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INTRODUCTION

Chemistry is the study of matter. Matter is studied under the three divisions
of chemistry, viz: Physical, Inorganic and Organic chemistry. While
inorganic and physical chemistry are detailed elsewhere, organic chemistry
which deals with hydrocarbons, their numerous derivatives in addition to
their physical and chemical properties will be studied in this text. This course
is coded CHM 203. It forms the second part of organic chemistry courses
you will encounter during the course of your programme in chemistry and
related programmes. CHM 203 is a two credit unit course. The course content
consists of 3 inter-related and interesting modules.

WHAT YOU WILL LEARN IN THIS COURSE

In this course, you will learn about the electronic concepts in organic
chemistry where we discussed the various factors affecting the structure and
physical properties of organic compounds, availability of electrons and
stereochemistry, the relationship between the structure of organic
compounds and their reactivity. Also this course describes Aromatic
hydrocarbons and their derivatives in addition to their physical and
chemical properties which determine their uses in the industry. You will find
several In-Text Questions (ITQs) and Self-Assessment Questions (SAQs),
with answers provided as well as activity exercise in each unit.

COURSE AIMS

The course aims at giving you an in-depth knowledge of the physical and
chemical properties of selected, important classes of organic compounds thus
giving you a solid foundation in organic compounds of industrial importance.
The aim of this course can be summarized as follows:

1. Discuss the Relationship between the structure and reactivity of
organic compounds.

2. Acquaint learners with Aromatic and polynuclear aromatic
compounds.

3. To study the determinants of the properties and identification of
selected classes of organic compounds.

4. To determine the importance of molecular architecture on physical
properties of organic compounds.
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COURSE OBJECTIVES

Each unit has its respective objective which you should always refer to in
your course of study so that derailment from set target will be avoided.
Always make a list of your attainment after each unit and compare them with
the objectives listed by the course developers. Thus the overall objective of
the course can be summarized as:

a) Familiarize ourselves with molecular structure of organic
compounds.

b) Note the characteristics of selected groups of organic compounds.
c) Describe how compounds of the same group can be identified.
d) Describe the importance and uses of organic compounds

CONTENTS

CHM 203 Organic Chemistry II consists of three modules which have been
painstakingly put together to take you through a unique, structured learning
experience.

WORKING THROUGH THIS COURSE

In order to be able to successfully complete this course, you are required to
carefully study each unit along with recommended textbooks and other
materials that may be provided by the National Open University. You may
also need to exploit other e-reading such as internet for further useful
information on the course.

Each unit contains SAQs and ITQs. At certain points in the course you would
be required to submit assignments for grading and recording purposes. You
are also to participate in the final examination at the end of the course. It is
recommended that you devote an abundant time for reading and
comprehension. It is highly necessary that you avail yourselves the
opportunity of attending the tutorial sessions where you will be able to
compare your understanding of the course contents with your colleagues.

COURSE MATERIALS

The course materials are made up of the following sections:
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This describes how best to study this major aspect of organic chemistry and
it also spells out what constitute the course itself.

STUDY UNITS

Each study unit gives an overview of the content to be covered in this course.
This is sub-divided into sub-headings as introduction, objectives; that is what
to focus on, the content, conclusion, summary, references and a list of other
materials to be consulted in order to augment or facilitate the student’s
understanding and finally the tutor-marked assignments.

Module 1 Electronic Concept and Stereochemistry

Unit 1 Factors Affecting Structure and Physical Properties of
Organic Compounds

Unit 2 Factors Affecting Availability of Electrons
Unit 3 Stereochemistry

Module 2 Functional Groups and Reactivity in Organic Chemistry

Unit 1 Functional Group Chemistry of Main Class Organic
Compounds

Unit 2 Alkanes, Free Radical Substitution Reactions in Alkanes
and The Reactivity-Selectivity Principle

Unit 3 Various Organic Reactions
Unit 4 Nucleophilic Substitution and Elimination Reactions

Module 3 Aromatic Compounds

Unit 1 Benzene and other Aromatic Compounds
Unit 2 Reactions in Aromatic Compounds

ASSIGNMENT FILES

The files contain tutorial questions that cover the whole course. These will
enable you to assess your understanding of the course by the facilitator. The
marks scored for the assignments will be stored and will constitute 30% of
the final score at the end of the semester examination.
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PRESENTATION SCHEDULE

The method of operation, that is, self-tutored and face to face facilitation with
respect to the course will be available at the information desk at different
study centres nearest to you.

You are welcome to the study of CHM 203 - Organic Chemistry II, one of
the tripods on which the study of chemistry stands.
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MODULE 1 ELECTRONIC CONCEPT AND
STEREOCHEMISTRY

INTRODUCTION

The study of organic chemistry involves the reactions and interactions of
molecules. Since molecules are composed of atoms, it is necessary to
study the structure of atoms and how they contribute to the properties of
molecules. In this module we will study the factors that affect the
structures and physical properties of organic compounds. This knowledge
will make learning about organic molecules a little easier. Because
organic chemistry is a study of compounds that contain carbon and to have
a better understanding of the properties of organic molecules, one has to
study their three-dimensional (3D) structure. Why is this important? Our
perception of smell and taste depends, in many instances, on the 3D
structure of molecules. Enzymes are very selective in the 3D structure of
the molecules they interact with. The effectiveness of drugs is highly
dependent on their 3D structure. Organic chemists need to be able to
determine the 3D structures (stereochemistry) of new and existing
molecules to relate 3D structure to reactivity. Hence, the following units
will be discussed in this module:

Unit 1 Effect of molecular architecture on physical properties of
organic compounds

Unit 2 Factors affecting availability of electrons in organic
compounds

Unit 3 Stereochemistry

UNIT 1 EFFECT OF MOLECULAR ARCHITECTURE
ON PHYSICAL PROPERTIES OF
ORGANIC COMPOUNDS

CONTENTS

1.0 Introduction
2.0 Learning Objectives
3.0 Main Content

3.1 Molecular Architecture and Factors Affecting Physical
Properties
3.1.1 Intermolecular Forces
3.1.2 Melting Point
3.1.3 Boiling Point
3.1.4 Solubility

4.0 Conclusion
5.0 Summary
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6.0 Tutor Mark Assignment
7.0 References/Further Readings

1.0 INTRODUCTION

In our previous knowledge in organic chemistry, we have learnt some of
the important aspects of bonding and the structures of organic molecules
in detail. But have you thought about how we establish the identity and
structure of a molecule? One answer to this question could be comparing
its physical and chemical properties with those of the known compounds.
Earlier methods of identification involved the determination of physical
properties such as melting point, boiling point, solubility and refractive
index. The chemical methods used for identification involved, however,
either the degradation of the molecule to simple compounds of known
structure or its synthesis from the simple compounds of known structure.
The structure and properties of organic compounds are considerably
influenced by the conditions under which they are formed most especially
bond type and temperature. In this unit, we will discuss the relationship
between molecular structure and physical properties. The study of
physical properties is also important in the purification of organic
compounds.

2.0 OBJECTIVES

By the end of this unit you should be able to:

 identify organic molecules using their physical properties such
as melting and boiling points, solubility and refractive index

 determine the relationship between molecular structure and
physical properties of organic compounds.

3.0 MAIN CONTENT

3.1 Molecular Architecture and Factors Affecting Physical
Properties of Compound

The bonding and structural features of a compound are manifested in its
physical properties. Thus, physical properties of a compound such as
melting point, boiling point, solubility, etc., often give valuable clues
about its structure. Conversely, if the structure of a compound is known,
its physical properties can be predicted.

The physical properties of a compound depend upon the number and
nature of atoms constituting its structural units and also on the nature of
forces holding these units together. You know that in case of ionic
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compounds, the positive and negative ions are held together by strong
electrostatic forces. Contrary to this, in covalent compounds, the
molecules are held together by intermolecular forces. Let us now study
briefly what these intermolecular forces are. Then, you will learn how
these intermolecular forces affect the physical properties of the
compounds.

