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Introduction  

Atoms and Molecules is a first semester course. It is a two unit degree course available to all 
students offering Bachelor of Science (BSc) Chemistry (CHM). 

The concept of Atoms and Molecules lays the foundations for the study of Chemistry and the 
explanation of the trends in the physical and chemical properties of all substances. To understand 
the nature and behaviour of substances such as solids, liquids and gases we need to understand 
Atoms and Molecules. Atoms are the tiny basic building block of substances. Every substance on 
earth is composed of various combinations of atoms which are unique to that substance. A row 
of 100 million atoms would be only about a centimeter long. Aggregates of atoms that exist 
freely in nature are referred to as Molecules. The study of Chemistry which is fundamentally the 
study of the composition, properties and transformations of materials, must therefore begin with 
a review of the concept of Atoms and Molecules. 

What You will Learn in this Course 

The course consists of units and a course guide. This course guide briefly introduces the course, 
sets out the main features of the course materials and systematically guides you on how to work 
with the materials to ensure successful and timely completion of the course. 

It also gives you guidance in respect of your Tutor-Marked Assignment which will be made 
available in the assignment file. There will be regular tutorial classes that are related to the 
course. It is advisable for you to attend these tutorial sessions. The course will equip you with the 
fundamental concepts of atoms and molecules as components of matter and provide the 
necessary foundation for the study of Chemical principles.     

                                                                                                                                            

Course Aims 

The aim of the course is to provide you with an understanding of the concept of Atoms and 
Molecules which is required in order to gain clear understanding of the composition, properties 
and transformations of substances.   

Course Objectives 

To achieve the aim set out, the course has a set of objectives. Each unit has specific objectives 
which are included at the beginning of the unit. You should read these objectives before you 
study the unit. You can use them to check on your progress during your study. In order to ensure 
that you have followed the instructions in the unit, you should always review the unit objectives 
after completion of each unit.  

Below are the objectives of the course. By meeting the objectives, you should have achieved the 
aim of the course. Thus, after going through the course, you should be able to: 
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�  Explain how matter is classified in terms of its composition.  
�  Explain the arrangement of elements by atomic number and trends in atomic properties.  
�  Explain the structure of atom and types of bonds between atoms in relation to molecular 

shapes. 
�  Explain the basic principles of spectroscopic techniques and concept of electrostatics. 

Working through this Course 

To complete this course you are required to read each study unit, read the textbooks and read 
other materials which may be provided by the National Open University of Nigeria. Each unit 
contains self-assessment exercises and at certain points in the course you would be required to 
submit assignments for assessment purposes. At the end of the course there is a final 
examination. The course should take you about 17weeks to complete. Below you will find the 
list of all the components of the course, what you have to do and how you should allocate your 
time to each unit in order to complete the course on time and successfully.  

This course entails that you spend a lot of time to read. It is advisable to avail yourself the 
opportunity of attending the tutorial sessions where you have the opportunity of comparing your 
knowledge with that of other students. 

The Course Materials 

The main components of the course are: 

1. The Course Guide 
2. Study Units 
3. References/ Further Readings 
4. Assignments 
5. Presentation Schedule 

Study unit 

The study units in this course are as follows: 

Module 1 Components of Matter 

Unit 1 Elements, compounds and mixtures   

Unit 2 Observations that led to atomic view of matter  

Unit 3 Dalton’s atomic theory  

Unit 4 Observations that led to the nuclear atom model 

Unit 5 Modern atomic theory  
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Module 2 Periodic Table           

Unit 6 Historical development of the periodic table 

Unit 7 Periodic law and families of elements 

Unit 8 Families of elements: Group 3A and 4A  

Unit 9 Families of elements: Group 5A and 6A  

Unit 10 Families of elements: Group 7A, 8A and Transition elements  

Module 3 Atomic structure, Chemical bonding, Spectroscopy and Electrostatics 

Unit 11 Atomic structure 

Unit 12 Brownian motion and Hydrogen atom spectrum 

Unit 13 Chemical bonding 

Unit 14 Molecular shapes  

Unit 15 Spectroscopic techniques and Concept of electrostatics  

Unit 1 introduces the components of matter in terms of atomic theory. The observations that led 
to atomic over view of matter is presented in unit 2 and this concept of matter is supported by the 
Dalton’s atomic theory in unit 3. The nuclear atom model and modern atomic theory are 
presented in units 4 and 5 respectively. Units 6, 7, 8, 9 and 10 describe the historical 
development of the periodic table and identify the important families of elements in relation to 
their general properties in the periodic table. Units 11 and 12 introduce the structure of atoms in 
terms of quantum theory and describe important periodic trends in atomic properties. The 
developments of molecular and ionic structures of compounds in terms of different types of 
chemical bonds are discussed in unit 13 and unit 14 focused on molecular shapes. The basic 
principles of spectroscopic techniques and concept of electrostatics are explained in unit 15.       

Each unit consists of one or two weeks work and include an introduction, objectives, reading 
materials, exercises, conclusion, summary, Tutor Marked Assignments (TMAs), references and 
other resources. The unit directs you to work on exercises related to the required reading. In 
general, these exercises test you on the materials you have just covered or require you to apply it 
in some ways and thereby assist you to evaluate your progress and to reinforce your 
comprehension of the material. Together with TMAs, these exercises will help you in achieving 
the stated learning objectives of the individual units and of the course as a whole.   

Presentation Schedule 
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Your course materials have important dates for the early and timely completion and submission 
of your TMAs and attending tutorials. You should remember that you are required to submit all 
your assignments by the stipulated time and date. You should guard against falling behind in 
your work. 

Assessment  

There are three aspects to the assessment of the course. First is made up of self-assessment 
exercises, second consists of the tutor-marked assignments and third is the written 
examination/end of course examination. 

You are advised to do the exercises. In tackling the assignments, you are expected to apply 
information, knowledge and techniques you gathered during the course. The assignments must 
be submitted to your facilitator for formal assessment in accordance with the deadlines stated in 
the presentation schedule and the assignment file. The work you submit to your tutor for 
assessment will count for 30% of your total course work. At the end of the course you will need 
to sit for a final or end of course examination of about a three hour duration. This examination 
will count for 70% of your total course mark.  

Tutor-Marked Assignment 

The TMA is a continuous assessment component of your course. It accounts for 30% of the total 
score. You will be given four (4) TMAs to answer. Three of these must be answered before you 
are allowed to sit for the end of course examination. The TMAs would be given to you by your 
facilitator and returned after you have done the assignment. Assignment questions for the units in 
this course are contained in the assignment file. You will be able to complete your assignment 
from the information and material contained in your reading, references and study units. 
However, it is desirable in all degree level of education to demonstrate that you have read and 
researched more into your references, which will give you a wider view point and may provide 
you with a deeper understanding of the subject. 

Make sure that each assignment reaches your facilitator on or before the deadline given in the 
presentation schedule and assignment file. If for any reason you can not complete your work on 
time, contact your facilitator before the assignment is due to discuss the possibility of an 
extension. Extension will not be granted after the due date unless there are exceptional 
circumstances. 

Final Examination and Grading 

The end of course examination for Atoms and Molecules will be for about 3hours and it has a 
value of 70% of the total course work. The examination will consist of questions, which will 
reflect the type of self-testing, practice exercise and tutor-marked assignment problems you have 
previously encountered. All areas of the course will be assessed.    
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Use the time between finishing the last unit and sitting for the examination to revise the whole 
course. You might find it useful to review your self-test, TMAs and comments on them before 
the examination. The end of course examination covers information from all parts of the course. 

Course Marking Scheme 

Assignment Marks 
Assignment 1-4 Four assignment, best three marks of the four 

count at 10% each – 30% of course marks. 
End of course examination 70% of over all course marks. 
Total 100% of course materials. 
  

Facilitators/Tutors and Tutorials 

There are 16 hours of tutorials provided in support of this course. You will be notified of the 
dates, times and location of these tutorials as well as the name and phone number of your 
facilitator, as soon as you are allocated a tutorial group. 

Your facilitator will mark and comment on your assignments, keep a close watch on your 
progress and any difficulties you might face and provide assistance to you during the course. 
You are expected to mail your Tutor Marked Assignment to your facilitator before the schedule 
date (at least two working days are required). They will be marked by your tutor and returned to 
you as soon as possible. 

Do not delay to contact your facilitator by telephone or e-mail if you need assistance. The 
following might be circumstances in which you would find assistance necessary, hence you 
would have to contact your facilitator if: 

·  You do not understand any part of the study or the assigned readings. 
·  You have difficulty with the self-tests. 
·  You have a question or problem with an assignment or with the grading of an assignment. 

You should endeavour to attend the tutorials. This is the only chance to have face to face contact 
with your course facilitator and to ask questions which are answered instantly. You can raise any 
problem encountered in the course of your study. 

To gain much benefit from course tutorials prepare a question list before attending them. You 
will learn a lot from participating actively in discussions. 

Summary 

Atoms and Molecules is a course that intends to provide an understanding of the true picture of 
matter as a useful toolkit to spectroscopic techniques used to probe the structures of molecules. It 
provides the theoretical building blocks upon which to build knowledge and understanding of 
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Chemical principles and should therefore complement many courses taken in the later stages of 
the BSc Chemistry Programme. On completion of this course you will be able to:  

�  Differentiate between an atom/element and molecule. 
�  Differentiate between compound and mixture.  
�  Describe methods for the separation of the components of mixtures. 
�  Outline the historic development of the periodic classification of the elements. 
�  State the periodic law and identify families of elements in the periodic table. 
�  Describe the variation in atomic properties of elements in the periodic table. 
�  Outline the general properties of important families of elements in the periodic table. 
�  Understand atomic structure and describe the fundamental particles of an atom. 
�  State the laws of chemical combination and how they were explained by the Dalton’s 

atomic theory.  
�  Understand the concept of Brownian motion as useful insight into the existence of atom 

and its small size.  
�  Describe how atoms combine to form compounds of different bonding characters and 

shapes.  
�  Describe the basic principles of spectroscopic techniques. 
�  Explain the concept of electrostatics.  

An understanding of the above concepts helps you to begin to rationalize the diverse 
chemical/physical properties of the 111 elements known as at 2006.  

 

I wish you success in the course and hope that you will find it both interesting and useful.       

 

Module 1: Components of Matter 
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1.0 Introduction 

The entire physical universe is made up of matter and energy which, together, form the basis of 
all objective physical as well as chemical phenomena. Matter can be defined as anything that has 
mass and occupies space. Examples include air, water, stones, trees, book, animals etc. Energy is 
usually defined as the capacity to do work. Work is the movement of matter against an opposing 
force.  

In the early days many philosophers of the ancient Greece wondered about the ultimate 
composition of matter. Democritus (460-370 BC) proposed that elements are composed of tiny 
particles called atoms, a word derived from the Greek word atomos, meaning uncuttable. The 
Englishman Robert Boyle (1627-1691) is generally credited with being the first person to study 
Chemistry as a separate intellectual discipline and the first to carry out rigorous chemical 
experiments. Through a careful series of researches into the nature and behaviour of gases, Boyle 
provided clear evidence for the fact that atom is the fundamental unit of matter.  
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Atom: An atom is defined as the smallest particle of an element which can take part in a 
chemical reaction.    

2.0 Objectives 

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

�  Explain the classification of matter into elements, compounds and mixtures.  
�  Understand the defining characteristics of the three classes of matter.  
�  Describe the separation of mixtures by different separation techniques.  

3.0 Classification of matter 

Matter can be broadly classified into three types: Elements, compounds, and mixtures.  

3.1 Element 

An element is the simplest type of matter with unique physical and chemical properties. An 
element consists of only one kind of atom. Therefore, it cannot be broken down into a simpler 
type of matter by any physical or chemical methods. An element is one kind of pure substance 
whose composition is fixed. Each element has a name, such as silicon, oxygen, or copper. A 
sample of silicon contains only silicon atoms. A key point to remember is that the macroscopic 
properties of a piece of silicon, such as color, density, and combustibility, are different from 
those of a piece of copper because silicon atoms are different from copper atoms; in other words, 
each element is unique because its atomic properties are unique. Most elements exist in nature as 
populations of individual atoms. However, several elements occur naturally in molecular form. 

Molecule: A molecule is an independent structural unit consisting of two or more atoms that are 
chemically bound together. Oxygen, for example, occurs in air as diatomic (two-atom) 
molecules. The atoms in a molecule could be of the same element as in oxygen molecule, or 
chlorine molecule. They could also be of different elements as in water which contains two 
atoms of hydrogen and one atom of oxygen, or table salt (sodium chloride) which contains one 
atom of sodium and one atom of chlorine. 

3.2 Compound 

A compound is a type of matter composed of two or more different elements that are chemically 
bound together. Be sure you understand that the elements in a compound are not just mixed 
together; rather, their atoms have joined chemically. Ammonia, water, and carbon dioxide are  

some common compounds. One defining feature of a compound is that the elements are present 
in fixed parts by mass (fixed mass ratio). Because of this fixed composition, a compound is also 
considered a substance. A molecule of the compound has the same fixed parts by mass because it 
consists of fixed numbers of atoms of the component elements. For example, any sample of 
ammonia is 14 parts nitrogen by mass plus 3 parts hydrogen by mass. Since 1 nitrogen atom has 
14 times the mass of 1 hydrogen atom, 1 molecule of ammonia always consists of 1 nitrogen 
atom and 3 hydrogen atoms: 

By mass 1 N atom has 14 times the mass of 1 H atom. Therefore, ammonia has 1 N atom and 3 
H atoms. 
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Another defining feature of a compound is that its properties are different from those of its 
component elements. Table 1.1 shows a striking example. Soft, silvery sodium metal and yellow-
green, poisonous chlorine gas have very different properties from the compound they form which 
is white, crystalline sodium chloride, or common table salt. Unlike an element, a compound can 
be broken down into simpler substances i.e. its component elements. For example, an electric 
current breaks down molten sodium chloride into metallic sodium and chlorine gas. Note that 
this breakdown is a chemical change, not a physical one. 

