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INTRODUCTIONS

The physical properties of an atom is related to the number of proton while
the number of electron influences the chemical properties. However, both
physical and chemical properties are ultimately explained in terms of the
structure and bonding.

Severa models on structure and bonding have been proposed and it seems
there is no unique model that can completely predict structure and bonding
onitsown. The development of atomic structure progressively received light
from earliest work to the present state of quantum theory. Generally atom is
still known as a component that has electron, neutron and proton (i.e
elemental particles), which are involves in defining atomic structure.
Knowledge of the structure is essential because their behaviour, usefulness
and other applicationsis based on their structures. Bonding is defined when
two or more atoms combine together. The combination requires a force that
holds them together, without which there will be no compound or molecules.
The structure of a compound depends on the type of bonding. For example,
most ionic compounds are assumes NaCl or CsCl crystalline structure and
therefore have high melting and boiling points among other properties.
Covalent compounds with low boiling and melting point have weak bonds.
Some weaker forces also present them weaker.

Generally, there are two major types of bonding, depending on how electron
isarranged or engaged to give acompound. Bonding that involve the transfer
of electron (from an atom with low ionization energy) to an electronegative
atom is called ionic or electrostatic or electrovalent bond. However, where
electron can not be transferred or accepted, the preferred bonding route is
called covaent bond and is a consequence of sharing of electron. Once a
bond is formed, severa anaysis can be assigned. For example, covalent
character in ionic bond, asymmetry centre for positive and negative charges,
charge distribution, etc. All these concepts are discussed under structure and
bonding.

COURSE COMPETENCIES

Structure and bonding (CHM 204) is a course which addresses the behaviour
of behaviour of compounds due to the nature of bonding which involves
(ionic: transfer and acceptance of electrons), covalent (sharing of electrons).
Factors that influence structure and bonding of compounds and their
implication are also treated under this course. Influence of bonding on the
shape of molecules are discussed through hybridization, valence shell
electron paired repulsion, molecular orbital and quantum theories. The
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course traces originated models on the structure of compounds and
considered nature of bonding.

This course is aimed to bring the student to the knowledge of fundamental
aspect, theory and laws in structure and bonding

COURSE OBJECTIVES
When you have studied this course, you should be able to:

To introduce the students to different models on atomic structure

To introduce the student to quantum model, orbitals and atomic
orbitals

To introduce the student to how chemical bonds are formed and their
effect on structure and bonding

To introduce the concept of covalent character in ionic bond

To explain the chemistry of the main group elements including their
structures and bonding

WORKING THROUGH THIS COURSE

The courseis structured into five models. Modules 1 to 3 consist of two units
each while modules 4 and 5 consist of one unit each. It is necessary that for
the student to study and understand the content of all the units in the
respective modules.

Y ou will be provided with the following materials:
1 Course Guide
2. Study Units

STUDY UNITS

The outline for this course include, Idea of quantum states. Orbitals, shape
and energy, simplevalencetheory. Electron repulsion theory; atomic spectra.

The structure and chemistry of some representative main group element
compounds.

This course materials is organised into three Modules. Module 1 consist of
two units, module 2, two units and module 3, three units. Descriptions of
each unit are asfollows,
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Module 1
Unit 1 Chemical bonding
Unit 2 Theory of bonding
Module 2

Unit 1 Valence shell electron paired repulsion
Unit 2 Quantum Mechanics

Module 3
Unit 1 Chemistry of the main group element
Unit 2 Second and higher main group elements

Module 1, Study Unit 1introducesthe studentsto different typesof chemical
bonds (including ionic and covalent), how they are formed, their properties
and conseguences on the structures of such compounds

In Study Unit 2 of modulel, Lewis structure of moleculesislinked to valence
bond theory. Molecular orbital theory is discussed in detail while
hybridization theory is discussed and applied in predicting the geometric of
molecules.

Study Unit 1 (Module 2) In this study unit, the concept of valence shell
electron paired repulsion is deeply visualized in developing geometric of
molecules. Steric number and other associated concept are aso discussed.

Study 2 (Module 2) In this study unit, quantum mechanic is used to derived
the Schrodinger equation and the derived equation is applied to structure and
bonding variables including atomic orbitals, molecular orbitals, quantum
number and other parameters

In Study Unit 1 of Module 3, considers the periodic table, position of
hydrogen in the periodic table, the alkali metals and periodicity of ionization
potential, atomic radius, electronegativity, electron affinity and other
properties.

Study Unit 2 (Module 2) consider the chemistry, structure and bonding in

groups 13 to 18 main group elements. Their usefulness are also discussed in
detail.
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PRESENTATION SCHEDULE

This course is presented in three different modules. Each modul e consists of
two study units. Each module begins with introduction, study outcomes and
mai n content. Within the main content, fundamental facts are presented along
with inline Worked examples and answers. Each unit ends with summary,
conclusion, bibliography, Worked examples/answers and activity for student
to test their comprehension.

ASSESSMENT

There are two aspects of assessment for this course: the tutor-marked
assignment (TMA) and end of course examination. The TMAs shal
constitute the continuous assessment component of the course. They will be
marked by the tutor and equally account for 30 % of the total course score.
Each learner shall be examined in four TMASs before the end of course
examination. The end of course examination shall constitute 70% of the total
course score.

HOW TO GET THE MOST FROM THE COURSE

Student are expected to comprehends best information out of this course
through careful study of each units. It is recommended that student should
test their ability to answer questionsthat follow each unit aswell as questions
in reference materials related to this course
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MODULE 1

Unit 1 Chemical bonding
Unit 2 Theory of bonding

CONTENTS

UNIT 1 CHEMICAL BONDING

1.0 Introduction
2.0 Objectives
3.0 Main Content
3.1 lonicBond
3.2 Covaent Bond
3.3 Covaent Character in lonic Bond
3.4 Bond Enthalpy
3.5 Bond Haber Cycle
40 Conclusion
5.0 Summary
6.0 Tutor Mark Assignments
7.0 References/Further Readings

1.0 INTRODUCTION

Every chemical system seeks to be stabilized with the minimum attainable
energy or energy level. The electronic configurations of the noble gases
indicate stability due to completely filled energy/electronic level. Therefore,
the tendency for all atoms to attain stability is measured by considering the
configuration of the nearest noble gas. A completely filled valence energy
level represent octet configuration (when p-orbital is involved) or duplet
configuration (for s-orbital alone). Achievement of stability or minimum
energy level ispossible when atoms combine with each other. Since chemical
reactions involves only the valence electrons, the combination can lead to
stability through two major process, namely,

(i) Electron donation/acceptance
(i)  Sharing of electron

The most important types of chemical bonds are characterized as either ionic
or covalent. In ionic bonding, atoms transfer electrons to each other. lonic
bonds require at least one electron donor and one electron acceptor. In
contrast, atoms with the comparative el ectronegativity tend to share electrons

1
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in covalent bonds, because neither atom preferentially attracts or repels the
shared electrons.

When atom attain stability through sharing electrons or by transfer and
acceptance of electron, the process is called bonding and the new force that
holds the atom together is called chemical bonding. When bonding occurs,
the resulting molecule or compound has a lower energy than its constituent
atoms. Bonding is achieved by redistributing the valence (or bonding)
electrons. In ionic bonding, this redistribution occurs by the atoms
transferring one or moreelectrons. The term ionic bond describes the
electrostatic attraction of two oppositely chargedionsin a crystalline lattice.
Molecules that consist of charged ions with opposite charges are called
ionic molecules. These ionic compounds are generally solids with high
melting points and conduct electrical current. lonic compounds are generally
formed from metal and non-metal elements.

lons are completely different in physical and chemical properties from the
neutral atoms of the element. The notation of the + and - charges on ions
is very important as it conveys a definite meaning. Whereas elements are
neutral in charge, IONS have either a positive or negative charge depending
upon whether there is an excess of protons (positive ion) or excess of
electrons (negative ion).

2.0 OBJECTIVES
By the end of thisunit, you should be able to:

Know how atoms achieved stability through chemical bonding
Understand the attainment of octet or duplet configuration as a
condition for stability

Know the two major types of bonding in compounds

Know the conditions needed for the various bonding

Understand the properties of the various bonds

3.0 MAIN CONTENT

3.1 lonicBonds

Elements in the first few columns of the periodic table have few more
electrons than predicted by the octet rule: they therefore lose the

electronsin the outermost shellsfairly easily. For example, the alkali metals
(group 1), such as sodium (Na) or potassium (K), which have 11 and 19
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electronsrespectively, easily lose one electron to form mono- positiveions,

Na" and K. Elements in the last few columns of the periodic table have
one, two or three fewer electrons than predicted by the octet rule: they
therefore gain electronsfairly easily. For example, the halogens (group V1),
such asfluorine (F) or chlorine (Cl), which have 9 and 17 electrons,

respectively, easily gain one electron to form mono-negativeions, F or Cl
. These ions have 10 and 18 electrons, respectively. Also, elements in group

I form doubly positive ions such as Mg++ orCa' ', and elementsin group

V1 form doubly negativeionssuchas O™ or S . All theseions obey the octet
rule and so are fairly stable.

The resulting ions, which have opposite charges, will be attracted to one
another, and will draw closer, until they "touch". This happens when the
inner shell of electrons on the sodium ion (the smaller sphere) starts to
overlap with the outer shell of electrons onthe chloride anion (the bigger
sphere). This pair of ionslooks like this:

lonic bonding involves the transfer of valence electron(s) between atoms. It
is a type of chemical bond that generates two oppositely charged ions. In
ionic bonds, the metal 1oses electrons to become a positively charged cation,
whereas the nonmetal acceptsthose electronsto become anegatively charged
anion. lonic bonds require an electron donor, often a metal, and an electron
acceptor, a nonmetal. Thisimplies that the electron donating specie (metals
in most cases) must have low ionization energy while the electron accepting
specie should have comparable values of electronegativity.

lonic bonding is observed in metals that have few electrons in their outer-
most orbitals. By losing those electrons, these metals can achieve noble gas
configuration and satisfy the octet rule. Similarly, nonmetals that have close
to 8 electrons in their valence shells tend to readily accept electrons to
achieve noble gas configuration. In ionic bonding, more than 1 electron can
be donated or received to satisfy the octet rule. The charges on the anion and
cation correspond to the number of electrons donated or received. In ionic
bonds, the net charge of the compound must be zero since the positive
chargesin the metal is equally balance by equivalent negative chargesin the
nonmetals.

Consider sodium, which has 11 electrons and eleven protons. Its electronic
configuration is 1s%2s%2p®3s'. Also the electronic configuration of neonis
1522s5%2p°® indicating that sodium has excess of one electron over neon and
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its configuration can be written as, [Ne]3s'. When sodium ionize, it
configuration changes to
Na* = 1s%2s?2p® = [Ne]
Therefore, sodium ion is isoelectronic with neon and through ionization, its
attain the octet configuration and becomes stable.
Chlorine has seventeen electrons in its outermost level and its electronic
configuration given below and is one electron less the octet configuration
defines by argon
Cl= "15225°25°35“3p°
Ar = 15%25%2p®3s?3p°
Itiseasier for chlorine to ionize by gaining electron than to lose el ectron and
when it ionizes, its configuration becomes isoelectronic with argon, the
nearest noble gas
Clm = 1s%2s%2p®3s%3p® = [Ar]
From the above, the one electron from sodium can be accepted by chlorine
thus establishing an electrostatic interaction through chemical bond
formation. The higher the ionization energy, the less is the tendency to lose
electron and the more difficult is the tendency for that metal to go into ionic
(also called electrovalent or electrostatic bond). On the other hand, the lower
the electron affinity, the lessis the tendency to accept electron and formions
that can combine to form ionic bond. Hence since the number of electrons
lost is equal to the number of electrons accepted by the electronegative
specie, the compound formed is electrically neutral and not charged specie.
The processinvolvesinionic bond formation isalso indicated in the diagram

below
) \
o) 0
11 protons 11 protons

|
[ 11 electrons olo®@o o | 10electrons
k = zero overall D& e = 1+ overall
charge o charge
Na*

Na

This sodium molecul e donates the lone electron in its valence orbital in order
to achieve octet configuration. This creates a positively charged cation due
to the loss of electron.
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X 17 protons ,-* B F\\ 17 protons

| \ 17 electrons 18 electrons
l il i = zero overall ° rD e l ? = 1- overall
\\‘ charge D&E/O 0 f charge
\ai; =/
..-" ===
Cl-

This chlorine atom receives one electron to achieve its octet configuration,
which creates a negatively charged anion.

The predicted overall energy of the ionic bonding process, which includes
the ionization energy of the metal and electron affinity of the nonmetal, is
usually positive, indicating that the reaction is endothermic and unfavorable.
However, this reaction is highly favorable because of the electrostatic
attraction between the particles. At the ideal interatomic distance, attraction
between these particles releases enough energy to facilitate the reaction.
Most ionic compounds tend to dissociate in polar solvents because they are
often polar. This phenomenon is due to the opposite charges on each ion.

Na* $Cls —> Na© :Cl3~

.1'/_\*0/\'{0
CIT Mg «CId

> 200 Mg Wl

In the above example, the magnesium atom is donating both of its valence
electrons to chlorine atoms. Each chlorine atom can only accept 1 electron
before it can achieve its noble gas configuration; therefore, 2 atoms of
chlorine are required to accept the 2 electrons donated by the magnesium.
Notice that the net charge of the compound is 0.

3.1.1 Propertiesof ionic compounds

(i) They form crystals. ...

(ii) They have higher enthalpies of fusionand vaporization than
molecular compounds.

@iy ~ They are hard.and bristle because of strong bonding force
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vy  They have high melting points and also high boiling points.
(v) They dissolve in water and other solvents) with high dielectric
constant) to form electrolyte, which conduct electricity

3.1.2 Structure of ionic compound

nionic crystal consists of ions bound together by electrostatic attraction. The
arrangement of ionsin aregular, geometric structureiscalled acrystal lattice.
There are two common crystal form for most ionic compounds. These are
sodium chloride and caesium chloride structures. The arrangement is a
function of unit cell representation. Unit cell isdefined asthe smallest portion
of structure which when repeatedly stacked together at all directions, can
reproduce the entire lattice

In sodium structure, each ion in sodium chloride is surrounded by six
neighboring ions of opposite charge. The arrangement is made up of two
interpenetrating face-centered cubic lattices (f.c.c.) of each type of ion (Na",
Cl) to form asimple cubic lattice with each type of ion occupying alter nate
corners

CsCl structure

The CsCl structure arises because in some compounds, the positive and
negative ions usualy differ so much in size that packing is often much less
efficient forcing the solid to assume lattice geometries that differ from the
face centre cubic pagking. For example, The radius of the Cs" ion is 168 pm
(compared to 98 pm for Na"), and cannot possibly fit into the octahedral hole
of a ssimple cubic lattice of chloride ions (181 pm ionic radius). The CsCl
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|attice therefore assumes a different arrangement. The CsCl structure shown
above is made up of two inter-penetrating simple lattices of each type of ion
(Cs', CI") to form a body-centered cubic

lattice (b.c.c.)

3.2 Covalent bond

Covalent bonding invol ves the sharing of electrons between atoms. Thistype
of bonding occurs between two atoms of the same element or of elements
close to each other in the periodic table. This bonding occurs primarily
between non-metals, however, it can also be observed to some extent
between non-metals and metals.

If atoms have similar electronegativities (the same affinity for electrons),
covalent bonds are most likely to occur. Because both atoms have the same
affinity for electrons and neither has a tendency to donate them, they share
electrons in order to achieve octet configuration and become more stable. In
addition, the ionization energy of the atom is too large and the electron
affinity of the atom is too small for ionic bonding to occur. For example:
carbon does not form ionic bonds because it has 4 valence electrons, half of
an octet. To form ionic bonds, Carbon molecules must either gain or lose 4
electrons. This is highly unfavourable; therefore, carbon molecules share
their 4 valence electronsthrough single, double, and triple bonds so that each
atom can achieve noble gas configurations. Covalent bonds include
interactions of the sigma and pi orbitals; therefore, covalent bonds lead to
formation of single, double, triple, and quadruple bonds. Example of
covaent bond is in PClsz. The valence electron in phosphorus is five while
chlorine has seven. Therefore, three chlorine molecules can use three
electrons from the phosphorus and form PClz having one pair of non bonding
electron. This combination satisfies the octet rule for both P and Cl

@8 - L as @
iCla *P* oClt —> :g:l:ﬁ:&'i:
; o1

:Cl® oo

We can also use the Bohr notation to represent the formation of hydrogen,
fluorine and carbon dioxide molecules (as shown below) with valence
electrons designated by colored dots. In the formation of Ho, both hydrogen
atoms achieve a helium-like pair of 1s-electrons by sharing, In the other
examples carbon, oxygen and fluorine achieve neon-like valence octets by
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sharing of electron pairs. Carbon dioxide formation involves two pairs of

electrons (four in all) been shared by the same two atoms. Thisisan example
of a double covalent bond.

+ i hydrogen
molecule

2 hydrogen
atoms

+ > fluorine
molecule

2 fluorine
atoms

carbon dioxide
? i . molecule

2 oxygen carbon
atoms atom

{o)-(&) —(aXe)e)

4 fluorine carbon

atoms atom a molecule of
carbon tetrafluoride

We can also draw Couper-Kekulé formulas in which each shared electron
pair isrepresented by aline between the atom symbols. Non-bonding valence
electrons are shown as dots. These was developed by A. Couper and A.
Kekulé, are applied for the compounds given below
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H H
H:C:iH H—C—H

H H

? !
H:IN: H—f}l:

H H

T &
H:C:C:H H—C—0—H

H H H H

H *.'
H:C:O:H H—(IZ—(:D:—H

H H
H H H, H
CuC c=C

4 A

H H H H
H H
- N
CuQ =0
H H
H:CiC:H H—C=C—H
H:CiiN: H—C=N:

3.2.1 ChargeDistribution

In the diatomic molecules, electron pair are donated and shared evenly and
thereisno fixed local charges within a molecule. However, in most covalent
compounds some degree of local charge separation, resulting in bond and /
or molecular dipoles are observed. A dipole exists when the centers of
positive and negative charge distribution do not coincide.

3.2.2 Formal Charges
A largelocal charge separation usually results when a shared electron pair is

donated unilaterally. The three Kekulé formulas shown here illustrate this
condition for ozone, nitrornethane and azide anion.

O'.
t:)=Q—O:G:j H—(lj—[L-J/g) G:IN—I"\l:Nel
e @® o At @ e
H 0.9

ozone azide anion

nitromethane
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In ozone the central oxygen atom has three bonds and a full positive charge
while the right hand oxygen has a single bond and is negatively charged. The
overal charge of the ozone molecule is zero. Similarly, nitromethane has a
positive-charged nitrogen and a negative-charged oxygen, thetotal molecular
charge again being zero. Findly, azide anion has two negative-charged
nitrogens and one positive-charged nitrogen, the total charge is minus one.

Generally, when the valence shell electron of covalently bonded compound
and the number of covalent bonds to an atom is greater than its normal
valencyy, thenit will carry apositive charge. If the number of covalent bonds
to an atomislessthan its normal valenceit will carry a negative charge. The
formal charge on an atom may also be calculated by the following formula

Formal _ Valence Electrons _ Unshared 4+ Half of the
Charge in Neutral Atom Valence Electrons  Shared Electrons

Different in nuclear charges, and shielding by inner electron shells, the
different atoms of the periodic table have different affinities for nearby
electrons. The ability of an element to attract or hold onto electrons is
called electronegativity. Eelectronegativity values was established by Linus
Pauling, as shown in the table below

Table1: Electronegativity of some elements

H (2.20)

Li(0.98) Be(1.57) |B C N (3.04) | O(344) F
(2.04) | (2.55) (3.98)

Na(0.90) Mg (1.31) | Al Si P(2.19) | S(258) | Cl
(1.61) | (1.90) (3.16)

K(0.62) Ca(1.00) | Ga Ge As Se Br
(1.81) | (2.01) |(2.18) (2.55) (2.96)

Fluorine hasthe greatest el ectronegativity of all the elements, and the heavier
alkali metals such as potassium, rubidium and caesium have the lowest
electronegativities. Carbon has electronegativity that is within the middle of
the range, which explains its behaviour in chemical reactions.

When two different atoms are bonded covalently, the shared electrons are
attracted to the more el ectronegative atom of the bond, resulting in a shift of
electron density toward the more el ectronegative atom. Such a covalent bond
iIspolar, and will have adipole (one end is positive and the other end
negative). The degree of polarity and the magnitude of the bond dipole will
be proportional to the difference in electronegativity of the bonded atoms.
For example, aO-H bond is more polar than a C-H bond, with the hydrogen
atom in -OH being more positive than the hydrogen bonded to carbon (in
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CH). Also, C-Cl and C-Li bonds are both polar, but the carbon end is
positive in the former and negative in the latter. The dipolar nature of these
bonds is often indicated by a partial charge notation (8+/-) or by an arrow
pointing to the negative end of the bond.

& 6+ 5 O+ 54 & 5 o+
G— O—~H C cl C—»Li
: ; = | +—> ——

Although there is a small electronegativity difference between carbon and
hydrogen, the C-H bond is regarded as weakly polar at best, and
hydrocarbons in general are considered to be non-polar compounds.

The shift of electron density in a covalent bond toward the more
electronegative atom or group can be assessed through the bonds to
hydrogen, which is an index of acidity. If the bonding electron pair moves
away from the hydrogen nucleus the proton will be more easily transferred
to abase (it will be more acidic). For example methane is non-acidic because
the C-H bond is nearly non-polar. However, O-H bond of water is polar, and
is more acidic than methane. H-F is more acidic than water due to greater
electronegativity differencein its atoms.

Electronegativity differences may also be transmitted through connecting
covaent bonds by an inductive effect. Replacing one of the hydrogens of
water by a more electronegative atom increases the acidity of the remaining
O-H bond. Tis explain why hydrogen peroxide, HO-O-H, is ten thousand
times more acidic than water, and hypochlorous acid, Cl-O-H is one
hundred million times more acidic. This inductive transfer of polarity
decreases as the number of transmitting bonds increases, and the presence of
more than one highly electronegative atom has a cumulative effect. For
example, trifluoro ethanol, CFsCH>-O-H is about ten thousand times more
acidic than ethanol, CH3zCH>—O-H.

3.3 Covalent character in ionic compound

lonic and covalent bonds are the two extremes of bonding. Polar covalent is
the intermediate type of bonding between the two extremes. Some ionic
bonds contain covalent characteristics and some covalent bonds are partially
ionic. For example, most carbon-based compounds are covalently bonded
but can also be partially ionic. Polarity is a measure of the separation of
chargein acompound. A compound's polarity is dependent on the symmetry
of the compound and on differences in electronegativity between atoms.
Polarity occurs when the electron pushing elements, found on the |eft side of

11
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the periodic table, exchanges el ectrons with the electron pulling e ements, on
the right side of the table. This creates a spectrum of polarity, with ionic
(polar) at one extreme, covalent (nonpolar) at another, and polar covalent in
the middle.

lonic bonds differ from covalent bonds. Both types result in the stable
electronic states associated with the noble gases. However, in covalent
bonds, the electrons are shared between the two atoms. All ionic bonds have
some covalent character, but the larger the difference in electronegativity
between the two atoms, the greater the ionic character of the interaction.

3.4 Latticeenergy

Lattice energy is a measure of the bond strength in an ionic compound. It
estimates the bond strength in ionic compounds. It is defined as the heat of
formation for ions of opposite charge in the gas phase to combine into an
ionic solid. As an example, the lattice energy of sodium chloride, NaCl, is
the energy released when gaseous Na" and Cl- ions come together to form a
lattice of alternating ions in the NaCl crystal.

