Take Good Care of
This Textbook

This textbook is the property of your school.
Take good care not to damage or lose it.

Here are 10 ideas to help take care of the book:

1. Cover the book with protective material, such as plastic, old
newspapers or magazines.

Always keep the book in a clean dry place.

Be sure your hands are clean when you use the book.

Do not write on the cover or inside pages.

Use a piece of paper or cardboard as a bookmark.

Never tear or cut out any pictures or pages.

Repair any torn pages with paste or tape.

Pack the book carefully when you place it in your school bag.
Handle the book with care when passing it to another person.

P N e W s @S

[EEN
=

When using a new book for the first time, lay it on its back. Open
only a few pages at a time. Press lightly along the bound edge as
you turn the pages. This will keep the cover in good condition.




CHEMISTRY

STUDENT TEXTBOOK
GRADE 9

Authors, Editors and Reviewers:

J.L. Sharma (Ph.D.)

Nell Angelo (M.A.)
Stella Johnson (B.Sc.)

Solomon Tekleyohannes (B.Sc.)
Taye Hirpassa (B.Sc., M.A))

Merid Tessema (Ph.D.)
Evaluators:
Nega Gichile

Mahtot Abera

Solomon Haileyesus

FEDERAL DEMOCRATIC REPUBLIC OF ETHIOPIA
MINISTRY OF EDUCATION @



Published E.C. 2002 by the Federal Democratic Republic of Ethiopia, Ministry
of Education, under the General Education Quality Improvement Project
(GEQIP) supported by IDA Credit No. 4535-ET, the Fast Track Initiative
Catalytic Fund and the Governments of Finland, Italy, Netherlands and the
United Kingdom.

© 2010 by the Federal Democratic Republic of Ethiopia, Ministry of
Education. All rights reserved. No part of this book may be reproduced, stored
in a retrieval system or transmitted in any form or by any means including
electronic, mechanical, magnetic or other, without prior written permission of
the Ministry of Education or licensing in accordance with the Federal
Democratic Republic of Ethiopia, Federal Negarit Gazeta, Proclamation No.
410/2004 — Copyright and Neighbouring Rights Protection.

The Ministry of Education wishes to thank the many individuals, groups and
other bodies involved — directly and indirectly — in publishing this textbook

and the accompanying teacher guide.

Copyrighted materials used by permission of their owners. If you are the
owner of copyrighted material not cited or impropetly cited, please contact
with the Ministry of Education, Head Office, Arat Kilo, (PO Box 1367), Addis
Ababa, Ethiopia.

PHOTO CREDIT: Encarta ® Encyclopedia, 2009 edition.
AAU (Addis Ababa University, Chemistry Department)
Higher 23 Preparatory School

Developed and Printed by

STAR EDUCATIONAL BOOKS DISTRIBUTORS Pvt. Ltd.
24/4800, Bharat Ram Road, Daryaganj,
New Delhi— 110002, INDIA

and

ASTER NEGA PUBLISHING ENTERPRISE
P.O. Box 21073
ADDIS ABABA, ETHIOPIA
Under GEQIP Contract No. ET-MoE/GEQIP/IDA/ICB/G01/09

ISBN 978-99944-2-032-2



Contents

Structure of the Atom ............ 1
1.1 AOMIC ThEOrY ...ccovviiiiiiiiec e 3
1.2 Discoveries of the Fundamental Subatomic
Particles and the Atomic Nucleus............... 6
1.3 Composition of an Atom and the Isotopes 12
1.4 The Atomic Models .........cccoevevivieeiiiieenen. 21
* Check LiSt.......ccovveivieiiivieeciiee e, 31
* Unit Summary........ccccoeeevveieenennnn, 31
* Review EXErCiSe ........cccevvvvevveeirveenne. 33

Periodic Classification
of the Elements............. 35

2.1 INtroduction .........cccoeevereneienenisieieiennes 36
2.2 The Modern Periodic Table .........cccccco..... 38

i~ 2.3 Periodic Properties in the Periodic Table .. 47
© 2.4 Advantages of Periodic Classification ...... 59
* Check LiSt.....cccocvviveiiiiiinieeeiee, 61

* Unit Summary........ccccceeevveieinennn, 62

* Review EXErcise ......c.ccccevvvvvvrvernnnne. 62

Chemical Bonding and
Intermolecular Forces...65

3.1 Chemical Bonding ........ccccevvvviieiieiiieninnn 67
3.2 [onic Bonding ......cccoovevviineninineieee 69
3.3 Covalent Bonding .......ccccooceviriniiininnnn 77
3.4 Metallic Bonding .......ccccocvevveiieeiieiieeinnn 87
3.5 Intermolecular FOIces .......ccccovviieivnnnnnnn, 89
* Check LiSt......cccoovevieieiieie e, 92
* Unit Summary ........ccccoeevevvinnnnnn 92
* Review EXErcise .......cccccevvvvviveniennn 93



C
3

Content

Chemical Reaction and

Stoichiometery ............ 95

4.1 INtroduction ........ccccevvrieeniennene e 96
4.2 Fundamental Laws of Chemical

REACLIONS ..o 97

4.3 Chemical EQUations ...........cccccocervninnnnne 102

4.4 Energy Changes in Chemical Reactions .. 108

4.5 Types of Chemical Reactions .................. 113

4.6 Stoichiometery ........cccoocevivevviieiiecseennn, 123

4.7 Oxidation and Reduction Reactions ......... 136

4.8 Rate of Chemical Reaction and Chemical

Equilibrium ..o 144

* Check LiSt......cccooveviieiieeciesieene 160

* Unit Summary ..o 160

* Review EXErcise .......cccocevvvvvrirennnnn. 161
Physical States of

Matter .......ccccceveveeeee.. 163

5.1 INtroduction ........cccocveveveneneieieceseie 165
5.2 Kinetic Theory and Properties of Matter . 166
5.3 The Gaseous State ........cccceoevererencnnnnnns 169
5.4 The Liquid State ..........cccovveieiiiinininne 189
5.5 The Solid State.........cccoevvviiiieniieeen, 195

* Check LiSt......ccocoveveiiieicieceeinns 198

* Unit Summary.......ccccoecvvceveivinennn, 199

* Review EXErCiSe ......cooveeeeveeeeeeeeean. 200



UNIT

Bohr’s Model

Structure of the Atom

Unit Outcomes
After completing this unit, you will be able to:

E comprehend Dalton’s atomic theory and modern atomic theory;
E understand the discovery of the electron and the nucleus;

E know the terms like atomic number, mass number, atomic mass, isotope, energy
level, valence electrons, and electron configuration;

E understand the Dalton, Thomson, Rutherford, Bohr and the quantum mechanical
atomic models;

E develop skillsin:

— determining the number of protons, electrons, and neutrons of atoms from
atomic numbers and mass numbers,

— calculating the atomic masses of elements that have isotopes,

— writing the ground-state electron configurations of atoms using sub-energy
levels and drawing diagrammatic representations of atoms; and

E demonstrate scientific inquiry skills: observing, comparing and contrasting,
communicating, asking questions, and applying concepts.

MAIN CONTENTS
1.1 Atomictheory

1.2 Discoveries of the fundamental subatomic particles and the atomic nucleus
1.3 Compostion of an atom and the isotopes
1.4 Theatomic modes

— Unit Summary

— Review Exercise
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Scientists have been able to gather information about atoms without actually seeing
them. Perform the following activity to get an idea about the structure of the atom.

Take an onion. It looks solid. Peel off a layer, and you will find another layer
underneath. Layer after layer surfaces as the onion is peeled off. Keep on peeling
to its core.

Analysis
1. How do you compare this with the atomic model?
2. What do the layers represent in the atomic model?
3. What does the core represent in the atom?

Two thousand years ago, ancient Greek philosophers developed a theory of matter
that was not based on the experimental evidences. A notable Greek philosopher,
namely, Democritus, believed that all matter was composed of very tiny, indivisible
particles. He called them atomos. Hence, the word ‘atom’ came from the Greek word
atomos, which means uncuttable or indivisible.

Aristotle was part of the generation that succeeded Democritus. He did not believe in
atomos. Aristotle thought that all matter was continuous. That is, if one proceeded on
breaking down a substance, it would be impossible to reach to the last indivisible
particle. In other words, it would continue to divide infinitely. His opinion was
accepted for nearly 200 years.

The early concept of atoms was simply a result of thinking and reasoning on the part
of the philosophers, instead of experimental observations. In 1803, however, John
Dalton proposed a completely different theory of matter. His theory was based on
scientific experimental observations and logical laws. These scientific assumptions were

4 N
@ Hydrogen @ Zinc
’ Carbon @ Copper
O Oxygen @ Lead
@ Phosphorous @ Silver
@ Sulphur @ Gold
@ Iron % Mercury
(N )

Figure 1.1 Dalton’s atomic symbols.
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very closely related to what is presently known about the atom. Due to this, John
Dalton is often referred to as the father of modern atomic theory.

Dalton also worked on the relative masses of atoms and gave symbols to some
elements as illustrated in Figure 1.1.

1.1 Atomic Theory

Competencies

By the end of this section, you will be able to:

* describe Dalton’s atomic theory;

* describe modern atomic theory; and
» compare and contrast Dalton’s atomic theory with modern atomic theory.

Activity 1.1

Form a group and discuss the following idea: Dalton’s contribution was different from that
of the ancient Greeks who postulated the existence of atoms. Point out the differences
between the two ideas. Present your discussion to the class.

Even though the idea of the existence of atoms and atomic theory dates back to
classical times, as discussed earlier, only Dalton's atomic theory ideas were the basis
for the new era of science.

1.1.1 Dalton’s Atomic Theory

British physicist and chemist John Dalton is best known for
developing the atomic theory of elements and molecules, the
foundation of modern physical science. While pondering the
nature of the atmosphere during a meteorological study in the
early 1800s, Dalton deduced the structure of carbon dioxide and
proposed that an exact number of atoms constitute each
molecule. He held that all atoms of a given element are identical
and different from the atoms of every other element. The first to
classify elements according to their atomic weights, Dalton set
the stage for a revolution in scientific thought.

John Dalton
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In 1804, John Dalton developed the first modern theory of atoms and proposed their
existence. Dalton's atomic theory was based directly on the ideas of elements and
compounds, and on the three laws of chemical combination. The three laws are:

i) The law of conservation of mass states that matter is neither created nor
destroyed. This law is also called the law of indestructibility of matter. It means
that the mass of the reactants is exactly equal to the mass of the products in
any chemical reaction. A chemical reaction involves only the separation and union
of atoms.

ii) The law of definite proportions states that a pure compound is always
composed of the same elements combined in a definite ratio by mass. For
example, water (H,0O) is composed of hydrogen and oxygen only. These elements
are always in the proportion of 11.19% hydrogen to 88.81% oxygen by mass
and in the proportion 2 : 1 by volume.

iii) The law of multiple proportions states that when two different compounds are
formed from the same elements, the masses of one of the elements in the two
compounds, compared to a given mass of the other element, is in a small whole-
number ratio. For example, carbon and oxygen form two compounds: carbon
monoxide and carbon dioxide. Carbon monoxide contains 1.3321 g of oxygen
for each 1 g of carbon, whereas carbon dioxide contains 2.6642 g of oxygen
for each 1g of carbon. Hence, carbon dioxide contains twice the mass of oxygen
as does carbon monoxide.

Activity 1.2

Form a group and perform the following task. Present your findings to the class.

Using two chemical compounds as an example, describe the difference between the law
of definite proportions and the law of multiple proportions.

Dalton proved that these laws are entirely reasonable if the elements are composed of

tiny particles, which he called atoms. An atom is the smallest fundamental particle of

an element.

The basic postulates of Dalton’s Atomic Theory are summarized as follows:
1. All elements are made up of small particles called atoms.

Atoms are indivisible and indestructible.

All atoms of a given element are identical in mass and in all other properties.

Atoms are neither created nor destroyed in chemical reactions.

Compounds are formed when atoms of more than one element combine.

2.
3.
4.
5.
6.

In a given compound, the relative numbers and types of atoms are constant.
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Although some of these postulates, like postulate number 2 and number 3, have been
shown to be incorrect by later work, Dalton's theory was a brilliant and logical
explanation of many experimental discoveries and laws that were known at that time.

Activity 1.3

Form a group. Discuss the following laws and present to the class.
Use Dalton’s atomic theory to explain:

a The law of conservation of mass

b The law of definite proportions

¢ The law of multiple proportions.

1.1.2 Modern Atomic Theory

Towards the end of the 19th century, various experimental discoveries revealed the
existence of subatomic particles, isotopes, and so on. In light of these findings,
Dalton's Atomic Theory was modified.

The Modern Atomic Theory can be summarized as follows:

1. Atoms are the smallest particles of all elements that can take part in a chemical
reaction.

2. An atom is divisible. It can be subdivided into electrons, protons, and neutrons.
An atom is also indestructible i.e., atoms can neither be created nor destroyed
during ordinary chemical reactions.

3. Atoms of the same element may not be identical in mass because of the existence
of isotopes.

4. Atoms of the same elements have identical chemical properties.

Atoms of different elements have different chemical properties.
6. Atoms of two or more elements combine in simple whole-number ratios to form
compounds.
Exercise 1.1
1. Name the postulates of Dalton’s atomic theory.
2. Compare and contrast Dalton’s atomic theory with modern atomic theory.
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1.2 DISCOVERIES OF THE FUNDAMENTAL SUBATOMIC
PARTICLES AND THE ATOMIC NUCLEUS

Competencies
By the end of this section, you will be able to:

» explain the discovery of the electron;
 explain the discovery of the nucleus;

+ explain the discovery of the neutron.

Activity 1.4

Form a group and discuss the following ideas. Present your discussion to the rest of the
class.

1. In your grade 7 chemistry lesson, you have learned that atoms consist of three
fundamental subatomic particles. What are these? Where is their location in the atoms?
What are their charges?

2. What were the consequences of the discoveries of subatomic particles on Dalton’s
atomic theory?

In the late 1880’s, John Dalton thought atoms were indivisible. However, a series of
investigations and astounding discoveries clearly demonstrated that atoms are made up
of smaller particles, called subatomic particles. The three fundamental subatomic
particles of an atom are electrons, protons, and neutrons.

1.2.1 Discovery of the Electron

Do you think that there is a similarity between cathode rays and electrons?

The electron was the first subatomic particle to be identified. In 1879, William
Crooke studied electrical discharges in partially evacuated tubes called
discharge tubes.

Two electrodes from a high-voltage source are sealed into a glass tube from which air
has been evacuated. The negative electrode is the cathode and the positive one is the
anode. When the high-voltage current is turned on, the glass tube emits a greenish
light and a beam of light is seen at the anode. These rays flow from the cathode
towards the anode in a straight line. They are called cathode rays. Later on, in 1897,
J.J. Thomson found that the beam was deflected by both electrical and magnetic
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fields. In an electric field, they bend toward the positive plate. From this he concluded
that the cathode rays are made up of very small negatively charged particles, which he
named electrons. He concluded that electrons are constituents of all matter, because
he obtained the same results when he changed the gas and the electrode in the tube.

Anode with

hole
To vacuum pump +

Zinc sulphide
fluorescent
screen detector

F=---1 +| "~ Second electrode

High voltage supply switched on later
to deflect rays from
AtoB

Figure 1.2 Asimple cathode-ray tube.

Properties of Cathode Rays

Cathode rays possess the following properties:

1. An object placed between the cathode and the opposite end of the tube,
casts a shadow on the glass. This shows that the cathode rays travel in a
straight line.

2. A paddle wheel placed in the path of cathode rays rotates. This indicates that
cathode rays are of particle nature-the particles strike the paddle and therefore
move the wheel.

Cathode Gas at low pressure

Paddle wheel

Rail to support
paddle wheel

Figure 1.3 A paddle wheel placed in the path of cathode ray.

3. When an electric or magnetic field is applied in the path of cathode rays, they
are deflected towards the positive plate. This shows that cathode rays are

negatively charged.
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4. The properties of cathode rays (like charge to mass ratio, e /m ratio) do not
depend on the nature of the gas in the discharge tube or on the material of the
cathode. This shows that electrons are present in the atoms of all elements.

Thus, cathode-ray experiments provided evidence that atoms are divisible into small
particles, and that one of the atom’s basic constituents is the negatively charged

particle called electron.
PROJECT WORK

Produce a model of cathode ray tube from simple and locally available materials
such as glass tube, copper wire and rubber stoppers. Using your model show how

cathode rays are generated and explain their properties.

Charge and Mass of an Electron

J.J. Thomson studied the deflection of cathode rays under the simultaneous application
of electric and magnetic fields, that are applied perpendicular to each other. His
experiment led to the precise determination of the charge-to-mass ratio (e7/m) of an
electron, and this ‘e”/m’ value was found to be 1.76 x 10% coulomb/g. Coulomb is a
unit of electric charge.

Activity 1.5

Form a group and discuss how J.J Thomson's determination of the charge-to-mass ratio of
the electron led to the conclusion that atoms were composed of sub atomic particles.
Present your findings to the class.

In 1909, Robert Millikan determined the charge of an electron (e”), using the oil drop
experiment. He found the charge of an electron to be 1.60 x 107" coulombs.
Combination of ¢ /m and e~ values are used to determine the mass of an electron,
which is found to be 9.11 x 103! kg.

From Thomson’s experiment, e/m = 1.76 x 108 C/g

From Millikan’s experiment, e~ = 1.60 x 1071 C

M che ol e 1.60x10" C
ass of the electron = m = = T <
e /m 1.76x10" Clg

=9.11 x 1028 g=9.11 x 103! kg
From the above discussion, it follows that:

An electron is a fundamental particle of an atom carrying a negative charge and having
a very small mass. The mass of an electron is approximately 1837 times the mass
of a hydrogen atom.
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Exercise 1.2

1. Explain how the electron was discovered.

2. Give explanation on the works of J.J. Thomson and R. Millikan.

1.2.2 Discovery of the Atomic Nucleus

Radioactivity

In 1895, the German physicist, Wilhelm Rontgen noticed that cathode rays caused
glass and metals to emit very unusual rays. This highly energetic radiation penetrated
matter, darkened covered photographic plates, and caused a variety of substances to
fluoresce. Since these rays could not be deflected by a magnet, they could not contain
charged particles as cathode rays do. Rontgen called them X-rays.

Not long after Rontgen’s discovery, Antoine Becquerel, a professor of physics in
Paris, began to study fluorescent properties of substances. He found that exposing
thickly wrapped photographic plates to a certain uranium compound caused them to
darken, even without the stimulation of cathode rays. Like X-rays, the rays from the
uranium compound were highly energetic and could not be deflected by a magnet.
Also, these rays were generated spontaneously. One of Becquerel's students, Marie
Curie, suggested the name radioactivity to describe this spontaneous emission of
particles and/or radiation. Consequently, any element that spontaneously emits
radiation is said to be radioactive.

Further investigation revealed that three types of rays are produced by the “decay”, or
breakdown of radioactive substances such as uranium, polonium, and radium. These
are alpha, beta, and gamma rays.

Alpha (o) rays consist of positively charged particles called o-particles. They are
deflected by positively charged plates. Beta () rays or 3-particles are electrons of
nuclear origin that are deflected by negatively charged plates. The third type of
radioactive radiation consists of high-energy rays called gamma (y) rays. Like X-rays,
y-rays have no charge and are not affected by an external electric or magnetic field.

Activity 1.6

Form a group and discuss the following ideas. Present your discussion to the class.

Scientists discovered the three subatomic particles (electrons, protons and neutrons).
Compare and contrast these fundamental sub atomic particles with alpha particles, beta
particles and gamma rays in terms of the nature of the particles.

More details about the structure of an atom were provided in 1911 by Ernest
Rutherford and his associates, Hans Geiger and Ernest Marsden. The scientists
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bombarded a thin gold foil with fast moving alpha particles. Alpha particles are positively
charged particles with about four times the mass of a hydrogen atom. Geiger and
Marsden assumed that mass and charge were uniformly distributed throughout the atoms
of the gold foil. Therefore, they expected the alpha particles to pass through the gold foil
with only a slight deflection. However, when the scientists checked for the possibility of
wide-angle deflections, they were shocked to find that roughly 1 in 8000 of the alpha
particles had actually been redirected back toward the source.