Table 1.1 Some properties of sodium, Chlorine and Sodium Chloride 

Property  
Meltimg point 97.8°C -101°C 801°C 
Boiling point 881.4°C -34°C 1413°C 
Colour Silvery Yellow-green  White 
Density 0.97g/cm3 0.0032g/cm3 2.16g/cm3 
Behaviour in water Reacts Dissolves slightly Dissolves freely 
 
Source: Silberberg, (2003) 

Self Assessment Exercise 1 (SAE 1)  

(1) What is the key difference between an element and a compound? 
(2) What is the key difference between an atom and a molecule? 
(3) What is the key difference between an atom and an element? 
(4) What is the key difference between a molecule and an element? 

3.3 Mixture 

A mixture is a group of two or more substances (elements and/or compounds) that are physically 
intermingled. In contrast to a compound, the components of a mixture can vary in their parts by 
mass. Since its composition is not fixed, a mixture is not a substance. A mixture of the two 
compounds sodium chloride and water, for example, can have many different parts by mass of 
salt to water. Since the components are physically mixed, not chemically combined, a mixture at 
the atomic scale is merely a group of the individual units that make up its component elements 
and compounds. Therefore, a mixture retains many of the properties of its components. Salt 
water, for instance, is colourless like water and tastes salty like sodium chloride. Unlike 
compounds, mixtures can be separated into their components by physical changes; chemical 
changes are not needed. In this case, the water in salt water can be boiled off (a physical process 
that leaves behind the sodium chloride). 

3.3.1 Classification and separation of mixtures 

Although we pay a great deal of attention to pure substances, they almost never occur around us. 
In the natural world, matter usually occurs as mixtures. A sample of clean air, for example, 
consists of many elements and compounds physically mixed together, including oxygen (O2), 
nitrogen (N2), carbon dioxide (CO2), the six noble gases [Group 8A(18)], and water vapour 
(H2O). The oceans are complex mixtures of dissolved ions and covalent substances, including 
Na+, Mg2+, Cr, SO4

2~, O2, CO2, and of course H2O. Rocks and soils are mixtures of numerous 
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compounds: calcium carbonate (CaCO3), silicon dioxide (SiO2), aluminum oxide (A12O3), 
iron(III) oxide (Fe2O3) and perhaps a few elements (gold, silver, and carbon in the form of 
diamond), and petroleum and coal, which are complex mixtures themselves. Living things 
contain thousands of substances: carbohydrates, lipids, proteins, nucleic acids, and many simpler 
ionic and covalent compounds. 

There are two broad classes of mixtures: 

(i) A heterogeneous mixture has one or more visible boundaries between the components. 
Thus, its composition is not uniform. Many rocks are heterogeneous, showing individual 
grains and flecks of different minerals. In some cases, as in milk and blood, the 
boundaries can be seen only with a microscope.  
 

(ii)  A homogeneous mixture has no visible boundaries because the components are mixed 
as individual atoms, ions, and molecules. Thus, its composition is uniform. A mixture of 
sugar dissolved in water is homogeneous, for example, because the sugar molecules and 
water molecules are uniformly intermingled on the molecular level. We have no way to 
tell visually whether an object is a substance (element or compound) or a homogeneous 
mixture. 

A homogeneous mixture is also called a solution. Although we usually think of solutions as 
liquid, they can exist in all three physical states. For example, air is a gaseous solution of mostly 
oxygen and nitrogen molecules, and wax is a solid solution of several fatty substances. Solutions 
in water, called aqueous solutions, are especially important in chemistry and comprise a major 
portion of the environment and of all organisms. 

Recall that mixtures differ fundamentally from compounds in three ways: (1) the proportions of 
the components can vary; (2) the individual properties of the components are observable; and (3) 
the components can be separated by physical means. In some cases, if we apply enough energy 
to the components of the mixture, they react with each other chemically and form a compound, 
after which their individual properties are no longer observable. 

In order to investigate the properties of substances, chemists have devised many procedures for 
separating a mixture into its component elements and compounds. Indeed, the laws and models 
of chemistry could never have been formulated without this ability. The upcoming section of this 
unit describes some of the more common laboratory separation methods. 

3.3.2 Basic Separation Techniques 

Some of the most challenging and time-consuming laboratory procedures involve separating 
mixtures and purifying the components. Several common separation techniques are described 
here. Note that all these methods depend on the physical properties of the substances in the 
mixture; no chemical changes occur. 

Filtration separates the components of a mixture on the basis of differences in particle size. It is 
used most often to separate a liquid (smaller particles) from a solid (larger particles). Figure 1 
shows simple filtration of a solid reaction product. In vacuum filtration, reduced pressure within 
the flask speeds the flow of the liquid through the filter. Filtration is a key step in the purification 
of the tap water you drink. 
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                                               Figure 1: Filtration (source: Silberberg, 2003)  

Crystallization is based on differences in solubility. The solubility of a substance is the amount 
that dissolves in a fixed volume of solvent at a given temperature. The procedure shown in 
Figure 2 applies the fact that many substances are more soluble in hot solvent than in cold. 
Purified compound is shown crystallizing out of the solution as it is cooled. Essential substances 
in computer chips and other modern electronic devices are purified by a type of crystallization. 
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                                                Figure 2: Crystallization (source: Silberberg, 2003) 

Distillation separates components through differences in volatility,  the tendency of a substance 
to become a gas. Ether, for example, is more volatile than water, which is much more volatile 
than sodium chloride. As the mixture boils, the vapor is richer in the more volatile component, 
which can be condensed and collected separately. The simple distillation apparatus shown in 
Figure 3 is used to separate components with large differences in volatility, such as water from 
dissolved ionic compounds. Separating components with small volatility differences requires 
many vapourization-condensation steps. 

 

                                         Figure 3: Distillation (source: Silberberg, 2003) 

Extraction is also based on differences in solubility. In a typical procedure, a natural (often plant 
or animal) material is ground in a blender with a solvent that extracts (dissolves) soluble 
compound(s) embedded in insoluble material. This extract is separated further by the addition of 
a second solvent that does not dissolve in the first. After shaking in a separatory funnel, some 
components are extracted into the new solvent. Figure 4 shows the extraction of plant pigments 
from water into hexane, an organic solvent. 
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                   Figure 4: Extraction (source: Silberberg, 2003) 

Chromatography is a third technique based on differences in solubility. The mixture is 
dissolved in a gas or liquid called the mobile phase, and the components are separated as this 
phase moves over a solid (or viscous liquid) surface called the stationary phase. A component 
with low solubility in the stationary phase spends less time there, thus moving faster, than a 
component that is highly soluble in it. Many types of chromatography are used to separate a wide 
variety of substances, from simple gases to biological macromolecules. In gas-liquid 
chromatography (GLC), the mobile phase is an inert gas, such as helium, that carries the 
previously vaporized components into a long tube that contains the stationary phase. The compo-
nents emerge separately and reach a detector to create a chromatogram. A typical chromatogram 
has numerous peaks of specific position and height, each of which represents the amount of a 
given component. The principle of high-performance (high-pressure) liquid chromatography 
(HPLC) is very similar, but the mixture is not vapourized, so a more diverse group of mixtures, 
which may include nonvolatile compounds, can be separated. 

Self Assessment Exercise 2 (SAE 2) 

(1) Classify each of the following substances below as element, compound or mixture, and 
explain your answer:  

(a) Calcium chloride which is used to melt ice on roads consists of two elements,    
calcium and chlorine, in fixed mass ratios. 

(b) Sulphur, which was known to the ancients, consists entirely of sulphur atoms which 
are chemically combined into molecules. 

(c) Baking powder, contains 26% to 30% sodium hydrogen carbonate and 30% to 35% 
calcium dihydrogen phosphate by mass 

(d) Sand 
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8.0 Conclusion 
The entire physical universe is made up of aggregates of atoms as fundamental units of 
matter, which can be classified into elements, compounds and mixtures. The observations 
that led to atomic over view of matter are presented in unit 2. Heterogeneous mixtures 
have visible boundaries between the components. Homogeneous mixtures have no visible 
boundaries because mixing occurs at the molecular level. A solution is a homogeneous 
mixture and can occur in any physical state. Mixtures (not compounds) can have variable 
proportions, can be separated physically, and retain their components' properties. Common 
physical separation processes include filtration, crystallization, extraction, 
chromatography, and distillation. 

5.0    Summary 

         In this unit we have learnt that: 

·  All matter exists as elements, compounds, or mixtures.  
·  Elements consist of only one type of atom.   
·  A compound contains two or more elements in chemical combination. 
·  A compound exhibits different properties from its component elements.  
·  The elements of a compound occur in fixed parts by mass because each unit of the 

compound has fixed numbers of each type of atom.  
·  Elements and compounds are referred to as substances because their compositions 

are fixed.  
·  A mixture consists of two or more substances mixed together, not chemically 

combined.  
·  The components of mixture retain their individual properties and can be present in 

any proportion. 
·  The components of mixtures can be separated by physical methods, like filtration, 

crystallization, distillation, extraction or chromatography. 

6.0  Tutor Marked Assignment 

      (1) To determine whether a mineral sample is a substance or a mixture, a student grinds a 
portion of it to a powder, adds 150cm3 of pure water, and finds that much of the powder 
does not dissolve. She carefully removes some of the liquid, allows the water in it to 
evaporate, and a white, powdery deposit remains, she weighs the deposit and dissolves it 
completely in a small volume of water. An identical mass of the original, powdered 
mineral sample does not dissolve in the same volume of water. Is the original sample a 
substance or a mixture? Explain.  

      (2) The tap water found in many areas of Lagos state leaves white deposits when it     
evaporates. Is this tap water a mixture or a compound? Explain. 

      (3) Explain the following statement: The smallest particles unique to an element may be 
atoms or molecules. 

      (4) Explain the following statement: The smallest particles unique to a compound cannot be 
atoms.  
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7.0 References/Further Readings 

              McMurray Fay (2004) Chemistry 4th ed. Prentice Hill New Jersey. 

              Philip Mattews (2006) Advanced Chemistry: Physical and Industrial Cambridge  
University Press South Asia.  

              Silberberg M.S (2003) Chemistry: The Molecular Nature of Matter and Change 3rd Ed  
Mc  Graw Hill, New York. 

      Answers to Self Assessment Exercises 

      SAE1 

(1) An element consists of only one type of atom; a compound consists of more than one 
type   of atom. 

(2) Molecules can exist freely in nature but atoms are not capable of free existence. Atoms 
form molecules in order to attain the status of independent existence.  

(3) An element is the simplest type of matter with unique physical and chemical properties 
while an atom is a component of element. 

(4) An element consists of only one kind of atom; the atoms in a molecule could be the same 
as in oxygen molecule, or chlorine molecule. They could also be different as in sodium 
chloride or water. 

    SAE2 

   (1) a. Since it has constant composition, it is a compound 

        b. Since all the atoms are identical, it is an element. 

        c. Since it has variable composition, it is a mixture. 

        d. Since it has constant composition, it is a compound 

    Answers to Tutor Marked Assignment 

(1) The original sample is a mixture because it is composed of more than one component. 
(2) The tap water is a mixture because it contains water and the soluble white substance as 

the second component. The two components were separated by evaporation (physical 
process). 

(3) This is true, because the fundamental building block of elements is atom; but the smallest 
unit of element that exists independently and still has the characteristics of the element is 
aggregates of the atoms called the molecule. Since the atoms in a molecule of an element 
are unique to the element, both the atom and molecule of an element are unique to the 
element.  

(4) This is true; because the properties of a compound are different from the properties of the 
individual components. There is no one atom in the compound that can exhibit the 
characteristics of the compound and as such can not be said to be unique to the 
compound. 
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Any model of the composition of matter had to explain two extremely important chemical 
observations that were well established by the end of the 18th century, that is: the law of mass 
conservation and the law of definite proportions (or law of constant composition). As you'll see 
in unit 3, John Dalton's atomic theory explained these laws and another observation now known 
as the law of multiple proportions. 

2.0 Objectives 

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

�  The Law of mass conservation.  
�  The law of definite proportions. 
�  The law of multiple proportions. 
�  The significance of the three mass laws: mass conservation, definite proportions and 

multiple proportions  

3.0 The law of mass conservation 

The most fundamental chemical observation of the 18th century was the law of mass conservation. 
Antoine Lavoiser (1743-1794) demonstrated by careful measurements that when combustion is 
carried out in a closed container, the mass of the combustion products exactly equals the mass of 
the starting reactants. The law of mass conservation is therefore defined as follows: 
 
Law of mass conservation: Mass is neither created nor destroyed in chemical reactions.   
 
The number of substances may change, and by definition their properties must change, but the 
total amount of matter remains constant. Lavoisier based the law on the experiments, in which he 
found the mass of oxygen plus the mass of mercury equal to the mass of mercuric oxide they 
formed. 
 
Even in a complex biochemical change within an organism, such as the metabolism of the 
sugar glucose, which involves many reactions, mass is conserved: 
 
180 g glucose + 192 g oxygen gas  264 g carbon dioxide + 108 g water 
(372 g material before change)          (372 g material after change). 
 