Na{, + Cl, - NaCly AH= —787.3 kJ/mol

The negative sign of the energy is indicative of an exothermic reaction.
Lattice energy can aso be considered as the energy required to separate a
mole of an ionic solid into the gaseous form of itsions (that is, the reverse of
the reaction shown above and is consistent with Laplace law).
Born and Lande (1918) model for lattice energy can be written as
N,Mz*z e* 1

 Amgyr® ( n)
where Na is Avogadro’s constant; M is the Madelung constant, which
depends on the crystal geometry; z* is the charge number of the cation; z is
the charge number of the anion; e is the elementary charge of the electron; n
isthe Born exponent, a characteristic of the compressibility of the solid; €o is
the permittivity of free space; and rois the distance to the closest ion.
This model identifies two main factors that contribute to the | attice energy of
an ionic solid: the charge on the ions, and the radius, or size, of the ions.
Consequently, as the charge of the ions increases, the lattice energy
increases. But as the size of the ions increases, the lattice energy decreases.
L attice energies are also important in predicting the solubility of ionic solids
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in H20. lonic compounds with smaller lattice energies tend to be more
soluble in H20.

3.5 Bond Enthalpy

Chemica bonds hold compounds together. This maybe electrovalent or
covalent. Most often, the reactants have their individual bonds associated
with it. Therefore, before they can react, bonds have to be broken and before
products formation, new bonds must be formed Bonds are broken in the
reactants while new bonds are formed in the products. Bond enthalpy is the
energy needed to break bond in gaseous molecules under standard condition.
Due to some complications that may arise in using actual values of bond
enthal py, average bond enthal pies are often used. For example, water consist
of two O-H bond and it has been found that the energy needed to break the
first )-H bond is significantly higher than the energy needed to break the
second O-H bond. Also, the energy needed to break O-H bond in molecule
such as +ethanol is quite different from the energy needed to break the O-H
bond in water and other molecules. Hence the use of average bond enthal py
isjustified.

Let us consider the bond enthalpy associated with the breaking of H and O
bonds in water and hydroxyl.

H,0.5 = Hegy + OHgAH® + 502 kJ/mol
OHy = Hygy +  0)AH® + 427 kJ /mol
HZO(Q) - Hyg + H, + O(Q)AHD (502 + 427) kJ /mol
= 929kJ/mol

Therefore, the average bond enthal py for O-H is929/2 = 464.50 kJmol. The
average bond enthal pies and the corresponding bond lengths for some bonds
are presented in the Table 2. All bond energies are obtained in the gaseous
state so that the enthal py change associated with the breaking and formation
of intermolecular force can be eliminated.

Bond breaking is an exothermic process while the formation of new bond is
an endothermic process. The amount of energy absorbed during the
formation of bond is the same as the amount of energy liberated during the
breaking of bond. This is the consequence of the second law of
thermochemistry (i.e Laplace law), which states that the enthalpy change
needed for the formation of a compound is the same as the enthal py change
(but with reverse sign) needed for the decomposition of the compound.

13
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In the course of breaking bonds in the reactants and the formation of new
bonds in the products the difference between the bond energies of the
reactants and that of the products represents the enthalpy change of the
reaction. That is,

H = Z(bond broking energies)—z f (benddwoiinong e yies )

Therefore, when Y.(bondbrokingenergies) .
Y.(bonddormingenergies), the reaction is endothermic and whe
Y.(bondbrokingenergies) < ),(bonddormingenergies), the reaction is
exothermic. Bond breaking involves separation of atoms that were bonded in
a molecule indicating that energy is required (i.e endothermic reaction).
However bond forming involves bringing the atoms that are bonded by
electrostatic attraction, hence energy is released.

Table 2: Average bond enthalpy and bond length for some bonds

Bond Average  bond enthalpy Bond length (10° m)
(kJ/mol)
H-H 436 0.074
C-C 347 0.154
C=C 612 0.134
C-H 413 0.108
0=0 498 0.121
O-H 464 0.096
C=0 746 0.120
CI-Cl 243 0.199

3.6 Born-Haber cycle

L attice energy cannot be determined experimentally due to the difficulty in
isolating gaseous ions. The energy value can be estimated using the Born-
Haber cycle, or it can be calculated theoretically with an electrostatic
examination of the crystal structure. The Born-Haber cycle was devel oped
by Max Born and Fritz Haber (German Chemists). The cycle analyses details
enthalpies and lattice energy associated with the formation of ionic
compounds from its constituent elements. Born-Haber cycle hasfound wider
application in calculating enthalpy and lattice energy of compounds that can
not be easily determined experimentally. Lattice energy is the enthapy
change involves in the formation of an ionic compounds from gaseous ions
hence the processis exothermic. On the other hand, the endothermic process
associated with the breaking of ionic compound into gaseous ions is also
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equivalent to the lattice energy. Born-Haber cycle applies Hess law of
thermochemistry to solve problems involving enthal py change.

In order to analyse the Born-Haber cycle, let us consider the formation of
NaCl(. The stepsinvolves are as follows:

Sodium atom in the solid state is changed into sodium atom in the
gaseous state. The enthalpy change is called atomization energy,
DHatom. i.e,
- NagAHRom = 107 kj /mol

Sodium ion in the gaseous state ionizes to Jose one electron. The
enthalpy change ascociated with the ionization is called ionization
energy, DHiE,

Nagy = Naly + e AHj; = +496 kJ /mol
Chlorine molecule dissociates into chlorine atoms in the gaseous
state. The enthalpy change associated with this process is caled
dissociation energy, AHp,

1
ECI:»:(Q) - AH) = +243 kj/mol

The gaseous chlorine atom gaCl4)in one electron from that was lost
by sodium and become ionizes into chioride ion. The enthalpy change
associated with the ionization is called electron affinity, AHp,

Clygy + e = Cl,AHg, = —349 kJ /mol
Sodium ion (formed in step ii) and chloride ion (formed in step iv)
combine together to form one mole of NaCl. The enthalpy change
associated with this combination is called lattice energy,

Na(, + Clg,y = NaClAHDy,, =

The entire steps involves in the formation of NaCl from its constituent
element can be represented in a cycle called Born-Haber cycle as shown in
the figure below

15
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Na’ + =
(g) cr,

AHg =
cl
Na (g)
AHY
AHS o 2
1 AHY
Nag, T = Cly, » NaClg,

From the ebove diagrani , it 1s evident that the underlisted equation represent
conservation principle, according to Hess law

AH}J = AH}om + AH + AHY + AH24 + AHDy
Therefore, if the value of AH is known, the AHJ,, can easily be computed
using the following equation,

AHD,: = AHY,m + AH + AHY + AHR, — &HP

Substituting for the respective values of the enthalpy, the lattice energy
becomes,

1
AHD e = 107 + 5(243) + 496 — 349 + 411 = 786.5 kJ/mol

Another method that can be used to calculate the lattice energy is the ionic
model method. This method is based on the assumption that the crystal is
formed from perfect spherical ions and that the only interaction is due to
electrostatic force between the ions. For an ion pair, the energy needed to
separate the ions depends on the sum of the ionic radii on the product of the
ionic charges. Consequently, an increase in ionic charge will increase ionic
attraction between them. In crystal, ions are surrounded by oppositely charge
ions, hence the overall force of attraction between oppositely charged ion
will overwhel m the force repulsion between ionswith same charge. Theionic
model for calculating lattice energy can be expressed as follows,

Konn
(RMTL++ Rx?‘r —)

AHBatt =
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where K,,, is a constant, which depends on the geometry of the lattice,
R,m+andRym- areionic radius of the cation and anion respectively. In most
cases, the ionic model has been found to yield theoretical values of lattice
energy that are in good agreement with those calculated from Born-Haber
cycle. Table 3 presents values of |attice energy calculated from Born-Haber
cycle and ionic models for sodium and silver halides. The results generally
shows that the lattice energy obtained from experiment (i.e Born-Haber
cycle) are relatively higher than those calculated from ionic model. The
difference can be attributed to polarization effect. For example, the small
positively charged sodium ion can distort the electron cloud of the large and
Table 3: Lattice energy for some sodium and silver halides calculated
from Born-Haber cycle and ionic model methods

Compound Born-Haber lonic model % Difference
NaCl 790 769 2.7
NaBr 754 732 2.9
Nal 705 682 33
AgCl 918 864 5.9
AgBr 905 830 8.3
Agl 892 808 9.4

squashy iodide ion leading to the introduction of some covalent character in
the compound. Since the ionic model does not take the effect of polarization
into consideration, values of lattice energy obtained from this model is
expected to be relatively lower than those obtained from Born-Haber cycle,
which is an experimental method. The differences between the two set of
results is seems to increase from Cl to | due to increasing strength of
polarization. Generally, electronegativity of halides decreases from Cl to |
which correspond to increase in covalent character, increase in ionic radii
and expected increase in polarization.

SELF ASSESSMENT EXERCLSE

I. Given the following thermochemical equations,

3

S T EOZ(QJ _’Sos(g)AHB = —396 kJ/mol
1

50y9) + 50, - 803y AH? = —99 k] /mol

Calculate the standard enthalpy change for the reaction, Sy + 0y(4) =
S0x(g)

17
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i Given the under listed thermochemical equations, calculate the
standard enthalpy change for the reaction, 2Cy) + 2Hp, -

C2Hy(q)

C(.s) + 02(9) - COZ(Q)ﬂHG = —395 k]/mOE 1
HZ(Q) + ;Oz(g) - HZO(S)AHE’ = —287 k]/moi
2
62H4(g) + 302(9) - ZCOZ(Q) + 2H20(Q)AH6 = —1416 k]/mOI
3

i Calculate the entropy change associated with the follow/ing reaction.

Given that the entropy data for C;Ha, H2 and C.Hs are 219.56, 130.92 and

229.87 JK/mol respectively. Based on the equation for the reaction,

reconcile the expected direction of the entropy change with the calculated
CoHygy + Hag - CaHg

40 CONCLUSION

lonic bonds are form between elements which readily lose electrons and
others which readily gain electrons. Because the interaction between charges
as given by Coulomb's law is the same in al directions, ionic compounds
do not form molecules. Instead, they form periodic lattices with billions of
ions, in which each ion is surrounded by many ions of opposite charge.
Therefore, ionic compounds are almost always solids at room temperature.
By careful consideration of the properties of each ion, it is possible to
design ionic solids with certain well-defined and desirable properties, like
superconductors.

5.0 SUMMARY

Oppositely charged ions have a strong mutual electrostatic attraction when
brought together, but, if brought too close, the electron cloudsrepel each
other. Thus, a pair of mutually attracted ions will maintain a certain distance
from each other. Thisdistanceis called the bond length, and the electrostatic
attraction of the ions constitutes an ionic (or electrovaent) bond. However,
in situation where electron transfer and acceptance is not feasible,
due to high ionization energy or low electron affinity, the prefer
and feasible bond is covalent bond, which involves sharing of
electrons. However, no bond is entirely ionic or covaent indicating that
covaent character can be found in ionic compound and vice versa.
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6.0 TUTOR MARK ASSIGNMENT
1. Are these compoundsionic or covalent?
CH, Fe, O, KNO, & H,O BeCl,

2. In the following reactions, indicate whether the reactants and products are
ionic or covalently bonded.

Na,CO; + CaCl, —= CaCO; 4 2NaCl

b) Clarification: What is the nature of the bond between sodium and amide?
What kind of bond forms between the anion carbon chain and sodium?

H H

H—’%H +  NaNH, ——= H—~—:c— Nat*  +  NH,

H H

Br + MNaBr

1

m

o

o
=¥k
I—T—
T e
I—7—xI
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1.0 INTRODUCTION

There are two major approaches that can be used to calculate molecular
structure. These are the valence bond theory (VBT) and the molecular orbital
theory (MOT). VBT assumes that all bonds are localized bonds formed
between two atoms by the donation of an electron from each atom and that
electrons occupy atomic orbitals of individual atoms within a molecule, and
that the electrons of one atom are attracted to the nucleus of another atom.
The basis of VB theory is the Lewis concept of the electron pair bond. On
the other hand, the MOT relies on the combination of atomic orbitalsto form
bonding and antibonding molecular orbitals. The former stabilizes the
molecule while the latter destabilizes the molecule. However, these theories
lack the capacity to explain the nature of bonding in some molecules, hence
where the VBT fails, hybridization theory explain bonding in terms of
promotion of electrons, the formation of hybrid orbitals before overlapping.
Beyond the VBT, the MOT and hybridization, is the qguantum mechanics,
which hasthe potential of explaining chemical bonding in most compounds
by considering the behaviour of electrons during bonding. Combination of
all these theories are discussed in this study section
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20 OBJECTIVE
When you have studied this session, you should be able to:

Understand the valence bond theory of bonding in molecules and the
conditions for overlap

How atomic orbitals are mixed through hybridization in order to form
bonding

Know different types of hybridization and provide examples for each
Know why resonance hybrid is needed to describe the chemical
structure of some compounds and how to calcul ate resonance energy
Understand the theory and application of Walsh’s rule

Understand the molecular orbital theory and their applications in
explaining bonding in some compounds

Differentiate between bonding molecular orbital and antibonding
molecular orbitals

Understand how pi and sigma bonds are formed

Use the molecular orbital theory to calculate bond order and interpret
magnetic property, stability and other properties of some compounds
using bond order

Understand theories of bonding in hydrogen molecular ion, helium
and hydrogen atoms

Be able to solve mathematical problems associated with theories of
bonding

3.0 Main Content
3.1 TheValencebond theory

The VBT considered that a bond is formed when an electron in an atomic
orbital of one atom pairs its spin with that of an electron in atomic orbital of
another atom. For example, in molecular hydrogen, the spatiad wave
functions for electron in each of the atom can be written as,

Y =Yy Ve, = YAQY(B)Q2) 1
where A and B denotes the two atomic nucle. In the case of hydrogen atom,
the outcome of y (A)(1) andy (B)(2) areequaly likely because the atoms
are indistinguishable. The application of quantum mechanics requires that
the total probability should be derived from superposition of the wave
function for each. Hence the valence bond wave function for hydrogen
molecule can bewrittenas,y = y (A)(1)y (B)(2) + y(B)(1)y (A)(2).
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The linear combination given by equation 1will have an energy lower than
that of any of the combining wave function because of constructive
interference betweeny (A)(1)y (B)(2) and y (B)(1)y (A)(2). Thisimplies
that there will be an enhancement of the probability density of electronin the
intermolecular region.

The valence bond theory relies on the overlap of orbitals of the combining

atoms. Orbital overlap requires that the following conditions are met,

i Completely filled orbital cannot overlap. Consequently, only half

ii. filled orbital from one atom can combine with half-filled orbital from
the other atom to form anew orbital, having opposite spin of electron

iii.  Theatomswith bonding orbitals should be closely and properly align
with the axis of their orbital

The strength of bond formed depends on the magnitude of the overlap, the

greater the overlap, the greater the bond strength. Overlap orbital has energy

lower than that of the isolated atoms, hence overlapping stabilises the

compound. The stabilization energy (or bond energy) isthe amount of energy

given off or released per mole at the time of overlapping of atomic orbitals

to form a bond. Since overlapping stabilizes the b orbital, it impliesthat it is

afunction of the distance of separation between the combining atoms. There

are three major types of interaction that can be encounter when atoms come

close to each other. Theseinclude,

I Repulsion between nuclei

ii. Repulsion between electrons

iii.  Attraction between electron and nuclei.

The strength of overlap increases as the atoms approaches each other more

closely. However, there exist a distance of closest approach such that forces

of repulsion and attraction are in equilibrium. This distance is called bond

length. The closer the atoms are to each other, the greater the overlap and

hence the better is the strength of the bond. Consequently, molecules with

shorter bond length are stronger than those with longer bond length.

The formation of hydrogen molecule can be explained using the valence

bond theory. In this case, electron from the 1s orbitals of the two hydrogen

atoms overlap and form a relatively larger electron cloud called molecular

orbital as shown below

§-Orbital 3-Oirital 58 Overlap Hs; Molecule

The newly form molecular orbital has energy lower than either of the two
hydrogen atoms, it was formed from. Further explanation of the dependent
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of the strength of covalent bond in hydrogen on distance of separation can be
viewed in the potential energy surface shownin Fig. 1.

i

Energy
=1

=

H—H i:-iatan:e
Fig. 1: Potential energy diagram of hydrogen molecule
In the diagram, at position A, the two hydrogen atoms are far from each other
but as the atoms comes much closer, the energy drops until it gets to the
minimum at B. After B, further decrease in distance destabilizesthe molecule
and leads to increase in repulsion (i.e. the energy increases). The minimum
distance corresponds to the equilibrium bond length. It is at this point that
maximum overlap occurs. The energy corresponding to the minimum of the
curveis called dissociation energy. It is the maximum energy that stabilizes
the molecule. Beyond the dissociation energy, the molecule will be
destabilised.

Overlap in covalent bonded compounds can be due to sigma or pi bond

depending on the molecular orbital and the orientation of the molecule before

overlapping. Sigma bond can be from through one of the following overlaps

I s-s overlapping results from the combination of s orbital with one
another. Exampleis the formation of hydrogen molecule

ii. S-p overlapping occurs when an s-orbital from one atom overlap with
a half-filled p-orbital from another atom. An example of molecule
with s-p overlapping is in the formation of HCl and HF

- 9 — (PP
5-Orbital p-Orbital 5 Overlap
iii.  p-p overlapping can lead to sigma bond when one p-orbital from one
atom overlaps with p-orbital from another orbital at the internuclear
axis.
Exampleisin the formation Cl2, F», etc. (see diagram below)
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D 09 -0 @

[-Oroital p-Orbital p-f Overlap Molecular
(head-on) orhital

On the other hand, pi bond results from half-filled p-orbitals. The overlap
occursthrough lateral or sideward interaction (see diagram below). S orbital
cannot form pi-bond no matter the manner they combine

-~ - - )

—  AA ®

p-Orbital p-Orbital pp Overlap
(zide-wize)

Generally, a sigma bond is stronger than a pi bond because the extent of

overlap is greater during the formation of a sigma bond compared to the

formation of api bond.

In-Text Question (ITQ)

(@  Why isasigmabond stronger than a pi bond?

(b)  State two conditions that are required before two orbitals can overlap
(c0 What is the different combination of orbitals that can lead to the
formation of overlapin  sigmaand pi bond. Give at |east one example for
each.

3.2 Hybridization theory

The valence bond theory (VBT) and the molecular orbital theory (MOT)

cannot explain the formation of bonds in some atom or molecules such as

carbon, helium etc. However, the concept of hybridization has been found to

offer useful explanation for most cases that cannot be better explained by the

VBT and MOT models. Hybridization combines atomic orbitals having

comparable energies to form hybrid orbitals equal in number to the atomic

orbitals from which they were formed. Some conditions required for

hybridization to be feasible include the following,

I Only orbital of one single atom will undergoes hybridization.

ii. The energy levels of the orbitals to be mixed must, be comparable

iii. ~ Number of hybrid orbitals generated is equal to the number of
hybridizing orbitals.

iv.  Thehybrid orbitals assume the direction of the dominating orbitals.
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V. For example, insp hybridization, the s-orbital does not contribute
towards the direction but it is the p orbitals that determine the
directional character of the hybrid orbitals.

vi.  Hybridization involves the orbitals and not the electrons.
vii.  The electron waves in hybrid orbitals repel each other and thus tend
to be farthest apart.

3.2.1 Typesof hybridization
3.23.11 Sp hybridization:

Sp hybridization involves the mixing of s and p orbitals to produce two
hybrid orbitals in which the s-character and p-character are equal (i.e. 50 %
each). Thistype of hybridization is sometimes called linear hybridization and
the angle of separation is 180°. Diagrammatic representation of sp
hybridization is shown below

one j + one | B ) i Twwno Q}Q
R
et~ )

1= 2
(a)

o4 I . T

so S0

sp orbital hastwo lobes (acharacter of p orbital) one of whichisfarther than

the corresponding s or p orbitals and also protrudes farther along the axis. It
isthisbigger lobethat involvesitself in the process of an overlap with orbitals
of other atoms to form bonds.

In-Text Question (ITQ)
Explain the theory of sp hybridization in BeF>

2o 2p 1*
Promaodion S0 2 1 +
E e romazanoy il i
wi - sp Hybrid
orbitals
25 ﬂ. 25 ‘I‘
Ground State Excited State Hybridized State
. x . & =
D - D+ OD— O AD>AED>D
F Atom Be Atom F Atom BeF, Molecule

180°

@ =

H Fiaure 6.10 Beryllium flucride
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3.21.2 SP? hybridization

Sp? hybridization involves the mixing of one s-orbital with two p-orbitals
resulting in the formation of three orbitals with 33 and 67 % s and p
characters respectively. The hybrid orbitals lie on a plane father away from
each other and at an angle of 120 ° as shown below. Example of compound
formation that involves sp® hybridization is BeFs. The ground state el ectronic
configuration of Beis 1s%2522p, 2py 2p;. From the electronic configuration,
Beisexpected to form only one bond since thereisonly one bonding el ectron
but the existent of compound such as BFs, BH3, BCls contradict this
principle. However, the formation of such bond is achieved through
hybridization.

o dodim, ke
- B TR
s

Ground state carbon Excited state carbon sp? hybridized carbon

Wy OB g Dybndzaton,, 152 (2sp?)? 2p

Scheme for sp? hybridization

When Be is excited, the one of the 2s electron is promoted to the 2Py level
and the configuration becomes 1s%2s'2p,2p;2p7. One s-orbital will then
mix with 2p orbitals (P« and py) to form three hybrid orbitals by a process
called sp? hybridization. The three sp? hybrid orbitals lies in one plane and
subtends an angle of 120°. The three newly formed hybrid orbitals will
overlap with three p-orbitals (each supply by one atom of fluorine) to form
BeFs. The shape of sp? molecules is trigonal explaining why sp? why sp?
hybridization is sometime called trigonal hybridization.

F

o UL
]

Boron triflucride
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3.21.3 Sp? hybridization

Sp? hybridization has 25 % SOcharacter and 75% p-character. It consists of
four hybrid orbitals formed from one s and three p orbitals. The mixing of
the four orbitals takes place in space, hence, the four hybrid orbitals would
also liein space. An arrangement in space that keeps them farthest apart is
that of a tetrahedron. Consequently, each of the four hybrid orbitals are
directed towards the four corners of aregular tetrahedron, sp® hybridization
is aso called Tetrahedral hybridization. They are of the same shape as that
of the previous two types but bigger in size. Example of molecule that can
accommodate sp® hybridization is methane (CH.).

In-Text Question (ITQ)
Explain how carbon combine to form CHs in spite of the fact that its
electronic configuration suggests that only two bonds can be formed.

In-Text Question (ITQ)
What is the limitation of the valence bond theory?

- - - E—— -~
=
S s =en
—~—
P Pryw Pz sp? hybrid orbitals
tetrahedral
- - rEaT -
5
— sp? hybrid orbitals
trigonal planar
P Py

- —_— = -

sp hybrid orbitals
linear

Fig. 22 Summary of orbitals and orbital arrangement in the three basic
types of hybridization

3.3 Molecular orbital theory (MOT)

The MOT was proposed by Hund and Mulliken in 1932 and explain the
formation of molecular orbital through the combination of individual atomic
orbitals with each other. The theory explains that the formation of molecule
considers that the combining electrons in the atomic orbitals do not belong
to aparticular bond but spread throughout the entire molecule. According to
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the MOT, a molecular orbita is a system constructed from linear
combination of atomic orbitals. Thiscombination giveriseto two main types
of orbitals (i.e. the bonding and anti-bonding molecular orbitals). The
bonding molecular orbital arises from the constructive overlaps of
neighbouring atomic orbitals while anti bonding molecular orbital arises
from the destructive overlap of neighbouring atomic orbitals.

3.3.1 Linear combination of atomic orbital (LCAO)

Linear combination of atomic orbital provides atheoretical approach of using
the wave function to represent the formation of molecular orbital through
appropriate atomic orbitals. If awave function for a 1S electron belonging to
an atom, A is Y15 (A) and ¥, (B) describes the wave function for a 1s
electron found in atom B. The overall wave function for the system must be
written as a superposition of the two atomic orbitals (equation 2),
= N[V 15 (A + ¥15(B) 2

Where N is the normalization fector. The wave function resulting from
superposition of different atomic wave function (as expressed in equation
2.1) is called linear combination of atomic orbital (LCAO). An approximate
molecular orbital formed from a LCAO is caled linear combination of
atomic orbital-molecular orbital (LCAO-MO). According to the
Schrodineger model, the square if the wave function (i.e., |y |?) represents the
prabability density. Therefore, the probability density of the LCAO-MO of
a ls c-orbital can be written as,

2
Y12 = N[y () + w5 (B) 3

= N[ (A7 + 415 (B)* + 24 5y (A 1 (B))]
4

Equation 2.10 has three components which can be explained as follows,

i Y (1) (A)?, which represent the probability density of electron
confined to the orbital, A.

ii. Y 1s) (B)?, which represents the probability density of electron
confined to the orbital, B.

iii. 2y ) (A) Virs) (B), which is the extra contribution to the density of

electron and is called overlap density.