3.1.1 Intermolecular Forces

Forces between molecules are responsible for the magnitude of the melting
and boiling temperatures and for solubility characteristics of molecules.
The greater the attraction between molecules of a specific compound, the
higher the melting and boiling points are likely to be. Solubility
characteristics use the classic saying, like dissolves like. Polar molecules
are most soluble in polar solvents and nonpolar molecules are most soluble
in nonpolar solvents. The three important intermolecular forces are: (i)
dipole-dipole interactions, (ii) London forces and (iii) hydrogen bonding.
Let us now consider these intermolecular forces one by one.

(i) Dipole-Dipole Interactions: are defined as the interactions
between the different molecules of a compound having permanent
dipoles. Dipoles result from unequal sharing of electrons in bonds. If
molecules are close to each other, the negative pole of one molecule is
attracted to the positive pole of another molecule. Consider the example
of chloromethane which has a permanent dipole. The molecule of
chloromethane orient themselves in such a way that the positive end
of one dipole points towards, and is thus attracted by, the negative end
of the other dipole. These interactions, called dipole-dipole interaction are
depicted in Fig 1.1.

a) b)

Fig. 1.1: Intermolecular forces (“- - - - -” indicates interaction). a) A
polar hydrogen chloride molecule interacting with another hydrogen
chloride molecule b) Arrangement of chloromethane molecules
showing positive and negative poles of one molecule and the Dipole-
dipole interactions between chloromethane molecules.

The dipole-dipole interactions are weak interactions and are of the order
of 4 to 12 kJ mol-1 whereas the bond energy for an ordinary covalent
bond ranges from 125 to 420 kJ mol-1.
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In-Text Question 1
When the positive end of a molecule attracts the negative end of another
molecule, the electrostatic forces that arise is named ________
A. Electrovalent bond B. Dipole-dipole forces C. Weak forces D.
Gaseous forces
In-Text Answer 1
Option B

(ii) London Forces: The intermolecular interactions exist between
non polar molecules also. At any given instant, the electrons surrounding
an atom or molecule are not uniformly distributed; that is, one side of
the atom may have a greater electron density than the other side. This
results in a momentary dipole within the atom. The dipole on one atom
may induce a dipole on another atom. The net result is an attraction
between atoms.
Consider two nonpolar molecules A and B in which the centre of positive
charge coincides with that of the negative charge.

When the molecules A and B approach each other, there is a distortion
in the distribution of the charge resulting in a small and momentary dipole
in one molecule. This small dipole can then create another dipole in the
second molecule which is called induced dipole. Thus, if the momentary
dipole of molecule A and B is as shown below;

Such a distribution of charge leads to mutual attraction between the
molecules. These induced dipole – induced dipole interaction are also
known as London forces (illustrated with … in Figure 1.2).
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Fig. 1.2: London forces are induced-dipole–induced-dipole
interactions.

London forces are the only forces of attraction possible between nonpolar
molecules. These interactions are weaker than the dipole-dipole
interactions and are of the order of 4 kJ mol-1. These forces vary with the
distance between the molecules. If ‘r’ is the distance between the two
molecules, then the London forces are proportional to 1/r6. This explains
the interaction between helium atoms (Fig. 1.3), that are nonpolar, yet
they must have attraction for each other since they form liquids when
cooled sufficiently. All molecules exhibit dispersion forces.

Fig 1.3: London dispersion forces in two helium atoms

In-Text Question 2
1. Classify the following statement as true or false: London forces

are the only forces operating between polar molecules.
2. At 25oC, chlorine (Cl2) is a gas whereas bromine (Br2) is a liquid.

Why?

(iii) Hydrogen Bonding: This is a special type of dipole-dipole
interaction. It does not refer to an actual bond, but a strong interaction
between a covalently bonded hydrogen atom and a molecule containing
an atom with nonbonding electrons, such as oxygen, nitrogen, and the
halogens. The hydrogen atom undergoing hydrogen bonding must be
covalently bonded to an oxygen, a nitrogen, or a fluorine atom, resulting
in a highly polar covalent bond. This puts a large partial positive charge
(δ+) on the covalently bonded hydrogen atom and it seeks an electron pair
on another atom. Hydrogen bonds are stronger than most dipole-dipole
interactions but weaker than a covalent bond. An example is shown for
water in Fig 1.4.

Fig. 1.4: hydrogen bonding in water molecules
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The strength of a hydrogen bond ranges from 10 to 40 kJ mol-1. Hydrogen
bonding has an important influence on physical properties such as melting
point, boiling point and solubility of substances. This will be illustrated
using examples in the following subsections.

The dipole-dipole, induced dipole-induced dipole etc. interactions are
collectively known as van der Waals forces. Some authors prefer to
give the name van der Waals forces only for London forces. Having
understood the intermolecular forces, let us now study how the variation
in molecular structure affects these intermolecular forces which in turn
is reflected in the physical properties of the molecules.

In-Text Question 3
Which response includes only those compounds that can exhibit hydrogen
bonding?

(a) AsH3, H2Te
(b) AsH3, CH3NH2

(c) CH4, AsH3, H2Te
(d) CH3NH2, HF
(e) HF, H2Te

3.1.2 Melting Point

The melting point (mp) is the temperature at which a solid is converted
into a liquid.

Pure crystalline solids have sharp melting points. Thus, melting point is
used as an important physical property both for the identification of
organic compounds and for making the general assessment of the purity
of these compounds. Pure crystalline solids have sharp melting points
and they melt over a temperature range of 1o or less. In contrast to this,
impure crystalline solids melt over wider ranges of temperatures. In a
crystalline solid, the constituent ions or molecules are arranged in an
orderly and rigid fashion. When such as solid is heated, the thermal
energy of the molecules increases. This finally leads to   the
disintegration of the crystal structure and at the melting point a disorderly
and random arrangement of particles, characteristic of a liquid, is
obtained. Since the electrostatic forces holding the ions are very strong,
they can be overcome only at high temperatures. Therefore, the ionic
compounds generally have high melting points. For example, the melting
point of sodium chloride is 1074 K and that of sodium ethanoate is 595
K. But, the intermolecular forces are very weak as compared to the
interionic forces and hence, these can be overcome at lower temperatures
leading to lower melting points for covalent compounds. The melting
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point of methane, a covalent compound, is only 90 K and the melting
point of methanol, another covalent compound, is 179 K.

Let us now study the effect of molecular weight on the melting point.
If you examine the melting points of the alkanes in Table 1.1, you will see
that the melting points increase (with a few exceptions) in a homologous
series as the molecular weight increases. The increase in melting point is
less regular than the increase in boiling point because packing influences
the melting point of a compound. Packing is a property that determines
how well the individual molecules in a solid fit together in a crystal lattice.
The tighter the fit, the more energy is required to break the lattice and
melt the compound.

In Figure 1.5, you can see that the melting points of alkanes with even
numbers of carbon atoms fall on a smooth curve (the red line). The
melting points of alkanes with odd numbers of carbon atoms also fall on
a smooth curve (the green line). The two curves do not overlap, however,
because alkanes with an odd number of carbon atoms pack less tightly
than alkanes with an even number of carbon atoms. Alkanes with an odd
number of carbon atoms pack less tightly because the methyl groups at
the ends of their chains can avoid those of another chain only by
increasing the distance between their chains. Consequently, alkane
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molecules with odd numbers of carbon atoms have lower intermolecular
attractions and correspondingly lower melting points.

Fig. 1.5: Plot of melting points of straight-chain alkanes. Alkanes with
even numbers of carbon atoms fall on a melting-point curve that is
higher than the melting point curve for alkanes with odd numbers of
carbon atoms.