 Mass conservation means that based on all chemical experience, matter cannot be created or 
destroyed. 
 

4.0 The law of Definite proportion 

Further investigations in the decades following Lavoiser’s work led the French chemist 
Joseph Prout (1754-1826) to formulate a second fundamental chemical principle that we now 
call the law of definite proportion (law of constant composition).  
 
Law of Definite proportion : Different samples of a pure chemical substance    always 

contain the same proportion of elements by mass.  
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No matter the source, a particular chemical compound is composed of the same elements in 
the same parts (fractions) by mass. The fraction by mass (mass fraction) is that part of the 
compound's mass contributed by the element. It is obtained by dividing the mass of each 
element by the total mass of compound. The percent by mass (mass percent, mass %) is the 
fraction by mass expressed as a percentage. We learnt in unit 1 that in a compound, each 
element has a fixed mass fraction (and mass percent). 
 
To study the concept of mass fraction and mass percent, Consider calcium carbonate, the 
major compound in a piece of chalk. The following results are obtained for the elemental 
mass composition of 20.0 g of calcium carbonate. 
 
                          8g of calcium/20.0g = 0.40parts of calcium 

Analysis by Mass 
(grams/20.0 g) 

     Mass Fraction (parts/1 .00 part) 

 

       Percent by Mass (parts/100 parts) 

 
8.0 g calcium  

2.4 g carbon  

9.6 g oxygen 

 

        0.40 calcium  

        0.12 carbon  

        0.48 oxygen 

 

           40% calcium  

           12% carbon  

           48% oxygen 

 20.0 g         1 .00 part by mass            100% by mass 
Source: Siberberg, (2003) 
 
Calcium carbonate is found naturally in many forms, including marble, coral, chalk, and 
seashells. The mass percents of its component elements as shown above do not change 
regardless of the compound’s source.  
 
Since a given element always constitute the same mass fraction of a given compound, we can 
use the mass fraction to find the actual mass of the element in any sample of the compound: 

 
Example: 
                Pitchblend is the most commercially important compound of uranium. Analysis 
shows that84.2g of pitchblend contains 71.4 g of uranium, with oxygen as the only other 
element. How many grams of uranium can be obtained from 102 kg of pitchblende?  
 
Hint: We have to find the mass of uranium in a known mass of pitchblende, given the mass 
of uranium in a different mass of pitchblende. The mass ratio of uranium/pitchblende is the 
same for any sample of pitchblende. Therefore, we multiply the mass (kg) of pitchblende by 
the ratio of uranium to pitchblende we construct from the mass analysis. This gives the mass 
(in kg) of uranium, and we just convert kilogram to gram. 
 
 
Solution: Find the mass (kg) of uranium in 102kg of pitchblende: 
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     Converting the mass from kg to g: 

 

Self Assessment Exercise 1 (SAE 1) 

1. Does the percent by mass of each element in a compound depend on the amount of    
compound? Explain.  

2. Does the mass of each element in a compound depend on the amount of compound? 
Explain.  

5.0 The law of multiple proportions  

Dalton described a phenomenon that occurs when two elements form more than one compound. 
His observation is now called the law of multiple proportions: 

Law of multiple proportions : If elements A and B react to form two compounds, the different 
masses of B that combine with a fixed mass of A can be 
expressed as a ratio of small whole numbers. 

It means that elements can combine in different ways to form different substances, whose mass 
ratios are small whole number multiples of each other. 

Consider for example, two compounds that form from carbon and oxygen; let’s call them carbon 
oxides I and II. They have very different properties. For example, measured at the same 
temperature and pressure, the density of I is 1.25 g/, whereas that of II is 1.98 g/L. Moreover, I is 
poisonous and flammable, but II is not. Analysis shows that their compositions by mass are 

Carbon dioxide I: 57.1 mass % oxygen and 42.9 mass % carbon.  

Carbon dioxide II: 72.7 mass % oxygen and 27.3 mass % carbon. 

To see the phenomenon of multiple proportions, we use the mass percents of oxygen and of 
carbon in each compound to find the masses of these elements in a given mass, for example, 100 
g, of each compound. Then we divide the mass of oxygen by the mass of carbon in each 
compound to obtain the mass of oxygen that combines with a fixed mass of carbon: 
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Source: Silberberg, (2003) 

If we then divide the grams of oxygen per gram of carbon in II by that in I, we obtain a ratio of 
small whole numbers: 

 

The law of multiple proportions tells us that in two compounds of the same elements, the mass 
fraction of one element relative to the other element changes in increments based on ratios of 
small whole numbers. In this case, the ratio is 2:1 for a given mass of carbon, II contains 2 times 
as much oxygen as I. In unit 3 Dalton’s theory allows us to explain the composition of carbon 
oxides I and II on the atomic scale. 

Self Assessment Exercise 2 (SAE 2) 

1. To what classes of matter (element, compound and/or mixture) do the following apply:  

(i)Law of mass conservation (ii) law of definite proportion (iii) law of multiple 
proportions?  

 
2. Identify the mass law that each of the following observations demonstrate and explain 

your reasoning: 
(i) A sample of potassium chloride from Nigeria contains the same percent by mass 

of potassium as one from Ghana. 
(ii)  A flashbulb contains magnesium and oxygen before use and magnesium oxide 

afterward, but its mass does not change. 
(iii)  Arsenic and oxygen form one compound that is 65.2 mass % arsenic and another 

that is 75.8 mass % arsenic. 
6.0 Conclusion 

Three fundamental observations that led to an atomic view of matter are known as mass 
laws and the mass laws state that (1) the total mass remains constant during a chemical 
reaction; (2) any sample of a given compound has the same elements present in the same 
parts by mass; (3) in different compounds of the same elements, the masses of one element 
that combine with a fixed mass of the other can be expressed as a ratio of small whole 
numbers. The explanations of these laws by Dalton’s atomic theory is presented in unit 3. 
 
 
 
 

                             Carbon Oxide I              Carbon Oxide II 

G oxygen/100g compound 

G carbon/100g compound 

G oxygen/gcarbon 

        57.1 

        42.9 

          

          72.7 

           27.3 
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7.0    Summary 

         In this unit we have learnt: 

·  The law of mass conservation which states that the total mass remains constant 
during a chemical reaction.  
 

·  The law of definite proportion which states that any sample of a given compound 
has the same elements present in the same parts by mass.  
 

·  The law of multiple proportions which states that in different compounds of the 
same elements, the masses of one element that combine with a fixed mass of the 
other can be expressed as a ratio of small whole numbers. 

 

8.0  Tutor Marked Assignment 

        1. State the mass law (s) demonstrated by the following experimental results, and explain     
your reasoning:  

             Experiment 1: A student heats 1.00g of a blue compound and obtains 0.64g of a white 
compound and 0.36 g a colourless gas.  

              Experiment 2: A second student heats 3.25g of the same blue compound and obtains  
2.08 g of a white compound and 1.17g of a colourless gas.  

  2. Show, with calculation, how the following data illustrate the law of multiple proportions:  

Compound A: 47.5 mass % sulphur and 52.5 mass % chlorine. 
Compound B: 31.1 mass % sulphur and 68.9 mass % chlorine.  

9.0 References/Further Readings 

              McMurray Fay (2004) Chemistry 4th ed. Prentice Hill New Jersey. 

              Philip Mattews (2006) Advanced Chemistry: Physical and Industrial Cambridge  
University Press South Asia.  

              Silberberg M.S (2003) Chemistry: The Molecular Nature of Matter and Change 3rd Ed  
Mc  Graw Hill, New York. 

    

      Answers to Self Assessment Exercises 

           SAE1 

1. No; the composition is independent of amount. Twice as much of element A will 
combine with twice as much of element B and the composition of the compound formed 
will be the same. 
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2. Yes; more of the compound will contain proportionally more of each component element. 

           SAE2 

1.    (i) all the substances 

(ii) Compounds 

            (iii) Compounds 

2.    (i) Law of definite proportion: the composition is independent of the source. 
   (ii) Law of conservation of mass: the total quantity of matter does not change. 
    (iii) Law of multiple proportions: both materials are pure, but one pair of elements can 

combine in two different proportions. 

 

    Answers to Tutor Marked Assignment 

1. These two experiments demonstrate the law of definite proportion. The unknown blue 
compound decomposes the same way in both experiments, giving 64% white compound 
and 36% colourless gas. They also demonstrate the law of conservation of mass, since in 
both cases the total mass before reaction equals the total mass after reaction.  
 

2. 0.905g S/g Cl in compound A and 0.451gS/g Cl in compound B,  
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Unit 3:     Dalton’s Atomic Theory 
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1.0 Introduction 
With almost 200 years of hindsight, it may be easy to see how the mass laws could be 
explained by an atomic model that describes matter as existing in indestructible units, each with a 
particular mass. This was a major breakthrough in 1808 when John Dalton (1766-1844) presented 
his atomic theory of matter in a new system of chemical philosophy. 

2.0 Objectives 

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

�  The postulates of Dalton’s atomic theory. 
�  How the Dalton’s atomic theory explains the mass laws. 
�  The Relative Masses of Atoms described by Dalton. 
�  The limitations of Dalton’s atomic model  

3.0 Postulates of the Atomic Theory 

Dalton expressed his theory in a series of postulates. Like most great thinkers, Dalton incorporated 
the ideas of others into his own to create the new theory. As we go through the postulates, which are 
presented here in modern terms, let's see which were original and which came from others. (Later, we 
can examine the key differences between Dalton’s postulates and our present understanding.). The 
postulates of Dalton’s atomic theory are: 

1. All matter consists of atoms which are tiny indivisible particles of an element that cannot be created 
or destroyed. (Derived from the "eternal, indestructible atoms" of Democritus more than 2000 
years earlier and conforms to mass conservation as stated by Lavoisier.). Although Dalton didn't 
know what atoms were like, he nevertheless felt that they were necessary to explain why 
there were so many different elements. 
 

2. Atoms of one element cannot be converted into atoms of another element. In chemical reactions, 
the original substances separate into atoms, which recombine to form different substances. 
Chemical reactions only rearrange the way that atoms are combined; the atoms themselves are 
unchanged. Dalton realized that atoms must be chemically indestructible for the law of mass 
conservation to be valid. If the same numbers and kinds of atoms are present in both reactants and 
products, then the masses of reactants and products must also be the same. 
 

3. Atoms of an element are identical in mass and other properties and are different from atoms of 
any other element. (Contains Dalton’s major new ideas: unique mass and properties for all the 
atoms of a given element.). Dalton realized that there must be some feature that distinguishes the 
atoms of one element from those of another. Because Proust's law of definite proportions showed 
that elements always combine in specific mass ratios, Dalton reasoned that the distinguishing 
feature between atoms of different elements must be mass. 
 

4. Compounds result from the chemical combination of a specific ratio of atoms of different elements. 
(Follows directly from the fact of definite composition.). Only if whole numbers of atoms combine 
will different samples of a pure compound always contain the same proportion of elements by mass 
(the law of definite proportions). Fractional parts of atoms are never involved in chemical reactions. 
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For any theory to be successful it must not only explain known observations, it must also 
predict the outcome of events yet unknown. Dalton's atomic theory does exactly this: It 
predicted what has come to be called the law of multiple proportions. 

4.0 How the Theory Explains the Mass Laws 

Let's see how Dalton’s postulates explain the mass laws: 

·  Law of mass conservation: Atoms cannot be created or destroyed (postulate 1) or 
converted into other types of atoms (postulate 2). Since each type of atom has a fixed mass 
(postulate 3), a chemical reaction, in which atoms are just combined differently with each 
other, cannot possibly result in a mass change. 
 

·  Law of Definite proportion:  A compound is a combination of a specific ratio of different 
atoms (postulate 4), each of which has a particular mass (postulate 3). Thus, each element in a 
compound constitutes a fixed fraction of the total mass. 
 

·  Law of Multiple proportions:  Atoms of an element have the same mass (postulate 3) and are 
indivisible (postulate 1). Because different numbers of B atoms combine with each A atom in 
different compounds, the masses of element B that combine with a fixed mass of element A 
give a small, whole-number ratio. 

The simplest arrangement consistent with the mass data for carbon oxides I and II in our earlier 
example in unit 2 is that one atom of oxygen combines with one atom of carbon in compound I 
(carbon monoxide) and that two atoms of oxygen combine with one atom of carbon in compound II 
(carbon dioxide). 

5.0 The Relative Masses of Atoms 

After publication of the atomic theory, investigators tried to determine the masses of atoms from the mass 
fractions of elements in compounds. But an individual atom is so small that the mass of all the atoms of 
one element can be determined only relative to the mass of all the atoms of another element. As a basis 
for these relative masses, Dalton assigned a mass of 1 to the hydrogen atom, the lightest known 
substance. Then, based on the work of Lavoisier, who had shown that water contains 8 g of oxygen for 
every 1 g of hydrogen, Dalton assigned a relative mass of 8 to the oxygen atom. But this relative mass 
would be correct only if a water molecule has one oxygen atom for every hydrogen atom: 

 

However, some other researchers, measuring the volumes of gases that react with 
each other, found that 2 L of hydrogen gas react with 1 L of oxygen gas. This result implied that a water 
molecule had one oxygen atom for every two hydrogen atoms and, therefore, that oxygen had a relative 
mass of 16: 
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Which relative mass was correct? Many similar conflicts arose with other elements, and it took decades to 
resolve them. Finally, shortly after a conference in 1860 attended by over 140 of the world's most 
prominent chemists, a list of elements with accurate relative atomic masses was accepted: 16 for oxygen, 
12 for carbon and so forth. Chemical formulas such as H2O for water, NH3 for ammonia and CH4 for 
methane were put into common use. Dalton's atomic model was crucial to this developing understanding 
because it originated the idea that the masses of reacting elements could be explained in terms of atoms.  