The overlap density aso represents an enhancement of the probability of
finding electrons in the internuclear region above what it would be if they
were confined to one of the two atoms. This enhancement is aso called
constructive interference of the two atomic orbitals. Similar analogy can be
extended to antibonding molecular orbital. The expression representing the
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formation of antibonding molecular orbital arising from combination of
atomic orbitals of atoms A and B can be written as,

LCAO-MO for the above wave function correspond to a molecular orbital
having energy higher than any of the contributing orbitals. Therefore,
antibonding molecular orbital increases the energy of a system Whereas
bonding molecular orbital is associated with constructive interferences,
antibonding molccular orbital isassociated with destructive interference. The
probability function of antibonding molecular orbital can also be derived as
it was done for bonding molecular orbital, hence we have

2
|y|2 = NZ[W(ISJ(A) - {,f/(ls)(B)] 2.5
= N? ["”(15)(‘4)2 + ¥ 5 (B =2y 15 (A) ""’(15)(8)]
2.6

It can be seen that the first two termsin equation 2.6 are the same asin those
obtained for bonding molecular orbital and their significant is the same.
However, the difference isin the sign of the third term, which is positive for
bonding molecular orbital and negative for antibonding molecular orbital.

The negative value (i.e. [-2y (15) (A) W1s) (B)] clearly signify the factor that

contribute to reduce the probebility of finding electron between the nuclei.
Antibonding orbital raisesthe energy of the moleculerelativeto the separated
atom and destabilizes the molecule relative to the separated atoms whereas
bonding electron stabilizes the molecule.

A combination of N number of atomic orbitals will yield N number of
molecular orbitals. There are two types of molecular orbitals, including
binding and antibonding molecular orbitals. Several combinations of s or p
electron can form bonding or antibonding molecular orbital. The formation
of these molecular orbitals involves combination of valence electronsin the
respective atomic orbitals. For example, combination of two hydrogen atoms
to form hydrogen molecules involves two 1s-electrons combining with each
other as shown below.
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The wave functions either have (+) or (=) sign. The positive sign shown on
1s orbitals of hydrogen atoms reveals that these orbitals are spherically
symmetrical and their wave functions are associated with +ve sign in al
directions. In case of p-orbitals one lobe has +ve sign while other has —-ve
sign. The overlapping of atomic orbitalstakes placeif they have similar signs
on their lobes

The combination generates two set of molecular orbitals. The first is called
sigma bonding molecular orbital i.e. s(1s) and sigma antibonding molecular
orbital, s*(1s). Ascan be seeninthe above diagram, s* (1s) molecular orbital
is positioned at a higher energy level than the s(1s) molecular orbital. This
confirmsthat the bonding molecul ar orbital contributesto thelowering of the
energy of a molecule and hence stabilizes the system while the antibonding
molecular orbital increases the energy of the system and thus tend to
destabilize the system. A sigma (S) electron is an electron that occupies a
sigma orbital. Sigma orbitals can also be formed from combination of pz
orbitals (z is assumed to be the internuclear axis) as shown in the diagram
below,

- B -{§++:¢ -9—;-—1-}-.1.:.9..“1_}_

% 2 o (2g,) MO

e e I ST
7 (20,) MO
Atomic orbitals Malecular orbitals

Apart from sigmaorbitals, Py and P« orbitals can combineto give pi-bonding
and pi antibonding molecular orbitals as shown below,
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2py 2py
+ + + + + ,
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+- @I = + -
o vYY
+ £ - 3
L ¥
Atomic orbitals 20y
Molecular orbital

From the above, m(2py) is pi bonding molecular orbital and is formed when
similar charges on the 2py orbitals meet side by side while m*(2py) (that is
the pi anti bonding molecular orbital) is formed when the adjacent charges
are not similar. Since Px and Py sub orbitals are degenerate orbitals because
they have similar energy, bot bonding or antibonding molecular orbitals
arising from them will also be degenerate. The 1(2py) and m(2px) bonding
molecular orbitals have zero electron density on the plane that contain the
nuclear axis but the electron density is concentrated above and below the
nodal region. The m* (2Py) and * (2Px) antibonding molecular orbitals have
higher energy than their corresponding molecular and atomic orbitals.

It can be stated that different molecular orbitals have different energy level.
For example, the energy of bonding molecular orbital variesin the following
order, s(1s) s(2s) s(2pz) n(Py)n(Px) while the order for the antibonding
molecular orbital is s*(1S)s*(2s) s*(2pz) m(*Py) m*(Px). However, m(*Py)
and m*(Px) are degenerate orbitals just like m(Py) and m(Px) orbitals. The
diagram below presents a pictorial trend for the variation of energy of the
bonding and nonbonding molecular orbitals.
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s and Pz orbital can combine end to end to form sigma bonding and sigma
antibonding molecular orbitals as shown below

o + @D — (PO — O

\‘lﬁl’.’ \\u.:*'r . o
4 3 o {sp) Bonding

5-Orbital p-Oriital molecular orbital
) - D —LPp— @ -

- - t’

s-Oirbital p-Orbital <*{sp) Antibonding

maolecular orbital

However, s-orbital cannot form a sigma molecular orbital with Py or Px

because they do not have the same symmetry about the internuclear axis.

Generally, the following conditions must be fulfilled before molecular

orbitals can be formed,

(i) The energies of the combining atomic orbitals should be comparable.
For homonuclear diatomic molecules similar atomic orbitals combine
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(i)

(iii)

STRUCTURE AND BONDING

to form molecular orbitals. For example, 1s from one atom can
combine with 1s atomic orbital from another atom to form molecular
orbital. However, Is cannot combine with 2s because the energy is not
comparable

Overlap between atomic orbitals should be considerable significant.
The greater the overlap between the atomic orbitals, greater is charge
density between the nuclei.

The symmetry of the combining atomic orbitals should be the same.
The atomic orbitals should have the same symmetry about the
internuclear axis. For example, 2s orbital of one atom can combine
with 2s or 2P, orbital of another atom but not with the 2P, or 2P«
orbital. Molecular orbitals that can be formed from combination of
possible atomic orbitals are presented in the Table 2.1 below,

Table 1. Combination of atomic orbitals and their corresponding
molecular orbitals

Atomic orbital 1 Atomic orbital 2 Molecular orbital
s-orbital s-orbital s (sigma) orbita
s-orbital Pz orbital S (sigma) orbital
Pz orbital Pz orbital S (sigma) orbital
P« orbital Px orbital 1 (pi) orbital

Py orbital Py orbital 1 (pi) orbital

Bonding molecular orbita[

T EEE N UK

TN C NN IR

addition) overlap of atomic orbitals

Tflnn wamole functiorbitas = Tglnti waing 1 functionr o y =
{\}L[../(lsj 2y = YasCey .’:’L[./ A Ay = YasCey
(— o — coanatraactiire P W 1 3
Form from constructive (or | Formed from

destructive(subtraction) overlap of
atomic orbitals

Formed when the lobes of atomic
orbitals have same signs

Formed when the lobes of atomic
orbitals have different signs

Energy is lower than that of the
combining atomic orbitals

Energy is higher than that of the
combining atomic orbitals

The electron density is high in the
region between the nuclei of bonded
atoms

Electron density islow in the region
between the nucleéi and bonded
atoms

Every electron in bonding MO
contributes towards the attractive
force

Electrons in antibonding molecular
orbital contributesto repulsiveforce

Stabilizes the molecule

Destabilizes the molecule
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In-Text Question (ITQ)

In a Tabular form, state five differences between bonding and antibonding
molecular orbitals

SELF ASSESSMENT EXERCISE

Apply the molecular orbital theory to explain bonding in the following
molecules

(i) Hydrogen molecule

(ii) Helium molecule

(i)  Oxygen molecule

Solution
In each case, calculate the bond order and comment on the result obtained
from the calculation

I Hydrogen molecule
Hydrogen molecule has two €electrons, each contributed by 1s orbital.
According to the Aufbau principle, the lowest level must first befilled before
the higher level. The molecular orbitals formed between the two hydrogen
atomic orbitals are sigma bonding and sigma antibonding molecular orbitals,

H(1s') + H(1s') - H,o (15%),0(1s°)

Consequently, the number of electrons in bonding molecular orbital is two
while the number in antibonding molecular orbital is zero. Therefore, the
bond order of hydrogen molecule isi

n—-—n" 2-0
b(H) = s =5 = 1
The calculated bond order indicate that two hydrogen atoms are bonded

together by only one bond to form hydrogen molecule. The formation
process can be represented as shown in the diagram below,
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Atomic orbetal Alomic orbital
of H atom of H atom
o
< (1s)
Molecular orbatal
b gl 4 of H molecule
ii. Helium

Helium has atomic number of two, hence two electrons. When two helium
atoms combine, four electrons will be formed. The molecular orbital formed
is developed from combination of two 1s atomic orbitals. That is a total of
two moleculer orbitals would be formed Thus

He(1s?) + He(1s?) - He,o (152),0*(1s?)
Therefore, the bond order for helium is

=0

n—-n" 2-2
b(He) = =

Calculated bond order of zero indicate that the molecule cannot exist.

(@ In a Tabular form, state four differences between sigma and Pi
molecular orbitals
(b)  What is common between pi and sigma molecular orbitals
Solution
(a)
Sigma molecular orbital Pi molecular orbital
Formed by head to head | Formed by sideward overlapping of

overlapping of atomic orbitals.

Px or Py atomic orbitals

The overlap is along internuclear | Overlap is  perpendicular to
axis. internuclear axis
This orbital is symmetrica to| Orbital is not symmetrical to

rotation about the line joining the
two nuclei.

rotation about the line joining the
two nuclei.

The region of overlap is greater
leading to the formation of strong
bond

Region of overlapislessresulting in
the formation of weak bond.
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(b)  The common feature is that they are both formed from proper
combination of atomic orbitals, leading to the formation of overlap.
iii.

What is bond order? Use oxygen atom to explain the concept

Solution

The term bond order (b) is often use to predict the stability of a molecule.
Bond order, b is defined as half the difference between the number of
electrons in the bonding molecular orbital (n) and the electrons in the
antibonding molecular orbital (n*). That isb = %2 (n = n*). The greater the
bond order, the more stable is the compound. Generally, bond order greater
than unity points toward stability whereas bond order less than unity points
toward instability. Let us calculate bond order of some molecules as shown
below,

a *(1s)

.
1 =< i —
2 Is Is
il Atomic orbital o Atomic orbital
of He atom of He atom
—i—
T (ls])

Molecular orbital
of He, malecule

[ o ee— )

iv Oxygen molecule
The electronic configuration of oxygen is 1s?2s?2P;2P;2P; In this case,
only the 2s and Zp orbitals would be involved in bonding (i.e. velence shell)
giving a total of five electrons for each contributing oxygen atom and 6(2)
=12 for the oxygen molecule. The equation can be written as,
0 (1s22522P22P} 2P, + O (1s*2522P?2P}2P})

~ 0,a(25%)a’ (2s*)a(2p3)n(2p;)n(2p3)n* (2py)n* (2p3)
From the molecular orbital configuration 1S
0(2s%)0* (2s*)apHn(2p2)n(2pH)n* (2p;)n* (2p}) indicating that the
number of bonding electron is 8 while the number of antibonding electron is
4 (see diagram below). Therefore, the bond order is

n—n" 8-—-4
b (0) = o ——=
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The calculated bond order of 2 indicate that oxygen moleculeis stable (n>n*)
and from the above diagram, there are unpaired electrons hence it is
paramagnetic.

40 CONCLUSION

Lewis structures are useful in handling valence bond theory while molecular
orbital are functional parameters for molecular orbital theory. Mixing of
atomic orbitalsis called hybridization. The geometry of an organic molecule
can be linked to the type of hybridization associated with its formation.
Commonest types of hybridization are sp®, sp? and sp hybridization and they
giveriseto different geometrics

50 SUMMARY

There are two major approaches that can be used to calculate molecular
structure. These are the valence bond theory (VBT) and the molecular orbital
theory (MOT). VBT assumes that all bonds are localized bonds formed
between two atoms by the donation of an electron from each atom and that
electrons occupy atomic orbitals of individual atoms within a molecule, and
that the electrons of one atom are attracted to the nucleus of another atom.
The basis of VB theory is the Lewis concept of the electron pair bond. On
the other hand, the MOT relies on the combination of atomic orbitalsto form
bonding and antibonding molecular orbitals.

6.0 TUTOR MARK ASSIGNMENT

1. Differentiate between valence bond theory and molecular orbital
theory

2. What are the short coming of the valence bond theory?

3. Differentiate between bonding molecular and antibonding molecular
orbital

4, Calculate the bond order for neon
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MODULE 2

Unit 1 Valence shell electron paired repulsion

Unit 2 Quantum Mechanics

UNIT 1 VALENCE SHELL ELECTRON PAIR
REPUL SION (VSEPR)
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1.0 INTRODUCTION

Lewis structure is used to represent the electrons in the valence shell of a
molecule by using the concept of electron dot diagram through the addition
of lines between vaence electron in atoms to denote shared pairs in a
chemical bond and also to represent nonbonding electrons with the dot
Lewis structureisasimplified model that accounts for the satisfaction of the
octet requirement for the valence shell. It provides information in how
electrons are arranged around individual atoms in a molecule. Electrons are
shown as "dots" or for bonding electrons as a line between the two atoms.
Addition of formal charges are also required in the Lewis structure
representation of a molecule.

However, Lewis structure cannot help in presenting the picture of ageometry
of a molecule neither can it give information on how bonds are formed and
how electrons are shared between the combining atoms.

The limitation of the Lewis concept in predicting the geometry of amolecule
is overcome through the valence shell electron repulsion (VSER) theory.
V SER can predict the structure of most molecules and polyatomic ions when
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the central atom is a nonmetal and for some cases where the central ionisa
metal

V SEPR s developed from the Lewis electron dot structures. Lewis structures
alone can only predict the connectivity of electrons (to form chemical bonds
between atoms). However, combination of the Lewis structure and the
VSEPR is informative on predicting the geometry of each atom in a
molecule.

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

Know how to draw the Lewis structure of a molecule

Know the assumptions of valence shell electron pair repulsion
(VSEPR)

Apply the VSEPR theory to predict the geometric of a molecule
Understand what is steric number/factor and how to calculate the
factor for agiven molecule

Know the influence of the number of bonding and non bonding
electrons on the shape of molecule

Differentiate between electronic and molecular geometrics

3.0 Main Content
3.1 VSEPR theory

According to the Lewis theory of bonding. The two types of electronsin a
molecule are bonding electrons (which are electron involves in bonding) and
non bonding electrons (which are electrons that are not involve in bonding
and are also called lone pair electron). The VSEPR theory considers a pairs
of bonding electrons and lone pair electrons having the tendency to repel
each other (note, like charges repel while unlike charges attract). These pair
of electronsare called groups. Dueto el ectrostatic repul sion between el ectron
pairs, the most stable arrangement of electron groups is the one with the
lowest energy and this will correspond to the one that minimize repulsion
(Since repulsion leads to increase in energy). Consequently, achievement of
a stable structure is achieved by orientation that position the groups around
the central atom in a way that produces the molecular structure with the
lowest energy. Thisimplies that the favourable geometry would be the one
in which the groups are as far apart from each other as possible.
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The VSER can be summarized as follows, Atoms are bonded together by
electron pairs in valence orbitals. Electrons are all negatively charged and
tend to repel other electrons. Bonding pairs of shared electrons tend to repel
other bonding pairs of electrons in the valence orbital. The best spatial
arrangement of the bonding pairs of electrons in the valence orbitals is one
in which the repulsions are minimized. Let us consider some simple
compound

(i) The Lewis structure of ammonia can be written as follows,
L

It can be seen that there are four electrons pairs in ammonia. This consist of
three bonding pair of electrons and one lone pair. Each of this pair will repel
each other, Consequently, the electron shell repulsion between these four
electron pairsisminimized in atetrahedral arrangement (i.e. the electron pair
geometry istetrahedral for ammonia molecule) as shown below

H\“}‘!N \H

The molecular geometry isthe location of the atoms of a compound in space.

We can predict the molecular geometry from the electron pair geometry. In

the above example (ammonia), it is predicted that the three hydrogens would

form the vertices of a tetrahedron, and the nonbonding electron pair the

fourth. Thus, ammonia would have atrigonal pyramid arrangement of its H

atoms Steps involved in determining the VSEPR model are

(i) Drawing of the Lewis structure

(i)  Determination of the total number of electron pairs around the central
atom.

(iii)  Arrangement of the atoms to minimize the electron shell repulsion

(iv) Description of the molecular geometry in terms of the angular
arrangement of the bonding pairs
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Generally, thefollowing rules may apply for geometry arrangement based on
the number of electron pair:

(i) Two electron pairsin the valence orbital are arranged linearly

(i)  Threeelectron pairs are organized in atrigonal planar arrangement
(iii)  Four electron pairs are organized in atetrahedral arrangement

(iv)  Fiveeélectron pairs are arranged in atrigonal bipyramid

(v)  Six electron pairs are organized in an octahedral arrangement

In-Text Question (ITQ)
Predict (with example) the geometry of molecules that have two and three
electrons pairs respectively

3.2.1 Steric number

Consideration of the Lewis structure of water indicates that it has bonding
pairs and two lone pairs of electrons as shown below

O

rd

H™ "H

Therefore, there are four units around the central atom (i.e oxygen) including
two hydrogen atom and two lone pairs as shown below

Steric number is the sum of the number of atom and the lone pairs deduced
from the Lewis structure of the molecule. Therefore, the steric number of
water molecule is 2(two hydrogen atoms) +2 (two lone pairs) =4.

Further demonstration can be ascertained by cal culating the steric number of
the following compounds). In the underlisted examples, the central atom is
marked with red colour asterisk.

¥ i F .'O . lﬁ oo
Cl-Be-Cl  H-C=N B ok HCH  Heed
F°F HH H H
SN=2 SN-2  SN=3  SN=3 SN=4 SN=4

3.2 Electronic and molecular geometries

The steric numbers of water and methane are equal. M ethane has no lone pair
of electron (unlike water). The observed similarity and expected geometries
for the two molecules can be explained in of electronic and molecular
geometries. terms Some molecules may have similar electronic and
molecular geometries
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For the Electron Geometry, we treat the atoms and electrons equally for
example, CHsand NH3 are both tetrahedral .

SN (C) =4 atoms+ Olonepairs=4

SN (N) =3 atoms + 1 lone pair = 4

This corresponds to atetrahedral electron geometry:

H -

l -
ook Ny
3
LY LI

Tetrahedral electron geometry

However, their molecular geometries are different. For methane (CHa), it
istetrahedral and for ammonia (NHs), it istrigonal pyramidal. The lone
pair on the ammonia nitrogen is significant and if it wasn’t there, we would
have a hypothetic molecule with aflat/planar geometry:

GO Lone pair pushes

(,N-).H the H's down

A\H
H=NQT

Without the lone pair

In-Text Question (ITQ)
Why do we ignore the lone pair for naming the molecular geometry?

The Figure below provide a guide in classification of molecules and their
expected geometry based on the number of atom and lone pair electrons
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A summary of Electron and Molecular Geometries

Steric Number 2 3 4
Type AX, AX, AXGE AX, AXE AXE,
$ b e
i | g0 O, 0, 000 o@o o€
Geometry [ %] L g © @ o
Linear Inigonal planar - Trigenal planar | letrahedral Teliahedrol  Tetrahedral

o
Molecul ' G-
w000 o8y o8, oo T o8,

Lincor : Trigonal
Trigona! planar Bt Tetrohedrol il Bent
Bond Angle 180° 120° 109.5¢
H - H i BoE
Cl—Ba—(] -  Memy O
Example :Cl-Be—Cl: H"é\H HEC”N‘E-i H/&_,,H HOY KO
A = central atom, X = an atom or a group, E = a lone pair of electrons m ChemistrySteps.com

Lewis structure, steric number and classes of more molecules are presented
below
(i) BeCl»

The Lewisstructureis

:Cl—Be—ClI:
The steric number with respect to the central atom(Be) = 2 atoms+ 0 lone

pairs = 2. Therefore, BeClz isaAXaz type. The angle of separation is 180° as
shown below

:C I—\B_/e—CI -
180°

Therefore, the compound is linear for both electron and molecular geometry

since it does not have alone pair

(i) BHa3

The Lewis structureis

f
H-B—H
The steric number of boron is SN. (B) = 3 atoms + 0 lone pairs = 3.

Therefore, BHz is a A X3 type and the boron must be at 120° to minimize the
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repulsion giving rise to trigona planar geometry with all the atoms in the
same plane

H
I

=N
H™H

(iif) CH2NH has the following Lewis structure
H,C=N—H

SN (N) =2 atoms + 1 lone pair = 3 giving rise to AXzE type. The atoms
and electrons around the nitrogen are at about 120°

/N\
H,C? “H

The geometry is said to be bent geometry since the molecule looks bent if
we ignore the lone pairs. The lone pairs in NHCH> have stronger repulsion
than atoms. Therefore, the expected angles are not aways 100% in
agreement with what they actually are:

N Lone pair repulsion
H,C* "H is stronger

< 120°
(iv) CHs hasthe following Lewis structure,
i
H-C-H
H

SN. (C) =4 aoms + 0 lone pairs = 4. Thisisan AX4 type. The atoms are
at 109.5° and molecular istetrahedral for electron and molecular geometry
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H

|
/C"H
H ‘H

(vi)  NHs hasthe following Lewis structure

H-N-H
H

The SN. (N) = 3atoms+ 1 lone pair =4 and it isan AX3E type molecule.
The atoms at the lone pair are expected to be at 109.5°, however, because the
revulsion from the lone pair is stronger, the angle between the hydrogensis
about 107° and the geometry is called atrigonal pyramidal geometry.

The SN. (O) = 2 atoms + 2 lone pairs = 4. This is under the AX2E> type
molecule. The atoms at the lone pair are expected to be at 109.5°, however,
because the revulsion from the lone pair is stronger, the angle between the
hydrogens is about 104.5°:

o

- e

H H
L

104.5°

This resulting geometry is called abent geometry. It can be observed that
the angles in water and molecule C (CH2NH) are different even if they are
both bent. This is because the angle is defined based on the electron
geometry.

SELF ASSESSMENT EXERCISE

I Justify the reasonsfor the steric numbers of methane, water, ammonia,
ethylene, acetylene and carbon dioxide
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Solution

Methane (CH4) — Methane consists of carbon bonded to 4 hydrogen atoms
and O lone pairs. SN is 4.

Water (H20) — Water has two hydrogen atoms bonded to oxygen and also 2
lone pairs, so its SN is 4.

Ammonia (NH3) — Ammonia also has a steric number of 4 because it has 3
hydrogen atoms bonded to nitrogen and 1 lone electron pair.

Ethylene (C2H4) — Ethylene has 3 bonded atoms and no lone pairs. Note the
carbon double bond. SN = 3.

Acetylene (C2H2) — The carbons are bonded by a triple bond. There are 2
bonded atoms and no lone pairs. SN = 2.

Carbon Dioxide (CO2) — Carbon dioxide is an example of a compound that
contains 2 sets of double bonds. There are 2 oxygen atoms bonded to carbon,
with no lone pairs, so the SN is 2.

I Use the VSEPR to explain bonding, lone pair and expected geometry
of formaldehyde. Based on this model, how will you classify this
molecule?

Solution
The VSEPR model predictsthat CH,O istrigonal planar with bond angles of
about 120 °.The Lewis structure of formaldehyde (CH20) is

H H

There are three electron regions around the central carbon atom. The VSEPR
model states that the electron regions around an atom spread out to make
each one as far from the others as possible.