After thinking about the observations for two years, Rutherford finally came up with
an explanation. He reasoned that the rebounded alpha particles must have
experienced some powerful force within the atom. He concluded that the source of
this force must occupy a very small amount of space because very few of the total
number of alpha particles had been affected by it. He also concluded that the force
must be caused by a very densely packed bundle of matter with a positive electric
charge. Rutherford called this small, dense, positive bundle of matter the nucleus.

Large deflectio/

Beam of / - —
ositive
zarticles S Nucleus surround nucleus
Wide (rebounded)
deflection -
\Small deflection

Figure 1.4 Rutherford’s o - particles experiment.

Rutherford’s Conclusion

1. Since most of the a-particles passed through the gold foil undeflected, most of
the space in an atom is empty.

2. Some of the o-particles were deflected by small angles. This indicated the presence
of a heavy positive centre in the atom, which Rutherford named the nucleus.

3. Only a few particles (1 in about a million) were either deflected by a very large
angle or deflected back. This confirmed that the space occupied by the heavy
positive centre must be very small.
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Activity 1.7

Form a group and perform the following task. Present your findings to the class.

Predict what Rutherford might have observed if he had bombarded copper metal instead
of gold metal with alpha particles.

From the angles through which alpha particles are deflected, Rutherford calculated
that the nucleus of an atom has a radius of about 101> m. The radius of the whole
atom is about 107'° m. Therefore, the nucleus is about 1/10,000 (one ten-thousandth)
of the size of the atom as a whole. Thus, if we magnified an atom to the size of a
football stadium (about 100 m across), the nucleus would be represented by a pea
placed at the centre of the pitch.

Rutherford suggested that the negatively charged electrons surrounding the positively
charged nucleus are like planets around the sun revolving. He could not explain,
however, what kept the electrons in motion around the nucleus.

1.2.3 Discovery of Neutrons

In 1932, an English scientist, James Chadwick, identified the existence of neutrons.
He bombarded a thin foil of beryllium with a-particles of a radioactive substance. He
then observed that highly penetrating rays, consisting of electrically neutral particles of
a mass approximately equal to that of the proton, were produced. These neutral
particles are called neutrons.

A neutron is a subatomic particle carrying no charge and having a mass of 1.675 x
1024 g. This mass is almost equal to that of a proton or of a hydrogen atom.

Exercise 1.3

1. Which experimental evidence indicates that:

i) electrons are negatively charged particles?
if) electrons are the constituents of all atoms?

2. In Rutherford’s experiment, most of the alpha particles passed through the
gold foil undeflected. What does this indicate?

3. In Rutherford’s experiment, some of the a-particles were deflected by small
angles. What does this indicate?

4.  What was determined from Millikan’s oil drop experiment?

5. Three particles are fired into a box that is positively charged on one side and
negatively charged on the other side. The result is shown in Figure 1.5.
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(+) positively charged side

- == = = = = == = =

(-) negatively charged side
Figure 1.5 particles fired into a box.
a  Which particle is a proton?
b Which particle is an electron?

¢ Which particle is a neutron?

Activity 1.8

Hydrogen is the most abundant element in the universe. It is the fuel for the sun and
other stars. It is currently believed that there are roughly 2,000 times more hydrogen
atoms than oxygen atoms. There are also 10,000 times more hydrogen atoms than carbon
atoms.

Make a model of a hydrogen atom, using materials of your choice, to represent a
hydrogen atom, including the proton and electron. Present the model to the class, and
explain in what ways your model resembles a hydrogen atom.

1.3 COMPOSITION OF AN ATOM AND ISOTOPES

Competencies
By the end of this section, you will be able to:
» write the relative charges of an electron, a proton, and a neutron;

+ tell the absolute and relative masses of an electron, a proton, and a neutron;

+ tell the number of protons and electrons in an atom from the atomic number of
the element;

* determine the number of neutrons from given values of atomic number and mass

number;




STRUCTURE OF THE ATOM ’

+ explain the terms atomic mass and isotope, and
* calculate the atomic masses of elements that have isotopes.

Activity 1.9

Based on your previous knowledge discuss the following concepts in groups, and share
your ideas with the rest of the class.

1. Would you think that it is possible for someone to discover a new element that would
fit between magnesium (atomic number 12) and aluminum (atomic number 13)?

2. You are given the following three findings:
a An atom of calcium has a mass of 40 a.m.u. Another atom of calcium has 44 a.m.u.
b An atom of calcium has a mass of 40 a.m.u. An atom of potassium has a mass
of 40 a.m.u.
¢ An atom of calcium has a mass of 40 a.m.u. An atom of cobalt has a mass of
59 a.m.u.

Are these findings in agreement with Dalton’s atomic theory? Discuss your conclusions in
your group.

All atoms have two regions. The nucleus is a very small region located at the center of
an atom. Except for the nucleus of the simplest type of hydrogen atom, all atomic
nuclei are made of two kinds of particles, protons and neutrons. Surrounding the
nucleus, there is a region occupied by negatively charged particles called electrons.
This region is very large compared with the size of the nucleus. A proton has a
positive charge, which is equal in magnitude to the negative charge of an electron.
Atoms are electrically neutral because they contain equal numbers of protons and
electrons.

Nucleus (neutrons + protons)

&
@

Electron

Figure 1.6 A simple representation of an atom.

A proton has a mass of 1.673 x 1027 kg, and a neutron has a mass of 1.675 x 107’
kg. Hence, protons and neutrons have approximately the same mass. Most of the
mass of the atom is concentrated in the nucleus, assuming the mass of an electron to
be negligible or almost zero.
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Activity 1.10

Make a group and perform the following task: Sketch a modern atomic model of a
chlorine atom and identify where each type of subatomic particles would be located.
Submit the model to your teacher.

Activity 1.11

Make a group and discuss, “If atoms are primarily composed of empty space, why can't you
pass your hand through a solid object”? Present your finding to the class.

Physicists have identified other subatomic particles. But particles other than
electrons, protons, and neutrons have little effect on the chemical properties of
matter. Table 1.1 gives a summary of the properties of electrons, protons, and
neutrons. (The relative electric charge, relative mass, and actual mass are discussed in
the next section.)

Table 1.1 Properties of Subatomic Particles.

Particle Symbols Relative electric Relative mass Actual mass
charge (a.m.u) (kg)

Electron e -1 0.0005486 = 0 9.109 x 1073

Proton p* +1 1.007276 = 1 1.673 x 10?7

Neutron n° 0 1.008665 = 1 1.675 x 10727

It is convenient to think of the region occupied by the electrons as an electron cloud,
a cloud of negative charge. The radius of an atom is the distance from the center of
the nucleus to the outer portion of this electron cloud. This is about 1071 m = 100
pm = 0.1 nm. Because atomic radii are so small, they are expressed using a unit that
is specifically convenient for the sizes of atoms. This unit can be picometer, nanometer,
micrometer, etc. The abbreviation for the

picometer is pm (1 pm = 1072 m = 10719 cm)
nanometer is nm (I nm = 10”m = 10~ cm)

micrometer is gum (lum = 10 m = 10 c¢m)
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1.3.1 Atomic Number and Mass Number

Activity 1.12

Form a group and perform the following task. Present your findings to the class.

The table below gives the number of electrons, protons and neutrons in atoms or ions for
a number of elements.

Atom or ion of elements | A B C D E F G
Number of electrons 5 7 9 12 7 6 9
Number of protons 5 7 10 10 7 5

Number of neutrons 5 7 10 10 8 6 10

Based on the table, answer the following questions:
i)  Which of the species are neutral?
ii)  Which of them are negatively charged?

iii) Give the symbolic representations for 'B', 'D' and 'F'

All atoms are composed of the same basic particles. Yet all atoms are not the same.
Atoms of different elements have different number of protons. Atoms of the same
element have the same number of protons.

The Atomic Number (Z) of an element is equal to the number of protons in the
nucleus of an atom. It is also equal to the number of electrons in the neutral atom.

Z=p" or Z=e¢ (in a natural atom)

For different elements, the nuclei of their atoms differ in the number of protons they
contain. Therefore, they differ in the amount of positive charge that their atoms
possess. Thus, the number of protons in the nucleus of an atom determines the identity
of an atom.

Each atom of an element is identified by its atomic number. In the periodic table, the
atomic number of an element is indicated below its symbol. Notice that the elements
are placed in order of increasing atomic number. Hydrogen, H, has atomic number 1,
hence, atoms of the element hydrogen have one proton in the nucleus. Next is helium,
He, which has two protons in its nucleus. Lithium, Li, has three protons. Beryllium,
Be, has four protons, and so on.

Mass Number (A4) is the sum of the number of protons and neutrons in the nucleus of
an atom. Collectively, the protons and neutrons of an atom are called its nucleons.

Mass Number (4) = Number of protons + Number of neutrons

A:p++no
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The name of an element, its atomic number and mass number can be represented by
a shorthand symbol. For example, to represent neutral atoms of magnesium with 12
protons and 12 neutrons, the symbol is ?gMg. The atomic number is written as a
subscript to the left of the symbol of magnesium. The mass number is written as a
superscript to the left of the symbol. This method can be represented in general by
the following illustration, in which X stands for any chemical symbol.

Mass Number A
Atomic NumberX or Z X

24 25
Mg can be read as “Magnesium-24”, and “Magnesium-25" represents Mg. In a
12 12

similar manner, TlNa can be read as “Sodium-23".
The number of neutrons in an atom is found by subtracting the atomic number from
the mass number. For example, the number of neutrons for a silver atom ('$3Ag) is:
Mass number — Atomic number = Number of neutrons
108 — 47 = 61
The number of neutrons is 61.

Example 1

How many protons, electrons, and neutrons are found in an atom of bromine-80
if its atomic number is 35?

Solution:
Atomic number of bromine is 35.
Mass number of bromine is already given as 80. Now we can write bromine,
Br in the form of:

A A _ 80
7 X as 7 BI‘ - 35 BI‘
Mass number — Atomic number = Number of neutrons

80 — 35 = 45 neutrons

For a neutral atom: number of protons = number of electrons = atomic number.

Number of protons = Number of electrons = 35

Activity 1.13

Discuss the following idea in groups and present your discussion to the class.

Why do all atoms of a chemical element have the same atomic number although they
may have different mass numbers?
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Exercise 1.4

Determine the atomic number, mass number, and number of neutrons in

a P b K C ~Fe

1.3.2 Isotopes and Atomic Mass

The simplest atoms are those of hydrogen. Each hydrogen atom contains one proton
only. However, hydrogen atoms contain different numbers of neutrons.

Three types of hydrogen atoms are known. The most common type of hydrogen is
called protium. It accounts for 99.985% of the hydrogen atoms found on Earth. The
nucleus of a protium atom consists of one proton only, and it has one electron moving
around it. The second form of hydrogen atom is called deuterium, which accounts for
0.015% of the Earth's hydrogen atoms. Each deuterium atom has a nucleus containing

Activity 1.14

Form a group and discuss the following idea and present your discussion to the class.

Nitrogen has two naturally occurring isotopes, N-14 and N-15. The atomic mass of

nitrogen is 14.007. Which isotope is more abundant in nature? Explain.

one proton and one neutron. The third form of hydrogen atom is known as tritium,
and it is radioactive. It exists in very small amounts in nature, but it can be prepared
artificially. Each tritium atom contains one proton and two neutrons. Protium,
deuterium and tritium are the three isotopes of hydrogen.

Isotopes are the atoms of the same element that have the same atomic number but different
masses number. The isotopes of a particular element have the same number of protons and
electrons but different number of neutrons. Isotopes of an element may occur naturally, or
they may be made in the laboratory (artificial isotopes). Since isotopes have the same
number of protons and electrons, they have the same chemical properties.

Designating Isotopes

Isotopes are usually identified by specifying their mass number. There are two
methods for specifying isotopes. In the first method, the mass number is written
with a hyphen after the name of the element. Tritium, for example, is written as
Hydrogen-3. We will refer to this method as hyphen notation. The second method for
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designating an isotope is by indicating its isotopic nuclear composition. For example,
Hydrogen-3 is written as 'H. The following table illustrates this designation of
isotopes for hydrogen and helium.

Table 1.2 Isotopes of Hydrogen and Helium.

Isotope Nuclear No. of No. of No. of y4 A
symbol protons electrons neutrons

Hydrogen-1 (protium) 1 H 1 1 0 1 1
Hydrogen-2 (deuterium) 21 H 1 1 1 1 2
Hydrogen-3 (tritium) 31 H 1 1 2 1 3
Helium-3 *He 2 2 1 2 3
Helium-4 ‘He 2 2 2 2 4

Exercise 1.5

1. Write the nuclear symbol for carbon-13 and carbon-12.
2. The three atoms of elements X, Y and Z are represented as:

2X, 7Y and }, Z. Determine the number of protons, electrons, and neutrons in

2 13 5

the neutral atoms indicated.

Relative Atomic Masses

Actual masses of atoms, measured in grams, are very small. An atom of oxygen-16,
for example, has a mass of 2.657 x 1023g. For most chemical calculations, it is more
convenient to use relative atomic masses. In order to set up a relative scale of atomic
mass, one atom has been arbitrarily chosen as the standard and assigned a relative mass
value. The masses of all other atoms are expressed in terms of this defined standard.

The standard used by scientists to determine units of atomic mass is the carbon-12
atom. It has been arbitrarily assigned a mass of exactly 12 atomic mass units, or 12
a.m.u. One atomic mass unit, or 1 a.m.u, is exactly 1/12 the mass of a carbon-12
atom, or 1.660 x 1072* g. The atomic mass of any atom is determined by
comparing it with the mass of the carbon-12 atom. The hydrogen-1 atom has an
atomic mass of about 1/12 of that of the carbon-12 atom, or about 1 a.m.u. The
precise value of the atomic mass of a hydrogen-1 atom is 1.007 a.m.u. An oxygen-
16 atom has about 16/12 (or 4/3 the mass of a carbon-12 atom). Careful
measurements show the atomic mass of oxygen-16 to be 15.994 a.m.u. The mass
of a magnesium-24 atom is found to be slightly less than twice that of a carbon-12
atom. Its atomic mass is 23.985 a.m.u.
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The masses of subatomic particles can also be expressed on the atomic-mass scale.
The mass of an electron is 0.0005486 a.m.u, that of the proton is 1.007276 a.m.u,
and that of the neutron is 1.008665 a.m.u. Note that the proton and neutron masses
are close to 1 a.m.u but not equal to 1 a.m.u. You have learned that the mass number
is the total number of protons and neutrons in the nucleus of an atom. You can now
see that the mass number and relative atomic mass of a given nucleus are quite close
to each other. They are not identical because the proton and neutron masses deviate

slightly from 1 a.m.u.

Activity 1.15

Form a group and perform the following task, based on the given information:
Magnesium has three naturally occurring isotopes, namely Mg-12, Mg-13, and Mg-14.

Make models of three isotopes of magnesium using locally available materials such as clay,
colours and sticks, and depict the nucleus, the positions of protons, electrons and neutrons.

Present your model to the class.

Average Atomic Masses of Elements

Most elements occur naturally as mixtures of isotopes, as shown in the examples in
Table 1.3. The percentage of each isotope in the naturally occurring elements is nearly
always the same, no matter where the element is found. The percentage at which each
isotope of an element occurs in nature is taken into account when calculating the
average atomic mass of the element. Average atomic mass is the weighted average of
the atomic masses of the naturally occurring isotopes of an element.

Table 1.3 Atomic masses and abundances of some natural occurring isotopes.

Isotopes Mass % natural Atomic mass | Average atomic mass
number abundance (a.m.u) of element (a.m.u)

Hydrogen-1 1 99.985 1.6078

1.00794
Hydrogen-2 2 0.015 2.0141
Oxygen-16 16 99.762 15.994
Oxygen-17 17 0.038 16.999 15.9994
Oxygen-18 18 0.200 17.999

*  Since trittum 1s radioactive and exists in a very small amount in nature, it is not
included in the calculation of atomic mass of hydrogen.
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The average atomic mass of an element is calculated by summing up the products of
relative atomic mass and percentage abundance of each isotope and dividing by 100.

Example 2
Chlorine has two isotopic compositions: 75.77 % of ;> Cl and 24.23 % of
77Cl. Determine the average atomic mass of chlorine.

Solution:

75.77 % of natural chlorine exists as chlorine 35, and the rest 24.23 % as
chlorine 37.

The average atomic mass of chlorine is calculated as follows:

_ (75.77%35)+(24.23x37)
B 100

= 3545

Thus, the average atomic mass of chlorine is 35.45 a.m.u

Example 3

Calculate the average atomic mass of boron, using the following data:

Isotope Relative Percent
masses abundance

"B 10.0134 19.70

"B 11.0094 80.30

Solution:

The average atomic mass of boron is obtained by taking the sum of the products
of the relative atomic mass and the percentage abundance of the first and the
second isotopes of boron and dividing by 100.

(10.0134x19.70) +(11.0094 x 80.30)
100

Average atomic mass of B =
= 10.813 am.u

Exercise 1.6

Give appropriate answers for the following questions.

1. What are isotopes? Explain their symbolic designation using the isotopes of
hydrogen.
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235
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2. The three isotopes of uranium are: *>U, *°U and *’U. How many protons,
neutrons and electrons are present in each isotope?

3. Indicate the number of fundamental particles present in an atom of *Pb.

4. The metal thallium occurs naturally as 30% thallium-203 and 70%
thallium-205. Calculate the atomic mass of thallium.
Critical Thinking

5. Why is the gravitational force in the nucleus so small?

6. Could a nucleus of more than one proton but no neutron exist? Explain.

1.4 ATOMIC MODELS

Competencies
By the end of this section, you will be able to:

* name the five atomic models,

* describe Dalton’s, Thomson’s and Rutherford’s atomic models,

 state Bohr’s postulates,

* describe Bohr’s model,

* describe the quantum mechanical model,

 describe main-energy level and sub-energy level,

* define the term electronic configuration,

 write the ground state-electronic configuration of the elements,

* draw diagrams to show the electronic configuration of the first 18 elements,
 write the electronic configuration of the elements using sub—energy levels,
» write electronic configuration of elements using noble gas as a core and

e describe valence electrons.

Activity 1.16

Discuss the following concept in groups and present your conclusion to the class. Have
you heard the word “model” in your everyday life? Car makers produce different models as
time passes. What is your understanding about the atomic model?

Atoms are too small to be observed directly. Hence, it is better to develop a tentative
mental picture (model) of the atomic concept. The ideas about atoms have changed
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many times. But, at present we can reduce these ideas into five models: Dalton’s
Model, Thomson’s Model, Rutherford’s Model, Bohr’s Model, and the Quantum
Mechanical Model.

i) Dalton’s Atomic Model

This model of atoms was accepted for 100 years without serious challenge. He
thought of atoms as solid indestructible spheres. He called it the billiard ball model.

Figure 1.7 Dalton’s model of an atom.

ii) Thomson Model

After learning that atoms contain electrons, Thomson proposed a new model of the
atom, which is shown in Figure 1.8. It is sometimes called the plum-pudding model. In
his model of an atom, Thomson proposed thought that electrons were embedded
inside a positively charged sphere, just like plums in a pudding. Today we might call
Thomson’s model the chocolate chip ice-cream model.

—+

+ T+
+ o+

Figure 1.8 Thomson’s model of an atom.

Activity 1.17

Perform the following tasks in groups and present your findings to the class.
1. Draw a sketch diagram of a carbon atom using Thomson's atomic model.
2. What was incorrect about Thomson's model of the atom?

iii) Rutherford Model

Why was Thomson’s model of atom discarded and replaced by
Rutherford’s model?




STRUCTURE OF THE ATOM ’

By 1911, evidence was collected that allowed scientists to modify Thomson’s model
of an atom. Ernest Rutherford (1871-1937), a former student of Thomson, performed
one of the classic experiments of scientific history. As indicated earlier in this unit, he
bombarded different types of matter with high-energy, positively charged alpha
particles. Based on the Thomson’s model of an atom, Rutherford hypothesized that
the alpha particles should go through very thin metal foils undeflected. However, after
performing an experiment on gold leaf, he found that a small but significant number of
the alpha particles were deflected through large angles by the gold atoms. These
results showed Rutherford that the Thomson model of the atom was not valid. A
uniform positive charge with embedded negatively charged electrons would not
interact with the alpha particles in such a manner.

The Rutherford model of the atom has a small, dense, positively charged nucleus
around which electrons whirl at high speeds and at relatively long distances from it.
He compared the structure of an atom with the solar system, saying that the nucleus
corresponds to the sun, while the electrons correspond to the planets. This picture of
the atom is also called the planetary atom. In other words, Rutherford gave us the
nuclear model of the atom.