Self Assessment Exercise 1 (SAE 1) 

1. Why is it necessary to determine the masses of atoms relative to other atoms? 
2. Why is the concept of indestructibility of atom not considered as Dalton’s original idea?  
3. State the postulate of Dalton’s atomic theory that constitutes the major original idea 

proposed by Dalton.  

6.0 Limitations of the Dalton’s atomic model 

Dalton’s model of the atom could not explain: 

·  Why elements combine as they do: why, for example, do two and not three H atoms combine 
with one O atom in a water molecule?  

·  Dalton’s “billiard ball” view of the atom could not account for the electrically charged particles 
seen in many experiments. A more complex model of the atom (described in the subsequent 
units) would be needed to understand those observations. 

Self Assessment Exercise 2 (SAE 2) 

1. Which of the postulates of Dalton’s atomic theory explains the law of mass conservation? 
2. Explain the major limitations of Dalton’s atomic model. 

 
7.0 Conclusion 

Dalton’s atomic theory explained the mass laws by proposing that all matter consists of 
indivisible, unchangeable atoms of fixed, unique mass. Mass is constant during a reaction 
because atoms form new combinations; each compound has a fixed mass fraction of each of its 
elements because it is composed of a fixed number of each type of atom; and different 
compounds of the same elements exhibit multiple proportions because they each consist of 
whole atoms. Studies of the masses and volumes of elements that combine eventually led to 
consistent values for relative masses of atoms. 

8.0    Summary 

         In this unit we have learnt: 

·  The postulates of Dalton’s atomic theory. 
·  How Dalton’s postulates explain the mass Laws. 
·  How the masses and volumes of elements that combine eventually led to consistent 

values for relative masses of atoms. 
·  The limitations of the Dalton’s model of the atom. 
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9.0 Tutor Marked Assignment 

1. Use Dalton’s atomic theory to explain why potassium nitrate from India or Nigeria has 
the same mass percents of K, N and O. 

2. Use Dalton’s atomic theory to deduce the different atoms in potassium nitrate.   
 

10.0 References/Further Readings 

     McMurray Fay (2004) Chemistry 4th ed. Prentice Hill New Jersey. 

     Philip Mattews (2006) Advanced Chemistry: Physical and Industrial Cambridge  University 
Press South Asia.  

     Silberberg M.S (2003) Chemistry: The Molecular Nature of Matter and Change 3rd Ed  Mc  
Graw Hill, New York. 

    

      Answers to Self Assessment Exercises 

      SAE1 

1. Because an individual atom is so small and difficult to weigh. 
 

2. Because the concept of atom as tiny indivisible particle was originally proposed by 
Democritus long before the Dalton’s atomic theory. 
 
 

3. The Dalton’s postulate that constitutes the original idea in the Dalton’s atomic theory is: 
Atoms of an element are identical in mass and other properties and are different from 
atoms of any other element. (Contains Dalton’s major new ideas: unique mass and 
properties for all the atoms of a given element.). 

      SAE2 

1. The postulates of Dalton’s atomic theory that explain the law of mass conservation are: 
Atoms cannot be created or destroyed (postulate 1) or converted into other types of atoms 
(postulate 2). Since each type of atom has a fixed mass (postulate 3), a chemical reaction, in 
which atoms are just combined differently with each other, cannot possibly result in a mass 
change. 
 

2. The major limitations of Dalton’s atomic model are: 
 
(i) The model could not explain why elements combine as they do: why, for example, do 

two and not three H atoms combine with one O atom in a water molecule?  
 

(ii) Dalton’s “billiard ball” view of the atom could not account for the electrically charged 
particles seen in many experiments. 
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    Answers to Tutor Marked Assignment 

1. Dalton postulated that atoms of an element are identical. Dalton also postulated that 
compounds result from the chemical combination of specific ratios of different elements. 
 

2. Atoms of one element cannot be converted into atoms of another element; Atoms of an element 
are identical in mass and other properties and are different from atoms of any other element. 
Since there are three elements (potassium, Nitrogen and Oxygen) in potassium nitrate, there 
must be three different types of atoms in potassium nitrate that corresponds to potassium, 
Nitrogen and Oxygen respectively.  

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



���
�

Module 1:          Components of matter 
 
Unit 4:     Observations that led to the nuclear atom model 

 

 

Page 

1.0 Introduction…………………………………………………………………………………. 25 
2.0 Objectives…………………………………………………………………………................25 
3.0 Discovery of the Electron and Its Properties ……………………..............................................25 

3.1 The discharge tube experiment………………………………………………….……25 
3.2 J.J Thomson’s explanation ……………………………………………………...........26 

4.0 Experiments to determine the properties of cathode rays ………………………………...........26 
4.1 Familiar Glow of Colliding Particles …………………………………………..…......26 

5.0 The determination of e/m: J.J Thomson’s experiment …………………………………………26 
6.0 Millikan’s oil drop experiment: Charge on an electron………………………………………….28 
7.0 Discovery of the Atomic Nucleus………………………………………………………………28 
8.0 Conclusion…………………………………………………………………………...………28 
9.0 Summary………………………………………………………………………………..........29 
10.0 Tutor Marked Assignment……………………………………………………………….29 
11.0 References/Further Reading……………………………………………………………..29 

 

 

 

 

 

 

 

 

 

 



���
�

0.0 Introduction 
The path of discovery is often winding and unpredictable. Basic research into the nature of 
electricity eventually led to the discovery of electrons, which are negatively charged particles that 
are part of all atoms. Soon thereafter, other experiments revealed that the atom has a nucleus 
which is a tiny, central core of mass and positive charge. In this unit, we examine some key 
experiments that led to our current model of the atom. 
 

2.0 Objectives 

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

�  The discharge tube experiment that led to the discovery of electron as cathode ray. 
�  The properties of cathode rays. 
�  The determination of the charge to mass ratio of electron. 
�  The measurement of the charge of electron. 
�  How the atomic nucleus was discovered. 

 

3.0 Discovery of the Electron and Its Properties 

Nineteenth-century investigators of electricity which include Faraday knew that matter and electric 
charge were somehow related. When amber is rubbed with fur, or glass with silk positive and negative 
charges form. These are the same charges that make your hair crackle and cling to your comb on a dry 
day. They also knew that an electric current could decompose certain compounds into their elements. 

What they did not know, however, was how electricity could be studied in the absence of matter.  

3.1 The discharge tube experiment 

Further evidence indicating that atoms can be subdivided into electrically charged particles, comes 
from experiments involving the behaviour of gases in discharge tubes at low pressure and high 
voltage. A powerful vacuum pump had been invented recently, so some investigators tried passing an 
electric current through nearly evacuated glass tubes. The tubes, fitted with metal electrodes that were 
sealed in place, were connected to an external source of electricity. Normally, if the electrodes are 
separated from each other by a few centimeters, a spark is produced, which jumps the gap, on 
application of a very high voltage (about 15,000-20,000 V). If the tube consists of electrodes separated 
by at least two feet, at atmospheric pressure, application of high voltage will not cause any current 
flow no matter the gas (neon, air, mercury vapour, helium or any other gas) in the tube. However, on 
gradually decreasing the pressure of the gas in the tube by means of the vacuum pump, a series of 
events occurs. First an electric current begins to flow and at the same time, a stream of light is seen in 
the tube between the electrodes. As the pressure is lowered further, to about 1.3Nm-2 (0.001mm Hg) 
the light completely disappears. At this critical pressure, current still flows but a greenish glow 
appears in the glass in the region of the cathode irrespective of the gas used. Further reduction in 
pressure causes the current flow to cease. The disappearance of the light with decrease in pressure 
suggests that the original light observed must have had something to do with the gas in the tube, as its 
removal causes this to disappear. The greenish glow must also have something to do with the gas 
particles. The question that might be asked is how does the current get across the large gap in the 
electrical circuit? Normally, a continuous wire is needed or other electrical conductor in order for 
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electricity to flow. The answer to this question is provided by a series of experiments conducted by J.J 
Thomson.  

3.2 J.J Thomson’s explanation 

Assume that the neutral particles in the gas dissociate into charged particles, positive and negative. 
The positive particles would move to the negative pole of the electrodes, and the negative particles to 
the anode. By moving, the particles acquire kinetic energy. The particles can then: 

(i) Collide with neutral particles and give them some of their energy and dissociate them , or 
(ii)  Negative particles would collide with positive particles and become neutralized.  

Some of the energy of recombination is what is emitted in the form of light, which is characteristic of 
the gas in the tube. At high pressure, the probability of collision is high. At comparatively low 
pressure, the number of gas particles is very small, and so the distance between particles is very great, 
and collision is much less probable. Therefore, the positive ions will have a great deal of energy when 
they strike the cathode. This causes the emission of the greenish glow from that region. The glow 
consists of particles called cathode rays, because they emanate from the cathode.                 

They were shown to travel in straight lines, to be deflected by magnetic or electric fields, and to be 
identical, no matter what metal was used as the cathode.  It was concluded that cathode rays consist of 
negatively charged particles that are found in all matter and that the rays appear when these particles 
collide with the few remaining gas molecules in the evacuated tubes. Cathode ray particles were later 
named electrons. 

4.0 Experiments to determine the properties of cathode rays 

A cathode ray forms when high voltage is applied across the electrodes in a partially evacuated tube. 
A hole in the anode allows the ray to pass through and hit the coated end of the tube to produce a 
glow. In the absence of an external field, the ray travels in a straight path. The ray bends in an external 
magnetic field, so it must consist of charged particles. In an external electric field, the ray bends 
toward the positive plate, so the particles' charge must be negative. Any electrode material produces 
an identical ray, so the particles must be part of all matter, that is, universal negatively charged 
particle. Since the particles are charged, a determination of their charge to mass ratio (e/m) should help 
to identify them either as ions, or some other charged fragment.  

4.1 Familiar Glow of Colliding Particles  

The electric and magnetic properties of charged particles that collide with gas particles or hit a 
phosphor-coated screen have familiar applications. A "neon" sign glows because electrons collide 
with the gas particles in the tube, causing them to give off light. An aurora display occurs when the 
Earth's magnetic field bends streams of charged particles coming from the Sun, which then collide 
with gases in the atmosphere. In a television tube or computer monitor, the cathode ray passes back 
and forth over the coated screen, creating a pattern that the eye sees as a picture. 

5.0 The determination of e/m: J.J Thomson’s experiment 

Just over a century ago. in 1897, Joseph John Thomson (1856-1940) used magnetic and electric fields 
to  measure the ratio of the cathode ray particle's mass to its charge by comparing this value with the 
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mass/charge ratio for the lightest charged particle in solution, Thomson estimated that the cathode ray 
particle weighed less than  as much as hydrogen, the lightest atom! From the experiment, it was 

found that for an electron, the ratio of charge to mass is -1.76 x 108 coulombs per gram. The negative 
sign indicates the electron is negatively charged. This ratio is observed to be the same no matter what 
material the cathode is made of.  He was shocked because this implied that, contrary to Dalton's 
atomic theory, atoms are divisible into even smaller particles. Thomson concluded, "We have in the 
cathode rays matter in a new state,... in which the subdivision of matter is carried much further…; this 
matter being the substance from which the chemical elements are built up. Fellow scientists reacted at 
first with disbelief, and some even thought Thomson was joking. 

Determining the ratio of charge to mass of the electron tells us nothing about the actual charge or the 
actual mass of the particle. But if one is able to determine one of these quantities, the other can then be 
calculated using the e/m value. This formed the basis for Millikan’s oil drop experiment for the 
measurement of the charge of the electron. 

Self Assessment Exercise 1 (SAE 1) 

1. In the discharge tube experiment if the tube consists of electrodes separated by at least 
two feet, at atmospheric pressure, application of high voltage will not produce cathode 
rays no matter the gas in the tube. Explain why. 

2. Mention the form in which the electron was discovered. 
3. Describe the properties of cathode ray. 

6.0 Millikan’s oil drop experiment: Charge on an electron  

In 1909, the American physicist Robert Millikan (1868-1953) measured the charge of the electron. He 
did so by observing the movement of tiny droplets of the “highest grade clock oil" in an apparatus that 
contained electrically charged plates and an x-ray source. The x-rays knocked electrons from gas 
molecules in the air, and as an oil droplet fell through a hole in the positive (upper) plate, the electrons 
stuck to the drop, giving it a negative charge. With the electric field off, Millikan measured the mass 
of the droplet from its rate of fall. By turning on the field and varying its strength, he could make the 
drop fall more slowly, rise, or pause suspended. From these data, Millikan calculated the total charge 
of the droplet. 

After studying many droplets, Millikan confirmed his expectation that their various charges were 
always some whole-number multiple of a minimum charge. He reasoned that different oil droplets 
picked up different numbers of electrons, so this minimum charge must be that of the electron itself. 
The value, which he calculated over 90 years ago, is within 1% of the modern value of the electron's 
charge, -1.602 x 10-19C (C stands for coulomb, the SI unit of charge). Using the electron’s mass-to-
charge ratio from work by Thomson and others and this value for the electron’s charge, let’s calculate 
the electron’s extremely small mass the way Millikan did: 
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7.0 Discovery of the Atomic Nucleus 

Clearly, the properties of the electron posed problems about the inner structure of atoms. Since 
macroscopic matter is electrically neutral, the atoms that make it up must be neutral also. But if atoms 
contain negatively charged electrons, what positive charges balance them? And if an electron has such 
an incredibly tiny mass, what accounts for an atom's much larger mass? To address these issues, 
Thomson proposed a model of a spherical atom composed of diffuse, positively charged matter, in 
which electrons were embedded like "raisins in a plum pudding." 