In formaldehyde, the central atom has three electron clouds emanating from
it. The carbon atom has two single bonds to hydrogen and a double bond to
oxygen. For these clouds to be as far as possible from one another, they will
form a plane containing the central atom. The bonds will emanate from the
central atom at angles of about 120° to each other. The structure will be
trigonal planar.
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The central atom isin the centre of the triangle, with the ends of the electron
clouds at the corners of thetriangle. Therefore CH,O isclassified as an AX3
molecule

4.0 CONCLUSION

VESPR standsfor valence shell electron pair repulsion. Thistheory basicaly
says that bonding and non-bonding electron pairs of the central atom in a
molecule will repel (push away from) each other in three dimensiona space
and this gives the molecules their shape.

We can use the following notations when examining a Lewis structure of a
molecule.

A = central atom

X = peripheral atoms

E = non-bonding electron pairs of the central atom
AX2 = linear molecule (example CO2)

AX3 =trigonal planar (example, AIH3)

AX3E =trigonal pyrimidal (example, NH3)
AX2E2 = bent (example. H20)

AX4 = tetrahedral molecule (example, CH4)

5.0 SUMMARY

VSEPR isastrong model in structure and bonding because it can be used to
predict the geometry of a molecule based on number of bonding and
nonbonding electrons. The model has been successfully used to successfully
analyse geometrics of several compounds with central atoms.

6.0 TUTOR MARK ASSIGNMENTS

(1) Completethefollowing Table

No of attach atom Molecular Geometry Examples of
compounds

1

2

3

4

(2)  Determine the molecular geometry of XeF
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(3  What isthe relationship between Lewis structure and VSEPR?
(4) Statetheprinciples of VSEPR, advantage and disadvantages
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INTRODUCTION

Quantum chemistry applies the principles of quantum mechanics to solved
problems in chemistry. Quantum chemistry is widely applied in several
branches of chemistry including the following,

Physical chemists apply quantum mechanics (together with statistical
mechanics) to calculate thermodynamic properties of a system,
interpret molecular spectra (refer to the chapter on molecular
spectroscopy), calculation of molecular properties (such as bond
length, bond angle, dipole moment), calculations of transition state,
rate constant, intermolecular forces, €tc.

In organic chemistry, quantum mechanics can be used to predict the
relative stability and reactivity of a compound, investigation of
mechanism of a compound, interpretation of spectra and to calculate
electronic and molecular properties of molecules such as the frontier
molecular orbital energies (the energy of the highest occupied
molecular orbital, the energy of the lowest occupied molecular orbital,
the energy gap), polizability, Hemet constant, etc.

In Analytical chemistry, the major application of quantum mechanics
isin the interpretation of frequencies and intensities of spectralines.
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iv.  Ininorganic chemistry, quantum mechanics is used in ligand field
theory, which is an approximate quantum approach in predicting and
explaining the properties of transition metal complex.

V. In pharmaceutical chemistry, quantum mechanics is used in drug
discovery through the calculation of quantitative structure activity
relation (QSAR) parameters, which are mostly quantum chemical
parameters.

vi.  In polymer and biological chemistry also apply quantum mechanics
to study macromolecul es, since macromolecules can be considered as
a composite of micro molecules.

In recent times, several softwares have been produced for used in quantum
chemical calculations. Most of them are designed for used, even with user
inadequate theoretical knowledge.

20 OBJECTIVES
When you have studied this section, you should be able to

understand the concept of quantum chemistry of bonding
historical development of quantum mechanics

derive the Schrodinger equation

how orbitals are formed

relate wave function with orbitals

different types of orbitals

3.0 MAIN CONTENT
3.1 Historical development of quantum mechanics

The beginning of quantum mechanics was in 1980 when Planck discovered
that a heated solid gives out light. However, detail information on the nature
of light giving out was not provided by Planck.

In 1800, Thomas Y oung provided experimental evidenceson thewave nature
of light, when he observed diffraction and interferences of light as it passes
through two adjacent pinholes. Diffraction described the bending of light
around an obstacle while interferences defines the algebraic or vector sum of
different light of similar or closely similar frequencies.

Further exploration into the science of electromagnetic radiation by James
Clark Maxwell in 1860, who developed a set of equations called Maxwell
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eguations. These equation bridges the gap between the laws of electricity and
magnetism by providing evidences that an accelerating electric charge will
radiate energy similar to electromagnetic waves consisting of oscillating
electric and magnetic fields. Fortunately, the speed, predicted by Maxwell
coincided with the speed of light.

In 1888, Heinrich Hertz discovered that an electromagnetic light was
produced by an accelerating electric charge in a spark. This findings also
supported Maxwell’s work and confirmed that light is an electromagnetic
radiation. Generally, an electromagnetic waves travels at a speed of 2.998 x
10% m/s in a vacuum. The frequency and wavelength are related by the
equation, | v = ¢, where c is the speed of light, | isthe wavelength and v is
the frequency of the light.

In the late 18" century, studies were conducted on the emission of radiation
by a black body. A black body is an object that absorbed all the light that
fallson it. A good example of a black body is a cavity with atiny hole. The
surprising feature of the black body radiation was that curves developed for
variation of intensity with frequency using classical approaches (statistical
mechanics and electromagnetic wave model) were at variance with curves
obtained from experiments. It was Planck, in 1900 that gave explanation to
this phenomenon. Planck concluded that the atom of the black body could
emit light energy only in an amount given by hv. where h (h = 6.625 x 103
J.s) isthe Planck constant and v is the frequency of radiation. In view of its
importance in the history of quantum mechanics, black body radiation is
single out for more discussion as follows.

3.2 Structure of atom and quantization

Atom consist of proton, electron and neutron. The proton is positively
charged and is about 1836 times heavier than the negatively charged el ectron.
Neutron, which was discovered in 1932 has no charge and is slightly heavier
than the proton. The first set of investigation on the structure of atom started
between 1908 and 1913, when Rutherford, Hans Geiger and Ernest Marsden
repeatedly passed a beam of alpha particle through a thin metal foil in the
Physical Laboratories of the University of Manchester and observed the
deflection of the particle through a fluorescence screen. In their experiment,
they discovered that most of the alpha particle passed through the foil
undeflected, few were strongly deflected and others were deflected
backward. From the findings of their experiment, they noted that such large
deflection is possible if the positive charge was concentrated in atiny heavy
nucleus and concluded that every atom contains a nucleus where its positive
charge and most of its mass are concentrated. In 1904, J. J. Thompson
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suggested that the positive charges were spread throughout the atom but
Rutherford and co-workers refuted this fact on the grounds that if it were so,
then once the high energy atom penetrates the atoms, the repulsive forces
would have fallen off and eventually become zero.

Nowadays, it is known that atom contain Z number of proton and number of
Z electrons (where Z is the atomic number). The mass of the atom is
concentrated in the central nucleus (which contains proton and neutron,
collectively called nucleons). The nucleus is held together by strong nuclear
forceswhilethe nucleus and the el ectrons are held together by columbic force
of attraction. In 1911, Rutherford proposed the planetary model of the atom,
which stated that €l ectron revolves around the nucleus. However, this model
was exposed to several criticism. Classically, electromagnetic theory expects
an accelerating ally charge particle to radiate el ectromagnetic waves. Also, a
rotating charge radiating electromagnetic waves with changing velocity and
direction will gradualy lose energy and the atom will be unstable and
eventually collapse.

In 1913, Niels Bohr offered explanation to the Rutherford theory through the
concept of quantization of energy in the hydrogen atom. Bohr stated the
energy of electron in hydrogen is quantized with electron allowed to move
only in anumber of alowed circle.

Bohr found that when hydrogen gas is heated, it emits electromagnetic
radiation, characterised by certain distinct frequencies. Such spectra
frequencies were explained according to equation 1

v 1 1 1

2wt ) 0

wherenp = 1,2,3...... ,Ma = 2,3....... N> N and R isthe Rydberg constant
=1.096776 x 10°cmt

Classically, all frequencies of light ought to have been emitted but thisis not
true hence Einstein equation implies that the hydrogen atom exist in certain
energy states. Indeed, an atom can has only certain energies, Ei1, Ez, Es
................ These allowed states of constant energy are called the stationary
states. An atom in a stationary state can only emit radiation when its makes
transition from a stationary state of higher level to the stationary states of
lower energy and will therefore satisfyy equations 2 and 3;

El-i'lgher - ELower = hv (2)
Ea - Eb = hv ©)
Combination of equations 2 and 3, yields equation 4

1 1
E,— E, = Rhc (;g_n—ﬁ) 4)
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The implication of equation 4 is that the energies of the H-atom stationary
states can be written as

E=—— (5)

The maor limitation of the Bohr theory arises from the use of classical
mechanics to describe the motion of an electron in an atom. Evidence
obtained from spectra of atoms reveals discrete frequencies which indicates
that only certain energies of motion is allowed and that the electronic energy
is quantized. Classically, continuous range of energies are possible but
guantum mechanically, the energy is restricted to certain permissible values.
Although Bohr model was satisfactory in explaining the hydrogen atom, it
fails to explain poly-electron systems. In order to extend quantization to
systems with two or more electrons, Louis de Brogliein 1923 found that just
as light shows both wave and particle aspect, matter also has a dual nature,
as well as showing particle like behaviour, eectron could also show wave
like behaviour, which manifest itself in the quantized energy levels of
electrons in atoms and molecules. For photons, we have, Ephoton = hv.
Einstein special theory of relativity gives the energy of a photon as Epnoton =
Pc, where P is the momentum of the photon and c is the speed of light.
Equating the two equations, we have hv = pcand sincev = i, we have
he hc h
~ = pc orl—;—ﬁ (6)
In 1927, the German physicist, Werner Heisenberg stated that the more
precise the position of some particle is determine, the less precisely the
momentum can be known and vice versa. However,, Earle Hesse Kennard
and Hermann Wey in 1928 were able to derived the formal inequality that
relates the standard deviation of position, ax and that of momentum & as
follows,

., 2 7)
In quantum mechanics, uncertainty principle is any of the variety
mathematical inequalities that sustain a fundamental limit to the precision
withwhich certain pairs of complementary physical properties can be known.
Uncertainty principle is inherent in the properties of all wave like systems
and its originate from the de Broglie wave matter duality principle. In
guantum chemistry, the uncertainty principle is mostly use to explore the
relationship between simultaneous measurement of position and momentum.
Therefore, the principle can be restated as, the product of the uncertaintiesin
position and in momentum isin the order of magnitude of Planck constant or
greater i.e.
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Ax.Ap =2 ©)
where h isthe reduced Planck constant. h = ;—ﬁ

3.3 Thetimeindependent Schrdinger equation

The Schrédinger equation is like the Newton’ s law and the law of
conservation of energy in classical physics because it aids in predicting the
future behaviour of dynamic system. Thiswork of Schrédinger was initiated
by Einstein in 1925, when he published a paper on quantum theory of ideal
gas, and the de Broglie theory of matter waves. However, in 1926 Erwin
Schrodinger proposed an equation that describes the evolution of a quantum
mechanical system & SWE which represents quantum equations of motionin
the following forms::

2

Y VW t) = oY

2madx? dt
ho™ V(%) £) = n 2
2max? x)| yLx, ‘ dt

Thisis an eguation that describes how the quantum state of a system changes
with time. We can derive, the Schrédinger equation using the unique
equation,

sin2mx

¥ =4 ©)
leferentlatmg equati on 13 with respect to x, we have;

) (10

Taking a seccond derivative of equation 9 with respect to x yields equationl11;
Y~ A pgin 2 (11)

dx? A2 A

Since y = L} equation 11 can be simplified to the form given by equation
12

= = 12

Equation 16 can be simplified by applying the de Bmghe equation, which
relates particle momentum to wavelength as, A = m— Therefore, A% = }:vz

and substituting for A% in equation16, equation 13 is obtained

d?ep _ 4m? _ —4m?v?n?

a;_ ( ;2122)‘1"_- h2 LIJ (13)

The toted énergy of asystem is the sum of the kinetic energy (KE = %2 mv?)
and the potential energy (U), i.eE=KE+ U =%mv?+ U and v?>=2/m (E
— U). Modification of equation 13 through substituting the value of v2 by
2/m (E - U) leads to equation 14
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d? -8

L0 =20 (B - U)y (14)

Introducmg the reduced Planck constant, h = h/2m, equation 14 becomes,
d? -2

o = E- DU (15)

Equations 14 and 15 are the various differential forms of the time
independent Schrédinger equation for a one dimensional system. For athree

dimensional system, the following equations are obtained,
a?y | d*y d*y _ —8mm?

P W + = E-we (16)
=G+ + ;)w— S (E —wy (17)
=2y = 22 (F —u)y (18)
=Vey = (E Wy (19)

where V? is called Lapiacian operator, V= a/dx - a/dy + a/dz' . The
Schrodinger equatton can be re-arranged by collecting like terms as follows,
—h2 dzlp __h?. dZ

+ U =Ey or (o +U) Y = Ey (20)

2m dx?
h?. 2

The first term (—mﬂ + U) is calied the Hamiltonian operator, H which

operates on | to give the energy E and the wave function. Therefore, the
general form of the Schrédinger equation can be written as HY = Ey. The
Schrodinger equation is on eigen equation or eigen function of the form
(operator) (function) = (numerical value ) x (function). The numerical
function in this case is the energy and is called an eigen value. Solving the
Schrdodinger equation involves finding the value of the eigen value. The
importance of eigen value equation isthat it is consistent with the following
patterns,

(Energy operator) (wave function) = (Energy) (wave function)
(operator)(wave function) = (observable)(wave function)

From the above, if we know both ) and the operator corresponding to the
observable of interest, we can predict the outcome of an observation of that

property.
3.3.1 Thewavefunction

The Schrodinger equation is the fundamental equation in quantum
mechanics. The wave function does not has any physical significant but the
square of the wave function represent the probability density of finding a
system in a given time. . This assertion was proposed by Max Born. Max,
also proposed four conditions that must be fulfilled when the solution to the
Schrodinger equation is sought for. Born’s conditions to be imposed on the
wave function, s are:
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i. The wave function must be single valued. This means that for any
given values of x and t s, must have a unique value. Thisis away of
guaranteeing that thereisonly a single value for the probability of the
system being in agiven state. Actualy, if y isa proper mathematical
function, it will satisfy this requirement automatically, since one
condition all functions must satisfy isthat they are single-valued.

ii. The wave function must be quadratically integratable. This implies
that, the integral of || over all space must be finite. Thisis another
way of saying that it must be possible to use ||%as a probability
density, since any probability density must integrate over all space to
giveavalue of 1, whichisclearly not possible if theintegral of |{s|?%is
infinite. One consequence of this proposal is that the wave function
must tend to O for infinite distances.

iii. The wave function must be continuous at all points, indicating that
there should not be a sudden jump in the probability density when
moving through space. If afunction hasadiscontinuity such asasharp
step upwards or downwards, this can be seen as a limiting case of a
very rapid change in the function. Such a rapid change would mean
that the derivative of the function was very large (either a very large
positive or negative number). Inthe limit of astep function, thiswould
imply an infinite derivative. Since the momentum of the system is
found using the momentum operator, which isafirst order derivative,
this would imply an infinite momentum, which is not possible in a
physically realistic system.

iv. All first-order derivatives of the wave function must be continuous.

Following the same reasoning as in condition iii, a discontinuous first
derivative would imply an infinite second derivative, and since the energy of
the system is found using the second derivative, a discontinuous first
derivative would imply an infinite energy, which is not physically realistic.

3.3.2 The Operator

An operator isan instruction, asymbol which tells usto perform one or more
mathematical acts on afunction, say f(x). The essential point is that they act
on a function. Operators act on everything to the right, unless the action is
constrained by brackets.

I. Addition and subtraction rule for operators:
(A, £4,)f(x) = Af(x) A f(x)
(21)
i. The product of two operators requires successive operation. For
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examiple,

AL A f(x) = Ay [Azf(x))] (22)

It should be noted that the product of two operatorsis the third operator, i.e,
AS - Al'A2

i1, Two operators are said to commute if the obey the simple operator
expression
[ﬁ].ﬁz] - AI'AZ — AZ'A'I == 0 . ThlSIﬂdlcaIethat A].AZ == AZ'A'I

3.3.3 Schrodinger equation and or bital

The solution of the Schrddinger equation involves finding the eigen value
through the eigen function. Several wavefunctionssuchasy 1,y 2,y3,VY 4,.....
may satisfy the requirements for the Schrédinger equation and each of them
has corresponding eigen value such as the energy, Ei1, Ez, Es, Ea.......
respectively. Each of these wave function is called an orbital and the square
of each of them represent the probability of finding electron within a given
volume element. For example, y 1 can be used to represent the ground state
orbital of hydrogen atom because its single electron will first occupied the
first orbital. The energy of thisorbital will be E;.

Each atom has a number of acceptable solutions to the Schrédinger wave

equation and each orbital may be described by a set of three quantum

numbers namely,

i The Principal quantum number, n: describes the energy level of
electron

ii. The subsidiary quantum number, |: describes the shape of orbital
occupied by electrons. Values of | includes the integers and zero, i.e
0,1, 23 4.... When | =0, 1, 2,3.. the orbitals are s-orbital, the p-
orbital, the d-orbital and the f-orbital respectively. The letter s, p, d
and f originates from spectroscopy and are sharp, principal, diffuse
and fundamental respectively

iii.  The magnetic quantum number, m: describes the paramagnetic or
diamagnetic properties of electron. Whenl =0, m=0

Based on alowed solutions to the Schrodinger equation, orbitals can

generaly be classified into three groups. These are

i Those whose probability of finding electronsiis afunction of distance,
r from the nucleus and the probability, |{|? isthe samein all direction.
The s-orbital isthe only orbital in this group
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ii. Those whose wave function depends on the distant from the nucleus
and on the direction in space (X, y, z). Orbitals in this group are
characterised by subsidiary quantum number equal to 1 and are called
p-orbital. There are three possible values of the magnetic quantum
number, i.e m = -1, 0, +1, indicating that there are three sub orbitals
for orbital in this group. These are,

y x = f(r).f(x)
yy=1f(r)f(y)
y 2 =1(r).f(2)

These sub orbitals have the same energy. Therefore, there are three
degenerate orbital for each of thevalueof n=2, 3,4

iii. ~ Thethird group consist of orbitals whose wave function depends on
distance from the nucleus, r and also on two directionsin space. For example
the d and f orbitals. For the d-orbital, the subsidiary quantum number, is 2
and the magnetic quantum number, m=4,i.e, -2,-1, 0, +1, +2. Therefore,
there are four degenerate sub orbitals for the d-orbital formed when n =3, 4,
5. These are,

i Yxy = f(n).f(x).f(y)
ii. Yxz = f(r).f(x).f(2)
i, Yy, = f(r).f(y).f(2)
iv. Yy, = f(r.f(2).f(2)
V. Y j2_y2 = f(r).f(z%) .f(y?)

The subsidiary quantum number for the f-orbital, | is 3 indicating that the
magnetic quantum number m=7,i.e-3,-2, -1, 0, +1, +2, +3. Therefore there
are seven degenerates sub orbitals for the f- orbital, which are formed when
n=4,5,6.

3.4 Atomic Orbitals

An orbital is the quantum mechanical refinement of Bohr’s orbit. In contrast
to his concept of a ssimple circular orbit with a fixed radius, orbitals are
mathematically derived regions of space with different probabilities of
having an electron. Because W? gives the probability of finding an electron
in a given volume of space (such as a cubic picometer), a plot of W2 versus
distance from the nucleus (r) is a plot of theprobability density. The
1sorbital is spherically symmetrical, so the probability of finding a
1s electron at any given point depends only on its distance from the nucleus.
The probability density is greatest at r = O (at the nucleus) and decreases
steadily with increasing distance. At very large values of r, the electron
probability density isvery small but not zero.
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Theradial probability (the probability of finding a 1selectron a a
distancer from the nucleus) can be calculated by adding together the
probabilities of an electron being at all points on a series of x spherical shells
of radiusry, r2, r3,..., I'x - 1, 'x. The approach divides the atom into different
shells and calculate the probability for each of the shell beore adding them
together (consider different layers of onions and think of calculating the
probability for the different layersand obtain the overall probability by
adding theindividual probability) .

The greatest probability is found when r = 0 and the surface area of each
spherical shells is 4pr?. Since the surface area is a function of r, it will
increase with increase inr even at arate greater than the increase in electron
density. Consequently, a plot of radial probability has a maximum at a
maximum at a particular distance (Fig. 1).

52.9 pm
(most probable radius
for the 1s electron)

\112

| Probability density

Spherical surface area

q:2r2

Radial probability

Distance from nucleus (r)

Fig. 1 Most Probable Radiusfor the Electron in the Ground State of the
Hydrogen Atom.
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The first plot is a plot of electron probability density W? versusr , which
reveals that that the electron probability density is greatest at r = 0 and falls
off smoothly with increasing r. The density of the dots is therefore greatest
in the innermost shells. The second plot shows the plot of spherical surface
(4pr?) versus the radius, and it increases that the surface area increases
increases rapidly with increasing radius. r. The last diagram is a radial
probability plots which represents a plot of the product of the sguare of the
atomic orbital function and the r2. Since the surface area of each shell
increases more rapidly with increasing r than the electron probability density
decreases, a plot of electron probability versusr (theradial probability)
shows a peak. This peak corresponds to the most probable radius for the
electron, 52.9 pm, which is exactly the radius predicted by Bohr’s model of
the hydrogen atom.

For the hydrogen atom, the peak in the radial probability plot occursat r =
0.529 A (52.9 pm), which agrees with the radius calculated by Bohr for
the n =1 orbit. Therefore, the most probable radius obtained from quantum
mechanics is identical to the radius calculated by classical mechanics. In
Bohr’s model, however, the electron was assumed to be at this distance 100%
of the time, whereas in the quantum mechanical Schrodinger model, it is at
this distance only some of the time. The difference between the two models
is attributable to the wavelike behavior of the electron and the Heisenberg
uncertainty principle.

Fig. 2 compares the electron probability densities for the hydrogen 1s, 2s,
and 3s orbitals. Notethat all three are spherically symmetrical. For the 2s and
3sorbitals, however (and for al other sorbitals as well), the electron
probability density does not fall off smoothly with increasing r. Instead, a
series of minima and maxima are observed in the radia probability plots).
The minima correspond to spherical nodes (regions of zero electron
probability), which alternate with spherical regions of nonzero electron
probability.
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Nodes - Nodes 8
Node

.

1s 25 3s 1s 25 3s
(a) Electron probability (b) Contour probability

2

Electron probability (W2r?)

25

3s

Vo

Distance from nucleus (r)
(c) Radial probability
Fig. 2. Probability Densities for the 1s, 2s, and 3sOrbitals of the
Hydrogen Atom.
In-Text Question (ITQ)
(1) What Kind of orbital is show below?

X

'
i
!
:
T —

(2)  Which of the following is furthest from the nucleus: 2s, 3s, or 4s?
(3)  Which of thefollowing orbital has the lowest energy : 2s, 3s, or 4s?
(4) Whatisthel valuefor a3p orbital?

3.5 Typesof Orbitals

(1) s-Orbitals
Three things happen to s orbitals as n increases
(1) They become larger, extending farther from the nucleus.
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(i)  They contain more nodes. This is similar to a standing wave
that has regions of significant amplitude separated by nodes,
points with zero amplitude.

(ili)  For agiven atom, the s orbitals also become higher in energy
asnincreases because of their increased distance from the
nucleus.

Orbitalsare generally drawn asthree-dimensional surfaces that
enclose 90% of theelectron density, Such diagram should
show the relative sizes of the orbitals, they do not normally
show the spherical nodes in the 2s and 3s orbitals because the
spherical nodeslieinside the 90% surface. Thisisinsignificant
since, the positions of the spherical nodes are not important for
chemical bonding.

(i)  pOrbitals

Only sorbitals are spherically symmetrical. As the value of | increases, the

number of orbitalsin agiven subshell increases, and the shapes of the orbitals

become more complex. Because the 2p subshell has| = 1, with three values

of m (-1, 0, and +1), there are three 2p orbitals.

Z axis

—————— xy nodal
plane

The colors correspond to regions of space where the phase of the wave
function is positive (orange) and negative (blue).