Even though Rutherford showed that the atom has a nucleus, he did not know how
the electrons were arranged outside the nucleus. This was the major drawback of
Rutherford’s model of an atom.

Figure 1.9 Rutherford model.

Historical Note

A Nobel Prize winner, Niels Bohr, was known not only for his
own theoretical work, but also as a mentor to younger physicists
who themselves made important contributions to physical
theory. As the director of the Institute for Theoretical Physics at
the University of Copenhagen, Bohr gathered together some of
the finest minds in the physics community, including Werner
Heisenberg and George Gawow. During the 1920, the Institute
was the source of many important works in quantum mechanics

and in theoretical physics in general.

Niels Bohr




‘ CHEMISTRY GRADE 9

iv) Bohr Model

In 1913, the Danish physicist Niels Bohr (1885-1962) proposed an atomic model in
which the electrons moved around the nucleus in circular paths called orbits. He
assumed the electrons to be moving around the nucleus in a circular orbit as the
planets move around the sun. Based on the Rutherford's atomic model, Bohr made
the following modifications.

* The electrons in an atom can exist only in a restricted number of stable orbits
with energy levels in which they neither absorb nor emit energy. These orbits
designated by a number called the principal quantum number, n. The principal
quantum number has the values of 1, 2, 3, . . . The energy levels are also called
shells. They are represented by K, L, M, . . . etc. The K-shell is the first shell,
the L-shell is the second shell, the M-shell is the third shell, etc.

*  When an electron moves between orbits it absorbs or emits energy. When an
electron jumps from lower to higher states it absorbs a fixed amount of energy.
When an electron falls from a higher (excited) state to a lower (ground) state it
emits a fixed amount of energy.

* The electrons move around the nucleus in energy levels.

Figure 1.10 Thefirstsix energy levelsin the Bohr model of an atom.

* According to Bohr, for each element, the number of energy levels or shells is
fixed. Also, each different energy level or shell of an atom can only accommodate
a certain number of electrons. The maximum number of electrons that the main
energy level can have is given by the general formula 27?, where n is equal to
the main energy level.

Therefore, the maximum number of electrons in each shell in the Bohr model is:
first energy level (n=1)is 2(1)> = 2 electrons
second energy level — (n = 2) is 2(2)> = 8 electrons
third energy level (n = 3) is 2(3)*> = 18 electrons
fourth energy level (n = 4) is 2(4)*> = 32 electrons
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It can also be summarized in the form of Table 1.4.

Table 1.4 Energy levels and electrons for the first four main energy levels.

Principal quantum number (n) 1 2 3 4
Shell K L M N
Maximum possible number of electrons 2 8 18 32

*  When electrons fill the various energy levels in an atom, they first occupy the
shell with the lowest energy level. When the lowest energy level is filled, according
to the 2n° rule, then the electrons enter the next higher energy level.

The outermost shell of an atom cannot accommodate more than eight electrons, even
if it has the capacity to hold more electrons. This is because having more than eight
electrons in the outermost shell makes the atom unstable.

For example, let us write the electron configuration of magnesium that has 12
electrons. The first 2 electrons occupy the K-shell (the first energy level). The L-shell
(the second energy level) is occupied with 8§ electrons. The remaining 2 electrons
enter the M-shell (the third energy level). Hence, the electron configuration of

magnesium atom becomes X & .

Bohr’s diagrammatic representation, using shells, in some atoms are given below.
Note that p = proton, n = neutron, and @ = electron.

Hydrogen Helium

Carbon

Sodium Chlorine

Figure 1.11 Diagrammaticrepresentation of Bohr’s model.
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Activity 1.18

Form a group and try to compare Rutherford’s atomic model with Bohr's atomic model?

Present your discussion to the class.

Exercise 1.7

Draw Bohr’s diagrammatic representations for the following atoms:
a Nitrogen (atomic number = 7)

b Sulphur (atomic number = 16)

¢ Potassium (atomic number = 19)

d Calcium (atomic number = 20)

v) The Quantum Mechanical Model

During the 1920’s, the discovery of the wave-like properties of electrons led to the
wave-mechanical model or quantum-mechanical model of atoms. In this model, the
electrons are associated with definite energy levels, but their locations cannot be
pinpointed. Instead, they are described in terms of the probability of being found in
certain regions of space about the nucleus. These regions of space are called orbitals.
An orbital is a particularly shaped volume of space where the probability of finding an

electron is at a maximum.

According to this model, the electrons in an atom are in a series of energy levels or
shells. Each energy level or shell is described by a number called the principal
quantum number, », which is related to the size of the energy level. The larger the

energy value of 7, the farther the electrons are found from the nucleus.

The quantum mechanical model introduces the concept of sublevel for each main
energy level. For atoms of the known elements, there are four types of sublevels
designated by the letters s, p, d, and /. The number of sublevels within each energy

level or shell is equal to the numerical value of 7.
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Table 1.5 The principal quantum number specified with shell, sublevels and
maximum number of electrons.

Principal quantum Shell Number and type of Maximum number
number (n) sublevels of electronsin
each shell (2n?)
1 K 1 (s) 2
2 L 2 (s, p) 8
3 M 3(s,p,d) 18
4 N 4(s,p,d,f) 32
5 ¢) 5(s,p.d,19) 50
6 P 6(s,p, d,fgh) 72

Any orbital can accommodate a maximum of two electrons. Accordingly,

s-sublevel has only 1 orbital and can hold a maximum of 2 electrons,
p-sublevel has 3 orbitals and can hold a maximum of 6 electrons,
d-sublevel has 5 orbitals and can hold a maximum of 10 electrons, and

f-sublevel has 7 orbitals and can hold a maximum of 14 electrons.

Electron Configurations

The arrangement of electrons in an atom is known as the electron configuration of the
atom. Because atoms of different elements have different numbers of electrons, a
distinct electronic configuration exists for the atoms of each element. Like all systems
in nature, electrons in atoms tend to assume arrangements that have the lowest
possible energies. The lowest energy arrangement of the electrons in an atom is called
the ground state electron configuration. A few simple rules, combined with the
quantum number relationships discussed below, allow us to determine these ground-
state electron configurations.

The quantum mechanical model is designated by the following notation: a coefficient
which shows the main energy level, a letter that denotes the sublevel that an electron
occupies, and a superscript that shows the number of electrons in that particular
sublevel.

Number of electrons

The designation is explained as follows
1s%
A A

‘ L Sublevel

Main energy level
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For example, the electron configuration of lithium (;Li) is: 1s%2s'.

This indicates that there are 2 electrons in the first s-sublevel and 1 electron in the 214
s-sublevel.

The configuration for sodium (2} Na) atom is: 1s*25?2p3s'. This indicate that there

are 2 electrons in the first s-sublevel, 2 electrons in the second s-sublevel, 6 electrons
in the second p-sublevel, and 1 electron in the third s-sublevel.

I ARL

Form a group and perform the following task in groups and present your findings to the
class.

The following ground state electron configurations are incorrect. Identify in each case the
mistakes that have been made and write the correct electron configurations.

i) 1s? 2s22p*3s?

i) 1s2 2s'2ps

iii) 1s? 252 2p® 3p3 3s?
)

iv) 1s? 252 2p®3s? 3p3 452 3d*

The following table lists the first 14 elements in the periodic table and shows the
electron configuration of each.

Table 1.6 The ground state electron configuration of the first 14 elements.

Element Electron Configuration
Hydrogen 1s!
Helium 1s2
Lithium 152 25!
Beryllium 152 252
Boron 152 252 2p"
Carbon 152 252 2p?
Nitrogen 152 252 2p3
Oxygen 152 252 2p*
Fluorine 152 252 2p°
Neon 152 252 2pb
Sodium 152 252 2p© 3!
Magnesium 152 252 2pb 352
Aluminium 152 252 2p® 352 3p!
Silicon 152 252 2p° 352 3p?
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Exercise 1.8

Write the ground state electron configuration for the following elements.
a Phosphorus (atomic number = 15)
b Sulphur (atomic number = 16)
¢ Chlorine (atomic number = 17)
d Argon (atomic number = 18)

Rules Governing Electron Configuration

Most of the electronic configuration of an atom can be explained in terms of the building-up
principle, or also known as the Aufbau principle. According to the Aufbau principle, an
electron occupies the lowest energy orbital available before entering a higher energy orbital.

The atomic orbitals are filled in order of increasing energy. The orbital with the lowest energy
isthe 15 orbital. The 2s orbital is the next higher in energy, then the 2p orbitals, and so on.
Beginning with the third main energy level, n=3, the energies of the sublevels in the different
main energy levels begin to overlap.

In Figure 1.12, for example, the 45 sublevel is lower in energy than the 34 sublevel.
Therefore, the 45 orbital is filled before any electrons enter the 3 orbitals. Less energy is
required for two electrons to pair up in the 4s orbital than for a single electron to occupy a 3d
orbital. Which sublevel will be occupied after the 3¢ sublevel is fully occupied?

Theelectrons are arranged in sublevels according to Aufbau principle which is also known as
the diagonal rule. The diagonal rule is a guide to the order of filling energy sublevels. Itis
particularly helpful for atoms with atomic numbers higher than 18. This is because for atoms
with higher atomic numbers their sublevels are not regularly filled.

1s

7s 2

Es €Ep

Figure 1.12 Diagonal rule for writing electron configuration.
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If you list the orbitals following the direction of arrows, you can obtain the electron
configuration of most atoms. Therefore, the order of filling the sublevels is given as:

1s% 252 2p% 352 3p® 4s? 3d'0 4pb 55% 4d'0 5p° 6s% 414 5410 6p°...
The outermost occupied energy level of an atom is called the valence shell and the
electrons that enter into these energy levels are referred to as valence electrons.

Example 1

What is the electron configuration of magnesium, *; Mg?

Solution:

% Mg = 1s? 25*2p° 35> = in sublevel
12 =) ——— X .

2 8 2 = in main energy level
From this, we can write the configuration of elements by using a noble gas as
a core and the electrons outside the core. Note that noble gases have complete
outer electron shells, with 2 or 8 electrons. Therefore, the above electron

configuration can be written as follows:
24 Mg = 15%2522p° 3s?
[Ne]
= [Ne] 3s?
Example 2
Write the electron configuration of copper (Z = 29).

Solution:

Following the diagonal rule, we can fill the sublevels, in order of increasing
energy, until all its electrons are filled. Therefore, the configuration will be:
Cu = 15%25%2p°3s23p° 4s'3d'0

%—/

[Ar]
= [Ar] 4s'34d"°

Exercise 1.9

1. Write the electron configuration of the following elements using noble gases as
a core.

a O b Al c (Cl d Ca
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2.  Write the electron configuration of the following elements.

84 56 65
a S Kr b S Fe C 37Zn

Key terms of the unit

*  Modern atomic theory

e Atom

e Atomic Model * Neutron

* Aufbau principle *  Nucleus
e Proton

* Average atomic mass

e Bohr's Model *  Quantum Mechanical Model

« Cathode ray * Radioactivity
 Dalton's atomic theory o - particles
* Dalton's Model

o FElectron

B - particles

y - particles
* Rutherford's Model
*  Sub-energy level
* Thomson's Model

» FElectron configuration
» Electron configuration
* [sotopes

*  Main energy level

The Greek philosopher Democritus proposed what we consider as the first atomic
theory. He believed that all matter consists of very small, indivisible particles. He
named the particles atoms (meaning uncuttable or indivisible).

John Dalton’s work in atomic theory marked the start of modern chemistry. His
concept of an atom was far more detailed and specific than Democritus'.

Dalton did not try to describe the structure or composition of atoms — he did not
know what an atom really looked like. But he did realize that the different properties
shown by elements such as hydrogen and oxygen can be explained by assuming that
hydrogen atoms are not the same as oxygen atoms.

In our current view of atomic theory, atoms consist of smaller particles — electrons,
protons, and neutrons. The structure of an atom is basically a cloud of electrons
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surrounding a small, dense region, called the nucleus. An electron is a negatively
charged particle with negligible mass.

The nucleus was discovered by Ernest Rutherford. Rutherford suggested that the
charge and mass of an atom are concentrated in its nucleus, and that the nucleus has
positive charge.

In current views, the nucleus of an atom contains protons and neutrons. Protons have
positive charge, and neutrons have no charge. Each element has a unique number of
protons in its atoms. This number is the atomic number of the element, and is
designated by Z. The total number of protons and neutrons in the nucleus of an atom
is the mass number of the element. Mass number is designated by 4. Atomic number
and mass number for an atom of an element, X, is designated by:

A
7 X
For a neutral atom,

 the number of protons = the number of electrons = atomic number.
+ the number of protons + the number of neutrons = mass number.

Over centuries, scientists have developed these main atomic models:

» Dalton’s Model: an atom is a solid, indestructible sphere.

* Thomson’s Model: an atom is a sphere with a uniform positive charge. Negatively
charged electrons are embedded in the positive charge.

* Rutherford’s Model: Rutherford discovered that atoms are mostly empty space
with a dense, positive nucleus.

* Bohr’s Model: in an atom, electrons follow circular orbits around the nucleus.
The Bohr Model was the first quantum mechanical model of the atom.

* The Quantum Mechanical Model: in an atom, the orbits of electrons around
the nucleus are elliptical. This theory is a modification of the Bohr model.

The quantum mechanical description of an atom is the electron configuration of the
atom — the arrangement of electrons in the atom. The maximum number of electrons in
a main energy level is 277, where n is the principal quantum number.

The quantum mechanical model is governed by this principle:

The Aufbau principle is a guide to the order of filling energy levels and sublevels.
According to this principle lower energy sub levels are completely filled before
electrons enter higher energy sublevels.




STRUCTURE OF THE ATOM .

REVIEW EXERCISE ON UNIT 1

Part I: True/False type questions

1.

Identify whether each of the following statement is correct or incorrect. Give
your reasons for considering a statement to be false.

Atoms of the same element have the same number of protons.

Atoms of different elements can have the same number of protons.

Atoms of the same element have the same number of electrons.

Atoms of the same element have the same number of neutrons.

The s- sublevel contains 2 electrons.

The d-sublevel contains 5 orbitals.

The 4s-sublevel comes before the 3d sublevel.

50 h 0O O 60 O W

The fundamental particle not present in a hydrogen atom is the proton.

— e

Isotopic elements contain the same number of neutrons.
j  An alpha particle is composed of He?" ions.
k The mass of an electron is almost equal to the mass of a proton.

Part ll: Write the missing words in your exercise book

2. The mass of an atom is mainly concentrated in
3.

The diameter of an atom is times that of the nucleus.

4. The energy level in the third principal quantum number can accommodate

electrons.

Part lll: Give the appropriate answers for the following questions

5.

Draw diagrammatic representation of the following atoms by using shell or energy
level.

a Be b F c BSi d HK

Write the electron configuration of the elements: (use quantum mechanical model)
a =S b 32Cr ¢ Fe d %Cu

For the elements in question number 6,

a give the valence electrons for each.

b give the number of neutrons for each.
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In a certain atom, the last electron has a 3d? electron configuration. On the
basis of this:

a
b
c
d

€

write the electron configuration of the element using a noble gas as a core.
write the electron configuration using the main energy levels.

what is the atomic number of the atom?

what are the valence shell electrons of the atom?

how many protons does the atom have?

What is the relative atomic mass of an element whose isotopic composition is
90% of 2°X and 10% of 2>X?

Part IV: Short answer type questions

10. Comment on Dalton’s atomic theory and the areas in which modifications were
made.

11.

12.

John Dalton made a number of statements about atoms that are now known to
be incorrect. Why do you think his atomic theory is still found in science text
books?

If scientists had tried to repeat Thomson's experiment and found that they could
not, would Thomson's conclusion still have been valid? Explain your answer.
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Periodic Classification of the
Elements

Unit Outcomes

After completing this unit, you will be able to:

* understand the periodic classification of the elements;

* develop skills in correlating the electron configuration of elements with the

periodicity of the elements, and in predicting the trends of periodic properties
of elements in the periodic table;

@ appreciate the importance of classification in chemistry; and

* demonstrate scientific inquiry skills: observing, inferring, predicting, classifying,
comparing and contrasting, making models, communicating, measuring, asking

questions, interpreting illustrations, drawing conclusions, applying concepts,
and problem solving.
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How can you use a table of repeating events to predict the next events?
Table 2.1 shows a familiar table of repeating properties. What is it?

Of course, it is a calendar, but it is a calendar with a difference — it is missing
some information. You can determine what is missing and fill in the blanks.

1. Look at the calendar again. The calendar has columns of days, Sunday through
Saturday. The calendar also has horizontal rows. They are its weeks.

2. Examine the information surrounding each empty spot. Can you tell what
information is needed in each empty spot?

3. Fill in the missing information. For example:
Conclude and Apply

1. One day in column 3 is marked X, and a day in column 4 is marked Y. What
dates belong to these positions? Discuss your answers in your group.

2. Column 5 does not have a name. What is the correct name of this column?
3. What dates are included in the third row of the table?

Assuming that the previous month had 30 days, what day would the 28" of
that month have been? What row of this table would it appear in?

5. How do you relate this periodicity with the periodic classification of elements?

Table 2.1 Periodicity in time.

Sun Mon Tues Wed Fri Sat
1 2 3

4 5 6 7 8 9 10
11 12 X Y 15 16 17
18 19 20 21 22 23 24
25 26 27 28 29 30 31

2.1 INTRODUCTION

Competencies

By the end of this section, you will be able to:

* Describe periodicity.
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Activity 2.1

Form a group and discuss the following concepts. Present your discussion to the rest of
the class.

What was the basis for the early attempts in classifying the elements? Outline the
contributions of some scientists you have read about in classfying the elements.

Before the beginning of the 18" century, it was easy to study and remember the
properties of the elements because very few were known. However, in the middle of
the 19" century, many more elements were discovered. Scientists then began to
investigate possibilities for classifying the known elements in a simple and useful
manner. After numerous attempts, the scientists were ultimately successful. They
grouped elements with similar properties together. This arrangement is known as the
classification of elements.

Early Attempts in classifying the elements

What is meant by the term periodicity? Can you give some periodic events in
nature?

Early attempts to classify elements were based merely on atomic mass. Then scientists
began to seek relationships between atomic mass and other properties of the
elements.

i) Dobereiner's Triads: One of the first attempts to group similar elements was
made in 1817 by the German chemist J. Dobereiner. He put together similar
elements in group of three or triads. According to Dobereiner, when elements in
a triad are arranged in the order of increasing atomic masses, the middle element
had the average atomic mass of the other two elements. For example, because
the atomic mass of bromine is nearly equal to the average atomic mass of
chlorine and iodine, he considered these three elements to constitute a triad when
arranged in this order: chlorine, bromine, iodine see Table 2.2.

Table 2.2 Dobereiner's Triads.

Triads Atomic Masses
Chlorine . ... .o 35.5
Bromine ........ .. .. 80
lodine . ... 127
3554127

Average atomic masses of chlorine and iodine = - = 81.25

Reading Check

Do you think that this classification works for all elements?
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ii) Newlands's Law of Octaves: In 1864, John Newlands, an English chemist,
reported the law of octave, which is also known as the law of eight. He stated
that when elements are arranged in increasing order of their atomic masses,
every eighth element had similar properties to the first element.

Newlands first two octaves of eight elements are shown below:

Li Be B C N ) F
Na Mg Al Si P S cl
K Ca

However, the law of octaves could not be applied beyond calcium.

Reading Check

With the aid of an encyclopedia, reference books or other resources, write a report
on:

a J. Dobereiner and

b J. Newlands works in organizing the elements.

In your report include the merits and demerits of their works.

Exercise 2.1

1. Decide whether the principle of Dobereiner’s triad can be applied in the following
groups of three elements.

a Be, Ca, Sr b Li, Na, K

2. Newlands stated that there was a periodic similarity in properties of every
eighth element in his system. However, today we see that for periods 2 and 3,
the similarity occurs in every ninth element. What is the reason? Explain.

2.2 The Modern Periodic Table

Competencies

By the end of this section, you will be able to:

» state Mendeleev’s and modern periodic law;
 describe period and group;

+ explain the relationship between the electronic configuration and the structure of
the modern periodic table;

» describe the three classes of the elements in the modern periodic table;

« explain the four blocks of the elements as related to their electronic
configuration in the modern periodic table;
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tell the block of an element from its electronic configuration;

give group names for the main group elements;

classify the periods into short, long, and incomplete periods;

tell the number of groups and periods in the modern periodic table;

tell the number of elements in each period;

predict the period and group of an element from its atomic number; and

tell the block and group of an element from its electronic configuration.