Near the turn of the 20th century, French scientists discovered radioactivity, the emission of particles 
and/or radiation from atoms of certain elements. A few years later, in 1910, the New Zealand-born 
physicist Ernest Rutherford (1871-1937) used one type of radioactive particle in a series of 
experiments that solved this dilemma of atomic structure. Tiny, dense, positively charged alpha (µ ) 
particles emitted from radium were aimed, like minute projectiles, at thin gold foil. 

With Thomson's model in mind, Rutherford expected only minor, if any, deflections of the µ  particles 
because they should act as tiny, dense, positively charged "bullets" and go right through the gold 
atoms. According to the model, the embedded electrons could not deflect the µ  particles any more 
than a Ping-Pong ball could deflect a speeding baseball. Initial results confirmed this, but soon the 
unexpected happened. As Rutherford recalled: "Then I remember two or three days later Geiger [one 
of his coworkers] coming to me in great excitement and saying, 'we have been able to get some of the 
µ  particles coming backwards…’ It was quite the most incredible event that has ever happened to me 
in my life. It was almost as incredible as if you fired a 15-inch shell at a piece of tissue paper and it 
came back and hit you." 

The data showed that very few µ  particles were deflected at all, and that only 1 in 20,000 was 
deflected by more than 90° (“coming backwards”). It seemed that these few µ  particles were being 
repelled by something small, dense and positive within the gold atoms. From the mass, charge, and 
velocity of the µ  particle the frequency of these large-angle deflections, and the properties of 
electrons, Rutherford calculated that an atom is mostly space occupied by electrons, but centrally 
located within that space lies a tiny region, which he called the nucleus, that contain all the positive 
charge and essentially all the mass of the atom. He proposed that positive particles lay within the 
nucleus and called them protons, and then calculated the magnitude of the nuclear charge with 
remarkable accuracy, Rutherford’s model explained the charged nature of matter, but it could not 
account for all the atom's mass. It took more than 20 years to resolve this issue when, in 1932, James 
Chadwick discovered the neutron, an uncharged dense particle that also resides in the nucleus. 

Self Assessment Exercise 2 (SAE 2) 

1. How did Millikan control the speed of the charged oil droplets? 
2. How did Millikan generate electrons for his oil drop experiment? 
3. Whose experiment explained the charged nature of matter?   

 
8.0 Conclusion 

Several major discoveries at the turn of the 20th century led to our current model of atomic 
structure. Cathode rays were shown to consist of negative particles (electrons) that exist in 
all matter. J. J. Thomson measured their mass/charge ratio and concluded that they are 
much smaller and lighter than atoms. Robert Millikan determined the charge of the 
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electron, which he combined with other data to calculate its mass. Ernest Rutherford 
proposed that atoms consist of a tiny, massive, positive nucleus surrounded by electrons. 

9.0    Summary 

         In this unit we have learnt: 

·  About the discovery of electron through Faraday’s discharge tube experiment. 
·  The J.J. Thomson’s explanation on how gas molecules conduct electricity between 

the electrodes in the discharge tube experiment.  
·  The Properties of cathode rays. 
·  The Determination of the ratio of charge to mass of the electron from J.J. Thomson’s 

experiment. 
·  The measurement of the charge of the electron from Millikan’s oil drop experiment.  
·  About the discovery of the atomic nucleus from Rutherford’s experiments. 
·  That the nucleus consists of protons and neutrons from the works of Rutherford and 

James Chadwick. 

10.0  Tutor Marked Assignment 

        1. Thomson was able to determine the mass/charge ratio of the electron but not its mass. 
How did Millikan’s experiment allow determination of the electron’s mass? 

        2.  Mention the sub-particles present in an atom.  

11.0 References/Further Readings 

              McMurray Fay (2004) Chemistry 4th ed. Prentice Hill New Jersey. 

              Philip Mattews (2006) Advanced Chemistry: Physical and Industrial Cambridge  
University Press South Asia.  

              Silberberg M.S (2003) Chemistry: The Molecular Nature of Matter and Change 3rd Ed  
Mc  Graw Hill, New York. 

 

      Answers to Self Assessment Exercises 

           SAE1 

1. At high pressure, the probability of collision between gas molecules is high and this 
causes loss in energy of particles that could have moved to strike the cathode to produce 
cathode rays. 

2. The electron was discovered as rays emanating from the cathode (cathode ray). 
3.  Properties of cathode ray: 

·  In the absence of an external field, the ray travels in a straight path.  
·  The ray bends in an external magnetic field.  
·  In an external electric field, the ray bends toward the positive plate.  
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·  Any electrode material produces an identical ray, so the particles must be part of 
all matter, that is, universal negatively charged particle. 

           SAE2 

1.    By turning on the electric field and varying its strength, he made the oil drop fall more 
slowly, rise, or pause suspended. 

2. X-rays were used by Millikan to knock electrons from gas molecules in the air, and as an 
oil droplet fell through a hole in the positive (upper) plate, the electrons stuck to the drop, 
giving it a negative charge. 

3. Rutherford’s model explained the charged nature of matter. 

    Answers to Tutor Marked Assignment 

a. If you know the ratio of any two quantities, and the value of one of them, the 
other can always be calculated. In this case,  

b. The sub-particles in atom are: 
·  Electron 
·  Proton 
·  neutron 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



���
�

Module 1:          Components of matter 
 
Unit 5:             Modern Atomic Theory 

 

 

Page 

1.0 Introduction………………………………………………………………………………. 32 
2.0 Objectives…………………………………………………………………………….........32 
3.0 Structure of the Atom ……………………..........................................................................32 
4.0 Atomic Number, Mass Number, and Atomic Symbol……………………………………..33 
5.0 Isotopes and Atomic Masses of the Elements ……………………………………….........33 
6.0 The mass of an atom ………………………………………………………………………….34 
7.0 A modern reassessment of the Atomic Theory…………………………………………….35 
8.0 Conclusion…………………………………………………………………………………36 
9.0 Summary…………………………………………………………………………………...36 
10.0 Tutor Marked Assignment……………………………………………………………..37 
11.0 References/Further Reading……………………………………………………………37 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



���
�

1.0 Introduction 

For nearly 200 years, scientists have known that all matter consists of atoms, and they have learnt 
astonishing things about them. Dalton's hard, impenetrable spheres have given way to atoms with 
"fuzzy," indistinct boundaries and an elaborate internal architecture of subatomic particles. In this 
unit, we examine our current model and begin to see how the properties of these particles affect 
the properties of atoms. Then we reassess the atomic theory in the light of our present knowledge. 
 

2.0 Objectives 

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

�  The subatomic particles and their properties. 
�  The relationship between atomic number, mass number and the number of neutrons in the 

atom of an element. 
�  How the relative abundance and the masses of isotopes are used to compute the relative 

atomic mass of an element that exhibit isotopy. 
�  The modern concept of the atomic theory.  

3.0 Structure of the Atom 

An atom is an electrically neutral, spherical entity composed of a positively charged central nucleus 
surrounded by one or more negatively charged electrons. The electrons move rapidly through the 
available atomic volume, held there by the attraction of the nucleus. The nucleus is incredibly dense: it 
contributes 99.97% of the atom’s mass but occupies only about 1 ten-trillionth of its volume.  An atom's 
diameter (~10-10 m) is about 10,000 times the diameter of its nucleus (~10-14m). An atomic nucleus 
consists of protons and neutrons, except for the simplest hydrogen nucleus, which is a single 
proton. The proton (p+) has a positive charge, and the neutron (n°) has no charge; thus, the 
positive charge of the nucleus results from the combined charges of its protons. The magnitude of 
charge possessed by a proton is equal to that of an electron (e-), but the signs of the charges are 
opposite. An atom is neutral because the number of protons in the nucleus equals the number of 
electrons surrounding the nucleus. Some properties of these three subatomic particles are listed in Table 
1. 

Table 1. Properties of the three key subatomic particles 

Name(Symbol) 

 

 Charge                      Mass 
 Relative 

 

      Absolute (C)* 

 

  Relative (amu)† 

 

   Absolute (g) 

 

 Location in Atom 

 Proton (p+)  

Neutron(n°)  

Electron (e-) 

   1 +  

   0  

   1- 

   + 1.60218x10-19  

    0 

  -1.60218x10-19 

  1.00727  

  1.00866  

  0.00054858 

1.67262x10-24  

1.67493x10-24  

9.10939x10-28 

     Nucleus  

     Nucleus  

    Outside nucleus 
Source: Silberberg, (2003).                                                    *The coulomb (C) is the SI unit of charge.                                  

                                                                                                                                                   †The atomic mass unit (amu) equals 1.66054x10-24 g 

 



���
�

4.0 Atomic Number, Mass Number, and Atomic Symbol 

The atomic number (Z) of an element equals the number of protons in the nucleus of each of its 
atoms. All atoms of a particular element have the same atomic number, and each element has a 
different atomic number from that of any other element. All carbon atoms (Z = 6) have 6 
protons, all oxygen atoms (Z = 8) have 8 protons, and all uranium atoms (Z = 92) have 92 
protons. There are currently 115 known elements, of which 90 occur in nature; the remaining 25 
have been synthesized by nuclear processes. 

The total number of protons and neutrons in the nucleus of an atom is its mass number (A). 
Each proton and each neutron contributes one unit to the mass number. Thus, a carbon atom with 
6 protons and 6 neutrons in its nucleus has a mass number of 12, and a uranium atom with 92 
protons and 146 neutrons in its nucleus has a mass number of 238. 

Information about the nuclear mass and charge is often included with the atomic symbol (or 
element symbol). Every element has a symbol based on its English, Latin, or Greek name, such 
as C for carbon, O for oxygen, S for sulphur and Na for sodium (Latin: natrium). The atomic 
number (Z) is written as a left subscript and the mass number (A) as a left superscript to the 
symbol, so element X would be  Since the mass number is the sum of protons and neutrons, 
the number of neutrons (N) equals the mass number minus the atomic number. 

Number of neutrons = mass number - atomic number, or N = A- Z                               (1) 

Thus, a chlorine atom symbolized  has A = 35, Z = 17, and N = 35 - 17 = 18. Since each 
element has its own atomic number, we know the atomic number from the symbol. For example, 
every carbon atom has 6 protons, so we can write 12C (spoken "carbon twelve"), with Z = 6 
understood, for carbon with mass number 12. Another way to write this atom is carbon-12. 

5.0 Isotopes and Atomic Masses of the Elements 

All atoms of an element are identical in atomic number but not in mass number. All carbon 
atoms have 6 protons in the nucleus (Z = 6), but only 98.89% of naturally occurring carbon 
atoms have 6 neutrons in the nucleus (A = 12). A small percentage (1.11%) have 7 neutrons in the 
nucleus (A = 13), and even fewer (less than 0.01%) have 8 (A = 14). Isotopes of an element are 
atoms that have different number of neutrons and therefore different mass numbers. Carbon has 
three naturally occurring isotopes, 12C, 13C, and 14C. Five other isotopes of carbon 9C, 10C, 11C, 
15C and 16C, have been observed in the laboratory. All of these carbon isotopes have 6 protons 
and 6 electrons. A key point that we will note many times is that the chemical properties of an 
element are primarily determined by the number of electrons, so all isotopes of an element have 
nearly identical chemical behavior, even though they have different masses. 
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Self Assessment Exercise 1 (SAE 1) 

1. Define atomic number and mass number. Which can vary without changing the identity of 
the element? 

2. What is the difference between the mass number of an isotope and its atomic number? 
3. Even though several elements have only one naturally occurring isotope and all atomic 

nuclei have whole numbers of protons and neutrons, no atomic mass is a whole number. Use 
the data in Table 1 to explain this fact.  

Exercise: 

 Silicon (Si) is essential to the computer industry as a major component of semi-conductor chip. 
It has three naturally occurring isotopes: 28Si, 29Si, and 30Si. Determine the number of protons, 
neutrons and electrons in each silicon isotope.  

Hint : The mass number (A) of each of the three isotopes is given, so we know the sum of 
protons and neutrons. Get the atomic number (Z) from the element list and this equals the 
number of electrons. We obtain the number of neutrons from Equation 1. 