The electron probability distribution for one of the hydrogen 2p orbitals is
shown in Fig 3.. Because this orbital has two lobes of electron density
arranged along the zaxis, with an electron density of zero in the xy plane
(i.e,, thexyplane is a noda plane), it is a 2p;orbital. The other two
2p orbitals have identical shapes, but they liealong the x axis (2px) and y axis
(2py), respectively. Each p orbital hasone nodal plane. In each case, the phase
of the wave function for each of the 2p orbitals is positive for the lobe that
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points along the positive axis and negative for the lobe that points along the
negative axis. It is important to emphasize that these signs correspond to
the phase of the wave that describes the electron motion, not to positive or
negative charges.

Nodal i z
plane | \ . < z
i -

2, 2,
Fig. 2: The Three Equivalent 2p Orbitals of the Hydrogen Atom

The surfaces shown enclose 90% of the total electron probability for the 2px,
2py, and 2p; orbitals. Each orbital is oriented along the axis indicated by the
subscript and a nodal plane that is perpendicular to that axis bisects each
2p orbital. The phase of the wave function is positive (orange) in the region
of space wherex, y, or zis positive and negative (blue) wherex,y, or zis
negative.

The size and complexity of thep orbitals for any atom increase as the
principal quantum number nincreases. The shapes of the 90% probability
surfaces of the 3p, 4p, and higher-energy p orbitals are, however, essentially
the same as those shown in Fig. 2

The electron configuration of an atomis the representation of the
arrangement of electrons distributed among the orbital shells and subshells.
Commonly, the electron configuration is used to describe the orbitals of an
atom in its ground state, but it can also be used to represent an atom that has
ionized into a cation or anion by compensating with the loss of or gain of
electrons in their subsequent orbitals. Many of the physical and chemical
properties of elementscan be correlated to their unique electron
configurations. The valence electrons, electrons in the outermost shell, are
the determining factor for the unique chemistry of the element.

In-Text Question (ITQ)

Identify all the possibilities of the four quantum numbers for principal
guantum number equal to 5
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In-Text Question (ITQ)
Given 6s and m = +1, identify al the possibilities of the four quantum
numbers.

In-Text Question (ITQ)
Given 4d and ms= +1/2, identify all the possibilities of the four quantum
numbers.

3.6 Pauli Exclusion Principle

The Pauli exclusion principle states that there can only be a maximum of two
electrons for every one orientation, and the two electrons must be opposite
in spin direction; meaning one electron has ms=+1/2 and the other electron
has ms=—1/2. Thisimplies that the spin must be opposed when the electrons
are paired.

3.7 Hund'sRule

Hund’s rule states that the electrons in the orbital are filled up first by the
+1/2 spin. Once al the orbitals are filled with unpaired +1/2 spins, the
orbitals are then filled with the -1/2 spin (as shown in the diagram below).
Example of Hund’s Rule:
p orbital with 6 electrons

Stgp 1 P ﬁrbital | : | Fill all orientations with

| + % spin electrons first

- | Then complete crientations
| & | | with -} spin electrons

Step 2 p orbital —
3.8 Atomic spectra

When atoms are excited they emit light of certain wavelengths which
correspond to different colors. The emitted light can be observed as a series
of colored lines with dark spaces in between. These series of colored linesis
called alineor atomic spectra. Each element produces a unique set of
spectral lines. Since no two elements emit the same spectral lines, e ements
can be identified by their line spectrum.

The emission spectrum of a chemical element or chemical compound is the
spectrum of frequencies of electromagnetic radiation emitted due to an atom
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or molecule making a transition from a high energy state to a lower energy
state

The emission spectrum of a chemical element or chemical compound is the
spectrum of frequencies of electromagnetic radiation emitted due to an atom
or molecule making a transition from a high energy state to a lower energy
State

Spectra can be generated through one of the following means:

(1) Inmost cases the spectra arise from single-electron excitations. For
spectrain or near the visibleregion atransition of one of the outermost
electronsis responsible for the spectrum; in the x-ray region an inner
shell electron isinvolved.

(2) Most of the atomic spectra are of the electric dipole type with
transition probabilitiesin the range of 10”to 10°sec™. Magnetic
dipole and electric quadrupole transitions are less probabl e by afactor
of 10° but may nevertheless be observed in special situations.

(3 Very few spectra conform to pure LSor jj coupling. In passing from
light to heavy atoms there is a continuous transition from
predominantly LSto predominantly jj coupling.

(4)  Asthe departure from LS coupling increases, intercombination lines
(AS# 0) become more probable. Such lines are weak in the spectra of
the light atoms and become fairly strong in heavy atoms.

The classification of spectrais achieved by separating the atoms into
groups based on the number and type of electrons that are excitable.
The most commonly studied spectrum isthat of hydrogen whose main
features are contained in the expression,

1 1 1

3= Ry [E gt ;—%—]m

4

R ue 4
>=109678.758 cm™ = 13595 eV

Ry = 1(m/M)4: 2h

me
R, = Rz 109 737.311 cm™ = 13.605 eV

and mis the mass of electron, M the mass of proton, p is the reduced mass
=mM/(m + M), R4, which is based on the reduced mass of the electron-
proton system, is the ionization potential of hydrogen, and R.. the Rydberg
constant. Spectra can be classified based on the transition from one principal
guantum number to another as shown in Table 1..
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Table 1: Classification of spectra based on the transition quantum
number

L ongest wavelength
Series Nt | n2 (A°)
Lyman 1 2,3, ... 1215.68
Balmer 2 34, ... 6562.79
Ritz-Paschen 3 45, ... 18,751
Brackett 4 5,6, ... 40,510
Pfund 5 6,7, ... 74,560

Another classification method is based on angular momentum quantum
number (Table 2)

Table2: Classification of spectrabased on angular momentum quantum
number

Series Transition n Number of
lines

Principal 12S1/2-n2P1/2,3/2 23, |2

Sharp 22P1/2,3/2-n2S1/2 34, |2

Diffuse 22P1/2-—n 2D3/222P3/2-—n2D3/2,5/2 | 3,4, | 3

Fundamental | 32D3/2—n 2F5/232D5/2—n 2F5/2,7/2 | 4,5, | 3

The akali elements (Li, Na, K, Rb, Cs, Fr) have a single electron outside of
a filled s or p shell; the ground state is2Sy,. Because of the spherical
symmetry of the filled shells, the outer electron movesin acentral field asin
hydrogen. Therefore, the spectra of these elements resemble the spectrum of
hydrogen and consist of analogous series. In the ground state, the outer s
electron is more loosely bound than any of the other electrons in the filled
shellsand is a'so more loosaly bound than the s electron in hydrogen. Hence
the ionization potentials of these elements are lower; however, the doublet
splitting due to spin-orbit interaction is much larger than in hydrogen.

Cu, Ag, and Auin their ground states have an s electron outside of afilled d
shell. However, the binding energies of the s and d electrons are comparable
so that the spectra of these elements and can be interpreted on the basis of
either s or d excitation.

Elements with a single p electron outside of closed shells are B, Al, Ga, In,
and T1. In boron, for example, the ground state configuration is 1s?2s?2p; the
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spectrum therefore resembles that of an alkali atom but with the lowest 2S
missing. In the same category are the elements F, C1, Br, |, and At whose
ground state configurations are np® which gives rise to the single term 2P as
in the case of np but the multiplet structure is inverted because the shell is
more than half-full.

Helium, the lightest element with a closed shell configuration in the ground
state can produce two-term systems including singlets (parahelium) and
triplets (orthohelium); however, both singlet and triplet S states must remain
single. In the ground state the configuration is 1s%, hence the only possible
term consistent with the Pauli principle isSo. The lowest triplet 3S; arises
from the configuration 1s’s and each triplet term is lower than the singlet
term with the same values of n. The two-term systems do not mix since
transitions between singlets and triplets are forbidden in the LS coupling
approximation, and as a result there are two separate spectral systems, one
associated with singlet states and the other with triplet states. The lowest
triplet state 1s2s3S; is metastable since there is no alowed transition to a
lower state. There is a curious anomaly in the 2 3P term which shows a
reversal in the order of the levels, i.e, the levels increase in energy in the
order 23P,, 23P1, 23Po. This is surprising since LScoupling predicts the
opposite order. An explanation of this phenomenon has been given on the
basis of spin-spin interactions and relativistic corrections.

The alkaline earth elements, Be, Mg, Ca, Sr, Ba, Ra, Zn, Cd, and Hg, contain
two electrons (ns?) outside of closed shells. Hence there are singlet and triplet
terms as in helium with the triplet terms lying lower than the corresponding
singlets. However, the selection rule AS= 0 is not as strict as in helium so
the spectra contain intercombination lines which increase in strength as one
progresses from the lighter to the heavier elements due to increasing
departure from LS coupling. Also, the ionization potentials are smaller than
in helium. These elements aso provide examplesin which it is necessary to
consider configuration interaction. Thus, in calcium, 3d5s 3D liesin the same
energy region as 4s8d D and 4s9d D and the states are all of the same type,
thatis, inregardto L, S and the parity; hence each of these states are properly
regarded as a mixture of configurations.

For the elements C, Si, Ge, Sn, and Pb the ground state configuration
isnp? and the ground term is 3Py as required by Hund-s rule for a shell that
isless than half-full. In configurations of the type np(n + 1)slike 2p3sin C,
3pdsin S, etc., there is a gradual transition from LS coupling in the light
elements to jj coupling in the heavier elements. O, S, Se, Te, Po have the
configuration np* which produces the same terms as those arising
from np? but with an inverted multiplet structure. A half-full shell np®is
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found in the ground states of N, P, As, Sh, and Bi. The lowest term is“S
while the other terms from np>—?P, 2D—are metastable because of the
selection rule AS= 0, but some intercombinations are observed in the heavier
elements. The closed shell configuration np® occurs in Ne, Ar, Kr, Xe, and
Rn; in each case the lowest term is 1So.

There are several groups of elements in which the occupation of s orbitals
competes with the occupation of d orbitals. As aresult, these elements have
one or two s electrons outside of partially filled d shells. The groups are
classified according to their unfilled d shells: the 3d (iron) group (Sc, Ti, V,
Cr, Mn, Fe, Co, Ni), the 4d (palladium) group (Y, Zr, Nb, Mo, Tc, Ru, Rb,
Pd), and the 5d (platinum) group (Lu, Hf, Ta, W, Re, Os, Ir, Pt). In view of
the large number of terms that are produced by several d electrons, these
elements have rich spectra in the visible and ultraviolet. These elements
include those with significant magnetic properties also are attributabl e to the
unfilled d shells.

Finally we have the elements whose properties are mainly determined by
their f electrons. These are the lanthanides (4f) group (Ce, Pr, Nd, Pn, Sm,
Eu, Gd, Th, Dy, Ho, Er, Tm, Yb) and the actinides (5f) group (Ac, Th, Pa,
U, Np, Pu, Am, Cm, BK, Cf). Here too there are numerous terms arising from
f electron configurations and consequently many lines in the spectra. The
magnetic properties of the lanthanides are also determined by the partially
filled 4f shell which is shielded by the outer 5s and 5p shells.

Spectra which originate from transitions by inner shell (core) electrons are
known as X-ray spectra. In order to produce X-ray spectrait isnecessary to
remove (ionize) an electron from an inner shell thus creating a vacancy or
hole. This can be accomplished by electron bombardment or by other means
depending on the depth of the shell. Upon reverting to its ground state the
atom may undergo a transition whereby the vacancy is filled by an electron
from an outer shell with the release of an X-ray photon.

SELF ASSESSMENT EXERCISE
I a State and use appropriate conditions needed for an atom in a
stationary state to emit radiation. Hence write an expression for

the energy of the hydrogen atom stationary states.
b. Discuss the limitation of the Bohr’s theory
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What are the shortcoming of the Bohr’s model of atom

oo

The Bohr theory cannot explain the spectra of atoms
containing more than one el ectron.

Even for the atoms with one electron, the theory does not
predict the relative intensities of the lines or the splitting of the
lines observed when the atoms are excited in a magnetic field
(the Zeeman effect). Even in the absence of external fields,
the spectral lines were found to be more complex when
examined with high resolution equipments. (The theory could
not explain the fine details of the spectra).

The theory ignores the wave nature of the electron.

It violates the Heisenberg’s Uncertainty Principle — Bohr
clamsit is possible to know exactly the position and study the
motion of the electron at the same time.

It regards the electron as being stationary, with a specific
position and distance from the nucleus.

It does not explain molecular bonds.

It does not predict the relative intensities of spectral lines.

The Bohr model does not explain fine structure and
hyperfine structure in spectral lines

What is a quantum of energy?

Explain the significance of the photoel ectric effect.

If an atom has a frequency of 5.357 x 10'* s, using Planck's
eguation, what is the energy of a single photon?

Using the answer from number 3, calculate the energy of a
mole of photons.

Assume you have light at a wavelength of 640 nm. Calculate
the energy of one photon of light at that wavelength.
Remember that c= 3.00 x 108 m stand A is wavelength in
meters.

5.0 CONCLUSION

Quantum mechanics can be used to explain intrinsic properties associated

with structure and bonding in atoms. The major functional parameter of

guantum mechanics is the Schrodinger equation, which defines atomic
orbital asthe wave function and molecular orbital asacombination of atomic
orbitals through the square of the wave function.
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50 SUMMARY

Models of addressing structure and bonding can not be completed without
guantum approach. Quantum mechanics can explain the intrinsic properties
that can not be easily handled by experiments. The major contribution of
guantum mechanicsin structure and bonding is the explanation of atomic and
molecular orbital, spin and angular momentum, transition dipole and spectra
emission.

6.0 TUTOR MARK ASSIGNMENTS

(1) Given that the spectral frequencies for emission of radiation is
expressed as follow

v 1 1 1
L b= G !
wheren, = 1,2,3......,10a = 2,3 ....... N> np and R isthe Rydberg constant
= 1.096776 x 10°cm’!
Calculate the frequencies associated with transitions from
(1) n=1ton=2
(i) n=2ton=3
(i) n=3ton=4
(2) Usethe Einstein equation to show that hf = pc

(3  Given that the wave function isdefined as¥W = A

Schrodinger equation

(4)  From the derived Schrodinger equation, define atomic and molecular
orbitals using the wave function.

(5)  Statethree properties of Hamiltonian operators

(6)  State Pauli exclusion principle and Hund’s law

(7)  ldentify the spin direction (e.g. ms=-1212 or +1212 or £+1212) of
the outermost electron in a Sodium (Na) atom.

(8 Identify the spin direction of the outermost electron in aChlorine (Cl)
atom.

(9 Identify the spin direction of the outermost electron in a Calcium (Ca)
atom.

(10) Given 5p and ms= +1212, identify all the possibilities of the four
guantum numbers.

(11) Given 6f, identify all the possibilities of the four quantum numbers.

(12) How many electronscan haven=4andL =17

(13) How many electronscan haven=4,L =1, m. =-2and ms = +1212?

(14) How many electrons can have n =5, L = 3, m =%+ 2 and ms=
+12127?

(15) How many electronscan haven =5, L =4, m_ = +3 and ms = -1212?

sin 2mx
A

, derive the
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(16) How many electronscanhaven=4,L =2, m_ = ++1 and ms =-12127
(17) How many electronscan haven=3,L =3, m_ = +2?
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MODULE 3
Unit 1 Chemistry of the main group element
Unit 2 Second and higher main group elements

UNIT 1 CHEMISTRY OF MAIN GROUP ELEMENT

1.0 Introduction
2.0 Learning Outcome
3.0 ManText
3.1  Periodictrend for Main Group Element
3.2  Hydrogen in the periodic table
3.2.1 Properties of hydrogen
3.2.2 Reactions of hydrogen
3.3.3 Reaction with active metals
3.3.4 Reactions with non-metals
34 TheAlkali metals
4.0 Conclusion
5.0 Summary
6.0 Tutor Mark Assignments
7.0 References/Further Readings

1.0 INTRODUCTION

Themain group is the group of elements (representative elements) whose
lightest members are represented by helium, lithium, beryllium, boron,
oxygen and flourine as arranged in the periodic table of the elements. The
main group includes the elements (except hydrogen, which is sometimes not
included) in groups 1 and 2 (s-block), and groups 13 to 18 (p-block). The s-
block elements are primarily characterised by one main oxidation state, and
the p-block elements, when they have multiple oxidation states, often have
common oxidation states separated by two units.
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The chemistry of the main group depends on the number of valence electron
which also correspond to the group number

Compounds formed by main group elements always strive to satisfy the octet
rule in order to attain the noble gas like el ectronic configurations

20 OBJECTIVES
When you have study this section, you should be able to:

Know those elements in the periodic table that constitute main group
elements

Know periodic trend for main group element

Know the controversial positioning of hydrogen in the periodic table,
their properties and reactions

Understand the chemistry of the alkali metals

3.0 MAIN CONTENT
3.1 Periodictrend for Main Group Element

There are trends in the periodic table that are pretty much determined by the
effective nuclear charge and overall number of electronsin an atom. These
include
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(i)

(i)

(iii)

(iv)

76

Atomic radius decreases as we move from left to right and up the
periodic table. Movement to the right does not increase the number of
electronic orbital or shell but increase the number of electrons added
to the same shell. Addition of more electrons tend to contract the
electronic shell due to increase attraction between electrons and
proton in the nucleus (i.e effective nuclear charge increases). Hence
atomic radius decreases as we move from lower group to higher
group. On the other hand, movement down the group (i.e from lower
row to higher row) is accompanied by additiona orbital indicating
increase in atomic radius.

lonization energy increases as we move from the | eft to the right and
up the periodic table. lonization energy is the energy needed to
remove vaence electron from an atom. The first ionization energy is
the energy needed to remove the most loosely bound electron. Thisis
because as we move from left to right, there is increasing number of
electrons in the valence shell and the strength of the force between
electron and nucleus becomes more stable making it difficult to
remove electron as we move towards the right. Also, as we move
down the group, new electronic orbital is added. The removal of
electron (ionization) becomes more easier as the distance from the
nucleus increases because of decrease in effective nuclear charge (i.e,
less attraction between the nucleus and the outermost electrons)
Electronegativity increases to the right and up the periodic table.
Electronegativity defines the tendency of an atom to accept electron.
The ability to attend the nearest noble gas like configuration increases
(i.e octet configuration) as the number of valence electron increases,
which issignified by movement from left to right of the periodic table.
On the other hand, since movement down the group is effective in
increasing the ability to lose electron, it leads to decrease in
electronegativity and vice versa.

Polarizability increases to the right and down the periodic table.
Polarizability is a measure of the ease of distorting an electron cloud
by an electric field. The electron cloud may belong to an atom or
molecule or ion while the electric field could be caused by an
electrode or anearby cation or anion. Polarizability isrelated to dipole
moment which can be defined as u = aE (where a and E are
polarizability and electric field respectively).
Generally, polarizability increases as the volume occupied by
electrons increases. Polarizability therefore decreases from left to
right. Polarizability increases down on columns of the periodic table.
Likewise, larger molecules are generally more polarizable than
smaller ones. Different compounds also tend to response to effect of
electric field differently. For example, Water isavery polar molecule
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while a kanes and other hydrophobic molecules are more polarizable.
Water with its permanent dipole is less likely to change shape due to
an external electric field. Also, alkanes are the most polarizable
molecules than alkenes and arenes (although alkenes and arenes are
expected to have larger polarizability than alkanes) because of their
higher reactivity compared to akanes. Trend in the variability of
polarizability has significant impact on properties of elements.
Choundhary et al. (2019), atomic polarizability is an essential
theoretical construct to define and correlate many physicochemical
properties. It exhibits periodicity and has a relationship with other
periodic descriptors.

(v)  Non-metallic character increasesto the right and up the periodic table
4. Metasare generally identify asthose element that ionizes by losing
electron while non metals ionizes by gaining electron. Therefore,
since the ability to lose el ectron increases across the period and up the
group, metallic character will decrease in that same trend. Fig. 1
below shoes the periodic table reflecting metals, metalloid and non
metals

_ _ Non MetalﬁsD

10

B Ne
16 17 15

P = Cl Ar

31 32 33 34 35 36
Ga Ge As Se Er Kr
5 46 45 49 50 51 S 53 54
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Fig.1: Location of metals (blue colour), metalloid (red colour) and non
metals (yellow colour) in the periodic table.
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Some general properties of main group elements are:

(i) The second row of the periodic table is unique because overlap of
adjacent 2p orbitals creates bonding and because the significance of
intermolecular hydrogen bonding forces. In contrast, third and higher
rows create expanded orbitals to accommodate additional electrons
with low energy bonds.
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(i)  Most elements except the noble gases form very stable compounds
with itself, whether through metallic bonding, network solids like C,
or small covalent molecules like N2 or Pa.

(iii)  Also, most elements forms hydrides by reacting with hydrogen. Basic
ionic hydrides like NaH are found to the left on the periodic table and
increasingly covalent acidic hydrides like HCI are found to the right
on the periodic table

3.2 Hydrogen in the periodic table

Hydrogen was first isolated and identified as an element by Cavendish in
1766. The element was believed to be many different things. Cavendish
himself thought that it was "inflammable air from metals’, owing to its
production by the action of acids on metals. Prior to Cavendish observation,
Robert Boyle and Paracel sus produced hydrogen from the reactions between
iron and acids while the name, hydrogen was given by Antoine Lavoisier,
meaning water producer. (when when ignited in air). Others thought it was
pure phlogiston because of its flammability. Hydrogen is among the ten most
abundant elements on the planet, but very little is found in elemental form
due to its low density and reactivity. Much of the terrestrial hydrogen is
stocked up in water mol ecules and organi c compounds such as hydrocarbons.
Hydrogen is a colorless, odorless and tasteless gas that is the most abundant
and lightest (with respect to atomic mass) element in the universe. It isalso
the simplest element because it has only one proton and one electron (and no
neutrons in its most common isotope. Some properties of hydrogen are
presented in Table 1.

Table1: Propertiesof hydrogen

Property Value
Atomic number 1
Atomic weight 1.0079
Electronic configuration 1St
Oxidation state +lor-1
Atomic radius 78 pm

Hydrogen hasthreeisotopes whose properties are presented in Table 2 below
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Table 2: Characteristics of isotopes of hydrogen

Characteristics | Hydrogen Deuterium Tritium
Symbol H Hor D SHor T
Molar mass | 1.008 2014 3.016
(g/moal)

Abundance (%) 99.98 0.02 radioactive
Melting point (K) | 14 19 21

Boiling point (K) | 20 24 25

Density (g/L) 0.089 0.18 0.27

3.2.1 Propertiesof hydrogen

Hydrogen can be seen as a metal because it has nst electron configuration
like the alkali metals. However, it varies greatly from the alkali metals as it
forms cations (H*) more reluctantly than the other alkali metals. Hydrogen‘s
ionization energy is 1312 kJ/mol, while lithium (the alkali metal with the
highest ionization energy) has an ionization energy of 520 kJ/mol.

The ability of hydrogen to accept electron from metals or shared electron
with non metals also sort hydrogen as a non metal. It can form hydride (in -
1 oxidation state, i.e hydride anions). Consequently, it is some times placed
above halogen in the periodic table. It is sometimes placed above the
halogens in the periodic table. Hydrogen also forms Haz dihydrogen like
halogens. However, hydrogen is very different from the halogens because it
has a much smaller electron affinity than the halogens.

H> dihydrogen or molecular hydrogen is non-polar with two electrons. There
areweak attractive forces between H> molecules, resulting inlow boiling and
melting points. However, Hxhas very strong intramolecular forces,
Reactionsinvolving H. are generally slow at room temperature due to strong
H—H bond. Hoever, H: is easily activated by heat, irradiation, or catalysis.
Once activated, it can reacts exothermically with many substances at a fast
rate.