You can see in the figure that the melting point increases with the
increase in the molecular weight. This can also be explained due to
increase in the London forces between the larger molecules of higher
molecular weight. Thus, each additional methylene (-CH2) unit
contributes to the increase in melting point.

In a homologous series, the higher the molecular weight, the larger will
be the molecules and the greater will be the ‘area of contact’ between
the two molecules and hence the greater will be the London forces.

You must have noticed in Fig. 1.5, the alternating pattern of melting
points for the alkanes having odd and even number of carbon atoms. It is
also evident from the figure that the compounds having even number of
carbon atoms lie on a higher curve as compared to the compounds
having odd number of carbon atoms. This can be explained on the basis
that in solid state, the London forces among the molecules having odd
number of carbon atoms are weaker than those in the molecules having
even number of carbon atoms. This is because the molecules of alkanes
having odd number of carbon atoms do not fit well in the crystal lattice
as compare to those of the alkanes having even number of carbon atoms.
After studying the effect of molecular weight on melting point, let us
now see how the isomeric compounds having the same molecular weight,
show different melting points. The melting points of straight chain and
branched chain isomers of butane are given below:
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The branching of the carbon chain interferes with the regular packing of
the molecules in the crystal; branched chain hydrocarbons tend to have
lower melting points than their straight chain isomers.

But, in case, the branched molecule has a substantial symmetry, then its
melting point is relatively high. This is clearly evident when we compare
the melting points of isomeric pentanes which are as given below:

The branching from pentane to 2-methylbutane lowers the melting point
but further branching in 2,2-dimethylpropane increases the melting point.
This can be explained by the fact that the symmetrical molecules fit
together more easily in the crystal lattice and hence have higher melting
points as compared to the less symmetrical molecules. Hence, higher
melting point for 2,2-dimethylpropane is justified.

This is also reflected when we analyse the melting points of cis- and
trans-isomers. The trans- isomer being more symmetrical, fits better in
the crystal lattice   than the less symmetrical cis- isomer. Hence, the
trans- isomers generally have higher melting points.

The nature of the functional groups present in a molecule also affects its
physical properties. For example, when the functional group is such that
it introduces polarity, and hence leads to a permanent dipole moment in
the molecule; then, due to the dipole-dipole forces of attraction between
the polar molecules, they show higher melting points than the nonpolar
molecules of comparable molecular weights. For example, the melting
point of propanone, a polar molecule having molecular weight of 58, is
178 K. You can compare it with the melting points of isomers of nonpolar
butane (mol. Wt. = 58) you have just studied above. This leads to the
conclusion that the polar propanone has higher melting point than the
nonpolar isomeric butanes.
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The effect of hydrogen bonding on melting point is small. But, the
hydrogen bonding has significant effect on the boiling point, about which
you will study in the next subsection.

In-Text Question 4
Which compound has the highest melting point? A. decane B. 2,2,3,3-
tetramethylbutane C. 2,2,3-trimethylpentane D. 4-methylnonane

3.1.3 Boiling Point

The boiling point of a substance is the temperature at which it changes
(vapourizes) from the liquid to the gaseous state. At the boiling point the
vapour pressure of a liquid is equal to the external pressure. Thus, the
boiling point depends on the external pressure and it increases with
increase in the external pressure. Hence, while reporting the boiling point
of a substance, external pressure must be specified.

Similar to the case of melting points, the boiling points are also used as
constants for identification and characterization of liquid substances.
The knowledge of boiling points is also important in the purification of
liquids.

Let us now study some of the factors affecting the boiling point.

The boiling point of a substance depends on its molecular structure. In
order for a compound to vapourize, the forces that hold the individual
molecules close to each other in the liquid must be overcome. This means
that the boiling point of a compound depends on the strength of the
attractive forces between the individual molecules. If the molecules are
held together by strong forces, it will take a lot of energy to pull the
molecules away from each other and the compound will have a high
boiling point. In contrast, if the molecules are held together by weak
forces, only a small amount of energy will be needed to pull the molecules
away from each other and the compound will have a low boiling point.
For example, relatively weak forces hold alkane molecules together.
Alkanes contain only carbon and hydrogen atoms. Because the
electronegativities of carbon and hydrogen are similar, the bonds in
alkanes are nonpolar. Consequently, there are no significant partial
charges on any of the atoms in an alkane.

The molecules of an alkane are held together by these induced-dipole–
induced-dipole interactions, which are known as van der Waals forces.
Van der Waals forces are the weakest of all the intermolecular attractions.
In order for an alkane to boil, the van der Waals forces must be overcome.
The magnitude of the van der Waals forces that hold alkane molecules
together depends on the area of contact between the molecules. The
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greater the area of contact, the stronger are the van der Waals (London)
forces and the greater is the amount of energy needed to overcome those
forces. If you look at the homologous series of alkanes in Table 1.1, you
will see that the boiling points of alkanes increase as their size increases.
Generally, this increase in boiling point amounts to 20-30o for the
addition of each carbon atom in the molecule. This relationship holds
because each additional methylene group increases the area of contact
between the molecules. The four smallest alkanes have boiling points
below room temperature (room temperature is about 25 °C), so they exist
as gases at room temperature. Pentane (bp = 36.1oC) is the smallest alkane
that is a liquid at room temperature. The boiling points of the compounds
in any homologous series increase as their molecular weights increase
because of the increase in van der Waals forces. So the boiling points of
the compounds in a homologous series of ethers, alkyl halides, alcohols,
and amines increase with increasing molecular weight.

Among isomeric molecules, since the unbranched isomer is linear and
hence extended in shape, it has larger surface area as compared to the
branched isomers. Therefore, the London forces are stronger in the
unbranched isomer leading to higher boiling point for this isomer. Thus,
if two alkanes have the same molecular weight, the more highly branched
alkane will have a lower boiling point This is illustrated in the structures
below for the isomers of pentane.

The boiling points of these compounds, however, are also affected by the
polar character of the bond (where Z denotes N, O, F, Cl, or Br) because
nitrogen, oxygen, and the halogens are more electronegative than the
carbon to which they are attached.

The magnitude of the charge differential between the two bonded atoms is
indicated by the bond dipole moment. The dipole moment of a bond is
equal to the magnitude of the charge on one of the bonded atoms times the
distance between the bonded atoms.

When we compare molecules having the same shape and size, the more
polar molecule has the higher boiling point. Examples are:



CHM 203 ORGANIC CHEMISTRY II

12

Dipole moment 20.98 x 10-30cm -0
Boiling point 249.4 K 231 K
Molecular weight 46 44

Alcohols have much higher boiling points than alkanes or ethers of
comparable molecular weight (Table 1.2) because, in addition to London
forces and the dipole–dipole interactions of the bond, alcohols can form
hydrogen bonds. A hydrogen bond is a special kind of dipole–dipole
interaction that occurs between a hydrogen that is bonded to an oxygen,
a nitrogen, or a halogen and the lone-pair electrons of an oxygen,
nitrogen, or halogen in another molecule (see subsection 3.1.1 of this
unit). Thus, to vaporize such a compound, hydrogen bonds between the
molecules must be broken. This requires energy, which is manifested as
the unusually high boiling point for such compounds.