Solution: 

From the elements list, the atomic number of silicon is 14. Therefore, 

28Si has 14p+, 14e-, and 14n° (28 - 14)  

29Si has 14p+, 14e-, and 15n° (29 - 14)  

30Si has 14p+, 14e-, and 16n° (30 - 14) 

6.0 The mass of an atom 

The mass of an atom is measured most easily relative to the mass of a chosen atomic standard. 
The modern atomic mass standard is the carbon-12 atom. Its mass is defined as exactly 12 
atomic mass units. Thus, the atomic mass unit (amu) is  the mass of a carbon-12 atom. Based 

on this standard, the 1H atom has a mass of 1.008 amu; in other words, a 12C atom has almost 12 
times the mass of a 1H atom. We will continue to use the term atomic mass unit in the unit, even 
though the name has recently been changed to the dalton (D); thus, one 12C atom has a mass of 
12 daltons (12 D, or 12 amu). The atomic mass unit, which is a unit of relative mass, has an 
absolute mass of 1.66054 x 10-24 g. The isotopic makeup of an element is determined by mass 
spectrometry, a method for measuring the relative masses and abundances of atomic-scale 
particles very precisely. For example, using a mass spectrometer, we measure the mass ratio of 
28Si to 12C as: 
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From this mass ratio, we find the isotopic mass of the 28Si atom, the mass of the isotope relative 
to the mass of the standard carbon-12 isotope: 

Isotopic mass of 28Si = measured mass ration x mass of 12C 

                                   = 2.331411 x 12 amu = 27.97693 amu   

Along with the isotopic mass, the mass spectrometer gives the relative abundance (fraction) of 
each isotope in a sample of the element. For example, the percent abundance of 28Si is 92.23%. 
Such measurements provide data for obtaining the atomic mass (also called atomic weight) of an 
element, the average of the masses of its naturally occurring isotopes weighted according to their 
abundances. Each naturally occurring isotope of an element contributes a certain portion to the 
atomic mass. For instance, we said that 92.23% of Si atoms are 28Si. Using this percent 
abundance as a fraction and multiplying by its isotopic mass gives the portion contributed by 
28Si: 

Portion of Si atomic mass from 28Si = 27.97693 amu x 0.9223 = 25.8031 amu 

Similar calculations give the portions contributed by 29Si (28.976495 amu x 0.0467 = 1.3532 
amu) and by 30Si (29.973770 amu x 0.0310 = 0.9292 amu), and adding the three portions 
together (rounding to two decimal places at the end) gives the atomic mass of silicon: 

 Atomic mass of Si = 25.8031 amu + 1.3532 amu + 0.9292 

                               = 28.0855 amu = 28.09 amu 

Exercise: 

Silver (Ag; Z = 47) has 46 known isotopes, but only two occur naturally, 107Ag and 109Ag. Given 
the following mass spectrometric data, calculate the atomic mass of Ag: 

         Isotope                                    Mass (amu)                                  Abundance (%)  

       107Ag                                          106.90509                                              51.84 

       109Ag                                           108.90476                                              48.16 

Solution: 

Finding the portion of the atomic mass from each isotope: 

Portion of atomic mass from 107Ag = isotopic mass x fractional abundance 

                                                          = 106.90509 amu x 0.5184 = 55.42 amu 

Portion of atomic mass from 109Ag = 108.90476 amu x 0.4816 = 52.45 amu 

Finding the atomic mass of silver: 

Atomic mass of Ag = 55.42 amu + 52.45 amu = 107.87 amu 

7.0 A modern reassessment of the Atomic Theory 
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We began discussing the atomic basis of matter with Dalton's model, which proved inaccurate in 
several respects. What happens to a model whose postulates are found by later experiment to be 
incorrect? No model can predict every possible future observation, but a powerful model evolves 
to retain its usefulness. Let’s reexamine the theory in light of what we know now: 

1. All matter is composed of atoms. We now know that atoms are divisible and composed of 
smaller, subatomic particles (electrons, protons, and neutrons), but the atom is still the 
smallest body that retains the unique identity of an element. 

2. Atoms of one element cannot be converted into atoms of another element in a chemical 
reaction. We now know that, in nuclear reactions, atoms of one element often change into atoms 
of another, but this never happens in a chemical reaction. 

3. All atoms of an element have the same number of protons and electrons, which 
determines the chemical behaviour of the element. We now know that isotopes of an 
element differ in the number of neutrons, and thus in mass number, but a sample of the 
element is treated as though its atoms have an average mass. 

4. Compounds are formed by the chemical combination of two or more elements in specific 
ratios. We now know that a few compounds can have slight variations in their atom ratios, but 
this postulate remains essentially unchanged. 

 

Self Assessment Exercise 2 (SAE 2) 

1. Argon has three naturally occurring isotopes, 36Ar, 38Ar, and 40Ar. What is the mass 
number of each? How many protons, neutrons, and electrons are present in each? 

2. Do both members of the following pairs have the same number of protons? Neutrons? 
Electrons?  
Which pair(s) consist(s) of atoms with the same Z value? N value? A value? 
 

8.0 Conclusion 
An atom has a central nucleus, which contains positively charged protons and uncharged 
neutrons and is surrounded by negatively charged electrons. An atom is neutral because the 
number of electrons equals the number of protons. An atom is represented by the notation  
in which Z is the atomic number (number of protons), A the mass number (sum of protons 
and neutrons), and X the atomic symbol. An element occurs naturally as a mixture of 
isotopes, which are atoms with the same number of protons but different numbers of 
neutrons. Each isotope has a mass relative to the 12C mass standard. The atomic mass of an 
element is the average of its isotopic masses weighted according to their natural abundances 
and is determined by modern instruments such as the mass spectrometer. 

9.0    Summary 

         In this unit we have learnt: 

·  The subatomic particles and their properties 
·  The relationship between atomic number, mass number and the number of neutrons in an 

element. 



���
�

·  How the relative abundance and the masses of isotopes are used to compute the relative 
atomic mass of an element that exhibit isotopy. 

·  The modern concept of the atomic theory.  

10.0 Tutor Marked Assignment 

1. Chlorine has two naturally occurring isotopes, 35Cl (isotopic mass 34.9689 amu) and 37Cl 
(isotopic mass 36.9659 amu). If chlorine has an atomic mass of 35.4527 amu, what is the 
percent abundance of each isotope? 

2. Gallium has two naturally occurring isotopes, 69Ga (isotopic mass 68.9256 amu), 
abundance 60.11%) and 71Ga (isotopic mass 70.9247amu, abundance 39.89%). Calculate 
the atomic mass of gallium.  
 

11.0 References/Further Readings 

     McMurray Fay (2004) Chemistry 4th ed. Prentice Hill New Jersey. 

     Philip Mattews (2006) Advanced Chemistry: Physical and Industrial Cambridge  University 
Press South Asia.  

     Silberberg M.S (2003) Chemistry: The Molecular Nature of Matter and Change 3rd Ed  Mc  
Graw Hill, New York. 

    

      Answers to Self Assessment Exercises 

      SAE1 

1. (i) The atomic number f an atom is the number of protons in the nucleus 
(ii) The mass number is the sum of the number of protons and number of neutrons. 
(iii) The mass number can vary without changing the chemical identity of the atom. 

2. Number of neutrons 
3. Because the relative masses of the subatomic particles are not whole numbers. 

      SAE2 

1. The mass numbers are 36, 38 and 40 respectively, containing 18, 20 and 22 neutrons.All 
the isotopes have 18 protons and 18 electrons. 

2. (a) These have the same number of protons and electrons, but different numbers of 
neutrons. They have same Z. 
(b) These have the same number of neutrons, but different numbers of protons and 
electrons. They have same N. 
(c) These differ in all three (number of protons, neutrons and electrons), but have the 
same A.  

    Answers to Tutor Marked Assignment 

1. Let the relative fractional abundance for 37Cl = x 
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      Let the relative fractional abundance for 35Cl = 1-x 
      Note: total relative abundance for 35Cl and 37Cl = 1 
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1.0 Introduction 

At the end of the 18th century, Lavoisier compiled a list of the 23 elements known at that time; by 
1870, 65 were known; by 1925, 88; today, there are 114 and still counting! These elements 
combine to form millions of compounds, so we clearly need some ways to organize what we know 
about their behavior. By the mid-19th century, enormous amounts of information concerning 
reactions, properties, and atomic masses of the elements had been accumulated. Several 
researchers noted recurring, or periodic, patterns of behavior and proposed schemes to organize 
the elements according to some fundamental properties. 

2.0 Objectives 

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

�  The development of the Periodic Table 
�  The Mendeleev's classification of elements 
�  The Modern Periodic Table  
�  The periodicity in the periodic classification and trends in atomic properties 
 

3.0 Development of the Periodic Table 

An essential requirement for the amazing growth in theoretical and practical chemistry in the 
second half of the 19th century was the ability to organize the facts known about element 
behaviour. The earliest organizing attempt was made by Johann Dobereiner, who placed 
groups of three elements with similar properties, such as calcium, strontium, and barium, into 
“triads”. Later, John Newlands noted similarities between every eight element (arranged by 
atomic mass), like the similarity between every eight note in the musical scale, and placed 
elements into “octaves”. As more elements were discovered, however, these early numerical 
schemes lost much of their validity. The greater credit on the arrangement of elements has 
gone to Mendeleev because he was able to predict the properties of several as yet 
undiscovered elements for which he had left blank spaces in his table.       

4.0 Mendeleev's classification of elements 

In 1871, the Russian chemist Dmitri Mendeleev published the most successful of the elements 
organizing schemes, a table that listed the elements by increasing atomic mass, arranged so that 
elements with similar chemical properties fell in the same column. The modern periodic table 
of the elements, based on Mendeleev's earlier version, is one of the great classifying schemes 
in science and has become an indispensable tool to chemists. Throughout your study of 
chemistry, the periodic table will guide you through an otherwise dizzying amount of chemical and 
physical behavior. In many ways, the creation of the periodic table by Dmitri Mendeleev in 
1869 is an ideal example of how a scientific theory develops. At first there is only random 
information: a large number of elements and many observations about their properties and 
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behaviour. As more and more facts become known, people try to organize the data in ways 
that make sense, until ultimately a consistent hypothesis emerges. 
 
 
 

 

 

 
 
 
 

 

 

          
Figure 1. A portion of Mendeleev’s Periodic Table showing atomic masses and holes (?)     
Source: (Silberberg, (2003))  
 
Any good hypothesis must do two things: It must explain known facts, and it must make 
predictions about phenomena yet unknown. If the predictions are tested and found true, then 
the hypothesis is a good one and will stand until additional facts require that it be modified or 
discarded. Mendeleev's hypothesis about how known chemical information could be 
organized passed all tests. Not only did the periodic table arrange data in a useful and 
consistent way to explain known facts about chemical reactivity, it also led to several 
remarkable predictions that were later found to be accurate. 
 
Taking the chemistry of the elements as his primary organizing principle, Mendeleev 
arranged the known elements by atomic mass and grouped them together according to their 
chemical reactivity. On so doing, he realized that there were several "holes" (unknown 
element (?)) in the table, some of which are shown in Figure 1. 
 
The chemical behaviour of aluminium (atomic mass �  27.3) is similar to that of boron 
(atomic mass �  11), but there was no element known at the time that fit into the slot below 
aluminium. In this same way, silicon (atomic mass �  28) is similar in many respects to 
carbon (atomic mass �  12), but there was no element known that fit below silicon. Looking at 
the holes in the table, Mendeleev predicted that two then, unknown elements existed and 
might be found at some future time. Furthermore, he predicted with remarkable accuracy 
what the properties of these unknown elements would be. The element immediately below 
aluminium, which he called eka-aluminium from a Sanskrit word meaning first, would have 
an atomic mass near 68, would have a low melting point, and would react with chlorine to 
form a trichloride XCl3.Gallium, discovered in 1875, has exactly these predicted properties. 
The element below silicon, which Mendeleev called eka-silicon, would have an atomic mass 
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near 72, would be dark gray in colour and would form an oxide with the formula XO2. 
Germanium, discovered in 1886, fits the description perfectly. 
 
The success of these and other predictions convinced Chemists of the usefulness of 
Mendeleev’s periodic table and led to its wide acceptance. However, he was completely 
unaware of the existence of He, Ne, Ar, Kr, Xe and Rn: because none were known at the 
time. None were discovered until 1894, when argon was first isolated. 
 

5.0 Modern Periodic Table  

In the modern periodic table: 
1. Each element has a box that contains its atomic number, atomic symbol and atomic mass. 

The boxes lie in order of increasing atomic number as you move from left to right.  
2. The boxes are arranged into a grid of periods (horizontal rows) and groups (vertical 

columns). Each period has a number from 1 to 7. Each group has a number from 1 to 8 
and either the letter A or B. A new system, with group numbers from 1 to 18 but no 
letters, appears in parentheses under the number letter designations (Figure 2). (Most 
Chemists still use the number-letter system, so this lecture material retains it, but shows 
the new numbering system in parentheses.). 
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Figure 2. The modern Periodic Table of the elements                              Source: (Silberberg, 2003) 

3.  The eight A groups (two on the left and six on the right) contain the main group, or 
representative elements. The ten B groups, located between groups 2A (2) and 3A (13), 
contain the transition elements. Two horizontal series of inner transition elements, the 
lanthanides and the actinides, fit between the elements in group 3B (3) and group 4B (4) 
and are usually placed below the main body of the table. 
�
At this point in the text, the clearest distinction among the elements is their classification as 
metals, nonmetals, or metalloids. The "staircase" line that runs from the top of Group 3A (13) to 
the bottom of Group 6A (16) is a dividing line for this classification. The metals appear in the large 
lower left portion of the table. About three-quarters of the elements are metals, including many 
main-group elements and all the transition and inner transition elements. They are generally shiny 
solids at room temperature (mercury is the only liquid) that conduct heat and electricity well and 
can be tooled into sheets (malleable) and wires (ductile). The nonmetals (yellow) appear in the 
small upper-right portion of the table. They are generally gases or dull, brittle solids at room 
temperature (bromine is the only liquid) that conduct heat and electricity poorly. Along the staircase 
line lie the metalloids (green; also called semimetals), elements that have properties between those 
of metals and nonmetals. Several metalloids play major roles in modern electronics.  
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Two major branches of chemistry can almost be defined by the elements that each studies. Organic 
chemistry studies the compounds of carbon, especially those that contain hydrogen and often 
oxygen, nitrogen, and a few other elements as well. This branch is concerned with fuels, drugs, 
dyes, polymers, and the like Inorganic chemistry, on the other hand, focuses mainly on the 
compounds of all the other elements. It is concerned with catalysts, electronic materials, metal 
alloys, mineral salts, and the like. With the explosive growth in biomedical and materials 
research, the distinction between these traditional branches is disappearing rapidly. 
It is important to learn some of the group (family) names. Group lA(1), except for hydrogen, 
consists of the alkali metals, and Group 2A(2) consists of the  alkaline earth metals. Both groups 
of metals are highly reactive elements. The halogens, group 7A (17), are highly reactive 
nonmetals, whereas the noble gases, group 8A (18), are relatively unreactive nonmetals. 
Other main groups [3A (13) to 6A (16)] are often named by the first element in the group; 
for example, Group 6A is the oxygen family. 
 