Activity 2.2

Form a group and perform the following tasks. Share your findings with the rest of the
class.

1.

. Draw one complete table which shows all elements;

Make a list of the symbols for the first eighteen elements. Beside each symbol, write
its electronic configuration.

Draw sets of vertical boxes. In order of increasing atomic number, fill into each set the
symbol of all elements having the same outer electron configurations. How many sets
are there? Record your answetr.

Draw sets of horizontal boxes. In order of increasing atomic number, fill into each set
the symbols of all elements having the same number of shells. How many sets are
there? How many elements are there in each set? Record your answers.

Do you see any regular patterns that you created in Steps 2 and 3?

a with the same number of outermost electrons in a vertical column

b filling the same outer electron shell in a horizontal row.

Dimitri Mendeleev

While attempting to group the elements according to their
chemical properties and atomic weights, Dimitri Mendeleev
developed the periodic table and formulated the periodic law.
Because his classification revealed recurring patterns (periods) in
the elements, Mendeleev was able to leave spaces in his table for
elements that he correctly predicted would be discovered.
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2.2.1 The Periodic Law

A. Mendeleev’s Periodic Law

In 1869, the Russian chemist Dimitri Mendeleev and the German scientist Luthar
Meyer independently published periodic arrangements of the elements based on

increasing atomic mass.

Mendeleev observed that, when elements are arranged according to increasing atomic
mass, the chemical and physical properties of the elements recur at regular intervals.
This periodic variation and the recurrence of the properties of the elements led to the

formulation of the Periodic Law.

Mendeleev's periodic law states that the properties of the elements are periodic
functions of their atomic masses. Only 63 elements were known when Mendeleev
constructed his table in 1871. Mendeleev organized his table in columns, with each
column containing elements that have similar chemical properties. Accordingly,

elements in the same column gave family or groups of elements.

How did Mendeleev know where to leave gaps for undiscovered elements in his

periodic table?

Mendeleev left blank spaces for the undiscovered elements and also predicted masses
and other properties of these unknown elements almost correctly. For example,
neither gallium nor germanium were discovered when Mendeleev constructed his
periodic table. But he predicted the existence and properties of these unknown

elements.

Mendeleev left two blank spaces for these two elements in the table, just under
aluminium and silicon. He called these unknown elements 'eka-aluminium' and 'eka-
silicon.' (‘eka' means 'first'). What he meant by 'eka-aluminium' is "a currently known

element (galium) following aluminium".

Later on, in 1874, the element Gallium (eka-aluminium in Mendeleev's system) was
discovered. In 1886, the element Germanium (eka-silicon) was discovered. The
observed properties of these elements were remarkably very close to those in
Mendeleev’s predictions. Table 2.3 shows the properties of eka-silicon predicted by

Mendeleev and compares them to the observed properties of Germanium.
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Table 2.3 Comparison of Mendeleev's predictions for the properties of Eka-silicon with

Germanium.
Property Mendeleev's Observed Properties for
Predictions for Germanium (Ge) in 1886
eka-silicon (Es) in 1871
Atomicmass .............. 72 72.6
Density (g/cm3) ........... 5.5 5.47
Colour...........ooiii. Dark Gray Light Gray
Oxide formula . ............ EsO, GeO,
Density of oxide (g/cm3) . .. .. 4.7 4.7
Chloride formula .. ......... EsCl, Gedl,
Density of chloride (g/cm?®) . . . 1.9 1.887
Boiling point of chloride . . . .. < 100°C 86°C

Defects in Mendeleev's periodic table

1. Position of isotopes: The isotopes were not given separate places in Mendeleev's
periodic table. Since elements are arranged in order of increasing atomic masses,
the isotopes belong to different groups (because isotopes have different masses).

2. Wrong order of atomic masses of some elements: When certain elements are
grouped on the basis of their chemical properties, some elements with higher
atomic masses precede those with lower atomic masses. For example, argon,
with atomic mass of 39.95, precedes potassium with atomic mass of 39.1.

B The Modern Periodic Law
What was Mosley's contribution to the modern form of the Periodic Table?

In 1913, the English physicist Henry Mosley determined the atomic number of each of
the elements by analyzing their X-ray spectra. He observed that when each element
was used as a target in an X-ray tube, it gave out X-rays with a characteristic
wavelength. The wavelength depends on the number of protons in the nucleus of the
atom and was constant for a given element. By arranging the elements in order of
decreasing wavelength, Mosley was able to assign atomic number to each element.
The atomic number of every element is fixed, and it clearly distinguishes one element
from another. 'No two elements can have the same atomic number.' For example,
atomic number 8 identifies the element oxygen. No other element can have atomic

number §&.
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Therefore, the atomic number of an element is the fundamental property that
determines the chemical behavior of the element. The discovery of atomic number led
to the development of the modern periodic law. The modern periodic law states that:
“the properties of the elements are periodic function of their atomic numbers.” This
means that when elements are arranged according to increasing atomic number,
elements with similar physical and chemical properties fall in the same group.

2.2.2 Characteristics of Groups and Periods

Many different forms of the periodic table have been published since Mendeleev's
time. Today, the long form of the periodic table, which is called the modern periodic
table, is commonly in use. It is based on the modern periodic law. In the modern
periodic table, elements are arranged in periods and groups.

What are the basis for classifying the elements into groups and periods?

What are the similarities and differences in the electron configuration of S
and CI?

Periods: The horizontal rows of elements in the periodic table are called periods or
series.

Elements in a period are arranged in increasing order of their atomic numbers from left
to right.

There are 7 periods in the modern periodic table, and each period is represented by
an Arabic numeral: 1,2 ... and 7.

+ Elements in the same period have the same number of shells.

* Periods 1, 2, and 3 are called short periods while periods 4, 5, and 6 are
known as long periods.

* Period 1 contains only 2 elements, hydrogen and helium. Period 2 and period 3
contain 8 elements each.

* Period 4 and period 5 contain 18 elements each. Period 6, the longest period,
has 32 elements. Period 7, which is an incomplete period, contains more than
24 elements.Period 7 element is radioactive and/or an artificial element.

» Except for the first period, all periods start with an alkali metal and ends with a
noble gas.
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Table 2.4 The number of elements in a given period and the orbitals being filled.

Period number Orbitals occupied Number of elements
1 1s 2
2 2s, 2p 8
3 3s, 3p 8
4 4s, 3d, 4p 18
and so on

The position of an element in a given period can be determined by the number of
shells occupied with its electrons. Accordingly, the number of shell is equal to the
number of period to which the element belongs.

Example

Electronic configuration of % Na = 15?25%2p%3s' (2, 8, 1). Sodium has 3 main

shells. Hence, sodium is found in period 3.

What are the similarities and differences in the electron configuration of F
and C1?

Groups or families: are the vertical columns of elements in the periodic table. There
are 18 columns or groups in the modern periodic table.

*  Group numbers are usually designated with the Roman numerals I to VIII each
followed by the letter A or B.

These are: IA......... VII A Main groups (A groups)
IB......... VIIIB Sub groups (B groups)
* Elements in a given group have the same number of outermost shell electrons.
* Elements in the same group have similar chemical properties.

* For the main group elements the group number equals the number of valence
electrons.

Example

Electronic configuration of }5Cl = 15%25?2p%3s?3p° (2, 8, 7). The number of

valence electrons of chlorine is 7. Hence chlorine is found in Group VIIA.




CHEMISTRY GRADE 9

4

zLL w|  ou| et  sor|  zot] _ oot sot] ol 88 8
qnn |unn |unn |3 [SH |Yg |BS (eH | J¥ |DV ey | M |!
(ssz)| (zez)| (182)| (892)| (cz)| (zow)| (997)| (z9z)| (192)|  £o'szE| £O'9TZ| (£Z2)
98 ve| e8| 78| 18 08 6L 8L i oL 7 7 £L (A 95| 55
uy 9y od |19 (qd | IL BH NV (3d | 41 SO 94 | M |©BL JH |e]|egd s (¢
(zzz) (607) | 86'80Z | 61°£0Z| LEWOZ| 65°00Z| s6'96L| 60's6L| zz'zeL| 0z'06L| Lz'9BL| seesL| se08L| 6v'8LL| LE'9EL| £EzeL| LEZEL
s zs o os| ev 8y oy or st (4 £v 2% ) or 6€ 8e|  «f
X 3L |qs |us \uj p) By |pd Yy Ny OL OW (AN 4Z | A | IS qY |©
OE°LEL| 06 09°£21 69'8LL| ZowLL| svziL| sozoL| ovoot| iezot|(zotol)| (86| ve'se| 1ez6| zzie| LeBs| zous| Bsy
9t €| e [ 6z 8z @ oz sz vz £z 22 1z oz 6L
D 9D D Uz |n) | IN (0D ®f UN (41D | A|LL[2S €D | M ¥
o8'e8 65ZL| ZL69| ces9| ss'e9| ors| €6'85| s8°SS| v6'vS| 966°LS| ©6'0S| 06'Lv| 96'vP| 80OV | B6O'6E
L ~ I TV S TN V- I It [t
v IS | IV . B |eN |«
S6°6€ 60'8Z| 86'9Z LE'VT | 066’
oL s v £
3N g ag'| 1T ¢
810z | 8 ! 180L spiojlesy sle1aw yue3 asey D L0'6| Lt6'9
& vin VIA YA VAL VI Vil L
0: S[EIRW JBYI0 - S|EIaW uonIsues) D I _.UD_._.wn_
£00' 6£00°L

YIIA saseb ajqoN S|e1ap Yue3 auley)y _H_ L f———Jaquunp o)y vi Al.—
! dnoin
s ——H

S{e1awWuoN E SIE1AW 1B _u 6L007L-

pusabaT

319vL JIAOI3d El

SSEJ JIONY anne|ay




PERIODIC CLASSIFICATION OF THE ELEMENTS ’

Exercise 2.2

Give appropriate answers for the following questions.

1. Which group of elements was missing from Mendeleev's periodic table as
compared to the modern periodic table?

2. Why does the first period contain only two elements?

3. To which group and period do the following elements belong?

a carbon d potassium
b neon e calcium
¢ aluminium f sulphur

2.2.3 CLASSIFICATION OF THE ELEMENTS

Activity 2.3

Perform the following tasks in groups and present your conclusion to the class.

For the following elements, determine the valence electrons, and identify the sub-shell
(s, p, d or f) in which the last electron of each element enters.

a Nitrogen (atomic number = 7)

b Sodium (atomic number = 11)
c Silicon (atomic number = 14)
d lIron (atomic number = 26)
e Zinc (atomic number = 30)
f Krypton (atomic number = 36)
g Cerium (atomic number = 58)

Elements in a periodic table can be classified into three distinct categories based on
their electron configuration and the type of sub-level being filled. These are the
representative elements, the transition elements, and the rare-earth elements.

1. Representative Elements: s-and p-block elements

These are elements in which valence electrons are filling the s- or p-orbitals.
Representative elements are also known as Main Group Elements. They include
elements in groups IA through VIIIA.

s-block elements are elements in which the last electron enters the s-orbital of the
outermost shell. Their general valence shell configuration is ns' and 7ns?, where n
represents the outermost shell. They are found on the left side of the periodic table
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and contain the first two groups: Group IA and Group IIA. These two groups
contain very reactive metals.

p-block Elements are elements in which the last electron enters the p-orbital of the
outermost shell. They have the general valence shell electron configuration of ns’np'—
ns’np®. p-block elements are located at the right hand side of the periodic table and
they include six groups-Group IIIA to VIIIA. Most of these elements are non-metals.

Table 2.5 Valence electron configuration, blocks and common names for the
representative elements.

Group Common name General valence Number of
Number shell electron valence
configuration electrons
IA Alkali metals ns' 1
. s-block
A Alkaline earth metals ns? 2
A Boron family nsnp’ 3
IVA Carbon family ns’np? 4
VA Nitrogen family ns*np? 5
p-block
VIA Oxygen family (Chalcogen) ns*np* 6
VIIA Halogens ns’np® 7
VIIIA Noble gases (Inert gases) ns2np® | except He 8

Why is helium classified as a noble gas?
2. Transition Elements: d-block elements

These elements are found in the periodic table between the s-block and p-block
elements. In these elements, the valence electrons are being added to the d-orbital of
the outermost shell. They are also known as d-block elements. They are designated
as 'B' group, and they consist of groups IB — VIIIB. The transition elements are found
in periods 4, 5, 6, and 7. They include common elements such as iron, gold, and
copper. d-block elements are also called transition metals.

3. Rare-Earth Elements: f~-block elements

These elements are also known as inner-transition elements. They are elements in
which the last electrons are being added to the f-orbital of the outermost shell. The
inner transition elements are in periods 6 and 7. The period 6 inner transition series
fills the 4f-orbitals. It is known as the Lanthanide series because it occurs after the
element lanthanum and its elements are similar to it. The period 7 inner transition
series fills the 5f-orbitals and appears after the element actinium. Its elements are
similar to actinium, thus it is known as the Actinide series.
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Figure 2.1 presents a scheme to show the basic structure of the periodic table. On the

basis of the electron configuration of the elements the table is divided into s, p, d and
f-blocks.

J -

¢ s-block —p < p-block —»

4————— d-block ——»

A

f-block

Figure 2.1 Division of the modern periodic table.

Reading Check

In the periodic table, you have seen a section called rare earth elements. Find this
term in an encyclopedia, in reference books, or in other resource material. Read
and analyze the information you find. Write a report on these elements.

Exercise 2.3

Give appropriate answers for the following questions:

1. For the following elements, write their electron configurations and determine
the group and period number of each element.

a Na, Ca, Al bCl S, Ar
2. Bromine is a Group VIIA and period-4 element. What is the valence shell
configuration of bromine?
3. Deduce the group, period, and block of the elements with atomic numbers:
a 37 b 24 c 32
Critical Thinking
4. Why is hydrogen, a non-metal, usually placed with Group I elements in the

periodic table, even though it does not show a metallic property like the alkali
metals?

2.3 PERIODIC PROPERTIES IN THE PERIODIC TABLE

Competencies

By the end of this section, you will be able to:

+ explain the general trends in properties of the elements as they move down a
group of the periodic table;
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+ explain the general trends in properties of elements across a period;
* deduce the properties of an element from its position in the periodic table; and

* make a chart to show the trends in properties of elements in the periodic table.

Activity 2.4

Refer any chemistry book and look up values for atomic size, ionization energy,
electronegativity and other properties of elements. Enter the values in the periodic table,
and see if there any obvious trends in the properties as you go across a period or down a

column of the table. Report your findings to the class.

In the periodic table the properties of the elements such as atomic size, ionization
energy, electron affinity, and electronegativity show a regular variation with in a group
or across a period.

2.3.1 Periodic Properties within a Group

Elements in the same group have the same number of valence electrons and also
exhibit similar chemical properties. For example, group IA elements have 1 valence
electron; those in Group IIA have 2 valence electrons, and so on. Generally, it is
possible to conclude that the number of valence electrons determines the group
number of an element.

Table 2.6 Electron configuration and number of valence electrons of Group IA elements.

Element Electron Number of Group Number
Configuration Valence electron
Li 2,1 1
Na 2,81 1
K 2, 8,81 1 1A
Rb 2,8, 18, 8,1 1
Cs 2,8, 18,18, 8, 1 1

The periodic properties of the elements can be explained on the basis of nuclear
charge and effective nuclear charge.

Nuclear charge (2): is the total positive charge in the nucleus of an atom.

Effective Nuclear charge (Z ): In an atom, the outermost shell electrons (or
valence electrons) are attracted to the nucleus and simultaneously repelled by the inner
shell electrons. The attraction of the nucleus for the valence electrons is also reduced
because inner electrons shield (or screen) the valence electrons. As a result, these
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inner electrons reduce the attraction of the nuclear charge. The resulting net-positive
nuclear charge attracting the valence electrons is called effective nuclear charge, Z .

Effective nuclear charge relates the nuclear charge to the number of shells (size) of the
atom.

The effective nuclear charge is the difference between the nuclear charge (Z) and the
inner electrons (S) that shield the valence electrons. The effective nuclear charge is
always less than the actual nuclear charge.

Z.=2Z-8§

Let us consider the sodium atom with its 11 electrons: 15*2s°2p°3s' (2, 8, 1). The 10
inner electrons of sodium completely cancel the 10 units of nuclear charge on the
nucleus. In this way, the inner electrons shield the valence electrons from the full
attractive force of the nucleus and leave an effective nuclear charge of + 1 (Z .=+ 1).

The fact that the inner electrons shield or screen the outer electrons from the full
charge of the nucleus is known as shielding or screening effect.

Activity 2.5

Form a group and perform the following task:

Draw Bohr's model for the following elements and indicate the shielding shells, shielding
electrons and effective nuclear charge:

a beryllium, magnesium and calcium;
b lithium, carbon and fluorine.

Present your findings to the class.

The following properties of elements vary in a regular periodic manner.

1. Nuclear Charge

On moving down a given group of the periodic table, nuclear charge progressively
increases, but effective nuclear charge remains nearly constant.

2. Atomic Size/Atomic Radius

Where in a group do you find atoms with the largest atomic radius? Why?
It is difficult to measure the size of an atom directly. The electron cloud enveloping the
nucleus does not have a clear boundary because its electrons do not have fixed
distances from the nucleus. Therefore, atoms do not have definite outer boundaries.
The size of an atom is defined in terms of its atomic radius. For metals, atomic radius
is defined as one-half the distance between the nuclei of the two adjacent atoms. For
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elements that exist as diatomic molecules (such as chlorine), atomic radius is equal to
one-half of the distance between the nuclei of the atoms in the molecule. Figure 2.2
illustrates the atomic radius of chlorine in a chlorine molecule.

Chlorine
nucleus

Chlorine

Distance between nucleus
nuclei

Figure 2.2 The representation of atomic radius in a chlorine molecule.

In moving down a group, atomic radius of the elements mainly depends on the
number of shells.

Activity 2.6

Form a group and perform the following task; present your findings to the class.

The following values are given for atomic radii (in A) of group IA elements:
1.54, 1.34, 2.35, 2.16 and 1.96

Based on the given information;

1. fill the following table with the number of shells and the appropriate values for atomic
radii corresponding to the symbols of the elements.

2. explain the reason for the observed trend.

Elements Number of Shells Atomic Radius (A)

Li
Na
K
Rb
Cs

3. Ionization Energy

In which region of the periodic table do you find elements with the:
a lowest tendency to lose electrons, and
b highest tendency to lose electrons?

Ionization energy is the minimum energy required to remove the outermost shell
electron from an isolated gaseous atom or ion.
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Ionization energy is represented by the following equation (where M denotes any
metal).

M (g) + energy —— M" (g) + &

The electrons in an atom can be successively removed, one after another. Thus, the
first ionization energy is the energy needed to remove the first valence electron, the
second ionization energy is the energy needed to remove the second valence electron,
and so on.

M (g) + energy —> M" (g) + e = First ionization energy
M* (g) + energy ——> M?* (g) + ¢ = Second ionization energy
For a given element, the second ionization energy is higher than the first one.

Ionization energy is always a positive value (and therefore is an endothermic process)
because energy is required to remove an electron from an atom. Ionization energy is
measured in electron volts (eV) or kiloJoules per mole (kJ/mol).

Ionization energy is a measure of the tendency of an atom to lose an electron. Metals
easily lose electrons and thus have low ionization energy. Non-metals have high
ionization energy because they do not easily lose electrons.

Activity 2.7

Form a group and perform the following task. Present your findings to the class.

Rank each set of the following elements in order of decreasing ionization energy and
explain the trend in ionization energy of the elements down a group.

) Ca, Sr, Mg, Be
ii) K, Li, Rb, Na
i) Cl, F 1, Br

Generally, ionization energy is affected by the following factors:

i) Atomic size: As atomic size increases, the valence electrons are less tightly
held by the nucleus. Thus, less energy is required to remove these electrons.
For example, the energy needed to remove an electron from a cesium atom is
lower than from a lithium atom.

if) Effective nuclear charge: The smaller the effective nuclear charge of an atom,
the lower is the energy needed to remove an electron from the atom.

iif) Types of electrons: The closer an electron is to the nucleus, the more difficult
it is to remove the electron. In a given energy level, s-electrons are closer to
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the nucleus than p-electrons. Similarly, p-electrons are closer than d-electrons,
and d-electrons are closer than f-electrons. Hence, ionization energy
decreases in the order of: s >p>d>f.