Table 1.2: Comparative Boiling Points (°C)
Alkanes Ethers Alcohols Amines
CH3CH2CH3 CH3OCH3 CH3CH2OH CH3CH2NH2

-42.1 -23.7 73 16.6
CH3CH2CH2CH3 CH3OCH2CH3 CH3CH2CH2OH CH3CH2CH2NH2

-0.5 10.8 97.4 47.8
CH3CH2CH2CH2

CH3

CH3CH2OCH2C
H3

CH3CH2CH2CH2

OH
CH3CH2CH2CH2

NH236.1 34.5 117.3 77.8

The length of the covalent bond between oxygen and hydrogen is 0.96 Å.
The hydrogen bond between an oxygen of one molecule and a hydrogen
of another molecule is almost twice as long (1.69–1.79 Å), which means
that a hydrogen bond is not as strong as an O-H covalent bond. A
hydrogen bond, however, is stronger than other dipole–dipole
interactions. The strongest hydrogen bonds are linear—the two
electronegative atoms and the hydrogen between them lie on a straight
line. Although each individual hydrogen bond is weak—requiring about
21 kJ/mol (5 kcal/mol) to break—there are many such bonds holding
alcohol molecules together. The extra energy required to break these
hydrogen bonds is the reason alcohols have much higher boiling points
than either alkanes or ethers with similar molecular weights.
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The boiling point of water illustrates the dramatic effect hydrogen
bonding has on boiling points. Water has a molecular weight of 18 and a
boiling point of 100 °C. The alkane nearest in size is methane, with a
molecular weight of 16. Methane boils at -167.7oC.

Primary and secondary amines also form hydrogen bonds, so these amines
have higher boiling points than alkanes with similar molecular weights.
Nitrogen is not as electronegative as oxygen, however, which means that
the hydrogen bonds between amine molecules are weaker than the
hydrogen bonds between alcohol molecules. An amine, therefore, has a
lower boiling point than an alcohol with a similar molecular weight (Table
1.2).

Because primary amines have two bonds, hydrogen bonding is more
significant in primary amines than in secondary amines. Tertiary amines
cannot form hydrogen bonds between their own molecules because they
do not have a hydrogen attached to the nitrogen. Consequently, if you
compare amines with the same molecular weight and similar structures,
you will find that primary amines have higher boiling points than
secondary amines and secondary amines have higher boiling points than
tertiary amines.

Hydrogen bonding is also important in other ways. As we shall see in
the next subsection, hydrogen bonding plays an important role in the
solubility of organic compounds.

In-Text Question 5
Which of the following alkanes will have the lowest boiling point?
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3.1.4 Solubility

When any substance dissolves in a solvent, its constituent ions or
molecules get separated from each other and the space between them is
filled by solvent molecules. This is known a solvation and the amount of
substance dissolved in a certain amount of solvent is referred to as its
solubility in that solvent. Solubility thus depends on the interactions
between solute-solute, solute-solvent and solvent-solvent molecules. The
general rule that explains solubility on the basis of the polarity of
molecules is that “like dissolves like”. In other words, polar compounds
dissolve in polar solvents, and nonpolar compounds dissolve in nonpolar
solvents. This is because a polar solvent such as water has partial charges
that can interact with the partial charges on a polar compound. The
negative poles of the solvent molecules surround the positive pole of the
polar solute, and the positive poles of the solvent molecules surround the
negative pole of the polar solute. Clustering of the solvent molecules
around the solute molecules separates solute molecules from each other,
which is what makes them dissolve. Clearly strong solute-solvent
molecular interactions as compare to those of solute-solute or solvent –
solvent molecules will lead to dissolution of the solute.

Similar to the processes of melting or boiling, dissolution of a substance
also requires that the interionic or intermolecular forces of attraction
between the ions or molecules must be overcome. The strong electrostatic
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forces between the ions of an ionic compound can be overcome by the
solvents which have high dielectric constant. Thus, water which has a
high dielectric constant (є ) of 80, dissolves ionic compounds readily
whereas solvents like carbon tetrachloride (є =1.2) or ether (є = 4.4)
are extremely poor solvents for such compounds. Hence, ionic
compounds have greater solubility in polar solvents.

The dielectric constant є, of a solvent measures its ability to separate the
ions of the solute.

The term polar has double usage in organic chemistry. When we refer that
it has a significant dipole moment, µ. But, when we talk about a polar
solvent, we understand that it has a high dielectric constant, є. Thus, the
dipole moment is the property of individual molecules whereas solvent
polarity or dielectric constant is a property of many molecules acting
together.

In determining the solubility of covalent compounds, the rule of thumb
is like-dissolves-like. Since water is a polar compound, it is a good solvent
for polar compounds, but is a poor solvent for hydrocarbon which are
nonpolar in nature. Thus, the hydrocarbons readily dissolve in other
hydrocarbons or in nonpolar solvents such as benzene, ether or
tetrahydrofuran. This is because the van der Waals interactions between
solvent and solute molecules are about the same as between solvent–
solvent and solute–solute molecules.

Alkanes are nonpolar, which causes them to be soluble in nonpolar
solvents and insoluble in polar solvents such as water. The densities of
alkanes (Table 1.1) increase with increasing molecular weight, but even
a 30-carbon alkane such as triacontane (density at 20 oC = 0.8097 g/mL)
is less dense than water (density at 20 oC = 0.9982 g/mL). This means
that a mixture of an alkane and water will separate into two distinct
layers, with the less dense alkane floating on top.

An alcohol has both a nonpolar alkyl group and a polar OH group. So, is
an alcohol molecule nonpolar or polar? Is it soluble in a nonpolar solvent,
or is it soluble in water? The answer depends on the size of the alkyl
group. As the alkyl group increases in size, it becomes a more significant
fraction of the alcohol molecule and the compound becomes less and less
soluble in water. In other words, the molecule becomes more and more
like an alkane. Four carbons tend to be the dividing line at room
temperature. Alcohols with fewer than four carbons are soluble in water,
but alcohols with more than four carbons are insoluble in water. In other
words, an OH group can drag about three or four carbons into solution in
water.
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The four-carbon dividing line is only an approximate guide because the
solubility of an alcohol also depends on the structure of the alkyl group.
Alcohols with branched alkyl groups are more soluble in water than
alcohols with non-branched alkyl groups with the same number of
carbons, because branching minimizes the contact surface of
the nonpolar portion of the molecule. So tert-butyl alcohol is more
soluble than n-butyl alcohol in water.

The solubility of organic compounds in water also depends on the extent
of hydrogen bonding possible between the solute and the solvent (water)
molecules. For example, the greater solubility of ether in water as
compared to that of pentane (in water can be accounted on the basis of
hydrogen bonding present in the former case.

Since the olefinic, acetylenic or benzenoid character does not affect the
polarity much, the solubility of unsaturated and aromatic hydrocarbons
in water is similar to that of alkanes. In compounds like ethers, esters,
aldehydes, ketones, alcohols, amides, acids and amines, solubility in
water depends on the length of the alkyl chain and the members
containing less than five carbon atoms in the molecules are soluble in
water.

Increase in the intermolecular forces in a solute, as a result of increase in
the molecular weight, is also reflected in the low solubility of compounds
having high molecular weight. For example, glucose is soluble in water
but its polymer, starch is insoluble in water. This is because polymers
have high molecular weight. Thus, in a homologous series, the solubility
of the members decreases with the increase in molecular weight.
However, branching of the carbon chain leads to a decrease in the
intermolecular forces. Hence, the branched chain isomer is more soluble
as compared to the straight chain isomer.

Apart from other factors discussed above, solubility of a compound in a
given solvent generally increases with temperature.

Sometimes high solubility of a compound is observed due to a chemical
reaction which acts as a driving force. One such category of reactions is
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acid-base reactions. For example, the higher solubility of aniline in
aqueous acid is due to the formation of anilinium ion.

Although determination of the physical properties such as those discussed
above helps in the identification of organic compounds, physical methods
involving the use of spectroscopy allow determination of the molecular
structure much more rapidly and nondestructively using small quantities
of material.

In-Text Question 6
Which of the following compounds is expected to have the greatest
solubility in water?