A key point that we return to many times is that, in general, elements in a group have 
similar chemical properties and elements in a period have different chemical properties. 

Self Assessment Exercise 1 (SAE 1) 

1. Correct each of the following statements: 
(a) In the modern periodic table, the elements are arranged in order of increasing atomic 

mass. 
(b) Elements in a period have similar chemical properties.  
(c) Elements can be classified as either metalloids or nonmentals.   

      6.0 Periodicity in the periodic classification 

The most fundamental relation in the classification, and the one from which it takes its 
name is that, when all the elements are arranged in horizontal rows in order of increasing 
atomic weights, similar elements occur at regular but not always equal intervals. Thus the 
eighth element from helium is neon and the eighth element from neon is argon; again, the 
eighteenth element from argon is krypton and the eighteenth element from krypton is 
xenon. This recurrence of similar elements at regular intervals is an example of a general 
phenomenon called periodicity, and is described by the term periodic, a term which is 
therefore applied to the whole system and also the horizontal sets (periods).   

7.0 Atomic Properties of elements in the periodic table 

The atomic properties of elements include 
·  Atomic size  
·  Ionization energy 
·  Electron Affinity 
·  Electronegativity 
·  Electropsitivity   

All physical and chemical behavior of the elements is based ultimately on the electron 
configuration of their atoms. The properties of atoms that are directly influenced by 
electron configuration are the atomic properties outlined above. The properties are 
periodic and generally increase and decrease in a recurring manner through out the 
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periodic table. As a result their relative magnitudes can often be predicted, and they 
exhibit consistent changes or trends, within a group of period that correlate with element 
behavior. 

7.1 Atomic size   

The size of an atom is very difficult to determine. It is not possible to get hold of one 
atom and measure its radius. Therefore measurements can only be made on bulk 
materials. If a particular arrangement of atoms in the bulk material can be assumed, then 
the atomic size can be calculated. It requires the knowledge of the crystalline structure 
and the type of chemical bonds existing between the atoms. If the substance is ionic, the 
atomic size is described in terms of ionic radii . The term atomic radius is used to 
describe the sizes of atoms in metals and covalent compounds. These two types of radii 
can be deduced from inter atomic or inter ionic distances between the centers of 
neighbouring atom or ions. This is done by x-ray and spectroscopic studies on bonded 
atoms or ions.  

·  Atomic radius:  It is half the distance between the nuclei of two neighbouring atoms that 
are covalently bonded. 

·  Ionic radius: A neutral atom may lose an electron to form a positive ion, or gain an 
electron to form a negative ion. Formation of a positive ion results in a decrease in the 
radius of the atom since the nuclear charge will then be acting on fewer electrons than 
normal, and pulling them closer. Thus positive ions are smaller than their parent atoms. 
The reverse is true of negatively charged ions.   
The atomic radius of atoms increases down the group (from top to bottom) in a periodic 
table. This implies that atomic size of elements increases down the group. Atomic radius 
decreases from left to right (across the period). This also indicates that atomic size 
decreases across the periods. This trend can be explained by the fact that in moving from 
left to right in a given period, an increase in atomic number corresponds to an increase in 
the nuclear charge. But the electrons are added to orbitals in the same shell. Thus with 
increase in nuclear charge, the electron clouds around the nucleus are effectively pulled 
towards the nucleus.    

7.2 Ionization energy 

This is the energy required to remove an electron from a gaseous atom. Ionization energy 
increases across the periods because atomic size also decreases across the periods but 
ionization energy decreases down the groups because as the atomic size increases, the 
electrons are far away from the nucleus and thus are easier to remove due to reduced 
effect of nuclear charge.  

7.3 Electron Affinity 

This is the energy released when an electron is added to the outer most shell of an 
isolated neutral atom in the gaseous state. That is, 

 
The tendency of an atom to gain electron is expressed in terms of the electron affinity of 
the atom. The higher the energy released (electron affinity) the easier it is for an atom to 
pick up an electron because loss of energy correlates with greater stability. Ionization 
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energy increases across the period and decreases down the group. This means that it is 
easier to add electrons to atoms as one move from left to right of the periodic table. 

7.4 Electronegativity  

            This is the relative ability of a bonded atom to attract shared electrons. Electronegativity    
(EN) is not the same as electron affinity (EA). Elctronegativity refers to a bonded atom 
attracting the shared electron pair; electron affinity refers to a separate atom in the gas 
phase gaining an electron to form a gaseous anion. Because the nucleus of a smaller atom 
is closer to the shared pair than that of a large atom, it attracts bonding electrons more 
strongly.  So, in general, electronegativity is inversely related to atomic size. 
Electronegativity generally increases across the periods and decreases down the groups. 
The least electronegative element is francium, in the lower left corner of the periodic 
table, but it is radioactive and extremely rare, so for all practical purposes, cesium is the 
most electropositive. 

7.5 Electropositivity  

            This is a measure of the tendency of an atom to form cation by loosing electrons. The 
more strongly electropositive an element is the more chemically active it is, and the more 
stable its compounds are. Elctropositivity decreases across the periods and steadily 
increases down the groups.  

Self Assessment Exercise 2 (SAE 2) 

1. The elements in Group 1A(1) and 7A(17) are all quite reactive. What is a major 
difference between them? 

2. Give the name, atomic symbol, and group number of the element with the following Z 
values, and classify it as a metal, metalloid, or nonmetal: (a) Z = 32  (b) Z = 16  (c) Z = 2   
(d) Z = 3  (e) Z = 42  

 
8.0 Conclusion 

In the periodic table, the elements are arranged by atomic number into horizontal periods 
and vertical groups. Because of the periodic recurrence of certain key properties, 
elements within a group have similar behaviour, whereas elements in a period have 
dissimilar behaviour. Nonmetals appear in the upper right portion of the table, metalloids 
lie along a staircase line, and metals fill the rest of the table. The atomic properties 
(Atomic size, Ionization energy, Electron Affinity, Electronegativity, Electropsitivity) are 
periodic and generally increase and decrease in a recurring manner through out the 
periodic table. As a result their relative magnitudes can often be predicted, and they 
exhibit consistent changes or trends, within a group of period that correlate with element 
behaviour. 

9.0    Summary 

         In this unit we have learnt: 

·  The development of the Periodic Table 
·  Mendeleev's classification of elements 
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·  The Modern Periodic Table  
·  The periodicity in the periodic classification 
·  Atomic Properties of elements in the periodic table 

10.0 Tutor Marked Assignment 

1. Fill in the blank: 
(a) The symbol and atomic number of the heaviest alkaline earth metal are …....and.…… 
(b) The symbol and atomic number of the lightest metalloid in Group 5A(15) are…....and 

………... 
(c) Group 1B(11)consists of the coinage metals. The symbol and atomic mass of the 

coinage metal whose atoms have the fewest electrons are .............and……… 
(d) The symbol and atomic mass of the halogen in period 4 are ……….and……… 

2. Why was Mendeleev’s classification given a greater credit than any other arrangement of 
the elements?  

3. Explain the difference between electronegativity and electron affinity. 

11.0 References/Further Readings 

     McMurray Fay (2004) Chemistry 4th ed. Prentice Hill New Jersey. 

     Philip Mattews (2006) Advanced Chemistry: Physical and Industrial Cambridge  University 
Press South Asia.  

     Silberberg M.S (2003) Chemistry: The Molecular Nature of Matter and Change 3rd Ed  Mc  
Graw Hill, New York. 

      Answers to Self Assessment Exercises 

      SAE1 

      1. (a) In the modern periodic table, the elements are arranged in order of increasing atomic          
number. 

          (b) Elements in a Group (or family) have similar chemical properties. 

          (c) Elements can be classified as metals, metalloids, or nonmetals.  

      SAE2 

1. The elements in Group 1A(1) are metals; they generally lose electrons in chemical 
reactions. The elements in Group 7A(17) are non metals; they generally gain electrons in 
chemical reactions. 

2. (a) germanium; Ge; 4A(14); metalloid 
(b) sulphur; S; 6A(16); nonmetal 
(c) helium; He; 8A(18); nonmetal 
(d) lithium; Li; 1A(1); metal 
(e) molybdenum; Mo; 6B(6); metal  
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Answers to Tutor Marked Assignment 

1. (a) Ra; 88 
(b) As; 33 
(c) Cu; 63.55 
(d) Br; 79.90 

       2. The greater credit on the arrangement of elements has gone to Mendeleev because he was 
able to predict the properties of several as yet undiscovered elements for which he had 
left blank spaces in his table. 

       3. Elctronegativity refers to a bonded atom attracting the shared electron pair; electron 
affinity refers to a separate atom in the gas phase gaining an electron to form a gaseous 
anion. 
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1.0 Introduction 

The properties of an element are a rough average of the properties of the elements immediately 
surrounding it in the periodic table. The atomic number, which is numerically equal to the 
number of electrons, fixes the position of an element in the periodic table. Knowing the position 
of an element in the periodic table enables the prediction of both the chemical and physical 
properties of the element. Furthermore, it is even possible to predict the behaviour of its 
compounds. For these reasons, the elements will be introduced in this unit, in groups (families) 
along side with general comments that can be made about them from the knowledge of their 
position in the periodic table. The families of elements in the periodic table include the alkali 
metals (group I), alkaline earth metals (group II), group III, group IV, group V, group VI, 
halogens (group VII), noble gases (group 0) and the transition metals. This unit begins with the 
Periodic Law, which summarizes the properties of elements in the periodic table.   

2.0 Objectives 

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

�  State the periodic law 
�  Describe the general properties, reactions and important compounds of the group 1A(1) 

elements 
�  Describe the general properties, reactions and important compounds of the group 2A(2) 

elements 
 

3.0 The Periodic law 
The periodic law states that the properties of the elements are periodic functions of their 
atomic number. 
 
It means that when arranged by atomic number, the elements exhibit a periodic recurrence of 
similar properties.  

4.0  Group 1A(1): The alkali metals 

The first group of elements in the periodic table is named for the alkaline (basic) nature of their 
oxides and for the basic solutions the elements form in water. Group 1A(1) provides the best 
example of regular trends with no significant exceptions. All the elements in the group: lithium 
(Li), sodium (Na). Potassium (K), rubidium (Rb), cesium (Cs), and rare, radioactive francium 
(Fr) are very reactive metals.   

4.1 Why Are the Alkali Metals Soft, Low Melting, and Light? 

Unlike most metals, the alkali metals are soft: Na has the consistency of cold butter, and K can 
be squeezed like clay. The alkali metals also have lower melting and boiling points than any 
other group of metals. Except for Li, they all melt below 100°C, and Cs melts a few degrees 
above room temperature. They also have lower densities than most metals: Li floats on 
lightweight household oil. 

The unusual physical behavior of the alkali metals can be traced to their atomic size, the largest 
in their respective periods, and to the nsl electron configuration. Because the single valence 
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electron is relatively far from the nucleus, there is only a weak attraction between the delocalized 
electrons and the atom cores in the crystal structure. This weak metallic bonding means that the 
alkali metal crystal structure can be easily deformed or broken down, which results in a soft 
consistency and low melting point. These elements also have the lowest molar masses in their 
periods; with their large atomic radii, they therefore have relatively low densities. 

4.2 Why Are the Alkali Metals So Reactive? 

The alkali metals are extremely reactive elements. They are powerful reducing agents and, thus, 
always occur in nature as 1+ cations rather than as free metals. Highly endothermic reduction 
processes are required to prepare the free metals industrially from their molten salts. The alkali 
metals reduce the halogens and form ionic solids in reactions that release large quantities of heat. 
They reduce the hydrogen in water, reacting vigorously (Rb and Cs explosively) to form H2 and 
a metal hydroxide solution. They reduce O2 in the air, and thus tarnish rapidly. Because of this 
reactivity, Na and K are usually kept under mineral oil (an unreactive liquid) in the laboratory, 
and Rb and Cs are handled with gloves under an inert argon atmosphere. 

The nsl configuration, which is the basis for their physical properties, is also the reason these 
metals form salts so readily. In a Born-Haber cycle of the reaction between an alkali metal and a 
nonmetal, for example, the solid metal separates into gaseous atoms, each of the atoms transfers 
its outer electron to the nonmetal, and the resulting cations attract the anions into an ionic solid. 
Several properties based on the nsl configuration relate to each of these steps. 

·  Low heat of atomization (AH°atom) 
 Consistent with the alkali metals’ low melting and boiling points, their weak 
metallic bonding leads to low values for AH°atom  (the energy needed to convert 
the solid into individual gaseous atoms), which decrease down the group: 

 

 

·  Low IE (ionization energy) and small ionic radius  
Each alkali metal has the largest size and the lowest IE in its period. A great 
decrease in size occurs when the outer electron is lost: the volume of the Li+ ion 
is less than 13% that of the Li atom! Thus, group lA(1) ions are small spheres 
with considerable charge density.  