Screening effect by the inner electrons: As described earlier, inner shell
electrons shield the valence electrons from the nuclear charge. The more inner
electrons there are, the higher the screening effect, and therefore the easier it
is to remove the valence electrons. Screening decreases ionization energy.

Electron configuration (stability): It is easier to remove electrons from unstable
sublevels than from stable ones. Half-filled (p°, &, f7) and completely-filled
(d", p° f'*) sublevels are more stable. For example, more energy is
required to remove a p’ electron than a p* electron. As a result of it, the first
ionization energy of nitrogen is higher than that of oxygen.

Generally, with the increasing atomic number, the first ionization energy decreases

down the same group.

Activity 2.8

After studying the given information, identify the elements represented by X, M, and Y;
discuss the findings in your group, and then share your conclusion with the other groups.

Element X

Element M

Element Y

* has a relatively high ionization energy.
* generally forms an ion with a — 2 charge.

* has an outermost electron configuration of 3s?3p*.

* reacts with oxygen to form M,0.
* has a very low ionization energy.

¢ is in the fourth period of the periodic table.

* is a transition element.
* is used in Ethiopian coinage.

¢ has 10 electrons in the 3d orbital

4. Electron Affinity (E,)

To which group it is easier to add electrons; alkali metals or halogens?

Non-metals gain electrons and therefore form negative ions. The tendency of an atom
to form a negative ion is expressed in terms of electron affinity (£).
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Electron affinity is defined as the energy released in kilojoules/mole, when an electron
is added to an isolated gaseous atom to form a gaseous ion. It is a measure of the
attraction or ‘affinity’ of the atom for the extra added electron.

X(g) + e — X (g) + energy

Since energy is liberated during the process, electron affinity is expressed as a
negative value. For example, when an electron is added to a fluorine (F) atom, 328
kJ/mol of energy is released to produce a fluoride ion (F), and E, is — 328 kJ/mol.

F(g) +e ——F (g) + E, =~ 328 kJ/mol

Electron affinity is a measure of the strength of an atom to attract an additional
electron. The smaller is the atomic size of an element, the stronger is the tendency to
form negative ions, and consequently the higher the electron affinity. Generally,
electron affinity depends on atomic size and effective nuclear charge of the elements.

Activity 2.9

Form a group and discuss the following concepts.

1. Why does the electron affinity of Cl is higher than that of F?

2. Explain why noble gases have extremely low (almost zero) electron affinities?
3. Explain why halogens have the highest electron affinities?

Present your findings to the class.

5. Electronegativity

Where do you find the most electronegative element in the periodic table?

Electronegativity is the ability of an atom in a molecule to attract the shared electrons
in the chemical bond. The American chemist Linus Pauling (1901-1994) developed
the most widely used scale of electronegativity values based on bond strength. The
Pauling scale ranges from 0.7 to 4.0. Fluorine, the most electronegative element, is
assigned a value of 4.0, and the least electronegative element, cesium, has an
electronegativity value of 0.7. The electronegativity values for all the rest elements lie

between these extremes.

The electronegativity of an atom is related to its ionization energy and electron affinity.
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An atom with high ionization energy and high electron affinity also tends to have a high

electronegativity value because of its strong attraction for electrons in a chemical
bond.

Activity 2.10

Form a group and perform the following task:

Arrange each set of the given elements in order of decreasing electronegativity and
explain the observed trend.

a Ba, Mg, Be, Ca
b C, Pb, Ge, Si
C c, F I, Br

Present your findings to the class.

6. Metallic Character

In which region of the periodic table do you find metals and non-metals?

Metals have the tendency to lose electrons and form positive ions. As a result, metals
are called electropositive elements.

In moving down a group, atomic size increases progressively, and it becomes easier
for elements to lose their valence electrons and form positive ions. Therefore, metallic
character increases down a group.

In the periodic table, metals and non-metals are separated by a stair step diagonal

line, and elements near this border line are called metalloids. Metals are found on the
left side of the line and nonmetals on its right side.

Activity 2.11

Form a group, perform the following task and present your findings to the class:
1. The members of group IVA of the periodic table are: Ge, Sn, C, Pb and Si.
Classify these elements into metals, non-metals and metalloids.
2 Explain the differences between silicon and lead in terms of:
a Atomic size
b lonization energy

c Electron affinity

Q.

Electronegativity
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Exercise 2.4

Part I: Choose the correct answer from the given choices

1. Which of the following properties of the elements remain unchanged down a

group?
a lonization energy ¢ Electron affinity
b Nuclear charge d Valence electrons

2. Which of the following elements has the largest atomic size?
a Be c Ca
b Ba d Mg
3. Which of the following elements has the lowest electronegativty?
aF b Br cl dCl
Part II: Give short answers for the following
4. What is screening effect? How does it relate to effective nuclear charge?

5. What is the relationship between first ionization energy and the metallic
properties of elements?

2.3.2 Periodic Properties within a Period

Activity 2.12

Form a group and draw a rough sketch of the periodic table (no details are required). Based
on this, perform the following activities and present your findings to the class.

1. Indicate the regions where metals, non-metals, and metalloids are located in the
periodic table. (Use different colours).

2. Where do you find the most active metal and the most active non-metal? .

As we move from left to right across a period, the number of valence electrons of the
elements increases. But the number of energy levels or main shells remains the same
in a given period and electrons are filling the same energy level until stable noble gas
configuration is achieved. The additional electrons from Li (2, 1) to Ne (2, 8) are
added to the second shell. In fact, the period number equals the number of energy

level being filled.
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Table 2.7 Electron configuration and number of shells for period-2 elements.

Elements Li Be B C N (o} F Ne

Atomic number 3 4 5 6 7 8 9 10
Electron configuration 2,1 2,2 2,3 2,4 2,5 2,6 2,7 2,8
Number of shells

(period number) 2 2 2 2 2 2 2 2

Let us now consider periodic properties of elements across a period.

1. Atomic Size: From left to right in a given period, nuclear charge or atomic
number progressively increases by one for every succeeding element. However,
increasing number of valence electrons is being added to the same shell. This
results in an increase in effective nuclear charge.

Activity 2.13

Form a group and perform the following task. Present your findings to the class.

The following values are given for atomic radii (in A) of period 2 elements:
0.77, 1.34, 0.69, 0.75, 0.73, 0.82, 0.90, and 0.71.

Based on the information given;

1. fill the table given below with the appropriate values for atomic radii of the
elements.

2. explain the reason for the observed trend.

Element Li Be B C N (0] F Ne
Atomic radii (A)

2. lonization Energy: Two factors account for the general trend in ionization
energy across a given period. These are nuclear charge and atomic size.

Activity 2.14

Form a group and perform the following task, and present your findings to the class.

The following table lists ionization energy values of period 3 elements

Elements Na Mg Al Si P S cl Ar

lonization energy (kJ/mol) 496 738 578 787 1012 1000 1251 1521
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Explain why there is a general increase in the first ionization energy across
the period from Na to Ar.

Explain why the first ionization energy of:
i) aluminium is lower than that of magnesium.

i) sulphur is lower than that of phosphorus.

(Hint: Use sublevel configurations for the elements).

Electron Affinity: The variation in electron affinity of elements in the same
period is due to changes in nuclear charge and atomic size of the elements.

A cross a period from left to right, electron affinity increases due to an increase
in effective nuclear charge. The elements show a greater attraction for an extra
added electron.

Electronegativity: Across a period, a gradual change in nuclear charge and
atomic size determine the trends in the electronegativity of the elements.

Activity 2.15

Form a group and perform the following task. Present your findings to the class.
The following values are given for electronegativity of period 3 elements:
2.1, 09, 1.5, 3.0, 1.8, 2.5 and 1.2
Based on the information given;
1.

2. Explain the reason for the observed trend.

Draw a table of period 3 elements and fill with the appropriate electronegativity
values corresponding to the symbols of the elements.

Metallic character: From left to right in a period, metallic character of the
elements decreases. Elements on the left end of a period have a higher tendency
to form positive ions. Those at the right end have a greater tendency to form
negative ions. In any period, elements on the left side are metals and those on
the right side are nonmetals.

Consider the following period-3 elements and observe how the elements become
more non-metallic on moving from left to right in the periodic table:

Elements Na | Mg Al Si P S cl Ar

Character Metals Metalloid Non-metals

v

Metallic character decreases
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Model of a periodic table
The following table shows a section of a periodic table. It is incomplete. According to the
data given in table 2.8,

a Construct a model of this section of the periodic table using locally available
materials to show the trends in atomic radii of the elements.

b Complete the section of the periodic table with the elements in the appropriate
position.

18AY

5,Rb

Table 2.8 Atomic number and atomic radii of some selected elements.

Element Atomic Atomic Element Atomic Atomic
number radii (nm) number | radii (nm)
Li 3 0.123 Al 13 0.125
Be 4 0.089 Si 14 0.117
B 5 0.080 P 15 0.110
C 6 0.077 S 16 0.104
N 7 0.074 cl 17 0.099
) 8 0.074 Ar 18 0.099
F 9 0.072 K 19 0.203
Ne 10 - Rb 37 0.216
Na 11 0.157 Cs 55 0.235
Mg 12 0.136

(Hint: Be innovative. Use cheap local material available to you. Your teacher will help you

whenever necessary.)

Questions:

Give reasons for the increase or decrease in atomic radii that you observe in your model:
i from lithium to fluorine and sodium to chlorine

ii from lithium to cesium

Present your findings to your class teacher.
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Exercise 2.5

Give appropriate answers for the following questions.

1. The element with the electron configuration of 1s?2s*2p° 3s°3p° is a:
a metal b non-metal ¢ metalloid d noble gas

2. Which of the main groups in the periodic table has the elements with the
most negative value of electron affinity?

a halogens b noble gases ¢ Alkali metals d none

3. Which of the following is the correct increasing order of atomic size for the
elements: Al, Ar, Na, Si?

a Si, Na, Al, Ar c Ar, Si, Al, Na
b Na, Al, Si, Ar d Al, Si, Ar, Na

Critical Thinking

4. Explain why the first ionization energy of nitrogen is the highest as
compared to that of carbon and oxygen.

5. Compare the elements fluorine and chlorine with respect to their
electronegativity and electron affinity values.

2.4 ADVANTAGES OF PERIODIC CLASSIFICATION

Competencies

By the end of this section, you will be able to:

* describe the advantages of periodic classification in studying chemistry.

Activity 2.16

Form a group and discuss the importance of the periodic table for predicting the atomic
size and ionization energy of the elements. Share your idea with the class.

Why do we need the classification of elements?

The main advantages of using the periodic table are:

1. The periodic table is useful for predicting the formulas of compounds. The
elements in a given group form compounds with the same atomic ratio
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because of their similar electron configuration. For example, if the chemical
formula of sodium oxide is Na,O, then we can predict the formulas of the
other oxides of alkali metals. These are Li,0, K,O, Rb,O, and Cs 0.

2. The periodic table is useful for predicting the physical and chemical properties
of elements. For example, radium is a rare and radioactive element and
therefore difficult to handle in many experiments. Since its properties can be
predicted from the general trends of group IIA elements, sometimes we do
not need to analyze it directly.

3. The periodic table is also useful for predicting the behaviour of many
compounds. For example, oxides of the elements become more acidic across
a period and more basic in character down a group. The trends in the oxides
of period-3 elements vary from strongly basic oxides to amphoteric and then
acidic oxides as we move across a period.

Table 2.9 Oxides of period 3 elements.

Na,0 MgO ALO, Sio, PO, SO, CLo,
Basic oxide Amphoteric Acidic oxide
oxide

For a given element, the important information indicated below, in 1, ii and iii can be
read, deduced or stated from the periodic table.

Name

Symbol
() Read the

Atomic number

Atomic mass

Number of protons and electrons

Electron configuration (number of shells and of

0 Deduce the valence electrons)
)

Character (behavior) as metal, non metal, or metalloid

Nature (property) of the oxides to form acids, bases ...

Based on the information in i and i1, we can:

Period number

(i) State the Group number and

Block type (s, p, dor f)
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How do you account for the unexpected resemblance of the properties of
the following sets of elements: Li and Mg, Be and Al, and B and Si?

In addition to the group and period relationships, the elements of s and p block
also exhibit diagonal relationship. On moving diagonally across the periodic table, the
elements show certain similarities. Though clear upon examination, these diagonal
relationships are far less pronounced than the similarities within a group.

Diagonal relationship is particularly noticeable in the elements of second and third
periods of the periodic table. The following illustrations show the diagonal relationship
between Li and Mg, Be and Al, and B and Si.

VA

Key terms of the unit
* Actinide series * Law of octave
» Atomic size *  Mendeleev's law
* Block of elements * Metalloids
* Dobereiner's traids *  Metals
» Effective nuclear charge » Non-metals
» Electron affinity * Nuclear charge
» Electron configuration * Periodic law
» Electronegativity * Periodic table
*  Groups » Periods
» Inner transition elements * Representative elements
* lonization energy » Shielding ( screening) effect
* Lanthanide series » Transition elements
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Early attempts of classification of the elements were made by Dobereiner and
Newlands.

Mendeleev’s law states that properties of the elements are periodic functions of
their atomic masses.

Mendeleev arranged the elements based on increasing atomic mass.

Modern periodic law states that the properties of the elements are periodic
function of their atomic numbers.

Periods are horizontal rows, and groups are vertical columns of the elements in
the periodic table.

Elements in the same group show similar chemical properties.

Elements are classified as representative, transition, and rare-earth elements.
This classification is based on the type of sub-level (s, p, d, or f) being filled.

Ionization energy is the energy required to remove the outermost shell electron
from an isolated gaseous atom.

Electron affinity of an element is the energy released when an electron is added
to an isolated gaseous atom to form a gaseous ion.

Metallic character is the tendency to lose electrons and form positively charged
ions.

Electronegativity of an element is its ability to attract electrons.

Trends in atomic size determine the trends in ionization energy, electron affinity,
electronegativity, and metallic character of the elements in the periodic table.

Atomic size itself is determined by the number of energy levels, nuclear charge,
and effective nuclear charge.

Periodic properties of elements, such as ionization energy, electron affinity,
electronegativity, etc. show regular variation within a group or period.

REVIEW EXERCISE ON UNIT 2

Part I: Identify whether each of the following statements

1.
2.
3.

is true or false. Give your reasons when you
consider a statement to be false.

Metallic properties of the elements increase from left to right within a period.
Elements in a group have consecutive atomic numbers.
All elements with high ionization energy also have high electron affinity.
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All the elements that belong to s and p-blocks are metals.
The modern periodic law was proposed by Mosley.

As the atomic number of elements increases in the periodic table, their atomic
radius also increases.

Transition metals are found in four periods. Each corresponds to the filling of
valence electrons in the 3d, 4d, 5d, and 6d orbitals.

Part Il: Multiple Choices Type Questions

8.

10.

11.

12.

13.

The element with atomic number 35 belongs to:

a s-block ¢ d-block

b p-block d f-block

An element with the valence electron configuration 3s23p? belongs to group:
a A c VIA

b IVA d VIIA

An element with the valence electron configuration 353p° belongs to period:
a 2 c 8

b 6 d 3

An element with the valence electron configuration 2s*2p* belongs to:

a alkali metals c halogens

b oxygen group d noble gases

The property of the element with atomic number 18 resembles that of the element
with atomic number:

a8 b 36 c 19 d 40

An element with high ionization energy and high electron affinity also tends to
have a high value of:

a electronegativity c atomic size
b electropositivity d metallic character

Part lll: To which group, period, and sublevel block do the

14.
15.
16.
17.
18.

following elements belong?

Group Period Block
Calcium
Sulphur
Iron

Zinc
Xenon
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Part IV: Give short answers

19. Explain, with examples, the meaning of diagonal relationship.
20. From the given elements : Na, P, Ca, and Br; which one has the:
a highest first ionization energy?
b smallest atomic size?
¢ most metallic character?
21. On the basis of electron configuration, explain why nitrogen is less electronegative
than oxygen?

22. On the basis of electron configuration, explain why atomic size of sodium is
larger than that of chlorine?
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Unit Outcomes

After completing this unit, you will be able to:
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discuss the formation of ionic, covalent, and metallic bonds,

know the general properties of substances containing ionic, covalent, and
metallic bonds,

develop the skills of drawing the electron-dot (Lewis structures) for simple
ionic and covalent compounds,

understand the origin of polarity within molecules;
appreciate the importance of intermolecular forces in plant and animal life;
understand the formation and nature of intermolecular forces; and

demonstrate scientific inquiry skills: observing, predicting, making model,
communicating, asking questions, measuring, applying concepts, comparing
and contrasting, relating cause and effects.

3.1  Chemical bonding

3.2 Ionic bonding

3.3 Covalent bonding

3.4 Metallic bonding

3.5 Inter-molecular forces
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— Review Exercises
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Objective of the Activity

Scientists have identified different types of attractive forces between atoms in forming
bonds. The strength of the forces relies on the types of bonds. For instance, in
covalent bonds, the strength of the bonds depends on whether the bonds are
single, double or triple bonds.

In this activity, you will use bundles of sticks to develop your ideas about strength
of bonds.

1. Collect the following materials and bring to school:

— Six sticks of wood of the same length and of the same thickness.
2. Place your sticks on the table in the classroom,

Your teacher will place your sticks in three groups.

— A single stick

— Pairs of sticks

— Sets of three sticks

Your teacher will assign three students and will give for each student a single
stick, a pair of sticks, and a set of three sticks.

- ' s - 2T el | r..lj?:—_ 5 s A~
Figure 3.2 Students trying to break the sticks.
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Analysis

1. Which of your bundles of sticks was the strongest? What is the reason for the
different strengths of the bundle of sticks?

2. Draw your conclusions and present to the rest of the class.

3.1 CHEMICAL BONDING

Competencies

By the end of this section, you will be able to:

* define chemical bonding;

+ explain why atoms form chemical bonds.

Activity 3.1

Most of the elements are not found free in nature. Why do the elements exists in
combined form ? Discuss in group and present your findings to the class.

A chemical bond is the attractive force that binds atoms together in a molecule, or a
crystal lattice.

After the periodic table and the concept of electron configuration were developed,
scientists began to develop ideas about molecules and compounds. In 1916,
GN Lewis concluded that atoms combine in order to achieve a more stable electron
configuration resulting in molecules or compounds.

Gilbert Newton Lewis (1875 - 1946), introduced the theory of the
shared-electron-pair chemical-bond formation in a paper
published in the journal of the American chemical society. In
honor of this contribution, we sometimes refer to “electron-dot”
structures as “Lewis structures”

G.N. Lewis
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As independent particles, atoms are at relatively high potential energy. Nature, favors
arrangements in which potential energy is minimized. Most individual atoms exist in a
less stable state than in their combined form.

When atoms form bonds with each other, they attain lower potential energy states.
This decrease in atomic energy generally results in a more stable arrangement of matter.
When atoms interact to form a chemical bond, only their outer regions are in contact.
In the process of the interaction, atoms achieve stable outermost shell configuration.
For this reason, when we study chemical bonding, we are concerned primarily with
the valence electrons. As described in Unit 2, valence electrons are electrons that exist
in the outermost shell of an atom.

Activity 3.2

Form a group and discuss the following:

The following table shows elements of group VIIIA and their atomic numbers. In the space
provided fill the valence shell electron configuration and number of valence electrons for
the elements. In your discussion include why helium is placed in group VIIIA even though
it has only 2 valence electrons.

Elements Atomic Valence-Shell Number of Valence
Number Electron Electrons
Configuration
Helium, He 2
Neon, Ne 10
Argon, Ar 18
Krypton, Kr 36
Xenon, Xe 54
Radon, Rn 86

Share your discussion with the rest of the class.

Noble gas atoms with eight electrons (except for, He) in the outermost shell are stable.
Thus, the ns’np® electronic valence structure has maximum stability. Atoms containing
less than eight electrons in their outermost shell are unstable. To attain stability, these
atoms tend to have eight electrons in their valence shells. This leads to the explanation
of the octet rule. The rule states that atoms tend to gain, lose or share electrons until
there are eight electrons in their valence shell.

The type or characteristic of the resulting arrangement depends largely on the type of
chemical bonding that exists between the atoms. These are ionic, covalent, and metallic
bonds.
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Exercise 3.1

Why do atoms combine to form compounds?
How is a chemical bond formed to make a compound or molecule?

