (XXII) after a rotation of 360°. The energy barrier
separating the two isomers is very high and as a result, interconversion between them is not possible

*Spatial orientations of a molecule which differ only in the dihedral angle and are easily interconvertible are called
conformations. More detailed definition is given in Chapter 10.
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under ordinary conditions. Other double bonds, e.g., C=N, N=N behave similarly and may lead to
cis-trans isomerism.

Figure 1.6 Restricted rotation around double bond. Examples of Bredt’s rule

Bredt’s classical rule which states that double bond cannot exist at a bridgehead position finds its
justification in the special geometrical requirement of a double bond. Thus the bicycloheptene (XXV)
is not formed because the planarity required by the � bond cannot be maintained in the rigid ring
system. On the other hand, the bicyclononene (XXVI) with a bridgehead double bond is stable. Here
the planarity of the � bond is accommodated by the puckering of the large ring. Many exceptions to
Bredt’s rule are now known.*

1.5.3 Restricted rotation around intermediate (hybrid) bonds

There are molecules in which a particular bond is neither a purely single nor a purely double bond but
a hybrid between the two. A common example is 1, 3-butadiene (XXVII) (Figure 1.7) in which the

*See Buchanan (1974) for a review of Bredt’s rule and Keese (1975) for a review on bridgehead olefins.