Hydrogen also has an ability to form covalent bonds with a large variety of

substances due to its ability to form hydroxyl bonds. It is a good reducing
agent for metal oxidesthat isbelow it inthereactivity series (shownin Fig.2).
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For example,
CuO + Hz2(g) —» Cugy + H20¢g)
Reactivity Scrics

Llemenl
1ithium (1.4}

Decreasing
reactivity

Mezeary (Hg)
Silver (Ag)
Gold (Au)

Platnim (Pt) \/7

Fig. 2: Reactivity seriesfor metal oxides
3.2.2 Reactionsof hydrogen

The low ionization potential of Hydrogen enables it to act as an akali metal:
Higy — Hig + e~
However, it half-filled valence shell (with a 1s' configuration) with one also
causes hydrogen to act like a halogen (non-metal) to gain noble gas
configuration (duplet configuration) by accepting electron
Higy+ e” = Hgy,

3.3.3 Reaction with active metals

Hydrogen accepts e- from an active metal to formionic hydridessuch asLiH.
In such reactions, hydrogen accept electron from the metal and its oxidation
number changes from O to -1. This reaction is similar to the behaviour of
halogen,
Li+H - LiH
Generally, reactions of hydrogen with group 1 metals can be represented as
ZM(S) + Hz(g) 4 ZMH(S)
For example

ZK(S) + HZ(g) - ZKH(S)
The above reaction can be compared with reactions with halogen, for
example,
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Hydrogen also reacts with group two (alkali earth metals) to form hydrides
according to the following equation (which is also comparable with the
reaction of these metals with halogen).

Cacsy + Hygy — CaHy

Cacy + Clygy = CaCly,

3.3. 4 Reactionswith non-metals

Hydrogen forms polar covalent bonds with non metals (unlike metals that
formsionic bond). This is because the active metals are more electropositive
than hydrogen. Some reactions with non metals are presented below,
(i)  With halogen

Hyg) + Clag) = 2ZHCE(g)
(i)  With oxygen

2Hy(g) + O2¢9) = 2H;0g0
The reaction of hydrogen withyoxygen generates upto 47 kJmol of heat
energy. Hydrogen is produced mommercially by reforming reaction, using
nickel catalyst (see equation beliw)

liickel catalyrst

CH4(Q) + HZO e COZ(Q) + 3H2
However, one of the most efficient syntletic route for hydrogen is by
photochemical decomposition of watei] which is a chemical reaction in
which water is broke down into hydrogen and oxygen,
H,0 = Hyg) + Oy

Usefulness of hydrogen include fuel, for the reduction of metal oxide (when
the reaction has negative free energy change) and as a feed stock for the
production of ammonia through Haber process.

34 TheAkali metals
The electronic configurations of the alkaline metals are presented in Table 3
. From the Table, it can be seen that the general formula for the electronic

configuration of the alkali metals is nst, where n is the highest occupied
principal energy level
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Table 3: Atomic number and electronic configuration of alkaline metals

Alkal | Atomic | Electronic configuration In

[ numbe term

metal | r s of
noble
gas

Li 3 |s?2st He2S
1

Na 11 |?25°2p53s! Ne3st

K 19 | $22522pf3s?3pP4s! Ar4st

Rb 37 | £25°2pf35?3pP4s?4pPe5st Kr5st

Cs 55 | £25°2pf35°3pP4s?4pP5s?4d 95p6st Xe6st

Fr 87 | 2252535230452 4p°55?4d 05565241 1450 %6p® | Rn7st

7st

The general properties of the alkaline metals include:

(1) They have a 1s! electronic configuration such that their configuration
differ from that of the nearest rare gas by additional one electron

(i)  The metals have low ionization energy indicating that they can
readily lose one electron (which is the only electron in their valence
shell)

(iif)  Theexhibit metallic properties and can easily oxidised by donating an
electron to form a mono-cation that are always in +1 oxidation state
no matter the compound

(iv)  They have low boiling and melting points and weak bonding as
shown in the table below

(v)  Thereact readily with water and with most substances

(vi)  They form basic hydrides and oxides.

In-Text Question (ITQ)
State the electronic configuration of Cs which has atomic number of 55

SELF ASSESSMENT EXERCISE

I What are the properties of the alkali metal?

i Write equations to show the following reactions
a hydrogen with halogen

b. Hydrogen with oxygen
C. Production of hydrogen by reforming reaction
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d. Production of hydrogen by photochemical decomposition of
water
e State the usefulness of hydrogen

(i)  Withhalogen
Hag) + Clygy = 2HCkg(g)
(i)  With oxygen
2Hy(g) + Oz¢g) = 2H;0(40
Thereaction of hydrogen with oxygen gererates upto 47 kmol of heat
energy.
(iii)  Hydrogen is produced conmmnercially by reforming reaction, using
nickel catalyst (see equationthelow)
liickel catalyrst

CH4(Q) + HZO e COZ(Q) + 3H2
(iv)  However, one of the most effscient synthetic route for hydrogen is by
photochemical decomposition of water which is a chemical reaction
in which water is broke down into hydrogen and oxygen,
H,0 = Hyg) + Oy
(v)  Usefulness of hydrogen include fuel, for the reduction of metal oxide
(when the reaction has negative free energy change) and as a feed
stock for the production of ammonia through Haber process.

4.0 CONCLUSION

The periodic table has significant role in behaviour of elements. Elementsin
the periodic table can generally be classified into metals and non metals.
Classification of metals into actinide, lanthanide and transition metals are
also obtainable. Yet still class of elements called metalloids displayed
properties that are in between metals and non metals.

50 SUMMARY

The periodic table present information on periodicity of properties such as
ionization energy, electron affinity, electronegativity, metalic properties,
ionic character and others. Through the variation of these properties across
the period and down the group, periodicity provides important link towards
the prediction of properties of metals and non metals.

6.0 TUTOR MARK ASSIGNMENTS

1 Explain the controversial position of hydrogen in the periodic Table
2. State the expected variation of the following properties down the
group and across the period in the periodic Table
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() lonization potential
(i)  Electronegativity
(iii)  Polarization

(iv)  Electron affinity
(v)  Metalic character

3. What is the significant of inert pair effect on properties of metals in
the periodic table
4, What is the significant of diagonal line in the periodic table.
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UNIT 2 SECOND AND HIGHER ROW MAIN GROUP
ELEMENTS

1.0 Introduction
2.0 Objectives
3.0 Main Contents

3.1 Group 13
3.2 Group 14
3.3 Group 15
34 Group 16
3.5 Group 17
3.6 Group 18

4.0 Conclusion

50 Summary

6.0 Tutor Mark Assignments
7.0 References/Further Readings

1.0 INTRODUCTION

The second-period element of each group (n = 2: Li, Be, B, C, N, O, and F)
differs in many important respects from that of the heavier members.
Therefore, the elements of the third period (n = 3: Na, Mg, Al, Si, P, S, and
Cl) are generally more representative of the group to which they belong. The
anomal ous chemistry of second-period elementsresults from three important
characteristics namely,

0] Small radii,

(i)  Possession of energetically unavailable d orbitals,

(iit)  The tendency to form pi (1) bonds with other atoms.

The second period elements have electron affinities that are less negative
than would be predicted from general periodic trends because of their small
radii. When an electron is added to such a small atom, increased electron—
electron repulsionstend to destabilize the anion. Also, the small sizes of these
elements prevent them from forming compounds in which they have more
than four nearest neighbours. For example, BFsforms only the four-
coordinate, tetrahedral BF4 ion, whereas under the same conditions
AlF3 forms the six-coordinate, octahedral AlFs®~ ion. Because of the smaller
atomic size, simple binary ionic compounds of second-period elements also
have more covalent character than the corresponding compounds formed
from their heavier congeners. The very small cations derived from second-
period elements have a high charge-to-radius ratio and can therefore polarize
the filled valence shell of an anion. Consequently, the bonding in such
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compounds has a significant covalent component, giving the compounds
properties that can differ significantly from those expected for simple ionic
compounds. For example, LiCl isis partialy covalent in character and is
more soluble than NaCl in solvents with arelatively low dielectric constant,
such as ethanol (¢ = 25.3 versus 80.1 for H20).

It is significant to state that d-orbitals are never occupied for principal
guantum numbers less than 3, therefore, the valence electrons of second-
period elements occupy only 2s and 2p orbitals. Since the energy of the 3d
orbitals far exceeds the energy of the 2s and 2p orbitals, it is not possible to
use 3d orbital for bonding. Consequently, electron configurations with more
than four electron pairs around a central, second-period element are not
observed. Generally, the role of d-orbitals in bonding in main group
compounds with coordination numbers of 5 or higher is somewhat
controversial. Theoretical descriptions of the bonding in molecules such as
SFe have been reported without mentioning the participation of d orbitals on
sulphur. Arguments based on d-orbital availability and on the small size of
the central atom, however, predict that coordination numbers greater than 4
are unusual for the elements of the second period, which isin agreement with
experimental results.

One of the most significant differences between the lightest main group
elements and their heavier congeners is the tendency of the second-period
elements to form species that contain multiple bonds. For example, N isone
step above P in group 15: N2 contains an N=N bond, but each phosphorus
atom in tetrahedral P4 forms three P-P bonds. This difference in behavior
reflects the fact that within the same group of the periodic table, the relative
energies of the pi-bond and the sigma (o) bond differ. A C=C bond, for
example, is approximately 80% stronger than a C-C bond. In contrast, an
Si=S bond is observed with less p-orbital overlap between the valence
orbitals of the bonded atoms (because of the larger atomic size) is only about
40% stronger than an Si-Si bond. Consequently, compounds that contain
both multiple and single C to C bonds are common for carbon, but
compounds that contain only sigma Si-Si bonds are more energetically
favorable for silicon and the other third-period elements.

Another important trend to note in main group chemistry is the chemical
similarity between the lightest element of one group and the element
immediately below and to the right of it in the next group, a phenomenon
known as the diagonal effect. There are, for example, significant similarities
between the chemistry of Li and Mg, Be and Al, and B and Si. Both
BeCl, and AlCl3s have substantial covalent character, so they are somewhat
soluble in nonpolar organic solvents. In contrast, although Mg and Be arein
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the same group, MgCl> behaves like a typical ionic halide due to the lower
electronegativity and larger size of magnesium.

Theinert-pair effect

Inert pair effect is the empirical observation that the heavier elements of
groups 13-17 often have oxidation states that are lower by 2 than the
maximum predicted for their group. For example, although an oxidation state
of +3 is common for group 13 elements, the heaviest element in group 13,
thalium (TI), is more likely to form compounds in which it has a +1
oxidation state. The observed character has been attributed to increasing
ionization energies and decreasing bond strengths.

The ionization energies increase because filled (n — 1)d or (n — 2)f subshells
are relatively poor at shielding electrons in ns orbitals. Therefore, the two
electrons in the ns subshell experience an unusually high effective nuclear
charge, so they are strongly attracted to the nucleus, reducing their
participation in bonding. This creates difficulty in removing the two ns
electrons by the difference between the first ionization energies of thallium
and aluminum. Because Tl isless likely than Al to lose itstwo ns? electrons,
its most common oxidation state is +1 rather than +3.

Table.1: lonization and M-Cl bond energy for group 13 elements

Element | Electronic | &Imoly + 1,4+ 13| Average M-
configuration (kJ/mol) | ClI bond

ener gy
(kJ/mal)

B [He]2522p! 801 6828 536

Al [Ne]3s?3p! 578 5139 494

Ga [Ar]3d1%4s?4p! 579 5521 481

In [Kr]4d95s%5p! 558 5083 439

Tl [X€]4d10501%6s%6pt | 589 5439 373

Source of data: John A. Dean, Lange’s Handbook of Chemistry, 15th ed.
(New York: McGraw-Hill, 1999)

Going down a group, the atoms generally became larger, and the overlap
between the valence orbitals of the bonded atoms decreases. Consequently,
bond strengths tend to decrease down a column. As shown by the M—CI bond
energieslisted in the above table, which reveals that the strength of the bond
between a group 13 atom and a chlorine atom decreases by more than 30%
from B to TI. Similar decreases have been reported for atoms in groups 14
and 15.

The net effect of these two factors—increasing ionization energies and
decreasing bond strengths—is that in going down a group in the p-block, the
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additional energy released by forming two additional bonds eventually is not
great enough to compensate for the additional energy required to remove the
two ns? electrons.

20 OBJECTIVES

know and classify the elementsincluded in groups 13 to 18
Understand electronic configuration of groups 13 to 18 elements
Know the concept of inert pair effect

Know reactions involving groups 13 to 18 elemenents

Know the application of some of the elementsin groups 13 to 18

3.0 MAIN CONTENT
3.1 Group 13 elements

Group 13 elements are the set of elements that boarder the diagonal line in
the periodic table. Most group 13 elements are reductants and are less
powerful than the alkali and alkaline earth metals. However, their oxides are
thermodynamically stable, such that large amounts of energy are needed for
their isolation. The most abundant element in this group is boron and
aluminum.

3.1.1 Preparation

Although boron isrelatively rare (it is about 10,000 times less abundant than
aluminium). Boron is produced on a large scae by reacting borax
([Na2B4Os(OH)4-8H20] ) with acid to produce boric acid [B(OH)z], whichis
dehydrated to the oxide (B:0s). Redustion of the oxide with magnesium or
sodium gives amorphous boron that istabout 95% pure:

. acid A
Na;B,05(0H),.8H;0 5y —> B(OH)3(5) > B;03(5)

B,03(s 3 2B+ 3M, ~
Although it maybe difficult to obtain pure, crystalline boron because of its
high melting point (2300 °C) and the high corrosive nature of liquid boron,
it can be prepared by reducing pure BCl3with hydrogen gas at high
temperatures or by the thermal decomposition of boron hydrides such as
diborane (B2He):

3 A
BC.’.3(Q) + EHZ(Q) -2 B(s) + BHCZ(Q)
A
ByHgg) = 2B(s) + 3Hyy)
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The reaction involving the reduction of BCls by H> is significant because it
isused to prepare boron fibers, which are stiff and light. Hence, they are used
as structural reinforcing materials in objects as diverse as the US space
shuttle and the frames of lightweight bicyclesthat are used in races. Boronis
aso an important component of some ceramics and heat-resistant
borosilicate glasses, such as Pyrex, which is used for ovenware and
laboratory glassware.

On the other hand, deposits of aluminum ores such as bauxite, a hydrated
form of Al2Os, are abundant. With an electrical conductivity about twice that
of copper on aweight for weight basis, aluminum is used in more than 90%
of the overhead electric power lines in most countries. However, because
aluminum—oxygen compounds are stable, obtaining auminum metal from
bauxite is an expensive process. However, aluminum is extracted from oxide
ores by treatment with a strong base, which produces the soluble hydroxide
complex [AlI(OH)4]". Neutralization of the resulting solution with gaseous
CO2 results in the precipitation of AI(OH)s:
2[AL(OH) 4] (aq) + COzgy — 2AL(0H)3(5) + CO34qy + H20(

Thermal dehydration of AI(OH)s produces Al>O3, while metallic aluminum
is obtained by the electrolytic reduction of Al>Oz using the Hall-Heroult
process. Aluminum is the most useful group 13 elements (also useful in
aircraft).

The other members of group 13 arerelatively rare. Gallium is approximately
5000 times less abundant than aluminum, and indium and thallium are much
scarcer. Consequently, these metals are usually obtained as by-products in
the processing of other metals. The extremely low melting point of gallium
(29.6°C), however, makes it easy to separate it from aluminum. Due to its
low melting point and high boiling point, gallium is used as a liquid in
thermometers that have a temperature range of almost 2200 °C.

Indium and thallium are the heavier group 13 elements and are found astrace
impuritiesin sulfide ores of zinc and lead. Indium is used as a crushable seal
for high-vacuum cryogenic devices, and its alloys are used as low-melting
solders in electronic circuit boards. Thallium, on the other hand, is so toxic
that the metal and its compounds have few uses. Both indium and thallium
oxides are released in flue dust when sulfide ores are converted to metal
oxides and SO-.
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3.1.2 Reactions

Elemental boron isasemimetal that is remarkably unreactive while the other
group 13 elements exhibit metallic properties and reactivity. All group 13
elements have fewer valence el ectrons than valence orbitals, which generally
resultsin delocalized, metallic bonding. With its high ionization energy, low
electron affinity, low electronegativity, and small size, however, boron does
not form ametallic lattice with delocalized valence electrons. Instead, boron
forms unique and intricate structures that contain multicenter bonds, in which
apair of electrons holds together three or more atoms.

The basic building block of elemental boron is not the individual boron atom
but the B1> icosahedron. Theseicosahedra do not pack together very well, the
structure of solid boron contains voids, resulting in itslow density.

Elemental boron can be induced to react with many nonmetallic elements to

give binary compounds that have a variety of applications. For example,

plates of boron carbide (B4C) can stop a 30-caliber, armor-piercing bullet,

yet they weigh 10%-30% less than conventional armor. Other important

compounds of boron with nonmetals include

() boron nitride (BN), which :s produced by heating boron with excess
nitrogen

A
(i)  boron oxide (B203), which is formed when boron is heated with
eXCess oxygen

A
48(5) + 032(9) - 28203
(iii)  boron trihalides (BX3), which are formed by heating boron with
excess halogen

A
ZB(S) + 3X2(g) —)ZBX3(Q)
Asis typical of elements lying near the dividing line between metals and
nonmetals, many compounds of boron are amphoteric, dissolving in either
acid or base.

Boron nitride has some similarities with elemental carbon. With eight
electrons, the B—N unit isisoelectronic with the C-C unit, and B and N have
the same average size and electronegativity as C. The most stable form of n
compound (i.e BN) is similar to graphite, containing six-membered
B3Ns rings arranged in layers. At high temperature and pressure, hexagonal
BN isconverted to acubic structure similar to diamond, which is one of the
hardest known substances. Boron oxide (B20s3) contains layers of trigonal
planar BO3 groups (anal ogous to BX3) in which the oxygen atoms bridge two
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boron atoms. It dissolves many metal and nonmetal oxides, including SO,
to give awide range of commercially important borosilicate glasses. A small
amount of CoO gives the deep blue color characteristic of cobalt blue glass.

At high temperatures, boron also reactswith virtually all metalsto give meta

boridesthat contain regular three-dimensional networks, or clusters, of boron
atoms. Boron can aso form compounds (which contain multicentre bonds),
that cannot be explained with simple bonding theories. An example is
diborane (B2He) whoch contains two bridging hydrogen atoms (shown in the
figure below).

(a) BoHg (b) AlL,Clg

Fig. 1. The Structures of diborane (B2Hs) and aluminum chloride (Al2Cls).
(& The hydrogen-bridged dimer B:He contains two three-center, two-
electron bonds as described for the BoH7™ ion in Fig. 1 (b) In contrast, the
bonding in the halogen-bridged dimer Al>Cle can be described in terms of
electron-pair bonds, in which a chlorine atom bonded to one aluminum atom
actsasal ewisbase by donating alone pair of el ectronsto another aluminum
atom, which actsasa Lewis acid.

An extraordinary variety of polyhedral boron-hydrogen clusters is not
uncommon. For example the BioH12?~ ion, which has a polyhedral structure
similar to theicosahedral B12 unit of elemental boron, with asingle hydrogen
atom bonded to each boron atom. A related class of polyhedral clusters, the
carboranes, contain both CH and BH units (see Fig. 2). Replacing the
hydrogen atoms bonded to carbon with organic groups have been found to
produces substances with novel properties, some of which are currently being
investigated for their use as liquid crystals and in cancer chemotherapy.
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By,H2
i BlOC2H12

Fig. 2: Structure of B12H12> and B1oC2H12

The enthalpy of combustion of diborane (B2Hs) is -2165 kJ/mol, which is
one of the highest known values.

BzHﬁ(g) + 302(9) 4 BzOg(g) + 3H2 0([) AHgomb = —2165 k]/mol

The above reaction can be compared with the combustion of ethane, which
also yield oxide of carbon and water but with lower enthalpy value

CoHe(gy + goz(g) — 2C0,4 + 3H,0(y AHym, = —1560.70k] /mol
Boron hydrides were used as rocket fuels upto 1960s but was discontinued
because boron hydrides are unstable, costly, and toxic. Also, B20Os is highly
highly abrasive to rocket nozzles. Reactions carried out during this
investigation, however, showed that boron hydrides exhibit unusual
reactivity.

Also, boron and hydrogen have closely similar electronegativities, the
reactions of boron hydrides are dictated by minor differences in the
distribution of electron density in agiven compound. In general, two distinct
types of reaction are observed. The first is electron-rich species (such as the
BH4~ ion) which are reductants, whereas el ectron-deficient species (such as
B2Hs) act as oxidants.
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Al, Ga, In, and Tl can react readily with the halogens to form compounds
with a 1:3 stoichiometry:
2M(9)+3X 25,9 » 2MX3(s) O M2Xg(s)

Thereaction of Tl with iodineis an exception. However, the product hasthe
stoichiometry Tll3, it is not thallium(l11) iodide, but rather a thallium(l)
compound, the TI* salt of the triiodide ion (I37). This compound is formed
because iodine is not a a very strong oxidant to oxidize thallium to the +3
oxidation state.

Among all the halidesformed by higher group 13 elements, only the fluorides
exhibit behaviors that are typical to ionic compound: they have high melting
points (>950°C) and low solubility in nonpolar solvents. However, the
trichorides, tribromides, and triiodides of aluminium, gallium, and indium,
aswell as TIClz and TIBrs, are more covalent in character and form halogen-
bridged dimers. Although the structure of these dimersis similar to that of
diborane (B2Hs), the bonding can be described in terms of electron-pair
bonds rather than the delocalized electron-deficient bonding found in
diborane.

In water, the halides of the group 13 metals hydrolyze to produce the metal
hydroxide M X3+3H207) - M(OH)3(9+3HX (ag)

Also, Alx(SOa)sis used to clarify drinking water by the precipitation of
hydrated Al(OH)s, which traps particul ates. The halides of the heavier metals
(In and TI) are less reactive with water because of their lower charge-to-
radius ratio. Instead of forming hydroxides, they dissolve to form the
hydrated metal complex ions; [M (H20)6]3".

Aluminum, gallium, and indium also react with the other group 16 elements
(chalcogens) to form chal cogenides with the stoichiometry MY 3. However,
because TI(I11) is a very strong oxidant, it forms a stable compound with
electron-rich anions such as $*°, S¢?7, and Te?". Thalium forms only the
thallium(l) chalcogenides with the stoichiometry Tl2Y. Only aluminium,
(like boron) reacts directly with N> (at very high temperatures) to give AIN,
which is used in transistors and microwave devices as a nontoxic heat sink
because of its thermal stability; GaN and InN can be prepared using other
methods.

All the metals, except Tl, also react with the heavier group 15 elements
(pnicogens) to form the so-called 111-V compounds, such as GaAs. These are
semiconductors, whose electronic properties, such as their band gaps, differ
from those that can be achieved using either pure or doped group 14

93



CHM 204 MODULE 3

elements. For example, nitrogen- and phosphorus-doped gallium arsenide
(GaAs1-x-yPxNy) is used in the displays of calculators and digital watches.
All group 13 oxides dissolve in dilute acid, but Al.Oz and GaOs are
amphoteric. Unlike boron, the heavier group 13 elementsdo not react directly
with hydrogen. Only the aluminum and gallium hydrides are known, but they
must be prepared indirectly; AlHzis an insoluble, polymeric solid that is
rapidly decomposed by water, whereas GaHszis unstable at room
temperature.

3.1.3 Complex formation

Boron has a relatively limited tendency to form complexes, but auminum,
galium, indium, and, to some extent, thallium form many complexes. Some
of the simplest are the hydrated metal ions [M (H20)e*], which are relatively
strong Brensted-Lowry acids that can lose a proton to form the
M(H20)s(OH)*" ion:

[M(Hzo)e]?;q) - M(H,0)s(H! )?;q) + H(-L,q)

<

Oxalate ion

Al3+-oxalate complex
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Group 13 metal ions also form stable complexes with species that contain
two or more negatively charged groups, such asthe oxalateion. The stability
of such complexes increases as the number of coordinating groups provided
by the ligand increases.

In-Text Question (ITQ)

Based on the positions of the group 14 elements C, Si, Ge, Sn, and Pb in the

periodic table and the general trends outlined in this section,

(i) classify these elements as metals, semimetals, or nonmetals.

(i)  predict which element forms the most stable compounds in the +2-
oxidation state.

(iii)  predict which element differs the most from the others in its
chemistry.

(iv)  predict which element of group 14 will be chemically most similar to
agroup 15 element.

3.2 Group 14 elements

The elements in group 14 display greater range of chemical behavior than
any other family in the periodic table. Three of the five elements, (including
carbon, tin, and lead) are the commonest elements in this group. Activated
carbon is afinely divided form of carbon that is produced from the thermal
decomposition of organic materials, such as sawdust. It has strong adsorption
capacity for most organic and sulphur containing compounds. Therefore,
activated carbon is used to decolorize foods, such as sugar, and to purify
gases and wastewater.