Which electron (s) of an atom take (s) part in bond formation?

A W N =

How does the chemical reactivity of halogens compare with that of the noble-gas
family?

3.2 IONIC BONDING

Competencies

By the end of this section, you will be able to:
* explain the term ion;
* illustrate the formation of ions by giving examples;
* define ionic bonding;
» describe the formation of an ionic bond;
+ give examples of simple ionic compounds;
» draw Lewis structures or electron-dot formulas of simple ionic compounds;
 explain the general properties of ionic compounds; and
* investigate the properties of given samples of ionic compounds.

Activity 3.3

Form a group and discuss each of the following concepts. Share your ideas with the class.
1. Why do some atoms easily lose electrons and others do not?

2. Sodium chloride, NaCl is a good conductor in the form of liquid state, but a non
conductor in the form of solid state.

When an atom either loses or gains electrons, it becomes an ion. An ion is an electrically
charged particles. Two different types of ions exist. These are the positive ions called
cations and the negative ions called anions.

The chemical properties of metals differ from those of non-metals. A metal has 1, 2,
or 3 electrons in its outermost shell. Metals tend to lose these electrons and become
positively charged ions. For example, if a metal (M) loses one electron, it becomes an
ion with a charge of +1.
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However, if it loses two electrons it becomes an ion with a charge of +2:

® -

A non-metal may have 4, 5, 6, or 7 electrons in its outermost shell. Non-metals tend
to gain electrons to form negatively charged ions. For example, if a non-metal (X)
gains one electron, it becomes an ion with a charge of —1.

0 -0

Note that hydrogen can form both a cation, H* (iydrogen ion) as in HCI, or an anion
H~ (hydride ion) as in NaH.

Metals in Group 1A, the alkali metals, tend to lose one electron when they combine
with other elements, producing cations of +1 charge. For example, Na and K each
lose one electron to form ions of +1 charge.

Na — Na* + e
sodium atom sodium ion
K — K* + e
potassium atom potassium ion

On the other hand, Group VIIA elements, the halogens, usually gain one electron and
produce an ion with —1 charge. For example, each Cl and Br atom accepts one
electron to produce an ion with —1 charge.

Cl + e — Cl
chlorine atom chloride ion
Br + e — Br

bromine atom bromide ion
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Activity 3.4

Form a group and perform the following tasks:
Consider the elements:
1. Calcium (atomic number = 20)
2. Barium (atomic number = 56)
3. Oxygen (atomic number = 8)
4. Sulphur (atomic number = 16)
a determine whether each of the elements gain or lose electrons in chemical bond
formation.
b write the type of ions they form; and
¢ indicate the charges on the ions formed.
Present your findings to the class.

The following table relates the position of some elements in the periodic table to the ions
they normally produce.Note that the charge is the same for each ion in a given group or
column.

Table 3.1 Selected ions in the periodic table.

IA

T H A A IVA VA VIA VIA

2| U Be’ N> o F
5 3 Na+ M92+ AI3+ P3— SZ— CI—
] 4 + 2+ B
5 K Ca r
o

5| Rb Srr* I

6| cs' Ba’"

7

Ionic Bond formation

When two atoms combine, one of the atoms gains electrons and becomes an anion
and the other loses electrons to form a cation. When a cation and an anion are brought
close to one another, an electrostatic force of attraction is set up between them. This
force of attraction between oppositely charged ions is called an ionic bond. It is also
called an electrovalent bond. The bond is produced when electrons are transferred
from the outermost shell of a metal atom to the outermost shell of a nonmetal atom.

To illustrate ionic bonding, let us consider the formation of the bond between sodium
and chlorine. A sodium atom has 1 valence electron. In order to attain the electron
configuration of the nearest noble gas (Ne), it has to lose its valence electron and
form a sodium ion (Na"). Chlorine has 7 valence electrons. By gaining 1 electron,
chlorine attains the electron configuration of argon (Ar) and form a chloride ion (CI).
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In general, an ionic bond is formed by the transfer of electron from a metal to a
nonmetal- for example, sodium and chlorine. Atoms that are bound together by an
ionic bond form ionic compounds. For example, Na" and CI™ ions form sodium
chloride, NaCl. The transfer of an electron from sodium to chlorine and the formation
of the ionic bond in sodium chloride is shown with the following shell diagrams.

@ '@

Sodium atom

Sodium ion
Na —> Na* + e
15°2s°2p°3s' (2,8, 1) 15°2s°2p° (2, 8)
N
Chlorine atom Chloride ion
Cl + e E— clr
15°2s°2p°35°3p° (2, 8,7) 15°2s°2p°35°3p° (2, 8, 8)
. _
—
+
Sodium atom Chlorine atom

(2’ 8, 1) (2,87) Sodium chloride

Figure 3.3 Formation of sodium chloride.

Electron-dot notation is often used to represent the outermost shell electron
configurations of the elements. These formulas, also called Lewis formulas, consist of
the symbol of the element plus dots equal to the number of valence electrons in the
atom or ion. Since valence shells contain a maximum of eight electrons, electron-dot
symbols contain a maximum of eight dots. Electron-dot formulas of sodium and chlorine
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are shown below. Sodium is an alkali metal with one valence electron:
Na: 15%2522p©3s!
The Lewis symbol for sodium is Na-.
Chlorine is a halogen with seven valence electrons:
Cl: 1s22522p®3523p°
The Lewis symbol for chlorine is :Cle.

The formation of ionic bond can also be represented by using electron-dot formulas.
Therefore, the Lewis structure for the ionic compound sodium chloride will be

Na-+ -Cl: — Na+[:(:j:1:] -
A

Activity 3.5

Form a group and perform each of the following task:

Draw Bohr's diagrammatic representation and write the Lewis formula for the following
ionic compounds:

a Potassium chloride b Magnesium oxide ¢ Calcium chloride
d Potassium sulphide e Aluminium oxide

Share your ideas with rest of the class.

The following table illustrates the formation of ionic bonds between representative metals
and non-metals. Careful observation indicates that, in each case, both the metal and
the nonmetal acquire a noble-gas configuration. The compounds formed in each case
are electrically neutral as the sum of positive charges equals the sum of negative charges.

Table 3.2 Summary of formula of ionic-compounds.

Metal group Non-metal group Formula of lonic Examples
Compound

1A VIIA MX (M*X") NaCl, KBr
IA VIA M,X 2M*X2) Li,O, K,0
IA VA MsX (3M*X39), NasN, K3P
IIA VIA MX, (M2+2X"), MgCl,, Cal,
A VIA MX (M2* X2-), BaS, MgO, Mg5
IIA VA MsX, (3M2+ 2X3-) CasN,, Mg;P,
A VIIA MX;3 (M3* 3X7), AlF;
A VIA M,X3 (2M3+3X2) Al, 04
A VA MX (M3+X37) AIN

Note: M = metal; X = non-metal.
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Exercise 3.2

1. Draw the Lewis structure for the nitrogen atom, nitrogen molecule and ammonia.
2. Show that the following species have the same number of electrons.
Na*, Mg?*, 0>, and Ne

How do you name ionic compounds, for example NaCl?

To name an ionic compound that is formed from a metal and a non-metal, follow the
given procedure, by considering the example of NaCl:

1. Write the name of the metal (sodium).

2. Modify the last characters of the name of the non-metal (chlorine) to end it with
ide. (Chloride).

Therefore, the name of NaCl is sodium chloride. Similarly, MgO is named as magnesium
oxide, Na,;N is named as sodium nitride.

General Properties of lonic Compounds

Activity 3.6

Form a group and perform the following task: Collect samples of ionic compounds from
your school laboratory and investigate whether the samples are:

a hard or soft b brittle or strong c liquids or solids

What is your generalization about the physical properties of ionic compounds? Share your

ideas with the rest of the class.
[LL00 E\
LN

Investigating the Physical Properties of Ionic Compounds
[ Melting Point and Solubility

Experiment 3.1

Objective: To investigate the melting point and solubility of some ionic compounds.
Apparatus: Test -tube, Bunsen burner.
Chemicals: NaCl, CuCl,, ethanol, hexane and benzene.

Procedure:

Perform the following three experiments:

1. Put a few crystals of dry sodium chloride (NaCl) and copper (II) chloride
(CuCl,) into separate glass test tubes. Heat strongly on a Bunsen burner. What
do you observe?
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2. Place about 1 g each of sodium chloride (NaCl) and copper (II) chloride
(CuCl,) in separate test tubes. Add about 5 mL of water (polar solvent) and
shake well.

3. Repeat experiment 2 using the following solvents instead of water. Ethanol
(polar solvent), hexane and benzene (non-polar solvents). These solvents are
highly flammable and should be kept away from flames.

Observations and analysis

a In experiment 1, do the crystals melt? Do they have high or low melting
points?

b In experiment 2 and 3, does each of the solids dissolve in the given solvents?
Why? Do they have low or high solubility in the given solvents?

Prepare a table as shown below and fill in the results of the solubility tests.

Substances Water Ethanol Hexane Benzene

NacCl (s)
CuCI2 (s)

IT Conductivity

Objective: To investigate the conductivity of some ionic compounds.
Apparatus: Beaker, conductivity cell, graphite or iron rods, bulb, wire, battery.
Chemicals: Sodium chloride, copper (II) chloride, benzene and charcoal.
Procedure:

1. Put some amount of sodium chloride crystals in a beaker.

2. Place two electrodes that are made of iron or graphite in the beaker.

3. Connect the two electrodes to a bulb and a 6-volt battery as shown in
Figure 3.5.

Record your observation.

4. Now add distilled water to the beaker and stir dissolve the salt. Observe the
changes.

5. Repeat the experiment using aqueous copper (II) chloride, benzene and
charcoal.
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Graphite
electrodes

Dry cells

Figure 3.5 Conductivity of sodium chloride solution.
Observations and analysis
Does sodium chloride conduct electricity in its solid state?

b What do you observe in the bulb when the sodium chloride is dissolved?
What does this indicate?

What can you conclude from this experiment?

d What are your observations for aqueous copper (II) chloride, benzene and
charcoal?

Conclusion:

What are your conclusions about:

a melting point,

b solubility in polar and non-polar solvents, and

¢ electrical conductivity of ionic compounds?

A summary of the general properties of ionic compounds:

1. Tonic compounds do not contain molecules. They are aggregates of positive ions
and negative ions. In the solid state, each ion is surrounded by ions of the opposite

charge, producing an orderly array of ions called crystal.
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Figure 3.4 Arrangement of ions.

2. Atroom temperature ionic compounds are hard and rigid crystalline solids. This is due
to the existence of strong electrostatic forces of attraction between the ions.

3. lonic compounds have relatively high melting and boiling points. This is due to
the presence of strong electrostatic forces between the ions. These forces can
be overcome only by applying very large amounts of energy.

4. Ionic compounds can conduct electric currents when molten or in aqueous
solution. This is due to the presence of mobile ions in molten state or in solution.
However, ionic compounds do not conduct electricity in the solid state.

5. lonic compounds are soluble in polar solvents such as water. They are insoluble
in non-polar solvents such as benzene.

Exercise 3.3

1. KCl is soluble in water but insoluble in benzene. Explain.

2. Which of the following substances conduct electricity? Give reasons for your

answer in each case:
a NaCl (aq) b NaCl (1) ¢ NacCl (s)

3. Name the ionic compounds formed from the following pairs of elements:
a calcium and sulphur b sodium and iodine ¢ silver and bromine

4. List the properties of ionic compounds.

3.3 COVALENT BONDING

Competencies

By the end of this section, you will be able to:
* define covalent bonding,

* describe formation of a covalent bond,
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» draw Lewis structures or electron-dot formulas of simple covalent molecules,
« give examples of different types of covalent molecules,

* make models of covalent molecules to show single, double and triple bonds
using sticks and balls or locally available materials,

+ explain polarity in covalent molecules,

» distinguish between polar and non-polar covalent molecules,

* define coordinate (dative) covalent bond,

 illustrate the formation of coordinate covalent bond using appropriate examples,
+ explain the general properties of covalent compounds, and

+ investigate the properties of given samples of covalent compounds.

Activity 3.7

Form a group and discuss each of the following concepts.

1. What is the difference between the bond when two chlorine atoms combine to form a
chlorine molecule (Cl.) and that formed when sodium combines with chlorine to form
sodium chloride (NaCl)?

2. Carbon tetrachloride (CCI4) is a covalent compound. Would you expect it to be :
i) a conductor of electricity
ii) soluble in water.

Share your ideas with the class.

Many molecules are formed when outermost shell or valence electrons are shared
between two atoms. This sharing of electrons creates a covalent bond.

Covalent bond formation can be illustrated by the sharing of electrons between two
hydrogen atoms to form a molecule of hydrogen.

N

=

Figure 3.6 Sharing of electrons between hydrogen atoms in H, molecule.

Shared electron pair
in a covalent bond

In the hydrogen molecule, each hydrogen atom attains the stable electron configuration
of helium.

In a covalent bond, each electron in a shared pair is attracted to the nuclei of both
atoms as shown in Figure 3.6. The shared electrons spend most of their time between
the two nuclei. The electrostatic attraction between the two positively charged nuclei
and the two negatively charged electrons hold the atoms in the molecule together. This
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attractive force between positively charged nuclei of atoms and the shared electrons in
a molecule is known as covalent bond.

A molecule of hydrogen chloride is also formed by a pair of electrons shared between
the two atoms. Each atom in the molecule attains a stable electron configuration.

@ -@1®

Hydrogen atom
Chlorine atom Hydrogen Chloride

Figure 3.7 Hydrogen and chlorine share a pair of electrons in HCI.

The concept of Lewis formula representation can also be extended to covalent bonds.
The Lewis structure for a covalent compound shows the arrangement of atoms in a
molecule and all the valence electrons for the atoms involved in the compound. It is
conventional to represent the non-bonding (lone pair) electrons by dots and the pair
of electrons that are shared between atoms by a dash. For example, consider the
hydrogen molecule:

The electron-dot formula of the hydrogen molecule is:
He + *H — HH
The covalent bond in hydrogen molecule is also written as H — H.

The formation of the covalent bond in hydrogen chloride is shown by the following
electron-dot formula. This formula must satisfy the octet rule (for chlorine) and the
doublet rule (for hydrogen). As shown in the illustration, these requirements are satisfied.
The shared pair belongs to both of the atoms (hydrogen and chlorine) in the hydrogen
chloride molecule. The resulting valence electron configuration provides two valence
electrons to hydrogen and eight to chlorine.

He + Cl - @6

The chlorine atom in the molecule has three pairs of electrons, which are not used for
bonding. Pairs of electrons that is not used for bonding are called lone-pair electrons.
Pairs that are used for bonding are called bonding-pair electrons.

(1)
H:Cl: Lone pairs

(1) . .
(non-bonding) pairs

Bond pair
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Consider the fluorine molecule, F,. The electron configuration of fluorine is 2, 7. Thus
each fluorine atom has seven valence electrons. Accordingly, there is only one unpaired
electron on fluorine. Therefore, the formation of the fluorine molecule is represented as

Lone pairs

o0 (1]
¢F ¢ Fs Lone pairs
(1] (1]

|

Bond pair

Note that only two valence electrons participate in the formation of fluorine molecule.
The others are non-bonding electron (lone pairs). Thus each fluorine atom in fluorine
molecule has three lone-pairs of electrons. The resulting molecule is a diatomic molecule.
A diatomic molecule consists of two atoms. All the other members of the halogen
family form diatomic molecules in the same way as fluorine does.

The maximum number of covalent bonds that an atom can form can be predicted
from the number of electrons needed to fill its valence shell. For example, each member
of Group IVA elements has four electrons in its valence shell, and it needs four more
electrons to achieve stable noble-gas electron configuration. Thus, it forms four covalent
bonds for carbon in methane, CH, as shown below:

H i
H:C:H or _C.
(1] |
H H H

Elements of Group VA need three additional electrons to achieve noble gas configuration
and they form three covalent bonds as shown below for nitrogen in ammonia NH,.

H :I:\:I:H or H/il\.l\
H
Similarly, elements of group VIA form two covalent bonds and Group VIIA elements
form single covalent bonds.

H

0. or ;.O.: H:él:l: or H- :C:l:
H H H H
Water Hydrogen chloride

Types of Covalent Bonds

How do you compare the nature and strength of the bonds in H,, O, and N,?

Atoms can form different types of covalent bonds. These are single bonds, double
bonds and triple bonds.

In a single bond two atoms are held together by one electron pair.
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How are the covalent bonds in H, Cl, and HCI formed?

Many covalent compounds are held together by multiple bonds. Multiple bonds are
formed when two or three electron pairs are shared by two atoms. If two atoms
share two pairs of electrons, the covalent bond is called a double bond. For example,
double bonds are found in molecules of carbon dioxide (CO,) and ethene (C,H,).

B ) o Gec=

Carbon dioxide

i
(%)

H H H\ /H
@ or C=C
/ AN
H H H H
Ethene

A triple bond is formed when two atoms share three pairs of electrons, as in the
nitrogen molecule (N,).

@@» or IN=N:

Nitrogen molecule
The ethyne (acetylene) molecule (C,H,) also contains a triple bond. In this case the
bond is between two carbon atoms.

H:C3$CsH or H-C=C—-H
Ethyne

Activity 3.8

Form a group and perform the following tasks:

1. Construct a molecular model for each of the following species using locally available
materials such as toothpicks to represent bonds, and styrofoam spheres to represent
atoms.

a N, b H, c O, d CH,

2. Based on your models, identify which species contain:

i) only single bonds
i) double bonds

iii) triple bonds

Present your models and findings to the rest of the class.
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Exercise 3.4
1. How many bonding pair and lone pair electrons are found in each of the
following molecules?
a CO, b C,H, ¢ N, d CH,

2. Consider molecules of carbon disulfide, CS,, and hydrogen cyanide, HCN.
a What types of bonds do they contain?
b Draw their electron-dot formulas.
¢ Are there any lone-pair electrons in these molecules?

3. Why is the melting point of ionic compounds higher than that of covalent
compounds?

Reading Check

Does the hydrogen atom form covalent as well as ionic bonds? How?

3.3.1 Polarity in Covalent Molecules

Activity 3.9

Form a group and discuss the following idea:

The covalent bonds are formed by sharing of electrons. Compare covalent bonds formed
between atoms of the same elements and those formed between atoms of different
elements. (Example: H, and HClI).

Present your conclusion to the class.

A covalent bond is formed when electron pairs are shared between two atoms. In
molecules like H,, in which the atoms are identical, the electrons are shared equally
between the atoms. A covalent bond in which the electrons are shared equally between
the two atoms is called a non-polar covalent bond.

H-H
In other words, a non-polar bond is a covalent bond in which bonding electrons are

shared equally between identical atoms, resulting in a balanced distribution of electrical
charge.

In contrast, in the covalently bonded HCI molecule, the H and CI atoms are of different
elements; therefore, they do not share the bonding electrons equally.

H—(:j:lz
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A chemical bond in which shared electrons spend more time in the vicinity of one
atom than the other is called a polar covalent bond, or simply a polar bond.

Polarity of bonds is caused by differences in the electronegativity of the two atoms
forming the bonds. Electronegativity is the ability of an atom to attract the shared
electrons in a chemical bond toward itself.

Elements with high electronegativity have a higher tendency to attract electrons than
elements with low electronegativity. For example, in the case of HCI, the electronegativity
of the chlorine atom is higher than that of the hydrogen atom. The shared pair of
electrons 1s more strongly attracted to the nucleus of the chlorine atom. As a result,
the chlorine atom acquires a partial negative charge (37) whereas the hydrogen atom
acquires a partial positive charge (3%). The delta is read as "partial" or "slightly."

If a molecule has a positive end and a negative end, it is said to be polar and posses
a dipole. Dipole means 'two poles'.

Experimental evidence indicates that, in the HCI molecule, the electrons spend more
time near the chlorine atom. We can think of this unequal sharing of electrons as a
partial electron transfer or a shift in electron density as shown below:

This unequal sharing of the bonding electron pair results in a relatively higher electron
density near the chlorine atom and a correspondingly lower electron density near
hydrogen.

Exercise 3.5

1. How many electrons are shared in a:
a single bond, b double bond, and c triple covalent bond?
2. Draw Lewis structures for:

a H, b Cl, ¢ C;H
3. Draw Lewis structures for each of the following molecules:
a HBr b CO, ¢ H,0

Also indicate the partial charges using &" and &-.