SELF ASSESSMENT EXERCISE

i. Which of the following compounds will form hydrogen bonds
between its molecules?

ii. Which of the compounds in SAQ 4.1 above will form hydrogen
bonds with a solvent such as ethanol?

iii. List the following compounds in order of decreasing boiling point:

iv Rank the following groups of compounds in order of decreasing
solubility in water:
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v. In which of the following solvents would cyclohexane have the
lowest solubility: pentanol, diethyl ether, ethanol, or hexane?

vi. Rank the following compounds in order of increasing strength
of intermolecular forces: CH3CH2CH2CH2CH3 (pentane),
CH3CH2CH2CH2OH (1-butanol), and CH3CH2CH2CHO
(butanal).

 Pentane has only nonpolar C-C and C-H bonds, so its molecules
are held together by only van der Waals forces.

 1-Butanol is a polar bent molecule, so it can have dipole-dipole
interactions in addition to van der Waals forces. Because it has an
O-H bond, 1-butanol molecules are held together by
intermolecular hydrogen bonds as well.

 Butanal has a trigonal planar carbon with a polar C=O bond, so it
exhibits dipole-dipole interactions in addition to van der Waals
forces. There is no H atom bonded to O, so two butanal molecules
cannot hydrogen bond to each other.

vii Which compound in each pair has the higher boiling point?

viii Which compound is water soluble?

ix Which of the following molecules can hydrogen bond to another
molecule like itself?
 Which of the following molecules can hydrogen bond with

water?
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4.0 CONCLUSION

We can safely conclude that a good knowledge of the physical and
chemical properties of organic compounds is paramount in the
identification of such compounds.

5.0 SUMMARY

During the course of this unit, we have learnt about the relationship
between molecular architecture and physical properties of organic
compounds. We have also learnt about the interrelationship between
intermolecular forces, melting and boiling points and the solubility of
organic compounds. The greater the attractive forces between
molecules—London (van der Waals) forces, dipole–dipole interactions,
hydrogen bonds—the higher is the boiling point of the compound. A
hydrogen bond is an interaction between a hydrogen bonded to an O, N,
or F and the lone pair of an O, N, or F in another molecule. The boiling
point increases with increasing molecular weight of the homolog.
Branching lowers the boiling point. Polar compounds dissolve in polar
solvents, and nonpolar compounds dissolve in nonpolar solvents. The
interaction between a solvent and a molecule or an ion dissolved in that
solvent is called solvation. The oxygen of an alcohol or an ether can drag
about three or four carbons into solution in water.
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1.0 INTRODUCTION

In this unit, you will study about the factors that affect the availability of
electrons in organic compounds. These factors are known to affect the
reactivity of organic molecules. The reactivity of one substance towards
another is measured by the rate at which the two substances react and
the amount of the products formed. These effects which are associated
with the change in molecular structure are called structural effects
which includes: inductive effect, resonance effect and steric effect.

Not all molecules are equally reactive. But, what make some organic
molecules more reactive than others? To find an answer to this question,
we should have some idea of the nature of reactions that the organic
molecules undergo. A large number of reactions that the organic
molecules undergo can be readily understood as simple analogies of
acid-base reactions. Therefore, it is important for us to know the basic
features of acid-base reactions. We will familiarize ourselves with the
concept of acid-base equilibrium in this unit. Here, you will also study
that the position of the acid-base equilibrium is a measure of molecular
reactivity; further it is influenced by many factors. Although, the
functional groups present in a molecule are of key importance in
determining the molecular reactivity, it has been observed that various
compounds containing the same functional groups differ in their
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reactivity. Thus, in addition to the presence of the functional groups,
structural effects vis-a-vis the nature and arrangement of atoms attached
to the functional groups also control the molecular reactivity. We will also
discuss solvent effects and hydrogen bonding which are also important
factors affecting the rate and the extent of such reactions. Finally, you will
study an interesting equilibrium involving a proton shift from one atom
of a molecule to another, called tautomerism.

2.0 OBJECTIVES

By the end of this unit, you should be able to:

 understand some of the factors affecting electron availability in
organic molecules, along with their consequences.

 apply these factors on organic substrates to locate electron
deficient and electron rich sites.

 define acids and bases and be able to classify given compounds as
acids or bases according to Bronsted – Lowry and Lewis
definitions.

 define pKa of an acid and predict the relative acidities and
basicities of compounds.

 explain the effect of structural changes on the acidic and basic
behaviour of organic molecules.

 define tautomerism and give examples of various kinds of
tautomerism.

3.0 MAIN CONTENT

3.1 Factors Affecting Availability of Electrons in Organic
Compounds

Electronic factors that influence organic reactions include the inductive
effect, electromeric effect, resonance (mesomeric) effects, and
hyperconjugation. These electronic factors involve organic molecules,
most of which are made from a combination of the following six elements:
carbon, hydrogen, nitrogen, oxygen, phosphorus, and sulfur (known
collectively as CHNOPS). Yet, the limited number of building blocks
does not prevent organic compounds from taking on diverse properties in
their physical characteristics and chemical reactivity. The subtle
differentiation of various compounds in organic chemistry is essential for
the biological functions of the molecules and creates a wide variety of
reactions. Let us now discuss these factors one after the other.
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3.1.1 Inductive Effect

We have seen that when carbon bonds to an electronegative element like
O, N, CI, or F, a bond polarization develops, making the C δ+ and the
heteroatom or halogen δ-. The phenomenon of withdrawing electrons
through sigma (σ) bonds to the more electronegative atom or group is
called an inductive effect. The inductive effect is a permanent state of
polarization. The electron density in a σ bond between two unlike atoms
is not uniform and denser toward the more electronegative of the two
atoms. The inductive effect is what gives rise to bond polarizations,
polarizations within molecules, and bond and molecular dipole moments.

Partial charges due to induction

The inductive effect is a distance-dependent phenomenon:

If the electronegative atom X is connected to a chain of carbon atoms,
then the positive charge is relayed to the other carbon atoms. C1, with its
positive δ charge, exerts a pull on the electrons of C2, but the pull is
weaker than it is between X on C1. The effect rapidly dies out and is
usually not significant after the 2nd carbon atom, or at most the 3rd.

There are two categories of inductive effects: the electron-withdrawing
(-I) effect and the electron-donating (+I) effect. In the figure above, X is
electron-withdrawing and Y is electron-donating.

These relative inductive effects are measured with reference to hydrogen:
The -I effect is seen around a more electronegative atom or group, and
electron density is higher there than elsewhere in the molecule. Electron-
withdrawing groups include halogen, nitro (−NO2), cyano (−CN),
carboxyl (−COOH), ester (−COOR), and aryloxy (−OAr). On the other
hand, the +I effect is observed among the less electronegative atoms of
the molecule by electron-releasing (or electron-donating) groups. The
alkyl groups are usually considered electron-releasing (or electron-
donating) groups.

Inductive effect generally influences both physical and chemical
properties of organic compounds as seen in the strength of organic acids
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(to be discussed in later section of this unit), basic strength of amines and
amides, ease of substitution reactions of haloalkanes (dipole moment and
bond length), the ease of addition reactions of unsaturated hydrocarbons,
and so on.

In-Text Question 1
a. State whether the following statements or True or False? Explain

your choice: Inductive effect is the ability of an atom or a group of
atoms to cause polarization of electron density along the covalent
bond so that the atom of higher electronegativity becomes electron
deficient.

b. Explain the comparative stability of primary, secondary and
tertiary carbocations using Inductive effect.

3.1.2 Resonance (Mesomeric) Effect

Whilst inductive effects pull electrons through the σ-bond framework,
electrons can also move through the π-bond network. A π-bond can
stabilize a negative charge, a positive charge, a lone pair of electrons or
an adjacent bond by resonance (i.e. delocalisation or ‘spreading out’ of
the electrons). A resonance effect reflects the ability of an atom or group
of atoms to withdraw or donate electrons through π-bonds. This is also
sometimes referred to as a mesomeric effect.

In a normal π bond, the π electrons are localized between the constituent
atoms. However, if double and single bonds are present alternately in a
molecule, it is called conjugation e.g. in 1,3-butadiene, the double bonds
are conjugated.