3.2.1 Preparation and General Properties of Carbon

Pure graphite can be obtained by reacting coke (an amorphous form of carbon
used as a reductant in the production of steel) with silica to give silicon
carbide (SiC). The SiC is decomposed at very high temperatures (2700 °C)
to give graphite according to the following equations

Si0y5) + 3C(s) = SiC) + 2C0y

SiCs) v Sisy + Cigraphite)

Diamond is an allotrope of carbon that is metastable under normal
conditions, with a AG°s of 2.9 kJJmol against graphite. However, at any
pressures greater than 50,000 atm, the diamond structure is favored and is
the most stable form of carbon. Since the structure of diamond is more
compact than that of graphite, its density is significantly higher (3.51
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g/cm? versus 2.2 g/cm?). Because of its high thermal conductivity, diamond
powder is used to transfer heat in electronic devices.

The most common sources of diamonds on Earth are ancient volcanic pipes
that contain arock called kimberlite, alavathat solidified rapidly from deep
inside the Earth. Most kimberlite formations, however, are much newer than
the diamonds they contain

3.2.2 Reactionsand Compounds of Carbon

Carbon is the building block of all organic compounds, including
biomolecules, fuels, pharmaceuticals, and plastics, whereas inorganic
compounds of carbon include metal carbonates, which are found in
substances as diverse as fertilizers and antacid tablets, halides, oxides,
carbides, and carboranes. Like boron in group 13, the chemistry of carbon
differs sufficiently from that of its heavier congeners to merit a separate
discussion.

The structures of the allotropes of carbon—diamond, graphite, fullerenes,
and nanotubes—are distinct, but they all contain simple electron-pair bonds.
Althoughit wasoriginally believed that fullerenes were anew form of carbon
that could be prepared only in the laboratory, fullerenes have been found in
certain types of meteorites. Another possible allotrope of carbon has also
been detected in impact fragments of a carbon-rich meteorite; it appears to
consist of long chains of carbon atoms linked by alternating single and triple
bonds, (-C=C-C=C-)n. Carbon nanotubes (“buckytubes”) are being studied
as potential building blocks for ultramicroscale detectors and molecular
computers and as tethers for space stations. They are currently used in
electronic devices, such as the electrically conducting tips of miniature
electron guns for flat-panel displaysin portable computers.

Carbon tetrahalides (CX4) are known compound, however, they can not be
obtained by the direct reaction of carbon with the elemental halogens (X>)
but by indirect methods such as the reaction of methane ith halide (X = Cl or
Br) as shown in the following equation

CHyg) + 4Xag) = CXag) + AH. (g)
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CF., Cl,

All carbon tetrahalides all have tetrahedral geometry predicted by the
valence-shell electron-pair repulsion (V SEPR) model, as shown for CCl4 and
Cls. Their stability decreases rapidly with the size of the halogen because of
poor orbital overlap and increased crowding. Because the C-F bond is about
25% stronger than a C-H bond, fluorocarbons are thermally and chemically
more stable than the corresponding hydrocarbons, while having a similar
hydrophobic character. A polymer of tetrafluoroethylene (F.C=CF,),
analogous to polyethylene, is the nonstick Teflon lining found on many
cooking pans, and similawcompounds are used to make fabrics stain resistant
(such as Scotch-Gard) orwaterproof but breathable (such as Gore-Tex).

.159.71_2504((3;?) + l [

Carbon monoxide also reacts with the halogens to form the oxohalides
(COX2). The commonest oxohalides is phosgene (Cl.C=0), which is highly
poisonous and was used as a chemical weapon during World War |:

CO(Q) + Clz(g) - CZZC = O(g)

Despite its toxicity, phosgene is an important industrial chemical that is
prepared on alarge scale, primarily in the manufacture of polyurethanes.
Carbon dioxide can be prepared on asmall scal e by reacting almost any metal
carbonate or bicarbonate salt with a strong acid. Asistypical of a nonmetal
oxide, CO; reacts with water to form acidic solutions containing carbonic
acid (H2COg). In contrast to its reactions with oxygen, reacting carbon with
sulphur at high temperatures produces carbon disulfide asthe only product
() T 25g) = €S

The selenium analog CSe: is also known. Both have the linear structure
predicted by the VSEPR model, and both are vile smelling (and in the case
of CSey, highly toxic), volatile liquids. The sulphur and selenium analogues
of carbon monoxide, CS and CSe, are unstable because the C=Y bonds (Y is
Sor Se) are much weaker than the C=0 bond due to poorer pi-orbital overlap.
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Binary compounds of carbon with less electronegative elements are called
carbides. The chemical and physical properties of carbides depend strongly
on the identity of the second element, resulting in three general classes: ionic
carbides, interstitial carbides, and covalent carbides. The reaction of carbon
at high temperatures with electropositive metals such as those of groups 1
and 2 and aluminum produces ionic carbides, which contain discrete metal
cations and carbon anions. The identity of the anions depends on the size of
the second element. For example, smaller elements such as beryllium and
aluminum give methides such as Be-C and Al4Cs, which formally contain the
C* ion derived from methane (CH4) by losing al four H atoms as protons.
In contrast, larger metals such as sodium and calcium give carbides with
stoichiometries of NaC, and CaC,. Because these carbides contain the
C* ion, which is derived from acetylene (HC=CH) by losing both H atoms
as protons, they are more properly called acetylides. Reacting ionic carbides
with dilute aqueous acid resultsin protonation of the anionsto give the parent
hydrocarbons: CH4 or C2H». For many years, miners’ lamps used the reaction
of calcium carbide with water to produce a steady supply of acetylene, which
was ignited to provide a portable lantern.

The reaction of carbon with most transition metals at high temperatures
produces interstitial carbides. Due to the less electropositive nature of the
transition metals, these carbides contain covalent metal—carbon interactions,
which result in different properties. Most interstitial carbides are good
conductors of electricity, have high melting points, and are among the hardest
substances known. Interstitial carbides exhibit a variety of nominal
compositions, and they are often nonstoichiometric compounds whose
carbon content can vary over a wide range. Among the most important are
tungsten carbide (WC), whichisused industrially in high-speed cutting tools,
and cementite (Fez:C), which is amajor component of steel.

Elements with an electronegativity similar to that of carbon form covalent
carbides, such as silicon and boron carbides. These substances are extremely
hard, have high melting points, and are chemically inert. For example, silicon
carbide is highly resistant to chemical attack at temperatures as high as 1600
°C. Becauseit also maintainsits strength at high temperatures, silicon carbide
isused in heating elements for electric furnaces and in variable-temperature
resistors.

In-Text Question (ITQ)

Explain (using suitable equations) how you can obtain pure graphite from
coke
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In-Text Question (ITQ)
What is the general geometry of carbon tetrahalides compare to CCl4?

In-Text Question (ITQ)
Write equation for the production of carbon tetrahalides and explain how it
can be produced

In-Text Question (ITQ)
With the aid of suitable equations, state how BN, B20Osz and BX3 can be
produced

In-Text Question (ITQ)
Explain the advantage of aluminum sulphate over halides of heavier metals
(Inand TI) for the purification of water

In-Text Question (ITQ)

Explain how semiconductors are formed between metals and group 15
elements. Hence state the advantage of semiconductor formed in this way
over others

In-Text Question (ITQ)
Consider the reaction between carbon monoxide and chlorine. What is the
industrial application of the reaction and also the environmental impact?

In-Text Question (ITQ)
Why is the bond between carbon and the heavier chal cogenides weak?

In-Text Question (ITQ)
What is carbide, what are the factors that affect its chemical and physical
properties? Hence list the three types of carbide that you know

In-Text Question (ITQ)
Write short note on interstitial carbides

In-Text Question (ITQ)
Explain how covalent carbides are formed and what their genera
characteristics are. Give suitable example to justify your answer

In-Text Question (ITQ)

What are the types of carbides formed by groups 1 and 2 and by transition
metal elements?
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In-Text Question (ITQ)
For each reaction, explain why the given product forms.

(i) CO) + Clyg — Cl2C=0(g
(i) CO(g) + BF3g) » F3B:C=0(g)
(@iii)  Srg +2C ——A-SrCys

3.3 Group 15 elements

The lightest member of group 15 element is nitrogen. Nitrogen is a free
element which constitute about 78% by volume of air. However, among all
the pnicogens elements, nitrogen was the last to be discovered through the
work of Daniel Rutherford/Joseph Black (1772) and Antoine Lavioiser.

About 90% of the nitrogen produced today is used to provide an inert
atmosphere for processes or reactions that are oxygen sensitive, such as the
production of steel, petroleum refining, and the packaging of foods and
pharmaceuticals.

3.3.1 Preparation and General Properties of Nitrogen

The major source of nitrogen gasisthe atmosphere. Distillation of liquefied
air produces nitrogen gas of purity greater than 99.99%. Laboratory
production of pure nitrogen gas can be obtained from the thermal
decomposition of sodium azide according to the following equation
ZNCIN3(S) - ZNQ(U + 3N2(g)

The Earth’s crust is relatively poor in nitrogen. The only important nitrogen
ores are large deposits of KNOs and NaNOz in the deserts of Chile and
Russia, which are believed to have been formed when ancient alkaline lakes
evaporated. Therefore, most nitrogen compounds produced on an industrial
scale use atmospheric nitrogen as the starting material. Phosphorus, which
constitutes only about 0.1% of Earth’s crust, is much more abundant in ores
than nitrogen. Like aluminum and silicon, phosphorus is always found in
combination with oxygen, and large inputs of energy are required to isolate
it.

3.3.2 Reactions and Compounds of Nitrogen
Like carbon, nitrogen has four valence orbitals (one 2s and three 2p), so it

can participate in with four electron-pair bonds by using sp® hybrid orbitals.
Unlike carbon, however, nitrogen does not form long chains because of
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repulsive interactions between lone pairs of electrons on adjacent atoms.
These interactions become important at the shorter internuclear distances
encountered with the smaller, second-period elements of groups 15, 16, and
17. Stable compounds with N—N bonds are limited to chains of no more than
three N atoms, such as the azide ion (N3").

Nitrogen isthe only pnicogen that normally forms multiple bonds with itself
and other second-period elements, using m overlap of adjacent np orbitals.
Thus the stable form of elemental nitrogen is N2, whose N=N bond is so
strong (Dn=n = 942 kJ/mol) compared with the N-N and N=N bonds (Dn-n =
167 kJ/mol; Dn=n = 418 kJmol) that all compounds containing N-N and
N=N bonds are thermodynamically unstable with respect to the formation of
N2. In fact, the formation of the N=N bond is so thermodynamically favored
that virtually all compounds containing N-N bonds are potentially explosive.

In contrast to carbon, nitrogen undergoes only two important chemical
reactions at room temperature: The first is the reaction with metallic lithium
to form lithium nitride, which is reduced to ammonia by certain
microorganisms. At higher temperatures, however, N reacts with more
electropositive elements, such as those in group 13, to give binary nitrides,
which range from covalent to ionic in character. Like the corresponding
compounds of carbon, binary compounds of nitrogen with oxygen, hydrogen,
or other nonmetals are usually covalent molecular substances.

NO N,O NO,

Few binary molecular compounds of nitrogen are formed by direct reaction
of the elements. At elevated temperatures, N»reacts with H>to form
ammonia, with Oz to form a mixture of NO and NO-, and with carbon to
form cyanogen (N=C-C=N); elemental nitrogen does not react with the
halogens or the other chalcogens. However, all the binary nitrogen halides
(NX3) are known (excepr NFs) and are toxic, thermodynamically unstable,
and potentially explosive. They are prepared by reacting the halogen with
NHs rather than N.. Both nitrogen monoxide (NO) and nitrogen dioxide
(NO2) are thermodynamically unstable, with positive free energies of
formation. Unlike NO, NO: reacts readily with excess water, to form a 1:1
mixture of nitrous acid (HNO.) and nitric acid (HNOs) according to the
following equation
ZNOyg) + Ho0y = Hi 309 + HI 3@q)

101



CHM 204 MODULE 3

Nitrogen also forms N2O (dinitrogen monoxide, or nitrous oxide), a linear
molecule that isisoelectronic with CO. and can be represented as "N=N*"=0.
Like the other two oxides of nitrogen, nitrous oxide is thermodynamically
unstable. The structures of the three common oxides of nitrogen are as
follows:

At elevated temperatures, nitrogen reacts with highly electropositive metals
to form ionic nitrides, such as LisN and CagN2. These compounds consist of
ionic lattices formed by M™ and N3 ions. Just as boron forms interstitial
borides and carbon forms interstitial carbides, with less electropositive
metals nitrogen forms a range of interstitial nitrides, in which nitrogen
occupies holes in a close-packed metallic structure. Like the interstitial
carbides and borides, these substances are typically very hard, high-melting
materials that have metallic luster and conductivity.

Nitrogen also reacts with semimetals at very high temperatures to produce
covaent nitrides, such as SisN4 and BN, which are solids with extended
covaent network structures similar to those of graphite or diamond.
Consequently, they are usually high melting and chemically inert materials.
Ammonia (NHs) is one of the few thermodynamically stable binary
compounds of nitrogen with & nonmetal. It is not flammable in air, but it
burnsin an O. atmosphere
4NH3(9) + 302(9) - NZ(g) + 6H20(g)

About 10% of the ammonia produced annually is used to make fibers and
plastics that contain amide bonds, such as nylons and polyurethanes, while
5% is used in explosives, such as ammonium nitrate, TNT (trinitrotoluene),
and nitroglycerine. Large amounts of anhydrous liquid ammonia are used as
fertilizer.

Nitrogen forms two other important binary compounds with hydrogen.
Hydrazoic acid (HN3), also called hydrogen azide. Hydrogen axide is a
colorless, highly toxic, and explosive substance. Hydrazine (N2Ha) is also
potentially explosive; it isused as arocket propellant and to inhibit corrosion
in boilers.

In-Text Question (ITQ)
Why isit difficult for nitrogen to form long chain molecules unclike carbon?

In-Text Question (ITQ)
How can you prepare nitrogen in the laboratory?
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In-Text Question (ITQ)

What is the product of reaction of nitrogen with semi-metals, highly and less
electropositive metals at high temperature? Compare the products with those
of by carbide and borides.

In-Text Question (ITQ)
What is the reaction that is ssmple between the transition metals and N, B
and C?

In-Text Question (ITQ)
For each reaction, explain why the given products form when the reactants
are heated.

(i)  Srg+N20g ® SO + Nz
(i) NH4NO2 ® N2(g + 2H20(g)
(iii)  Pb(NO3)2 ® PbOos)+ 2NOxg)

In-Text Question (ITQ)

Predict the product(s) of each reaction and write a balanced chemical
equation for each reaction.

NO() + H20() ®

NH4NO3ig ®

Sts) + Nz(g) -

34 Group 16 elements

Themajor element in group 16 isoxygen. Thefamily iscalled the chal cogens
and consists oxygen, sulphur, selenium, tellurium and polonium. These
elements are found in nature in both free and combined states. The
chalcogens have significant rolein life for example, oxygenis needed at time
throughout our lives, sulphur isalso one of the essential elementsresponsible
for some of the protein structures in all living organisms. Many industries
utilize sulphur, but emission of sulphur compounds is often seen more as a
problem than the natura phenomenon. The metallic properties of this
increase as the atomic number increases. The el ement polonium has no stable
isotopes, and the isotope with mass number 209 has the longest half life of
103 years.
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3.4.1 Propertiesand Periodic Trends

Properties of oxygen are very different from other el ements of the group, but
they all have 2 electionsin the outer sorbital, and 4 electronsin the p orbitals,
usually written as sp*

The electron configurations for each element are given below:

Oxygen: 1* 2¢* 2p*

Sulphur: 1s? 2%p° 3s%p*

Selenium: 1s? 25°p® 3s%pPd® 4%p*

Tellurium: 1% 25°p® 35?p8d™® 4s5°pd*? 55°p*
Polonium: 1? 25%p® 35?p®d™? 45°pfdof14 55°pfd® 65°p*

Periodic trend of the chalcogens can be summarized as follows,

(i) The metallic properties increase in the order oxygen, sulphur,
selenium, tellurium, or polonium. Polonium is essentially a metal. It
was discovered by M. Curie, who named it after her native country
Poland.

(i)  Electronegativity, ionization energy (or ionization potential 1P), and
electron affinity decrease for the group as atomic weight increases.

(iii)  Theatomic radii and melting point increase.

(iv)  Oxygen differs from sulphur in chemical properties due to its small
size. The differences between OO and SSare more than the
differences between other members.

Metallic character increases down the group, with tellurium classified as a
metalloid and polonium as a metal. Melting point, boiling point, density,
atomic radius, and ionic radius all increase down Table 2 : Some properties
of group 16 elements

Oxygen Sulphur | Selenium | Tellurium | Polonium
Bailing Pt (°C) -182.962 | 444.674 | 685 989.9 962
lonization Energy (kJ/mol) 1314 1000 941 869 812
lonic Radius (pm) 140 184 198 221

the group. lonization energy decreases down the group. The most common
oxidation stateis-2; however, sulphur can also exist at a+4 and +6 state, and
+2, +4, and +6 oxidation states are possible for Se, Te, and Po.

Oxygen isagas at room temperature and 1 atm, and is colourless, odourless,
and tasteless. It is the most abundant element by mass in both the Earth's
crust and in the human system. It is second to nitrogen as the most abundant
element in the atmosphere. There are many commercia usesfor oxygen gas,

104



CHM 204 STRUCTURE AND BONDING

which is typicaly obtained through fractional distillation. It is used in the
manufacture of iron, steel, and other chemicals. It is also used in water
treatment, as an oxidizer in rocket fuel, for medicina purposes, and in
petroleum refining.

Oxygen has two alotropes which are O and Os. Dioxygen is the most
common form of the element. The Oz bond is very strong, and oxygen can
also form strong bonds with other elements. However, compounds that
contain oxygen are considered to be more thermodynamically stable than Os..
On the other hand, ozone is a pal e-blue poisonous gas with a strong odour. It
isavery good oxidizing agent than dioxygen and can be used as a substitute
for chlorine in purifying drinking water without giving the water abnormal
taste. However, because of its unstable nature, it can disappears and |leaves
the water unprotected from bacteria. Ozone at very high altitudes in the
atmosphere is responsible for protecting the Earth's surface from ultraviolet
radiation; however, at lower altitudes it becomes a major component of
smog.

Oxygen's primary oxidation statesare-2, -1, 0, and -1/2 (in O2), but -2 isthe
most common. Typically, compounds with oxygen in +2 oxidation state are
called oxides. When oxygen reacts with metals, it forms basic oxidesthat are
mostly ionic in nature because they can dissolve in water and react to form
hydroxides. Nonmetal oxides, which form covalent bonds, are smple
molecules with low melting and boiling points and are capable of forming
acid if dissolvein water.

Compounds with oxygen in an oxidation state of -1 are referred to
as peroxides. For example, H202, NaO; and BaO2. When oxygen has an
oxidation state of -1/2, asin 0, , the compound is called a superoxide.
Oxygenisrarely the central atom in astructure and can never bond with more
than 4 elements due to its small size and its inability to create an expanded
valence shell. Oxygen reacts with hydrogen to form water, which is
extensively hydrogen-bonded, has a large dipole moment, and is considered
an universal solvent.

There are awide variety of oxygen-containing compounds, both organic and
inorganic: oxides, peroxides and superoxides, alcohols, phenols, ethers, and
carbonyl-containing compounds such as adehydes, ketones, esters, amides,
carbonates, carbamates, carboxylic acids and anhydrides.

Sulphur

Sulphur is a solid at room temperature and at 1 atm pressure. It is usually
yellow, tasteless, and nearly odourless. It is the sixteenth most abundant
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element in Earth's crust. It exists naturally in a variety of forms, including
elemental sulphur, sulfides, sulfates, and organosul phur compounds. Sul phur
is usually mined using the Frasch process, which is useful for recovering
sulphur from deposits that are under water or quicksand. Sulphur produced
from this processis used in avariety of waysincluding in vulcanizing rubber
and as fungicide to protect grapes and strawberries.

Sulphur isunique in its ability to form awide range of alotropes, more than
any other element in the periodic table. The most common state is the solid
S ring because it is the most thermodynamically stable form at room
temperature. Sulphur exists in the gaseous form in five different forms (S,
S, &4, S6, and Sg). In order for sulphur to convert between these compounds,
sufficient heat must be supplied.

Two common oxides of sulphur are sulphur dioxide (SO.) and sulphur
trioxide (SOs). Sulphur dioxide is formed when sulphur is combusted in air,
producing atoxic gas with a strong odour. These two compounds are used in
the production of sulphuric acid, whichisused in avariety of laboratory and
industrial reactions. Sulphuric acid is one of the top manufactured chemicals
in most industrialised countries and are primarily used in the manufacture of
fertilizers.

Sulphur also exhibits various oxidation states ranging from -2 to +6. It often
serves as the central ion in a compound and can easily form bond with up to
6 atoms. In the presence of hydrogen, it forms hydrogen sulfide, H2S, a
poisonous gas incapable of forming hydrogen bonds and with a very small
dipole moment. Hydrogen sulfide can easily be recognized by its strong
odour that is similar to that of rotten eggs, but thissmell can only be detected
at low, nontoxic concentrations. This reaction with hydrogen differentiate
between oxygen and sulphur despite their common valence electron
configuration and common nonmetallic properties.

A variety of sulphur-containing compounds exist but most of them are
organic. The prefix thio- in from of the name of an oxygen-containing
compound means that the oxygen atom has been substituted with a sulphur
atom. General categories of sulphur-containing compounds include thiols
(mercaptans), thiophenols, organic sulfides (thioethers), disulfides,
thiocarbonyls, thioesters, sulfoxides, sulfonyls, sulfamides, sulfonic acids,
sulfonates, and sulfates.

Selenium
Selenium often occurs as a red or black amorphous solid, or ared or grey
crystalline structure. The grey crystalline structure is the most stable form.
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Selenium has propertiesthat are closely similar to those of sulphur. However,
it is more metallic though it is still classified as a nonmetal. It acts as a
semiconductor and therefore is often used in the manufacture of rectifiersto
convert aternating currents to direct currents. Selenium is aso
photoconductive, which means that in the presence of light the electrical
conductivity of selenium increases. It is also used in the drums of laser
printers and copiers. In addition, it has found increased usage as a
replacement for lead in plumbing brasses.

Itisrareto find selenium inits elemental form in nature; it must typically be
removed through a refining process, usualy involving copper. It is often
found in soils and in plant tissues that have bioaccumulated the element. In
large doses, the element is toxic; however, many animals require it as an
essential micronutrient. Selenium atoms are found in the enzyme glutathione
peroxidase, which destroys lipid-damaging peroxides. In the human body it
is an essential cofactor in maintaining the function of the thyroid gland. In
addition, some research has shown a correlation between selenium-deficient
and an increased risk of contracting the HIVV/AIDS virus.

Tellurium

Tellurium is the metalloid of the oxygen family, with a silvery white color
and ametallic luster similar to that of tin at room temperature. Like selenium,
it isalso displays photoconductivity. Tellurium is an extremely rare el ement,
and is commonly found as a telluride of gold. It is often used in metallurgy
in combination with copper, lead, and iron. In addition, it is used in solar
panels and memory chips for computers. It is not toxic or carcinogenic;
however, when humans are exposed to too much of it they develop a garlic-
like smell on their breaths.

Polonium

Polonium isavery rare, radioactive metal. There are 33 different isotopes of
the element and all of them areradioactive. It existsin avariety of states, and
has two metallic allotropes. It dissolves easily into dilute acids. Polonium
does not exist in nature in compounds, but it can form synthetic compounds
in the laboratory. It is used as an alloy with beryllium to act as a neutron
source for nuclear weapons.