3.3.2 COORDINATE COVALENT BOND

A covalent bond in which one atom donates both electrons of the bond is called a
coordinate covalent bond. It is also called a dative bond. Such a bond is hypothetically

represented as:
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A:/-F\B — AB

Once formed, a coordinate covalent bond has the same properties as any other covalent
bond. The atom that contributes both electrons for the bond is the donor atom, and
the atom that shares the electron pair is the acceptor atom.

For an atom to act as a donor, it must contain lone pair of electrons in its valence
shell and the acceptor atom must have at least one vacant orbital.

For example, the ammonium ion, NH, is formed by a coordinate covalent bond in
which the two non-bonding electrons on NH, bond with a hydrogen ion, H", which

has no electrons to contribute.
+

R~ g
H-N: + H - H-N-H
| Hydrogen ion |
H H

Ammonia Ammonium ion

In the resulting ion, NH}, the four N — H bonds are identical.

Similarly, a coordinate covalent bond can be formed between a hydrogen ion and a
molecule of water, which has two lone pairs of electrons.

0. .o + s
O + H — |H-O-H
H/ \H Hydrogen |
jon H
Water molecule Hydronium ion

Carbon monoxide, CO, also has a coordinate covalent bond. In order for both carbon
and oxygen atoms to attain noble-gas electron arrangements, oxygen donates a pair of
electrons to the carbon atom. In the process a coordinate covalent bond is formed
between the two atoms.

:C: + 308 - :C=0
General properties of covalent compounds

1. Covalent compounds are generally liquids or gases at ordinary temperature. For
example : water and ethyl alcohol are liquids. Hydrogen chloride, methane and
cabon dioxide are gases. Same covalent compounds are solids (e.g. sugar)

2. As compared to ionic compounds, covalent compounds have relatively lower
melting points and boiling points.

3. They do not conduct electric current when molten or in aqueous solution, because
they consist of molecules rather than of ions.

4. Covalent compounds are insoluble in polar solvents such as water. They are
soluble in non-polar solvents such as benzene and carbon tetrachloride.
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Experiment 3.2

Investigating the Physical Properties of Covalent Compounds
1. Melting point
Objective: To investigate the effect of heat on covalent compounds.
Apparatus: Test tube, Bunsen burner.
Chemicals: Naphthalene, graphite, iodine.

1. Put a small amount of naphthalene into a dry test tube. Heat it strongly.
Naphthalene is toxic. Do not inhale it or get it on your skin.

a What do you observe? Does the solid melt or vaporize?
b Is the melting point high or low?

2. Repeat the procedure with graphite, and iodine separately. lodine vapor is
toxic. Do not inhale it.

Observe and record your observation in a tabular form as shown below.

Substance Melted, vaporized or High or low
nothing happened melting point

Naphthalene

Graphite

lodine

II. Solubility

Objective: To investigate the solubility of covalent compounds.

Apparatus: Test-tubes, test tube rack.

Chemicals: Naphthalene, graphite, iodine, ethanol, hexane and benzene.

3. Arrange 12 test tubes in three sets (A, B, C) of 4 test tube each. To each

test tube of set A, add 1 g of naphthalene. To each test tube of set B add 1
g of graphite and to each test tube of set C add 1 g of iodine.

4. Add about 10 mL of each the following solvents to the four test tubes of each
set separately and shake well.

» Water
* Ethanol
* Hexane
* Benzene
Caution: Ethanol, hexane and benzene are all highly flammable.

Observe and record whether the solids are very soluble, slightly soluble or insoluble.
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Substance Solubility
Water Ethanol Hexane Benzene
Naphthalene
Graphite
lodine

Observations and analysis

Draw general conclusions on the

a melting points,

b solubility in polar and non-polar solvents of the covalent compounds given.

Exercise 3.6
1. Which of the following molecules contain a covalent bond?
a CaO d SO, g MgO
b HCI e Na,O h NaH
¢ CO, f PCl, i CH,
2. Which of the following contain a dative bond?
a H,0" b NH, c NH; d CaO
3. Which of the following molecules are polar ?
a SO, ¢ HO ¢ BCl, g CH,CI
b CO, d CS, f CH,
4. Which of the following are non-polar covalent compounds?
a O, ¢ CH, ¢ H,O g Br,
b HCI d O, f Cl,

Activity 3.10

Form a group and perform the following task:

Collect samples of covalent compounds from your school laboratory and investigate
whether the samples are:

a liquids or solids b hard or soft ¢ brittle or strong

What is your generalization about the physical properties of covalent compounds? Share
your ideas with the class.

Reading Check

What is the difference between a coordinate covalent bond and covalent bond?
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3.4 METALLIC BONDING

Competencies

By the end of this section, you will be able to:
+ explain the formation of metallic bond;

+ explain the electrical and thermal conductivity of metals in relation to metallic
bonding; and -

Activity 3.11

Form a group and discuss the following concepts and present your discussion to the class.

a Metals are solids. They contain large number of atoms in their crystals. What kind of
force do you think holds these metal atoms together?

b How do you account for the properties of metals, such as conductivity, malleability, and
ductility in terms of the bonds in metals?

The highest energy orbitals of most metals are occupied by very few electrons. In
s-block metals, for example, one or two valence electrons occupy s orbitals in the
outermost levels (for example Na and Mg). Furthermore, the p orbitals of the outer
most level are also occupied partially in p-block metals (example T, Pb and Bi).

The d-block metals contain partially filled (n—1)d levels in their atomic states or principal
oxidation states. The bonding in metals is different from that in other types of crystals.
The valence electrons of metals are not held by individual atoms. Rather, they are
delocalized and mobile (free to move throughout the structure).

The valence electrons form a sea of electrons around the metal ions and these metal
ions are organized as a crystal. Metallic bonding results from the attraction between
the metal ions and the surrounding sea of electrons.

For example, as illustrated in Figure 3.8, a sodium metal crystal is a lattice-like array
of Na" ions surrounded by a sea of mobile bonding valence electrons.

@-O-

- @

Sodium ions
- ®/Valence electrons

_ ___— move throughout

@ metal

-

@.@.@.@.

@-Q-
@D-O
@-@-

Figure 3.8 Metallic bonding in sodium metal.
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The bonding valence electrons move freely throughout the entire crystal. This freedom
of movement is responsible for the electrical conductivity of metals.

Properties of Metallic Bonding

Have you ever visited a goldsmith workshop? Why are metals easily shaped into
thin sheets and drawn into wires?

The freedom of movement of bonding valence electrons is responsible for the high
electrical and thermal conductivity that characterizes the metals. Other properties of
metallic bonding contribute to unique properties of metals. For example, most metals
are easy to shape due to their malleability and ductility.

Malleability allows a substance such as a metal to be reshaped. By hammering and
bending some metals, you can create thin sheets. Ductility allows a substance to be
drawn or pulled out into long thin pieces, such as wires.

Metals are malleable and ductile because metallic bonding is the same in all directions
throughout the solid.

When we apply a force to metal, its cations swim freely within the sea of electrons
without breaking the crystal structure. For example, when you hammer, bend, or pull
on a metal to reshape it, you shift its cations around. The force you apply moves the
atoms around, for example, around corners in the lattice. This is the basis for malleability
and ductility of metals, which allows you to change its shape.

Model of a Metallic Crystal

Put about one hundred balls (for example, marble balls or balls made from other locally
available materials) into a rectangular glass trough. Shake the trough. Allow the balls to
settle.

a Draw a two-dimensional diagram to show how the marble balls are now arranged in
the trough.

b If the balls represent atoms in a metallic lattice, which species are occupying the
‘empty’ space between and around them?

Present your model and findings to the class.

Exercise 3.7

1. Describe how a metallic bond is different from those of an ionic bond and a
covalent bond.

2. Explain thermal and electrical conductivity in metals.

3. Is metallic bonding responsible to form compounds?
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3.5 INTERMOLECULAR FORCES

Competencies
By the end of this section, you will be able to:

* define inter-molecular forces;

* explain hydrogen bonding;

+ explain the effects of hydrogen bonding on the properties of substances;
» describe Van der Waal's forces;

+ explain dipole-dipole forces;

+ give examples of molecules with dipole-dipole forces;

+ explain dispersion forces;

+ give examples of molecules in which dispersion force is important; and
* compare and contrast the three types of intermolecular forces.

Activity 3.12

Form a group and discuss the following phenomenon: Why do covalent compounds
usually exist as gases and liquids?

Share your views with the rest of the class.

Inter-molecular forces are relatively weak forces of attraction that occur between
molecules. Inter-molecular forces vary in strength but are generally weaker than the
bonds that join atoms in molecules, ions in ionic compounds, and metal atoms in solid
metals. Inter-molecular forces acting between molecules include: dipole-dipole forces,
London dispersion forces and hydrogen bonding. Dipole-dipole attractions and
London forces are collectively called Van der Waal's forces.

A Dipole-Dipole Forces
Dipole-dipole forces are strong inter-molecular forces between polar molecules. A dipole

is created by equal but opposite charges separated by a short distance. A polar molecule
acts as a tiny dipole because of its uneven charge distribution.

A dipole is represented by an arrow with a head pointing toward the negative pole
and crossed tail situated at the positive pole. The dipole created by a hydrogen chloride
molecule, which has its negative end at the more electronegative chlorine atom, is as
shown below:

Figure 3.9 Dipole-dipole interactions in HCl molecules.
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The negative end in one polar molecule attracts the positive end in an adjacent molecule
in a liquid or solid. Dipole-dipole forces occur in molecules such as ethyl alcohol and
water.

B London Dispersion Forces

All molecules, including those without dipole moments, exert forces on each other. We
know this because all substances, even the noble gases, change from liquid to solid
state under different conditions.

Induced dipole

Induced dipole-induced dipole forces

Figure 3.10 Induced dipole-induced dipole forces between non-polar molecules.

London dispersion forces act between all atoms and molecules. They are the only
forces that exist between noble gas atoms and non-polar molecules. This fact is reflected
in the low boiling points of noble gases and non-polar molecules. Because dispersion
forces result from temporary redistribution of the electrons causing induced dipole-
dipole interactions, their strength increases with the number of electrons in the interacting
atoms or molecules. Hence, dispersion forces increase with atomic number or molar
mass. This trend can be seen by comparing the boiling points of gases (helium, He,
and argon, Ar), (hydrogen, H,, and oxygen, O,), and (chlorine, Cl,, and bromine,
Br,).

As an illustration, the boiling points of the noble gases are presented in Table 3.4.

Table 3.3 Boiling points of noble gases.

Noble gas Boiling Point (°C) Number of electrons
He -269 2
Ne -246 10
Ar -186 18
Kr -152 36
Xe -107 54
Rn -62 86
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As you look down the column of noble gases, you note that boiling point increases.
This is because the induced dipole-dipole interaction increases.

C Hydrogen Bonding

Hydrogen bonding is a particular type of intermolecular force arising when a hydrogen
atom is bonded to highly electronegative elements, fluorine, oxygen and nitrogen.
Hydrogen bonding is a particular type of dipole-dipole interactions between polar
compounds. In such compounds, large electronegativity differences between the hydrogen
and the fluorine, oxygen, or nitrogen atoms make the bonds connecting them highly
polar. This polarity gives the hydrogen atom a positive charge. Moreover, the small
size of the hydrogen atom allows the atom to come very close to an unshared pair of
electrons on an adjacent molecule. Hydrogen bonding is responsible for the unusual
high boiling points of some compounds such as hydrogen fluoride (HF), water (H,O)
and ammonia (NH,).

Hydrogen bonds are usually represented by dotted lines connecting the hydrogen atom
to the unshared electron pair of the electronegative atom to which it is attracted. For
example, the hydrogen bond in hydrogen fluoride, HF, results when the highly
electronegative F atom attracts the H atoms of an adjacent molecule.

+ — + —
& o & &
(1) o0
H-F:....... H-F?
(1) “ o0
Hydrogen
bond in HF

Do you think that the intermolecular forces between molecules containing C-H,
N-H, and O-H bonds are as strong as the intermolecular forces containing F-H
bonds?

Exercise 3.8
1. Which of the following exists predominately in the water (H,0) molecule?
a Van der Waal's force ¢ coordinate covalent bond
b hydrogen bond d none of these
2. Which of the following has the highest induced dipole interactions in its molecule?
a He ¢ Ne
b Ar d Kr

Critical Thinking

Oxygen (§60) and Sulphur (fg S) are in the same group in the periodic table.

They form compounds with hydrogen, H,O and H,S. However, H,O is a liquid,
whereas H,S is a gas at room temperature. Give explanation?
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Key terms of the unit

Anions

Bonding-pair electrons
Cations

Chemical bond
Conductivity
Coordinate/dative bond
Covalent bond
Delocalized electrons
Dipole

Dipole-dipole interaction
Double-bond

Ductility
Electronegativity
Electrovalent bond
Hydrogen bonding
Inter-molecular forces

lonic bonding

lonization energy
London forces
Lone-pair electrons
Malleability

Metallic bond
Mobile electrons
Noble gases
Non-bonding electrons
Octet rule

Polar bond

Polar covalent bond
Polarity

Sea of electrons
Single-bond
Triple-bond

Valence electrons

Van der Waal's forces

A chemical bond is the attractive force that binds atoms together to form a
molecule (or a crystal lattice), an ionic or metallic crystal lattice.

An ionic bond is the electrostatic attraction between oppositely charged ions
(cations and anions).

A covalent bond is formed by a shared pair of electrons.

A covalent bond in which one pair of electrons is shared is known as a single
bond; for example, H, written as H — H.

Atoms can also share more than one pair of electrons to form a multiple bond.

The sharing of three pairs of electrons forms a triple bond - for example, N,
written as N=N.

A dative or coordinate covalent bond is a bond in which one of the atoms
supplies both of the shared electrons to the covalent bond.

A metallic bond is the electrostatic attraction between positive metal ions and
delocalized electrons.
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Inter-molecular forces are forces of attraction between covalently bonded
molecules. These include: London forces, dipole-dipole forces, and hydrogen
bonding.

London forces are forces of attractions between nonpolar molecules.
Dipole-dipole forces are the attractions between dipoles of polar molecules.
Hydrogen bonding is the attraction of covalently bonded hydrogen to lone pairs
on N, O, or F atoms in other molecules or in the same molecule (if the molecule
is large enough).

REVIEW EXERCISE ON UNIT 3

Part I: Multiple Choice Type Questions

I.

Which of the following contain localized valence electrons?

a Cu ¢ CH,

b C,H¢ d none

Which of the following is a compound?

a Cl, ¢ Na

b HCI d liquid oxygen

In the formation of ionic bonding, valence electrons are:
a shared ¢ transferred

b delocalized d not affected

What force is responsible for the formation of ice during the freezing of water?
a ionic ¢ dipole-dipole interaction

b covalent d dative bond

Which of the following has the highest electrical conductivity in the solid state?
a water ¢ sodium

b common salt d rubber

Part Il: Write the missing words in your exercise book

6
7.
8
9

Ionic bonding is formed between the atoms of and

Covalent bonding is formed between the atoms of
Metallic bonding is formed between the atoms of

The forces that hold atoms together in molecules of compounds are called
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Part lll: Short Answer Type Questions

10. Give a simple explanation of the following, using an example:
a a covalent bond d  hydrogen bonding
b an ionic bond e metallic bond
¢ a dative bond

11. Classify the bonds that can be formed between the following pairs of atoms as
principally ionic or covalent:

a calcium and chlorine e sodium and hydrogen
b boron and carbon f  aluminium and oxygen
¢ sodium and bromine g chlorine and oxygen
d magnesium and nitrogen h  iodine and chlorine
12.  Give the Lewis structures for the following:
a H,S g NH,
b CaS h  CH,
¢ AlLO, i CF,
d HF . NO
e N, k  CaCl,
f CH,
13.  Which of the following molecules can form hydrogen bonding?
a H,S ¢ NH,
b CO, f HF
¢ SO, g CH,OH
d CH,
14.  Which of the following substances contain hydrogen bonding?
a hydrogen chloride c ammonia
b water d methane

15. Classify the following molecules as polar or non-polar:

a CH, e H,0,
b CH,CI f BClL
¢ CH, g HS
d CO h HBr

2
16.  What is meant by a polar molecule?

17.  Explain the fact that HCI is polar, whereas Cl, is a non-polar molecule.

18.  What is the difference between intermolecular and intra-molecular attractive
forces?




Chemical Reactions and
Stoichiometry

Unit Outcomes

After completing this unit, you will be able to:

* understand the fundamental laws of chemical reactions and how they are
applied,

@ develop skills in writing and balancing chemical equations;
* understand energy changes in chemical reactions;
* know types of chemical reactions;

* develop skills in solving problems based on chemical equations (mass-mass,
volume-volume and mass-volume problems);

* develop skills in determining limiting reactant, theoretical yield, actual yield,
and percentage yield,

* understand oxidation-reduction reactions and analyze redox reactions by specifying
the oxidizing agents and reducing agents, the substance reduced or oxidized,

* understand the rate of chemical reaction, the state of a chemical equilibrium
and factors affecting them; and

* demonstrate scientific enquiry skills: observing, inferring, predicting, classifying,
comparing and contrasting, communicating, measuring, asking questions,
designing experiments, interpreting data, drawing conclusions, applying concepts,
relating cause and effect, and problem-solving.
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MAIN CONTENTS

4.1 Introduction

4.2 Fundamental Laws of Chemical Reactions

4.3 Chemical Equations

4.4  Energy Changes in Chemical Reactions

4.5 Types of Chemical Reactions

4.6  Stoichiometry

4.7  Oxidation-Reduction Reactions

4.8  Rate of Chemical Reaction and Chemical Equilibrium
— Unit Summary
— Review Exercises

A chemical reaction enables a space shuttle to be launched, which is powered by a
chemical reaction between pure liquid hydrogen (serving as a fuel) and oxygen.
Assume that the fuel tank contains 32,000 litres of H, and the oxidizer tank contains
40,000 litres of O,;

Analysis

1. What type of reaction takes place?

2. Write the balanced chemical equation for the reaction.
3. What volume of product is formed in the reaction?

4.  What mass of product is formed in the reaction?

(Assume that the pressure remains constant in this process).
Submit your findings to the teacher.

4.1 INTRODUCTION

Competencies

By the end of this unit, you will be able to:
* define chemical reaction; and
« give some examples of chemical reactions.

Form a group and discuss the following phenomenon:

1. When a space shuttle leaves the ground on its way into orbit, what does the brightness
and warmth of the flame indicate?

2. What are the notations that indicate a chemical change might be taking place?

Present your conclusion to the class.
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Chemical reactions are the basis of chemistry. Chemical reactions occur around us all
the time. For example, the burning of fuel, the souring of milk, metabolic processes of
our body and the decay of plants are some familiar chemical reactions in daily life.

A chemical reaction is the process in which reacting substances, called reactants, are
converted to new substances, called products. The characteristics of the products are
completely different from those of the reactants. The conversion process is a chemical
change.

Reactants — Products

For example, if you burn magnesium with oxygen, the magnesium and oxygen are
completely converted to magnesium oxide. Magnesium oxide is a soft, white,
crumbling powder. These characteristics of magnesium oxide are completely different
from the characteristics of the original substances, magnesium and oxygen. Magnesium
and oxygen are no longer present in the elemental form.

In summary, a chemical reaction has occurred in which the reactants, magnesium and
oxygen, underwent a complete chemical change, giving the product magnesium oxide.

All chemical reactions include three types of changes in the original substances. These
are changes in composition, properties and energy.

Activity 4.2

Form a group and perform the following task.

List some chemical processes that occur in your daily life. Identify the reactants and
products in each of these chemical processes.

Present your findings to the class.

Note that, in daily life, we use different terms for the same process of chemical
change. For example “the souring of milk” occurs due to the process of fermentation.
In scientific discussion we generally have a single term for each process.

4.2 FUNDAMENTAL LAWS OF CHEMICAL REACTIONS

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

+ state the law of conservation of mass and illustrate the law, using examples;
» demonstrate the law of conservation of mass, using simple experiments;

+ state the law of definite proportion and illustrate it, using examples;

* demonstrate the law of definite proportion, using a simple experiment; and
+ State the law of multiple proportion and illustrate it, using examples.
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Activity 4.3

Form a group and discuss the following phenomenon. When wood burns, the ash weighs
much less than the original wood. Where did the “lost mass” go? How can you estimate
the mass of the wood that is no longer present?