Similarly, if the double, single and a lone pair are present, alternatively,
it is also called conjugation e.g. vinyl chloride.

The presence of conjugation alters the properties of the compound and
there is a difference in the actual and expected properties. The theory of
resonance explains the anomalous properties of such conjugated
compounds. This theory states that when a molecule can be represented
by two or more classical structural (or electronic) formula, all of which
can explain some but not all the properties, then the molecule has neither
of these structures (called contributing or canonical or limiting structures)
but is a hybrid of all these contributing structures. For example:
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Note that the π electrons are not necessarily present where one would
expect them, but are rather delocalised over the entire molecule which
gives it extra stability expressed in terms of delocalisation energy or
resonance energy. Also, normally, we find chlorine withdrawing electrons
towards itself by -I effect but here we find that the same chlorine has got
a positive charge and is involved in a double bond. Does this mean that
chlorine has lost its -I effect? No, this is not true as -I effect is a permanent
effect. In fact, in addition to the –I effect, it now also has an electron
donating mesomeric or resonance effect (called +M or +R effect).

Since the two effects are operating in opposite directions, one of them will
overwhelm the other. Remember there was no such possibility if halogen's
lone pair was not conjugated. For example, in the following case, the Cl
is not conjugated to the double bond and hence Cl is only exerting its –I
effect.

The atoms/groups like Cl in which lone pair (or electrons of negative
charge) is in conjugation with double or triple bond are electron donating
and gain a formal positive charge in the resonating structure in the process
and are known to exert +M/+R Effect.

Consider the case of –NO2 joined to a conjugated system, where the nitro
withdraws the conjugated electrons and gives rise to polarization as
shown below:

The atoms/groups like –NO2 which are in conjugation with double or
triple bond and are electron withdrawing and gain a formal negative
charge in the resonating structure in the process and are known to exert -
M/-R Effect.

The resonance effect also alters the electron density distribution in the
molecule significantly and its direction may be different from the normal
inductive effect. In case the two effects are operating in opposite
directions, the relative strengths of the two effects will determine which
will dominate. Mesomeric/resonance effect introduces total
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delocalization of charges while inductive effect introduces partial
polarization, hence, in general M > I. But there are exceptions to it like
when halogens are attached to a conjugated system like benzene, -I > +R
(negative inductive effect is greater than resonance effect).

In neutral compounds, therewill always be a +M and –M group(s): One
group donates (+M) the electrons and the other group(s) accepts the
electrons (–M).

All resonance forms are not of the same energy. In phenol, for example,
the resonance form with the intact aromatic benzene ring is expected to
predominate.

As a rule of thumb, themore resonance structures an anion, cation or
neutral π-system can have, the more stable it is.

Key point about resonance:
(i) Resonating/canonical structure are maginary hypothetical, while

resonance hybrid is the true strucure.
(ii) Resonance involve the delocalization of lone pair and π-electrons.
(iii) Resonance is an intramolecular process.
(iv) Resonance must follow the Lewis octet rule, i.e. C-atom, N-atom

are never pentavalent and O-atom never tetravalent.
(v) In the resonating structure arrangement of atoms remain same,

they should differ only with respect to arrangement of electrons.
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(vi) The energy difference in between resonance hybrid and most
stable resonating structure is called resonance energy.

(vii) Resonance work only at ortho and para position with equal
intensity, it never work at meta position.

(viii) Resonance proceeds in the system via π-electrons.

Inductive versus mesomeric effects:
 Mesomeric effects are generally stronger than inductive effects.

A+M group is likely to stabilise an anion more effectively than a
+I group.

 Mesomeric effects can be effective over much longer distances
than inductive effects, provided that conjugation is present (i.e.
alternating single and double bonds).Whereas inductive effects are
determined by distance, mesomeric effects are determined by the
relative positions of +M and –M groups in a molecule.

In-Text Question 2
a. Mesomeric effect involves delocalisation of __________.
b. State whether the following statements or True or False? Explain

your choice: The –OH group cannot exhibit Inductive effect.

3.1.3 Hyperconjugation

A σ-bond can stabilize a neighbouring carbocation (or positively charged
carbon) by donating electrons to the vacant p-orbital. The positive charge
is delocalized or ‘spread out’, and this stabilizing effect is known as “no-
bond resonance”. Hyperconjugation helps explain the stability of alkyl
radicals. It involves the delocalization of σ-electrons belonging to the C-
H bond of the alkyl group attaching to an atom with an unshared p-orbital.
The more the hyperconjugative hydrogen, the more is the stability.

Why are more highly substituted alkenes more stable? One explanation
involves hyperconjugation: hyper meaning above/beyond and
conjugation meaning getting together. Figure 1.6 shows the overlapping
of the sp3-s orbitals of a C-H bond with an empty antibonding π orbital of
an adjacent alkene carbon atom. This overlapping of orbitals and sharing
of the C-H bonding electrons, called hyperconjugation, increases the
stability of the molecule.
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Fig. 1.6: Hyperconjugation stabilization.

Hyperconjugation involves the conjugation of sigma-electrons with
adjacent pi electrons, as shown below:

This interaction is also known as conjugation. This type of delocalization
leads to a situation where there is no bond between the hydrogen and the
carbon atom of the molecule. Therefore, it is also known as hydrogen
no-bond resonance. Remember that the proton does not leave its
position and since the nuclei or the atoms do not change their positions,
therefore, the hyperconjugation becomes similar to resonance.
Hyperconjugation also results in the delocalization of charge, as you will
now study in case of carbocations. Hyperconjugation involving
hydrogens is the most common.

The stability of carbocations has been earlier explained on the basis of
inductive effect of the alkyl groups. Let us consider again a primary
carbocation, such as the one shown below in Fig. 1.7 below:
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Fig 1.7: the hyperconjugation in a carbocation

It is clear from the above structure that the electrons forming the -C–H
bond can overlap, into the empty p orbital of the carbon atom carrying the
positive charge. The C–H bond adjacent to the >C = C< or carbonation is
referred here as -C-H bond. The resulting hyperconjugation can be
represented as illustrated below:

Note that hyperconjugation produces some additional bonding between
the electron-deficient carbon and the adjacent carbon atom. Hence,
hyperconjugation results in the stabilization of carbocation by
delocalizing the positive charge. Obviously, the more the number -C–H
bonds which can participate in hyperconjugation, the more stable will be
the carbocation. You can see that in case of the primary carbocation
shown above, there are three such -C–H bonds. Let us now examine the
secondary and the tertiary carbocations.

For hyperconjugation to occur, the substituent next to the positively
charged carbon must have a filled σ-orbital available to overlap with
vacant p-orbital of the carbon atom carrying the positive charge.
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The secondary carbocation has 6 -C–H bonds which can participate in
hyperconjugation whereas the tertiary carbocation has 9 -C–H bonds.
Certainly, more delocalization of charge is possible in case of a tertiary
carbocation than in a secondary carbocation which is in turn more
than the possibility in a primary carbocation. Therefore, the tertiary
carbocation is more stable than the secondary carbocation which is more
stable-than the primary carbocation. Highly alkyl substituted alkenes have
more opportunities to undergo hyperconjugation and therefore have
increased stability.

Hyperconjugation has therefore been used to explain the relative
stabilities of substituted alkenes. Consider the following order of stability
of some alkenes.
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You can see that in an alkene, the more the number of -C-H bonds which
can participate in hyperconjugation, the higher is its stability.

In spite of the fact that hyperconjugation can be used to explain many
otherwise unconnected phenomena, it is controversial as it involves the
formation of a weaker pi bond at the expense of a strong sigma bond.

In-Text Question 3
a. Hyperconjugation involves the delocalisation of __________
b. The larger the number of hyperconjugation structures, the stability

of free radicals will __________

3.2 Application of Inductive Effect, Hyperconjugation and
Mesomeric Effect: Acidity and Basicity

What are Acids and Bases?