Polonium is a highly toxic element. The radiation it emits makes it very
dangerousto handle. It can be immediately lethal when applied at the correct
dosage, or cause cancer if chronic exposure to the radiation occurs. The best
options for treating humans who have come in contact with polonium
involves the use of chelating agents.
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35 Groupl7

Chlorine (Cl2) was the first halogen to be discovered in 1774, followed by
iodine (I2), bromine (Brz), fluorine (F2), and astatine (discovered last in
1940). The name "halogen” is derived from the Greek roots hal- ("salt") and
-gen ("to form"). Together these words combine to mean "salt former",
referencing the fact that halogens form salts when they react with
metals. Halite is the mineral name for rock salt, a natural mineral consisting
essentially of sodium chloride (NaCl). They arealsoin our daily life, whether
it be the fluoride that goes in toothpaste, the chlorine that disinfects drinking
water, or the iodine that facilitates the production of thyroid hormones in
one's body.

The halogensinclude fluorine (F), chlorine (Cl), bromine (Br), iodine (1), and
astatine (At). They are toxic non metals and are located on the left of the
noble gases on the periodic table. Inclusion of astatine (aradioactive element
with has short-lived isotopes) in group 17 is based on the similarity of its
behaviour to iodine. Because the halogen elements have seven valence
electrons, they only require one additional electron to form afull octet. This
characteristic makes them more reactive than other non-metal groups.

Halogens form diatomic molecules (of the form X, where X denotes a
halogen atom) in their elemental states. The bonds in these diatomic
molecules are non-polar covalent single bonds. However, halogens readily
combine with most elements and are never seen uncombined in nature. Asa
genera rule, fluorine is the most reactive halogen and astatine is the least
reactive. All halogens form Group 1 salts with similar properties. In these
compounds, halogens are present as halide anions with charge of -1 (e.g. Cl-
, Br, etc.). Most of the chemical reactions that involve halogens are redox
reactions in agqueous solution. The halogens often form single bonds in -1
oxidation state, with carbon or nitrogen in organic compounds.

3.5.1 Elementsin Group 17

Fluorine exists as a diatomic molecule in its free state (F2) and is the most
abundant halogen found in the Earth's crust. Fluorine is the most
electronegative element in the periodic table. It appears as a pale-yellow gas
at room temperature. Fluorine also has a relatively small atomic radius. Its
oxidation state is always -1 except in its elemental, diatomic state (in which
its oxidation state is zero). Fluorine is extremely reactive and reacts directly
with all elements except helium (He), neon (Ne) and argon (Ar). In H20
solution, hydrofluoric acid (HF) is aweak acid. Although fluorine is highly
electronegative, its electronegativity does not determine its acidity; HF isa
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weak acid due to the fact that the fluoride ion is basic (pH>7). In addition,
fluorine produces very powerful oxidants. For example, fluorine can react
with the noble gas xenon and form the strong oxidizing agent Xenon
Difluoride (XeF).

Chlorine has the atomic number 17 and the chemical symbol Cl. Chlorine
was discovered in 1774 by extracting it from hydrochloric acid. In its
elemental state, it forms the diatomic molecule Cl.. Chlorine exhibits
multiple oxidation states, including -1, +1, 3, 5, and 7. At room temperature
it appears as a light green gas. Since the bond that forms between the two
chlorine atoms is weak, the Cl> molecule is very reactive. Chlorine reacts
with metals to produce salts called chlorides. Chloride ions are the most
abundant ions that dissolve in the ocean. Chlorine also has two isotopes: *°Cl
and 3’Cl. Sodium chloride is the most prevalent compound of the chlorides.

Bromine is a diatomic molecule Brz in its elemental form. At room
temperature, bromine is a reddish- brown liquid. Its oxidation states vary
from -1, +1, 3, 4 and 5. Bromine is more reactive than iodine, but not as
reactive as chlorine. Also, bromine has two isotopes: "°Br and &'Br. Bromine
consists of bromide salts, which have been found in the sea. The world
production of bromide has increased significantly over the years, due to its
access and longer existence. Like all of the other halogens, bromine is an
oxidizing agent, and is very toxic.

lodine has oxidation states -1, +1, 5 and 7. lodine exists as a diatomic
molecule, |2, initselemental state. At room temperature, it appearsasaviolet
solid. lodine has one stable isotope: 2’| and can be isolated in seawater.
Although iodine is not very soluble in water, the solubility may increase if
particular iodides are mixed in the solution. 1odine has many important roles
in life, including thyroid hormone production.

Adtatine is a radioactive element with an atomic number of 85 and symbol
At. Its possible oxidation states include: -1, +1, 3, 5 and 7. It is the only
halogen that is not a diatomic molecule and it appears as a black, metallic
solid at room temperature. Astatine is a very rare element, therefore, little
information is available on its activity. Astatine has a very short
radioactive half-life, no longer than a couple of hours.

The electronic configuration of the halogens are shown in the Table below.
It is evidence for the table that all the halogen requires one electron to attain
the stable configuration of the respective noble gas
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Table 3: Electronic configuration of the halogen

Halogen Electronic configuration
F 1% 28° 2p°

Cl [N€]3s? 3p°

Br [Ar]3d1°4s? 4p°

I [Kr]4d'° 5¢° 5p°

At [X€]4f14 5d'° 65 6p°

5.5.2 Period trendsfor the halogen

3.5.2 Mdtingand Boiling Points (increases down the group)

The melting and boiling points increase down the group because of the
corresponding increase in the strength of the van der Waals forces. The
increase in size of the molecule down the group indicates increase in van der
Waalsinteraction giving rise for the observe increase in melting and boiling
points (Table 4)

Table4: Melting and boiling point of the halogens

Halogen Melting  point | Boiling  point
W®) (0

F -220 -188

Cl -101 -35

Br -7.2 58.8

I 114 184

At 302 337

3.5.3 Atomic Radius (increases down the group)

The size of e nucleusincreases down the group (F < Cl < Br < < At) because
the numbers of protons and neutronsincrease. In addition, more energy levels
are added with each period. This results in a larger orbital, and therefore a
longer atomic radius.

Table5: Covalent and ionic radius of halogens

Halogen | Covalent  Radius | lonic (X-) radius
(pm) (pm)

Fluorine | 71 133

Chlorine | 99 181

Bromine | 114 196

lodine 133 220

Astatine | 150
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3.5.4 lonization Energy (decreases down the group)

If the outer valence electrons are not near the nucleus, it does not take as
much energy to remove them. Therefore, the energy required to pull off the
outermost electron is not as high for the elements at the bottom of the group
since there are more energy levels. Also, the high ionization energy makes
the element appear non-metdlic. lodine and astatine display metalic
properties, hence ionization energy of the halogen decreases down the group
(At<1<Br<Cl<F).

Table 6: First ionization ener gy of the halogen
Halogen | First lonization Ener gy
(kJ/mol)

Fluorine | 1681

Chlorine | 1251

Bromine | 1140

lodine | 1008

Astatine | 890+40

3.5.5 Electronegativity (decreases down the group)

Electronegativity, symbol ¥, measures the tendency of an atom to attract a
shared pair of electrons (or electron density). The number of valence
electrons in an atom increases down the group due to the increase in energy
levels at progressively lower levels. The electrons are progressively further
from the nucleus; therefore, the nucleus and the el ectrons are not as attracted
to each other. An increase in shielding is observed, leading to decrease in
electronegativity down the group (At <1 < Br <Cl <F).

Table 7: Electronegativity of halogen

Halogen Electronegativity
Fluorine 4.0
Chlorine 3.0
Bromine 2.8
lodine 2.5
Astatine 2.2

3.5.6 Electron Affinity (decreases down the group)

Electron affinity is the change in energy (in kJ/mole) of a neutral atom (in
the gaseous phase) when an electron is added to the atom to form a negative
ion. Since the atomic size increases down the group, electron affinity of the
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hal ogen decreases down the group (At < | < Br <F < Cl). An electron will
not be as attracted to the nucleus, resulting in a low electron affinity.
However, fluorine has a lower electron affinity than chlorine. This can be
explained by the small size of fluorine, compared to chlorine.

Table 8: Electron Affinity of
Halogens

Halogen | Electron Affinity
(kJ/mal)

Fluorine | -328.0

Chlorine | -349.0

Bromine | -324.6

lodine -295.2

Astatine | -270.1

3.5.7 Reactivity of Elements (decr eases down the group)

Thereactivities of the halogens decrease down thegroup (At<I<Br<Cl <
F). Thisisdueto the fact that atomic radiusincreasesin size with an increase
of electronic energy levels. This reduces the attraction for valence electrons
of other atoms leading to decreasing reactivity. This decrease also occurs
because electronegativity decreases down a group indicating that there is
less electron pulling, in addition to decrease in oxidizing ability down the
group.

3.5.8 Hydrogen Halides and Halogen Oxoacids

Hydrogen Halides

A halide is formed when a halogen reacts with another, |ess €l ectronegative
element to form a binary compound. Hydrogen, for example, reacts with
halogens to form halides of the form HX:

Hydrogen Fluoride: H,,y + Fp, — 2HF(,
Hydrogen Chloride: Hy 4y + Cly,y — 2HCl,
Hydrogen Bromide: H, 4y + Brygy — 2HBr,
Hydrogen lodide: Hy gy + Ipgy — 2HIg,

Hydrogen halides readily dissolve in water to form hydrohalic
(hydrofluoric, hydrochloric, hydrobromic, hydroiodic) acids. The properties
of these acids are

(i) The acids are formed by the following reaction: HX (o) + H20 () - X-
(a) + H3O"(ag)
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(i) All hydrogen halides form strong acids, except HF
(ii) The acidity of the hydrohalic acids increases in the following order,
HF <HCI < HBr < HI

Hydrofluoric acid can etch glass and certain inorganic fluorides over along
period of time.

It may seem counterintuitive to say that HF is the weakest hydrohalic acid
because fluorine has the highest electronegativity. However, the H-F bond
isvery strong; if the H-X bond is strong, the resulting acid isweak. A strong
bond is determined by a short bond length and a large bond dissociation
energy. Of all the hydrogen halides, HF has the shortest bond length and
largest bond dissociation energy.

Halogen Oxoacids

A halogen oxoacid is an acid with hydrogen, oxygen, and halogen atoms.
The acidity of an oxoacid can be determined through analysis of the
compound's structure. The halogen oxoacids are given below:

Hypochlorous Acid: HOCI
Chlorous Acid: HCIO2

Chloric Acid: HCIO3

Perchloric Acid: HCIO4
Hypobromous Acid: HOBr
Bromic Acid: HBrOs

Perbromic Acid: HBrO4
Hypoiodous Acid: HOI

lodic Acid: HIO3
Metaperiodic Acid: HIOa4; HslOs

In each of these acids, the proton is bonded to an oxygen atom,; therefore,
comparing proton bond lengths is not useful in this case. Instead,
electronegativity is the dominant factor in the oxoacid's acidity. Acidic
strength increases with more oxygen atoms bound to the central atom.

3.5.9 Statesof Matter at Room Temperature
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Table9: Statesof Matter and Appear ance of Halogens
States of Matter (at Room | Halogen Appearance
Temperature)
Solid lodine Violet
Adtatine Black/Metallic [Assumed]
Liquid Bromine Reddish-Brown
Gas Fluorine Pale Y ellow-Brown
Chlorine Pale Green

The colour of the halogen is a consequence of the absorption of visible light
by the molecul es, which causes electronic excitation. Fluorine absorbs viol et
light, and therefore appears light yellow. lodine absorbs yellow light and
appears violet (yellow and violet are complementary colors). Generally, the
colour of the halogens grow darker down the group:

Fluorine - pale yellow/brown
Chlorine - pale green
Bromine - red-brown

lodine - violet

Astatine* — black/metalic

In closed containers, liquid bromine and solid iodine are in equilibrium with
their vapors, which can often be seen as colored gases. Although the color
for astatine is unknown, it is assumed that astatine must be darker than
iodine'sviolet (i.e. black) based on the preceding trend.

3.5.100xidation States of Halogensin Compounds

As agenera rule, halogens usualy have an oxidation state of -1. However,
if the halogen is bonded to oxygen or to another halogen, it can adopt
different states: the -2 rule for oxygen takes precedence over thisrule; in the
case of two different halogens bonded together, the more electronegative
atom takes precedence and adopts the -1 oxidation state.

For example, chlorine has an oxidation state of -1, and iodine will have an
oxidation of +1. Chlorine is more electronegative than iodine, therefore
giving it the -1 oxidation state.

Oxygen hasatotal oxidation state of -8 (-2 charge x 4 atoms= -8 total charge).
Hydrogen has a total oxidation state of +1. Adding both of these values
together, the total oxidation state of the compound so far is-7. Since the final
oxidation state of the compound must be O, bromine's oxidation state is +7.
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Onethird exceptionto theruleisthis: if ahalogen existsinits elemental form
(X2), its oxidation state is zero.

Table 10: Oxidation States of Halogens
Halogen Oxidation Statesin Compounds
Fluorine (aways) -1*

Chlorine -1, +1, +3, +5, +7

Bromine -1, +1, +3, +4, +5

lodine -1, +1,45, +7

Astatine -1, +1, +3, +5, +7

In-Text Question (ITQ)
Why does fluorine always have an oxidation state of-1 in its compounds?

3.5.11Applications of Halogens

Fluorine: Although fluorine is very reactive, it serves many industrial
purposes. For example, it is a key component of the
plastic polytetrafluoroethylene (called Teflon-TFE by the DuPont company)
and certain other polymers, often referred to as fluoropolymers.

Chlorofluorocarbons (CFCs) are organic chemicals that were used as
refrigerants and propellants in aerosols before growing concerns about their
possible environmental impact led to their discontinued use.

Hydrochlorofluorocarbons (HFCs) are now used instead. Fluoride is also
added to toothpaste and drinking water to help reduce tooth decay. Fluorine
also exists in the clay used in some ceramics. Fluorine is associated with
generating nuclear power as well. In addition, it is used to produce
fluoroquinolones, which are antibiotics. Below isalist of some of fluorine's
important inorganic compounds.
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Table 10: Important Inorganic Compounds of Fluorine

Compound | Uses

NasAlFs Manufacture of aluminum

BF3 Catalyst

CaF2 Optical components, manufacture of HF,
metallurgical flux

ClFs Fluorinating agent, reprocessing nuclear
fuels

HF Manufacture of F2, AlFs, NasAlFe, and
fluorocarbons

LiF Ceramics manufacture, welding, and
soldering

NaF Fluoridating water, denta prophylaxis,
insecticide

SFe Insulating gas for high-voltage electrica
equipment

Snk Manufacture of toothpaste

UFs Manufacture of uranium fuel for nuclear
reactors

Chlorine: Chlorine has many industrial uses. It is used to disinfect drinking
water and swimming pools. Sodium hypochlorite (NaClO) is the main
component of bleach. Hydrochloric acid, sometimes called muriatic acid, is
a commonly used acid in industry and laboratories. Chlorine is also present
in polyvinyl chloride (PVC), and severa other polymers. PVCisused inwire
insulation, pipes, and electronics. In addition, chlorine is very useful in the
pharmaceutical industry. Medicinal products containing chlorine are used to
treat infections, alergies, and diabetes. The neutralized form of
hydrochloride is a component of many medications. Chlorine is also used to
sterilize hospital machinery and limit infection growth. In agriculture,
chlorine is a component of many commercial pesticidess DDT
(dichlorodi phenyltrichloroethane) was used as an agricultural insecticide, but
its use was discontinued.

Bromine: Bromine is used in flame retardants because of its fire-resistant
properties. It also found in the pesticide methyl bromide, which facilitates
the storage of crops and eliminates the spread of bacteria. However, the
excessive use of methyl bromide has been discontinued due to its impact on
the ozone layer. Bromine is involved in gasoline production as well. Other
uses of bromine include the production of photography film, the content in
fire extinguishers, and drugs treating pneumonia and Alzheimer's disease.
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lodine: lodine isimportant in the proper functioning of the thyroid gland of
the body. If the body does not receive adequate iodine, a goiter (enlarged
thyroid gland) will form. Table salt now contains iodine to help promote
proper functioning of the thyroid hormones. lodine is also used as an
antiseptic. Solutions used to clean open wounds likely contain iodine, and it
is commonly found in disinfectant sprays. In addition, silver iodide is
important for photography devel opment.

Astatine: Because astatine is radioactive and rare, there are no proven uses
for this halogen element. However, there is speculation that this element
could aid iodine in regulating the thyroid hormones. Also, ?!'At has been
used in mice to aid the study of cancer.

3.6 Group 18

he noble gases (Group 18) arelocated in thefar right of the periodic table and
were previously referred to asthe "inert gases' due to the fact that their filled
valence shells (octets) make them extremely nonreactive.

3.6.1 TheChemical Properties

Noble gases are odorless, colorless, nonflammable, and monotonic gases that
have low chemical reactivity.

Atomic Number | Element Number of Electrons/Shell
2 Helium 2

10 Neon 2,8

18 Argon 2,8,8

36 Krypton 2,8,18,8

54 Xenon 2,8,18,18,8

86 Radon 2,8,18,32,18,8

The full valence electron shells of these atoms make noble gases extremely
stable and unlikely to form chemical bonds because they have little tendency
to gain or lose electrons. Although noble gases do not normally react with
other elements to form compounds, there are some exceptions. Xe may form
compounds with fluoride and oxide.
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Examples
Xenon Difluoride (XeF2XeF»)

Dense white crystallized solid

Powerful fluorinating agent

Covalent inorganic fluorides

Stable xenon compound

Decomposes on contact with light or water vapor
Linear geometry

Moisture sensitive

Low vapor pressure

Xenon Tetrafluoride (X eFsX eFs)

Argonne announced the creation of xenon tetrafluoride, the first simple
compound of xenon, a noble gas widely thought to be chemically inert.
Colorless Crystals

Square planar geometry

Discovered in 1963

Xenon Hexafluoride (XeFsX eFe)
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Strongest fluorinating agent

Colorless solid

Highest coordination of the three binary fluorides of xenon
(XeF2XeF2 and XeF4XeF4)

Formation is exergonic, and the compound is stable at normal temperatures
Readily sublimes into intense yellow vapors

Structure lacks perfect octahedral symmetry

Example 2: Xenon Oxide

Xenon Tetroxide (XeO4)

T\)
XG*\.

\\

Yellow crystallmesolld

Relatively stable

Oxygen is the only element that can bring xenon up to its highest oxidation
state of +8

Two other short-lived xenon compounds with an oxidation state of +8,
XeOsF, and XeO2F4, are produced in the reaction of xenon tetroxide with
xenon hexafluoride.

Example 3: Radon Compounds

Radon difluoride (RnF2) is one of the few reported compounds of radon.
Radon reacts readily with fluorine to form a solid compound, but this
decomposes on attempted vaporization and its exact composition is
uncertain. The usefulness of radon compoundsislimited because of the noble
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gass radioactivity. The longest-lived isotope, 222Ra, has a half-life of only
3.82 days.

In-Text Question (ITQ)
What is the mgjor differences between diamond and graphite and of what
application are is one of them better than the other

SELF ASSESSMENT EXERCISE

Vi

Vii

viil.

X

Xii

120

Why is it difficult for group 13 elements to form compound in with

four nearest neighbouring atoms? (Use aluminum and boron as

examples)

Give reasons why the ionic compounds of second period elements of

group 13 have more covalent character compare to the heavier

congeners

Explainwhy it isdifficult for group 13 elementsto use d-block orbital

for bonding and what is the consequence?

What are the major differences between the lightest main group

elements and their heavier congeners? (Use nitrogen and phosphorus

to explain your answer)

Use Li/Mg, Be/Al and B/Si to explain the concept of diagonal and

their effect on the behaviour of main group elements

Explain the concept of inert pair effect with respect to group 13 to 17

elements

Briefly describe the steps involves in the preparation and purification

of boron (provide al relevant equations)

Compare and contrast the chemistry of boron and other group 13

elements

What is the basic building block of elemental boron?

Explain why boron is no longer use as fuel in aircrafts?

Explain why the following reactions led to the products that are

indicated in the equations

a B2Hse(g) + 302(g) — B203 + 3H20()

b. BCls() + 3H20() — B(OH)3(ag) + 3HCl(ag)

C. 2Bl 3(s)+3H2(g- . A16B12(s)+6HI(g)2B13(s)+3H2(g) - A16B1
2(s)+6HI(Q)

Complete and balance the following chemical equations

B2Heg + H200)®

BBra()+Ozg ®

B20s9+Cas ®



CHM 204 STRUCTURE AND BONDING

4.0 CONCLUSION

Groups 13 to 18 constitute the group in the periodic table. Elementsin these
groups have closely similar properties but as the period increases some
variation such as metalic, nonmetallic and semi-metallic properties are
observed. These set of elements have significant industrial and life
applications indicating their compounds (hence bonding and geometry),
behaviour and other properties provide relevant information to their
usefulness. Elementsin period 17 are uniquely toxic.

5.0 SUMMARY

Compounds of the group 13 elements with oxygen are thermodynamically
stable. Many of the anomalous properties of the group 13 elements can be
explained by the increase in Z«f moving down the group. Isolation of the
group 13 elements requires alarge amount of energy because compounds of
the group 13 elements with oxygen are thermodynamically stable. Boron
behaves chemically like a nonmetal, whereas its heavier congeners exhibit
metallic behavior. Many of the inconsistencies observed in the properties of
the group 13 elements can be explained by theincreasein Z«s that arisesfrom
poor shielding of the nuclear charge by the filled (n — 1)d*®and (n -
2)f# subshells. Instead of forming a metallic | attice with delocalized valence
electrons, boron forms unique aggregates that contain multicenter bonds,
including metal borides, in which boron is bonded to other boron atoms to
form three-dimensional networks or clusters with regular geometric
structures. All neutral compounds of the group 13 elements are electron
deficient and behave like Lewis acids. The trivalent halides of the heavier
elements form halogen-bridged dimers that contain electron-pair bonds,
rather than the delocalized electron-deficient bonds characteristic of
diborane. Their oxides dissolve in dilute acid, although the oxides of
aluminum and gallium are amphoteric. None of the group 13 elements reacts
directly with hydrogen, and the stability of the hydrides prepared by other
routes decreases as we go down the group. In contrast to boron, the heavier
group 13 elements form a large number of complexes in the +3 oxidation
state.

The chemistry of the third-period element in a group is most representative
of the chemistry of the group because the chemistry of the second-period
elements is dominated by their small radii, energetically unavailable d
orbitals, and tendency to form n bonds with other atoms. The most important
unifying principle in describing the chemistry of the elements is that the
systematic increase in atomic number and the orderly filling of atomic
orbitals lead to periodic trends in atomic properties. The most fundamental
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property leading to periodic variations is the effective nuclear charge (Zest).
Because of the position of the diagonal line separating metals and nonmetals
in the periodic table, the chemistry of groups 13, 14, and 15 is relatively
complex. The second-period elements (n = 2) in each group exhibit unique
chemistry compared with their heavier congeners because of their smaller
radii, energetically unavailable d orbitals, and greater ability to form 1 bonds
with other atoms. Increasing ionization energies and decreasing bond
strengths lead to the inert-pair effect, which causes the heaviest elements of
groups 13-17 to have a stable oxidation state that is lower by 2 than the
maximum predicted for their respective groups.

The stability of the carbon tetrahalides decreases as the halogen increasesin
size because of poor orbital overlap and steric crowding. Carbon formsthree
kinds of carbides with less electronegative elements:. ionic carbides, which
contain metal cationsand C* (methide) or C2?~ (acetylide) anions; intertitial
carbides, which are characterized by covalent metal—carbon interactions and
are among the hardest substances known; and covalent carbides, which have
three-dimensional covalent network structures that make them extremely
hard, high melting, and chemically inert.

Nitrogen behaves chemically like nonmetals, Nitrogen forms compounds in
nine different oxidation states. Nitrogen does not form stable catenated
compounds because of repulsions between lone pairs of electrons on adjacent
atoms, but it does form multiple bonds with other second-period atoms.
Nitrogen reacts with electropositive elements to produce solids that range
from covalent to ionic in character. Reaction with electropositive metals
produces ionic nitrides, reaction with less electropositive metals produces
interstitial nitrides, and reaction with semimetals produces covaent nitrides

6.0 TUTOR MARK ASSIGNMENTS

1. State the various allotropes and oxidation states of sulphur

2. What is the unique differences between the chemistry of oxygen and
sulphur

3. What is photoconductivity

4, What is the role of germanium, selenium and polonium in

conductivity over other members of the same group

5. State the name of the compound that has oxygen in the oxidation state
of -1

6. State the various oxidation of chlorine and give one example for each
of the oxidation state
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