Present your conclusion to the class.

While investigating the quantitative relations between substances in chemical reactions,
scientists formulated the three basic laws of chemical combination. These are:

i) The law of conservation of mass
ii) The law of definite proportions
iiify The law of multiple proportions

i) The Law of Conservation of Mass

In 1774, the French chemist Antoine Lavoisier performed an experiment in which he
heated a sealed glass container that held a sample of tin in air. He measured the mass of
the substances before and after heating and found them to be the same. This and other
similar experimental observations became the basis of the law of conservation of mass.

French chemist Antoine Lavoisier is considered the founder of
modern chemistry. He found that the amount of matter before a
- chemical reaction is equal to the amount of matter afterwards, even
« though the matter may change in its form. Lavoisier also
experimented with the role of oxygen in combustion and
respiration in both plants and animals.

Antoine Lavoisier

The law of conservation of mass states that matter is neither created nor destroyed in a
chemical reaction. In other words, the mass of the reactants is exactly equal to the
mass of the products, within the limits of experimental error. This law is also known as
the law of indestructibility of matter.

Mass of reactants = Mass of products

There is no loss or gain of substances during a chemical reaction, and mass is
conserved.

For example, consider the decomposition of mercury (II) oxide. When 100 g of
mercury (II) oxide decomposes by heat, 92.6 g of mercury and 7.4 g of oxygen are
formed. Note that the total mass of mercury and oxygen after decomposition is 100 g:




CHEMICAL REACTIONS AND STOICHIOMETRY ’

2HgO — 2Hg + O,
100g 92.6g 7.4g
—— R A
100g 100g

Reactant Products

Experiment 4.1 ,i“i“iﬂ;’*&!

Investigation of the Law of Conservation of Mass
Objective: To determine the mass of substances before and after a reaction.
Apparatus: Flask, test tube, thread, rubber stopper, balance.
Chemicals: Sodium chloride, silver nitrate.
Procedure:
1. Take 50 mL of silver nitrate solution in a conical flask.

2. Tie a thread around the top of a test tube. Fill the test tube with a saturated
solution of sodium chloride. Suspend the test tube in the flask by means of a
thread held by a rubber stopper, as shown in Figure 4.1.

3. Weigh the flask (and its contents). Record the result as m,.

4. Mix the liquids by tilting the conical flask so that the sodium chloride pours
into the silver nitrate solution.

5. Reweigh the conical flask and contents and record as m,. Compare m, and m,,.
Observations and analysis

1. What was the colour of the solution after the reaction?

2. Is there any difference in mass between m,; and m,?

3. What is your conclusion from this experiment?

4.  Write the balanced chemical equation for the reaction.

'—_- Rubber stopper

Thread
Conical flask

NaCl solution N A y

AgNQO; solution

Balance

Figure 4.1 Conservation of mass.
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it) The Law of Definite Proportions

The law of definite proportions states that a compound always contains the same
elements in the same proportion by mass. This means that all pure samples of a
compound have the same composition regardless of the source of sample. This law is
also known as the law of constant composition. For example, sample of water could
be obtained from different sources, such as from a river, the ground, or the ocean.
But whatever the original source, all forms of pure water contains 11.2% hydrogen
and 88.8% oxygen by mass. These percentages represent a ratio of 1.0 to 8.0 (1:8),
by mass, of hydrogen to oxygen.

This ratio is constant (fixed) for water. In other words, a compound with a different
ratio of hydrogen and oxygen is not water.

Similarly, in forming the compound ZnO, 65.0 g of zinc combines with 16.0 g of
oxygen. This is 80.2% zinc and 19.8% oxygen, by mass. As is the case for water,
the composition of ZnO is constant. In forming ZnO, zinc combines with oxygen in a
definite proportion.

Experiment 4.2 JW

Investigation of the Law of definite proportions

Objective: To determine the mass of copper from copper (II) oxide.
Apparatus: Burner, stand, combustion tube, two glass test tubes, two watch glasses.
Chemicals: Copper powder, copper (II) carbonate, hydrogen gas
Procedure:
1. Prepare samples of copper (II) oxide using the following two methods:
i) Make copper (II) oxide by heating copper powder in one of the test tubes.

if) Make copper (II) oxide by heating copper (II) carbonate in the second
test tube.

(In this case, the heating process produces a chemical change through thermal
decomposition)

2. Take 1 g from each of the samples of copper (II) oxide (from i and ii). Place
each of these samples in a watch glass.

3. Reduce each of these samples: use the combustion tube to heat the samples in
a stream of hydrogen as shown in Figure 4.2.

4. Weigh the copper metal that remains in each case. Compare the measurements.
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Observations and analysis
1. What is the mass of copper produced in each case?
2. Why is copper metal produced in each case?

3. What can you conclude from the experiment? Write a short report on your
observations.

Samples of
copper (1) oxide

Hydrogen gas —»

Clamp

L AN

Figure 4.2 Reduction of copper (1) oxide by hydrogen.

iii)y The Law of Multiple Proportions

The law of multiple proportions states that when two elements combine to form more
than one compound, the masses of one element combined with a fixed mass of the
second element are in the ratio of small whole numbers. This law can be illustrated by
the two oxides of carbon. The two oxides of carbon are carbon monoxide (CO) and
carbon dioxide (CO,). In CO,, 1.0 g of carbon is combined with 2.67 g of oxygen;
whereas in CO, 1.0 g of carbon is combined with 1.33 g of oxygen. By comparing
2.67 g of oxygen with 1.33 g of oxygen, it is found that the masses of oxygen in the
two compounds that combine with the same mass of carbon are in the simple whole
number ratio, 2:1.

2.67 gof oxygeninCO, 2 91
1.33gof oxygeninCO 1 .

Activity 4.4

Form a group and perform the following task:

The following table illustrates the law of multiple proportions using five oxides of nitrogen.
In the table, fill the mass ratio of nitrogen to oxygen and determine the mass of oxygen
in each compound that combine with a fixed mass (1g) of nitrogen.

Present your conclusion to the class.
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Compound Molecular Mass ratio of Ratio of Oxygen
formula N to O (N:0) in the oxides

Dinitrogen monoxide N,O

Nitrogen monoxide NO

Dinitrogen trioxide N,O,

Nitrogen dioxide NO,

Dinitrogen pentoxide N,O

Exercise 4.1

Give appropriate answers for the following questions.

1. Classify the following as chemical or physical changes:

a the souring of tella b freezing ice cream
¢ plant growth d boiling of an egg
¢ heating sugar f fermentation

¢ the magnetization of iron h the fading of dye in cloth

2. Iron and chlorine form two compounds, A and B. Compound A contains 1.27
g of chlorine for each 1 g of iron whereas compound B contains 1.9 g of
chlorine for each 1 g of iron. Show that the masses of chlorine are in the ratio
2:3. Do they obey the law of multiple proportions? Explain.

3. Consider the following two chemical changes:

/) When a material made of iron rusts, its mass increases.
ii) When a match stick burns, its mass decreases.

Do you think that these two observations violate the law of conservation of
mass? Explain.

Critical Thinking

4. Discuss how the law of conservation of matter is explained by Dalton’s atomic
theory.

4.3 CHEMICAL EQUATIONS

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

* describe the conventions used to write chemical equations;

+ balance chemical equations, using the inspection method;
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 balance chemical equations, using the Least-Common-Multiple (LCM) method.

Activity 4.5

Form a group and discuss each of the following:
1. What is the difference between a chemical equation and a chemical reaction?

2. Which law is satisfied when a chemical equation is balanced? Take a simple chemical
reaction to illustrate this law.

Present your conclusion to the class.

A chemical equation is a shorthand representation of a chemical reaction in terms of
chemical symbols and formulas. In a chemical equation the starting substances are
called reactants; and the new substances produced are known as products.

Reactants are written on the left side and products on the right side of the equation.
An arrow (—) is placed between the two sides to indicate transformation of reactants
into products.

Reactants — products
4.3.1 Writing Chemical Equation

In writing chemical equation, instead of using words, chemical symbols and formulas
are used to represent the reaction.

Steps to Write a Chemical Equation

1. Write a word equation: A word equation is stated in words. For example, the
word equation for the reaction between sodium and chlorine to produce sodium
chloride is written as:

Sodium + Chlorine — Sodium chloride (word equation)

Note that we read the ' + ' sign as 'reacts with' and the arrow can be read as
'to produce', 'to form', 'to give' or 'to yield'".

2. Write the symbols and formulas for the reactants and products in the word
equation.

Na + Cl, — NaCl (Chemical equation)
3. Balance the equation.

2Na + Cl, — 2NaCl
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Generally, any chemical equation must fulfil the following conditions:
i) The equation must represent a true and possible chemical reaction.

ii) The symbols and formulas must be written correctly. The elements— hydrogen,
nitrogen, oxygen, fluorine, chlorine, bromine and iodine exist as diatomic
molecules. These elements should be written as molecules in the equation.

iii) The equation must be balanced.
A chemical equation has both qualitative and quantitative meanings.

Qualitatively, a chemical equation indicates the types of the reactants and products
in the reaction.

Quantitatively, a chemical equation expresses the relative number (amount)
of moles, molecules or masses of the reactants and products.

4.3.2 Balancing Chemical Equation

Which should be adjusted in balancing a chemical equation, the subscripts or
the coefficients?

According to the law of conservation of mass, atoms are neither created nor
destroyed during a chemical reaction. As a result, the number of atoms of each
element should remain the same before and after the reaction. Therefore, the main
reason why all chemical equations must be balanced is just to obey the law of
conservation of mass.

To balance a chemical equation means to equalize the number of atoms on both sides
of the equation by putting appropriate coefficients in front of the formulas.

Only two methods of balancing chemical equations will be discussed under this topic.
These are the inspection and the Least Common Multiple (LCM) method.

1. The Inspection Method

Most simple chemical equations can be balanced using this method. Balancing an
equation by inspection means to adjust coefficients by trial and error until the equation
is balanced. Follow the following four steps to balance the chemical equation.

Step 1: Write the word equation.
Step 2:  Write the correct symbols or formulas for the reactants and products.

Step 3: Place the smallest whole number coefficients in front of the symbols or
formulas until the number of atoms of each element is the same on both sides
of the equation.
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Step 4: Checking: By counting the number of atoms on both sides of the equation,
make sure that the atoms of all elements are balanced and also the
coefficients are expressed as the smallest whole number ratio.

Note:
When you balance an equation, do not change any symbol or formula of any compound.

If you change a symbol or formula, it no longer represents the element or compound
required by the equation.

Example 1

Balance the equation for the reaction between magnesium and oxygen to
produces magnesium oxide.

Solution:

Step 1: Magnesium + Oxygen — Magnesium oxide
Step 2: Mg + O, — MgO (unbalanced)

Step 3: Put coefficients to balance the equation

* Oxygen is not balanced. There are two oxygen atoms on the left side and
one on the right side. Hence, place the coefficient 2 in front of MgO.
Mg + O, — 2MgO (unbalanced)
* Now Mg is not balanced. There is one Mg on the left side and two on the
right side. Thus, place the coefficient 2 in front of Mg.
2Mg + O, — 2MgO (balanced)

Step 4: Checking: There are two Mg and two O atoms on each side of the
equation. Therefore, the equation is correctly balanced.

2Mg + 0, — 2MgO

Exercise 4.2

Balance the following chemical equation, using the inspection method:

l.Na + H,O — NaOH + H,

2. CaCO; — CaO + CO,

do B0, > BLO = 0

4. Al + H,PO, — AIPO, + H,

5. HNO; + H,S — NO + S + H,0
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2. The LCM Method

In the LCM method, the coefficients for the balanced chemical equation are obtained
by taking the LCM of the total valency of reactants and products and then dividing it
by total valency of reactants and products. All the necessary steps to balance a
chemical equation by the LCM method, are shown by the following examples.

Example 2

When aluminium reacts with oxygen, aluminium oxide is formed. Write
the balanced chemical equation for the reaction.

Solution:
Step 1: Represent the reaction by a word equation.
Aluminium + Oxygen — Aluminium oxide

Step 2: Change the words to symbols and formulas for the reactants and
products.

Al+0, - ALO,

Step 3: Place the total valency of each atom above it.

3 4 6 6

Al+0, — Al O,
Now the equation shows
* The valency of aluminium as 3.
» The total valency of oxygen is 2 X 2 = 4.
¢ The total valency of aluminium in AL,O,is 3 x 2 =6.
* The total valency of oxygen in AL,O, is 2 x 3 = 6.
Step 4: Find the LCM of each total valency and place it above the arrow.

3 4 6 6
Al+0, — & AL O,

Step 5: Divide the LCM by each total valency number to obtain the coefficients
for each of the reactants and products. Place the obtained coefficients
in front of the respective formulas.

4Al + 30, — 2Al0, (balanced)

Checking: There are 4 aluminium and 6 oxygen atoms on both sides of the
equation. Hence, the chemical equation is correctly balanced.
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Example 3

When iron reacts with water, iron (III) oxide and hydrogen are produced.
Write the balanced equation.

Solution:
Step 1: Iron + water — Iron (III) oxide + hydrogen.

Step 2: Fe + HlO — Fe,O; + H,
3 2 2 6 6 2
Step 3: Fe+H,0 — Fe,0,+H,
3 2 2 6 2

6
Step 4: Fe+H,0 —2&— Fe,O,+H,

Step 5: 2Fe + 3H,0 — Fe,0, + 3H, (balanced)

Checking: There are 2 iron, 6 hydrogen, and 3 oxygen atoms on each side
of the equation. Thus, the equation is balanced.

Example 4

The reaction of ammonium sulphate with aluminium nitrate would form aluminium
sulphate and ammonium nitrate.

Solution:

Step 1: Ammonium sulphate + Aluminium nitrate — Aluminium sulphate +
Ammonium nitrate
Step 2: (NH,),SO, + AINO,), —> Al(SO,), + NH,NO,
6 6 11
—> Al(SO,); + NH,NO,

2 2 3 3
Step 3: (NH,),SO, + AI(NO,),

2 2 3 3 6 6 1 1
Step 4: (NH,),SO, + AI(NO,), —— AL(SO,), + NH,NO,

L.CM
Step 5: 3(NH,),S0, + 2AI(NO,), —> AL(SO,); + 6NH,NO, (balanced)

3)3

Checking: Thereare 12 nitrogen, 24 hydrogen, 3 sulphur, 30 oxygen and 2 aluminium
atoms on both sides of the equation. Thus, the equation is correctly balanced.

Exercise 4.3

1. Write the balanced chemical equation to represent the following reactions.
a  Sulphur dioxide reacts with oxygen to produce sulphur trioxide.

b Potassium chlorate when heated produces potassium chloride and oxygen.
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¢ Sodium carbonate reacts with hydrochloric acid to form water, carbon
dioxide and sodium chloride.

d Silver oxide decomposes to silver and oxygen gas.
2. Balance the following equations by the LCM method.

a PCl,+H,0 — H,PO, + HCI

b Mg+ HO — Mg(OH), + H,

¢ Zn(NO;), —> ZnO + NO, + O,

d H,S0, + NaOH —— Na,SO, + H,0

e NH; +0, — NO + H,0

4.4 ENERGY CHANGES IN CHEMICAL REACTIONS

Competencies
By the end of this section, you will be able to:

 explain energy changes in chemical reactions;

* define endothermic and exothermic reactions;

» describe endothermic and exothermic reactions;

* illustrate endothermic and exothermic reactions using diagrams;

 conduct simple experiment to demonstrate exothermic and endothermic reactions;

 describe the importance of chemical changes in production of new substances
and energy.

Activity 4.6

Form a group and discuss each of the following phenomena:
When the bread baked, does the bread absorb or release heat energy? Justify your answer.

Present your conclusion to the class.

Almost all chemical reactions are accompanied by energy changes. These energy
changes could be in the form of heat energy, light energy, electrical energy, and so on.
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On the basis of energy changes, chemical reactions can be divided into exothermic
and endothermic reactions.

4.4.1 Exothermic and Endothermic Reactions

Can heat energy be considered as a reactant or product?

Exothermic Reaction

A chemical reaction that releases heat energy to the surroundings is known as an
exothermic reaction. During an exothermic process, heat is given out from the system
to its surroundings and this heat energy is written on the right side of the equation as
shown below.

Reactants — Products + Heat

For example, the burning of carbon with oxygen produces carbon dioxide and heat is
released during the reaction. Thus, the reaction is exothermic and written as:

C+02 - C02+ Heat

Endothermic Reaction

A chemical reaction which absorbs heat energy from the surroundings is known as an
endothermic reaction. During an endothermic process, heat flows into the system from
its surroundings and the heat is written on the left side of the equation.

Reactants + Heat — products

For example, the reaction between carbon and sulphur to form carbon disulphide is
an endothermic reaction because heat is absorbed in the reaction.

C + 2S + Heat — CS2

The amount of heat energy liberated or absorbed by a chemical reaction is called heat
of reaction or change in enthalpy for the reaction. It is symbolized as AH. Its unit is

expressed in kilojoules per mol(kjm()'). The change in enthalpy (A7) is the difference
between the energy of the products and the energy of the reactants.
AH = Hp — H ; where Hp is the heat content (energy) of the product, 7 is the

heat content (energy) of the reactant.

4.4.2 Energy Diagrams

For endothermic reactions, AH is positive because the energy of the product is higher
than the energy of the reactant. As a result, the enthalpy of the system increases as

shown in Figure 4.3.




‘ CHEMISTRY GRADE 9

since, H >H, AH = positive (AH > 0)

For example, when nitrogen reacts with oxygen to form nitrogen dioxide, 66.4 kJ of
heat energy is absorbed (i.e., AH = + 66.4 kJ/mol) and thus the reaction is

endothermic.
N, (g) +20, (g) — 2NO, (g); AH =+ 66.4 kJ/mol

A

Products

Heat absorbed 2NO,

Energy

AH = Positive = + 66.4 kJ

Enthalpy rises

Reactants

N, + 20,

n

Course of Reaction

Figure 4.3 Energy diagram for an endothermic reaction.
For exothermic reactions, AH is negative because the energy of the reactants is
greater than the energy of the products. Thus, the enthalpy of the system decreases,
as shown in Figure 4.4.
H <H = AH = negative (AH < 0)
P 4

For example, when carbon burns in oxygen to produce carbon dioxide, 393.5 kJ of
heat energy is liberated and hence the reaction is exothermic (AH = -393.5 kJ/mol).

C(s) + O,(g) — CO,(g): AH =-393.5 kJ/mol

A
Reactants

C + O,

Energy

Enthalpy falls T
AH = Negative = — 393.5 kJ

Products

/

Heat released

co,

»

Course of Reaction

Figure 4.4 Energy diagram for an exothermic reaction.
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[LOLILT] E\
Experiment 4.3 | muwk

Investigating the Heat Involved in a Chemical Reaction
Objective: To determine the exothermic/endothermic nature of the reaction between
sulphuric acid and sugar.
Apparatus: beaker and reagent bottle.
Chemicals: Concentrated H,SO, and sugar.

Procedure:

1. Take small amount of sugar in a beaker.
2. Add a little concentrated sulphuric acid to the sugar.
3. Touch the outer surface of the beaker and record your observation.

Conc.H,SO,

Figure 4.5 Reaction between sulphuric acid and sugar.
Observations and analysis
1. Does the beaker feel hot or cold when you touch it?
Did you see any steam in the beaker?
What is the colour of the product formed?

Write a balanced chemical equation.

@ g e

What can you conclude from the experiment?

[Caution-When mixing concentrated acid and water, always add the acid to

the water; never add water to concentrated acid.]
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[L0LIL]] m
Experiment 4.4 lﬂlulﬂ"*"

Investigating the Heat Involved in a Reaction

Objective: To investigate the exothermic/endothermic nature of the process when
ammonium nitrate is dissolved in water.

Apparatus: Beaker, thermometer, stirrer.

Chemicals: Ammonium nitrate and water.
Procedure:

1. Take 100 mL of water in a beaker and record its temperature.

2. Dissolve 15 g of solid ammonium nitrate (NH,NO,) in the 100 mL of water.
3. Touch the outer surface of the beaker and record the temperature of the solution

with the help of a thermometer.

Observations and analysis:

1. Does the beaker feel hot or cold when you touch it?

2. Is the temperature increased or decreased after the addition of NH,NO,?

3. What do you conclude from this experiment?

Thermometer

NH,NO; + water

Figure 4.6 Dissolution of ammonium nitrate in water.
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