There are various ways of defining acids and bases. According to
Arrhenius (1884), a Swedish chemist, an acid is a substance which
ionizes in aqueous solution to produce hydrogen ions (H+), also known
as protons. And, a base is a substance which ionizes to produce hydroxide
(OH) ions. Thus, Arrhenius theory assumes a simple dissociation such as,

Note that during dissociation, the covalent bond between H–A is broken
and the electrons forming this bond shift on A as shown by the curved
arrow.

Thus, HCl is an acid and NaOH is a base because on dissociation they
yield H + and OH- ions, respectively. Thus, the strength of these acids
and bases is related to the degree of their dissociation. The mineral acids
such as HCl, HI, HBr, H2SO4 and HNO3 are strong acids because they
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are almost completely dissociated in aqueous solutions. Similarly, the
strength of a base will also depend upon its degree of dissociation.

An alternative theory of acids and bases was devised independently by
Bronsted and Lowry in 1922. According to the Bronsted-Lowry approach,
an acid is a proton donor and a base is a proton acceptor. Since under
ordinary reaction conditions a free proton cannot exist as a separate entity,
when an acid in the Bronsted-Lowry sense is considered, a base must be
present to accept the proton from the acid. The Bronsted acids are also
called protic acids because they react by the transfer of a proton. Consider
the following example,

Here, the ethanoic acid is an acid because it donates a proton to water
which is a base because it accepts the proton. Similarly, the ethanoate
ion, which is formed by the loss of a proton from ethanoic acid, functions
as a base because it can accept a proton to become ethanoic acid again.
Thus, ethanoate ion is called the conjugate base of ethanoic acid.
Similarly, the hydronium ion is the conjugate acid of the base, water. This
pair of a base and its conjugate acid or an acid and its conjugate base is
also called conjugate acid-base pair.

Let us now consider an acid-base reaction involving methylamine which
acts as a base and water which acts as an acid in this case, as shown below:

Note that water can act both as an acid as well as a base. It acts as an
acid by donating a proton to yield the OH- ion which is its conjugate base.
It can also act as a base by accepting a proton to yield a hydronium ion
which is its conjugate acid.

Although, we have illustrated both the above examples using water as one
of the components, the scope of Bronsted-Lowry definition of acids and
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bases is not limited to aqueous solutions as is the case in Arrhenius
definition. The Bronsted-Lowry concept of acids and bases is more
general and applies to any type of solvent.

Thus, according to this concept the general form of an acid-base reaction
can be written as;

where A1 – B1 and A2 – B2 are conjugate acid-base pairs.

The acid-base theory was further broadened by Lewis in 1934. He
proposed that the acids are the electron-pair acceptors and the bases
are the electron-pair donors.

Hence, according to this idea any molecule or ion which can
accommodate an electron pair is an acid. For example, a proton, H+, is a
Lewis acid because it can accept an electron pair.

A proton is only one of a large number of species that may act as a
Lewis acid. The electron deficient species such as AlCl3, BF3, BCl3,
ZnCl2, Mg2+ and carbocations are also Lewis acids. The electron deficient
atoms in these species accept the electrons to complete their valence shell
octets.

Similarly, any molecule or ion which has an unshared pair of electrons to
donate can act as a base. Thus, dimethyl ether acts as a Lewis base
towards boron trichloride which acts as a Lewis acid. This acid-base
reaction is represented below:

Note that the curved arrow shows the movement of a pair of electrons
from their source to their destination.

You will agree that the bases are much the same in both the Lewis and
the Bronsted-Lowry definitions because a Bronsted-Lowry base must
possess a pair of electrons in order to accept a proton.
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Having identified a substance as an acid or a base according to the
above criteria, let us study how to determine the strength of an acid or a
base using the electronic factors discussed previously in section 3.1 of
this unit.

In-Text Question 4

Label the conjugate acid and the conjugate base in each of the following
reactions.

3.2.1 Strengths of Acids and Bases

It is not possible to determine the strength of an acid or a base in
absolute terms. Therefore, these strengths are always expressed in relative
terms. The relative strengths of acids are determined by the extent to
which they transfer a proton to a standard base. The standard base which
is commonly used for such comparisons is water. Hence, for an acid HA,
the proton transfer can be represented by the following equilibrium;

The equilibrium constant, Ka, for the above equilibrium can be written
as,
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where the quantities in square brackets are the molar concentrations
(expressed as moles dm-3) of the species at equilibrium. For dilute
solutions, the concentration of water is large and is almost constant.

The pKa value equals the pH of the acid when it is half dissociated. At
pH above the pKa the acid exists predominantly as the conjugate base in
water. At pH below the pKa, it exists predominantly as HA.

The pKa values are influenced by the solvent. Polar solvents will stabilize
cations and/or anions by solvation, in which the charge is delocalized over
the solvent (e.g. by hydrogen-bonding in water).

The dissociation of acid HA in solvents other than water can be
generalized as,

The more electronegative the atom bearing the negative charge, the more
stable the conjugate base (which is negatively charged).

Therefore, F- is more stable than H3C-.

The conjugate base can also be stabilised by –I and –M groups which can
delocalize the negative charge (the more spread out the negative charge,
the more stable it is). While the cation can be stabilised by +I and +M
groups, which can delocalize the positive charge. (The more ‘spread out’
the positive charge, the more stable it is).

On the other hand, basic compounds have high pKa values and are good
proton acceptors, as the cations (or conjugate acids), formed on
protonation, are relatively stable. Similar to acids, an equilibrium for bases
in water can be written as,

–I and –M groups therefore lower the pKa, while +I and +M groups raise the pKa
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The strength of bases are usually described by the Ka and pKa values of
the conjugate acid.

Since the reaction is carried out in aqueous solution, water is acting both
as a solvent as well as an acid; hence, its concentration can be taken as
almost constant.

 If B is a strong base, then BH+ will be relatively stable and not
easily deprotonated. BH+ will therefore have a high pKa value.

 If B is a weak base, then BH will be relatively unstable and easily
deprotonated. BH+ will therefore have a low pKa value.

It is customary to express the strengths of organic bases not as Kb values
but in terms of the Ka and pKa values because it allows a single continuous
scale for both acids and bases. As has been stated above the stronger the
acid, the weaker will be its conjugate base and vice versa. In other words,
the stronger the acid, the lower the pKa, but, the stronger the base, the
higher is the pKa.

A comparison of the pKa values shows the following order of the basicities
for some of the bases.

Note that the organic compounds which act as bases can be regarded as
alkyl derivatives of either water or ammonia; for example, alcohols (R –
O – H), ethers (R – O – R-) and amines RNH2, R2NH and R3N. The basic
character of these compounds can be attributed to atoms such as nitrogen
and oxygen which contain at least one lone pair of electrons.

The strengths of acids and bases depend upon many factors. Apart from
the presence of functional groups; structural variations in molecules also
influence their acidic or basic properties. We will now focus our attention
on some effects which arise due to structural changes in the molecule. A
change in molecular structure can affect the reactivity of the molecule by
changing the electron distribution of the system, in which case it is called
an electronic effect. Another possibility is that two or more groups or
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atoms may come close enough in space so that the London interactions
between them become significant. The effects arising from such
interactions are called steric effects.

Before proceeding to the study of the lists which deals with these factors,
answer the following ITQ 5.

In-Text Question 5

An acid HA1 has pKa = 20 and another acid HA2 has pKa = 10.

1. Which of these two acids is stronger?
2. If Na+ A1 salt is added to acid HA2, does any acid-base reaction

take place? Explain.

a) Inductive effects in carboxylic acids and aliphatic (or alkyl)
amines:

The carboxylate anion is formed on deprotonation of carboxylic acids. The
anion is stabilised by resonance (i.e. the charge is spread over both oxygen
atoms) but can also be stablised by the R group if this has a –I effect.

Note that the inductive effect is a permanent effect.

Let us now analyse how inductive effect causes a change in the acidity
or basicity of a molecule. Let us take the example of ethanoic acid
whose structure is shown below:

If we substitute one of the hydrogen atoms on the C2 carbon atom with
a substituent X, then, the nature of the substituent group may affect
the electron density of the O–H bond resulting in a change in the acidity
of the molecule.
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Depending upon whether the substituent X is electron-withdrawing or
electron donating, the electron density will decrease or increase,
respectively. If the electron density between the bond formed by O and
H atoms decreases, then, the loss of H as H+ ion is facilitated resulting
in the increased acidity of the molecule. On the other hand, an increase
in the election density at the bond between O and H atoms will make the
proton release difficult, thereby, decreasing the acidity.

The greater the -I effect, the more stable the carboxylate anion and the
more acidic is carboxylic acid.

(i) When the substitution X is electron withdrawing, it decreases the
electron density at H as shown below:

(ii) When the substituent X is electron donating, it increases the
electron density at H as represented below:

The effect of some of these substituents on the acidity of the substituted
acids in terms of their pKa values is shown in Table 1.3 below:



CHM 203 MODULE 1

39

Table 1.3: pKa values for some substituted acids determine in water
at 298 K.

Table 1.3 shows the decreased acidity for propanoic acid (larger pKa
value) as compared to the ethanoic acid. Note that the propanoic acid
has a methyl group in place of H in ethanoic acid. The methyl group is
electron-donating in nature and therefore, has a +I effect which results
in the decrease in the acidity. But the acidity increases when the electron-
withdrawing substituents such as F, Cl, Br and l are present. Note that the
increase in acidity is in accordance with the electronegativity of these
elements.

The inductive effect of these substituents is further enhanced with the
increase in the number of these substituents. This is represented in Table
1.4.
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Table 1.4: Effect of increase in the number of chlorine substituents
on acidity of ethanoic acid

In monochloroethanoic acid, one of the three hydrogen atoms in ethanoic
acid has been replaced by an electron withdrawing chlorine atom. Hence,
the electron pair constituting the C–Cl bond is drawn closer to the
chlorine atom. This effect is transmitted through other atoms forming

σ-bonds to the OH bond of the group. This results in a shift
of the electrons constituting the O–H bond towards oxygen as shown
below:

Such an electron withdrawal by chlorine atom, thus, facilities the
department of the proton and hence, increases the acidic character of
monochloroethanoic acid as compared to ethanoic acids, the presence of
second and third chlorine.

In the di- and trichloroethanoic acids, the presence of second and third
chlorine.
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Atoms results in more electron withdrawal away from hydrogen of the
O–H bond and would, therefore, further increases the acidity of the
compounds as compared to ethanoic acid or chloroethanoic acid.
Therefore, we can arrange these acids in the increasing order of their
acidities as ethanoic acid < chloroethanoic acid < dichloroethanoic acid
< trichloroethanoic acid.

The position of electron-withdrawing substituents in a molecule also
influences its acidic character. This is shown by the pKa values of
isomeric monochlorobutanoic acids given in Table 1.5.

Table 1.5: Effect of position of substituent on acidity

It can be seen that although in each of these acids a chlorine atom has
replaced a hydrogen atom but they show different acidities. Note that as
the distance of the electron withdrawing chlorine atom from the reaction
site (i.e., O–H of the COOH group) increases, the acid strength decreases.
Thus, the influence of the inductive effect on acid strength is greatest
when the electron withdrawing chlorine atom is present on the carbon
next to the carboxylic group and it diminishes quickly with increase in the
distance. This effect is almost negligible after the fourth carbon atom in
the chain.
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A similar electron withdrawal occurs when a positively charged group is
present in a molecule. A positive centre such as (CH3)3N+- (trimethyl
ammonium) or + NH3 (ammonium), eases the departure of proton by
withdrawing electrons and hence, increases the acid character of the
molecule. This is illustrated in the example given below:

Note that here also with the increase in the distance between the positively
charged group and the carboxyl group, the inductive effect decreases.
If the presence of a positively charged group increases the acidity of a
molecule, then a negatively charged group should decrease the acidity.
Consider the dissociation of propanedioic acid, as given below:

where Ka1 is the dissociation constant.

Here, a proton is lost from one of the two carboxyl groups of the molecule.
The dissociation constant for this dissociation is called the first
dissociation constant and is represented by Ka1. Further dissociation of
the anion obtained in the above dissociation is difficult because it involves
the removal of the proton from a negatively charged species. Therefore,
this step has a pKa value equal to 5.69. This is called pKa2 because Ka2

represents the second dissociation constant.

Always remember that Ka1 is larger than Ka2 for a dicarboxylic acid.
Therefore, for these acids pKa1 is lower than pKa2.

From the above discussion, we can say that the substituents having –I
effect increase the acidity while the substituents having +I effect
decrease the acidity.

In a similar way, since the substitution having +I effect decrease the
acidity, their presence should also increase the basicity. This is what is
actually observed when the hydrogen atoms of ammonia are successively
replaced by methyl groups to give methylamine and dimethylamine
whose basicities increase with the increase in the number of methyl
groups, as shown below by the pKa values of their conjugate acids.
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On protonation of amines, ammonium salts are formed.

The greater the +I effect of the R group, the greater the electron density
at nitrogen and the more basic the amine. The greater the +I effect, the
more stable the ammonium cation and the more basic the amine.

The pKa values should increase steadily as more +I alkyl groups are
introduced on nitrogen. However, the pKa values are determined in water,
and the more hydrogen atoms on the positively charged nitrogen, the
greater the extent of hydrogen-bonding between water and the cation.
This solvation leads to the stabilization of the cations containing N–H
bonds. However, in organic solvents (which cannot solvate the cation),
the order of pKas is expected to be as follows:

The presence of –I and /or –M groups on nitrogen reduces the basicity, and
hence, for example, amides are poor bases. Ethanamide has a pKa of –0.5.
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At this stage, it would be helpful to answer the following ITQ.

In-Text Question 6

1. Arrange the following compounds in the decreasing order of their
acid strengths. Also, give reasons in support of your answer.

(i) CH3COOH, NCCH2COOH, NCCH2CH2CH2COOH
(ii) CH3NO2, CH2(NO2)2 CH(NO2)3

(iii) CH3COOH, HOOCCOOH, -OOCCOOH

2. Arrange the following compounds in the decreasing order of their
base strength. Support your answer with reasons.

(i) aniline, N-methylaniline, N, N-dimethylaniline

(ii) NH3, NH2CH3, NH2OH

The COOH group is –I type. Hence, it increases the acidity in case of
HOOCCOOH as compared to CH3COOH. But, in case of -OOCCOOH,
the removal of a proton is different because it is a negatively charged
species. Hence, it is less acidic as compared to CH3COOH.

i) The basicities decrease in the following order:

N,N-dimethylaniline  > N-methylaniline  > aniline

As the methyl group is electron donating, it increases the basicity in case
of N-methylaniline as compared to aniline. The basicity further increases
in N, N-dimethylaniline due to the increase in the number of methyl
groups.

ii) The decreasing order of basicities is as shown below: CH3NH2 >
NH3 > NH2OH
Since the methyl group has +I effect, it increases the basicity of CH3NH2

as compared to NH2. But, the substitution of an –OH group in NH3

decreases its basicity because it has –I effect.

b) Mesomeric effects in phenols and aryl (or aromatic) amines:

Mesomeric effects can also stabilise positive and negative charges. In this
case, The negative charge needs to be on adjacent carbon atom for a –M
group to stabilise it while the positive charge needs to be on adjacent
carbon atom for a +M group to stabilise it. On deprotonation of phenol the