·  High lattice energy. 
 When the salts crystallize, large amounts of energy are released because the small 
cations lie close to the anions. Thus, the endothermic atomization and ionization 
steps are easily outweighed by the highly exothermic formation of the solid. For a 
given anion, the trend in lattice energy is the inverse of the trend in cation size: as 
the cation becomes larger, the lattice energy has a smaller magnitude. 
 
Despite the strong ionic attractions in the solid, nearly all Group 1A salts are 
water soluble. The ions attract water molecules to create a highly exothermic heat 
of hydration (AHhydr), and a large increase in disorder arises when ions in the 
crystal become randomized and hydrated in solution; together, these these factors 
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outweigh the high lattice energy. The magnitude of the hydration energy 
decreases as ionic size increases:  

 

 

Increasingly the smaller ions attract water molecules strongly enough to form larger hydrated ions. 
This size trend has a major effect on the function of nerves, kidneys and cell membranes because the 
sizes of Na+(aq) and K+(aq), the most common cations in cell fluids, influence their movement in and 
out of cells. 

4.3 The anomalous behavior of Lithium 

All the Period 2 elements display some anomalous (unrepresentative) behavior within their 
groups. Even within the regular, predictable trends of Group 1A(1), Li has some atypical 
properties. It is the only member that forms a simple oxide and nitride, Li2O and Li3N, on 
reaction with and N2 in air. Only Li forms molecular compounds with hydrocarbon groups 
from organic halides: 

2Li (s) + CH3CH2Cl (g)  CH3CH2Li (.s) + LiCl (s)  

Organolithium compounds, such as CH3CH2Li, are liquids or low-melting solids that dissolve in 
nonpolar solvents and contain polar covalent � -C—Li � + bonds. They are important reactants in 
the synthesis of organic compounds. 

Because of its small size, Li+ has a relatively high charge density. Therefore, it can deform 
nearby electron clouds to a much greater extent than the other 1A ions can, which gives many 
lithium salts significant covalent character. Thus, LiCl, LiBr, and Lil are much more soluble in 
polar organic solvents such as ethanol and acetone, than are the halides of Na and K, because the 
lithium halide dipole interacts with these solvents through dipole-dipole forces. The small highly 
positive Li+ makes dissociation of Li salts into ions more difficult in water, thus, the fluoride, 
carbonate, hydroxide, and phosphate of Li are much less soluble in water than those of Na and K. 

 4.4 Reactions and Compound 

4.4.1 Important reactions 

The reducing power of the alkali metals (E) is shown in reactions 1 to 4. Some industrial 
applications of Group 1A(1) are shown in reactions 5 to 7.  

1. The alkali metals reduce H in H2O from the +1 to the 0 oxidation state: 

 

            The reaction becomes more vigorous down. 

2. The alkali metals reduce oxygen, but the product depends on the metal. Li forms the 
oxide ,Li20; Na forms the peroxide, Na2O2 K, Rb and Cs form the superoxide, E02:  
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4Li(s) + 02(g)  2Li20(s) 

            K(s) + O2(g)  KO2(s). 

            In emergency breathing units, KO2 reacts with H20 and CO2 in exhaled air to release O2. 

3. The alkali metals reduce hydrogen to form ionic (saltlike) hydrides: 

             2E(s) + H2(g)  2EH(s) 

            NaH is an industrial base and reducing agent that is used to prepare other reducing   
agents, such as NaBH4, 

4. The alkali metals reduce halogens to form ionic halides:  
2E(s) + X2  2EX(s)     (X = F, Cl, Br, I) 

      5.   Sodium chloride is the most important alkali metal halide.  

           (a) In the Downs process for the production of sodium metal reaction 4 is reversed by   
supplying electricity to molten NaCl: 

 

           (b) In the chlor-alkali process NaCl(aq) is electrolyzed to form several key industrial      
chemicals:  

                 2NaCl(aq) + 2H2O(l)  2NaOH(aq) + H2(g) + Cl2(g)  

           (c)  In its reaction with sulfuric acid, NaCl forms two major products: 

                 2NaCl(s) + H2SO4(aq)  Na2SO4(aq) + 2HCl(g)  

                 Sodium sulphate is important in the paper industry; HC1 is essential in steel, plastics,     
textiles, and food production.  

6. Sodium hydroxide is used in the formation of bleaching solutions: 

 

7. In an ion-exchange process water is "softened" by removal of dissolved hard- water 
cations, which displace Na+ from a resin: 

            M+(aq)+ Na2Z(s)  MZ(s) + 2Na+(aq) (M = Mg, Ca; Z = resin) 

4.4.2 Important Compounds 

1. Lithium chloride and lithium bromide, LiCl and LiBr:  
Because the Li ion is so small, Li salts have a high affinity for H2O and yet a positive 
heat of solution. Thus, they are used in dehumidifiers and air-cooling units. 
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2. Lithium carbonate, LiCO3: 
Used to make porcelain enamels and toughened glasses and as a drug in the treatment of 
manic-depressive disorders. 
 

3. Sodium chloride, NaCl: 
 Millions of tons used in the industrial production of Na, NaOH, Na2CO3/NaHCO3, 
Na2SO4, and HC1 or purified for use as table salt. 

4. Sodium carbonate and sodium hydrogen carbonate, Na2CO3and Na2HCO3: 

            Carbonate used as an industrial base and to make glass. Hydrogen carbonate, which 
releases CO2 at low temperatures (50 to 100°C), used in baking powder and in fire 
extinguishers. 

5. Sodium hydroxide, NaOH:  
Most important industrial base; used to make bleach, sodium phosphates, and alcohols. 
 

6. Potassium nitrate, KNO3:  
Powerful oxidizing agent used in gunpowder and fireworks. 

Self Assessment Exercise 1 (SAE 1) 

1. The alkali metals play virtually the same general chemical role in all their reactions. 
(i) What is this role? 
(ii)  How is it based on atomic properties? 
(iii)  Using sodium, write two balanced equations that illustrate this role. 

5.0 Group 2A(2): The alkaline earth 

The Group 2A(2) elements are called alkaline earth metals because their oxides give basic 
(alkaline) solutions and melt at such high temperatures that they  remained as solids ("earths") in 
the alchemists' fires. The group includes a fascinating collection of elements: rare beryllium 
(Be), common magnesium (Mg) and calcium (Ca), less familiar strontium (Sr) and barium (Ba), 
and radioactive radium (Ra). 

5.1 How Do the Physical Properties of the Alkaline Earth and Alkali Metals    Compare? 

In general terms, the elements in Groups 1A(1) and 2A(2) behave as close cousins. Whatever 
differences occur between the groups are those of degree, not kind, and are due to the change in 
electron configuration: ns2 vs ns1. Two electrons are available for metallic bonding, and the 
nucleus contains one additional positive charge. These factors make the attraction between 
delocalized electrons and atom cores greater. Consequently, 2A melting and boiling points are 
much higher than for the corresponding 1A metals; in fact, the 2A elements melt at around the 
same temperatures as the 1A elements boil! Compared with transition metals, such as iron and 
chromium, the alkaline earths are soft and lightweight, but they are much harder and denser than 
the alkali metals. 

5.2 How Do the Chemical Properties of the Alkaline Earth and Alkali Metals  Compare? 
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The alkaline earth metals display a wider range of chemical behaviour than the alkali metals, 
largely because of the behavior of beryllium, as you'll see shortly. Because the second valence 
electron lies in the same sublevel as the first, it is not shielded from the additional nuclear charge 
very well, so Zeff is greater  therefore, Group 2A(2) elements have smaller atomic radii and 
higher ionization energies than Group 1A(1) elements. Despite the higher IEs, all the alkaline 
earths (except Be) form ionic compounds as 2+ cations. Beryllium behaves differently because so 
much energy is needed to remove two electrons from this tiny atom that it never forms discrete 
Be2+ ions, and its bonds are polar covalent. 

Like the alkali metals, the alkaline earth metals are strong reducimg agents. The elements reduce 
O2 in air to form the oxide (Ba also forms the peroxide, BaO2). Except for Be and Mg, which 
form adherent oxide coatings, the alkaline earths reduce H2O at room temperature to form H2. 
And, except for Be, they reduce the halogens, N2, and H2 to form ionic compounds. The Group 
2A oxides are strongly basic (except for amphoteric BeO) and react with acidic oxides to form 
salts, such as sulphites and carbonates; for example, 

                                                     SrO(s) + CO2(g)  SrCO3(s)  

Natural carbonates, such as limestone and marble, are major structural materials and the 
commercial sources for most 2A compounds. 

The alkaline earth metals are reactive because the high lattice energies of their compounds more 
than compensate for the large total IE needed to form the 2+ cation. Group 2A salts have much 
higher lattice energies than group 1A salts because the 2A cations are smaller and doubly 
charged. 

One of the main differences between the two groups is the lower solubilty of 2A salts in water. 
Their ions are smaller and more highly charged than 1A ions, resulting in much higher charge 
densities. Even though this increases heats of hydration, it increases lattice energies even more. 
In fact, most 2A fluorides, carbonates, phosphates, and sulphates are considered insoluble, unlike 
the corresponding 1A compounds. Nevertheless, the ion-dipole attraction of 2+ ions for water is 
so strong that many slightly soluble 2A salts crystallize as hydrates; two examples are Epsom 
salt, MgSO4.7H2O, used as a soak for inflammations, and gypsum, CaSO4.2H2O, used as the 
bonding material between the paper sheets in wallboard and as the cement in surgical casts. 

5.3 The anomalous Behaviour of Beryllium 

 The period 2 element Be displays far more anomalous behavior than Li in group 1A(1). If the 
Be2+ ion did exist, its high charge density would polarize nearby electron clouds very strongly 
and cause extensive orbital overlap. In fact, all Be compounds exhibit covalent bonding. Even 
BeF2, the most ionic Be compound, has a relatively low melting point and, when melted, a low 
electrical conductivity. With only two valence electrons, Be does not attain an octet in its simple 
gaseous compounds. When it bonds to an electron-rich atom, however, this electron deficiency is 
overcome as the gas condenses. Consider beryllium chloride (BeCl2) , at temperatures greater 
than 900°C, it consists of linear molecule in which two sp hybrid orbitals hold four electrons 
around the central Be. As it cools, the molecules bond together, solidifying in long chains, with 
each Be sp3 hybridized to finally attain an octet. 
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5.4 Diagonal Relationships: Lithium and Magnesium 

One of the clearest ways in which atomic properties influence chemical behaviour appears in the 
diagonal relationships, which show similarities between a Period 2 element and one diagonally 
down and to the right in Period 3. 

The first of three such relationships occurs between Li and Mg and reflects similarities in atomic 
and ionic size. Note that one period down increases atomic (or ionic) size and one group to the 
right decreases it. Thus, Li has a radius of 152 pm and Mg has a radius of 160 pm; the Li+ radius 
is 76 pm and that of Mg+ is 72 pm. From similar atomic properties emerge similar chemical 
properties. Both elements form nitrides with N2, hydroxides and carbonates that decompose 
easily with heat, organic compounds with a polar covalent metal-carbon bond, and salts with 
similar solubilities. We'll discuss the diagonal relationships i Be and Al and between B and Si in 
later sections. 

5.5 Looking Backward and Forward: Groups 1A(1), 2A(2), and 3A(13) 

Throughout this unit, comparing the previous, current, and upcoming groups will help you to 
keep horizontal trends in mind while examining vertical groups. Not much changes from 1A to 
2A, and the elements behave as metals both physically and chemically. With smaller atomic 
sizes and stronger metallic bonding, 2A elements are harder, higher melting, and denser than 
those in 1A. Nearly all 1A and most 2A compounds are ionic. The higher ionic charge in group 
2A (2+ vs. 1+) leads to higher lattice energies and less soluble salts. The range of behaviour in 
2A is wider than that in 1A because of Be, and the range widens much further in Group 3A from 
metalloid boron to metallic thallium. 

5.6 Important Reactions of group 2A (2) elements 

The elements (E) act as reducing agents in reactions 1 to 5; note the similarity to reactions of 
Group 1 A(l). Reaction 6 shows the general basicity of the 2A(2) oxides; reaction 7 shows the 
general instability of their carbonates at high temperature. 

1. The metals reduce O2 to form the oxides:  

 

Ba also forms the peroxide, BaO2. 

2. The larger metals reduce water to form hydrogen gas: 

  

 = Ca, Sr, Ba) 

 Be and Mg from an adherent oxide coating that allows only slight reaction. 

3. The metals reduce halogens to form ionic halides: 

E (s) + X2 EX2 (s)     (X = F, Cl, Br, I) 
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4. Most of the elements reduce hydrogen to form ionic hydrides: 

E(s) + H2 (g) EH2(s)     (E = all except Be) 

5. Most of the elements reduce nitrogen to form ionic nitrides: 

3E (s) + N2 (g)  E3N2(s)     (E = all except Be) 

6. Except for amphoteric BeO, the oxides are basic: 

EO(s) + H2O (l)  (E2+ (aq) + 2OH- (aq) 

Ca(OH)2 is a component of cement and mortar. 

7. All carbonates undergo thermal decomposition to the oxide: 

ECO3(s) EO (s) + CO2(g) 

This reaction is used to produce CaO (lime) in huge amounts from naturally occurring limestone. 
 
5.7 Important compounds of group 2A (2) elements 

1. Beryl, Be3Al2Si6O18: 
Beryl, the industrial source of Be metal, also occurs as a gemstone with a variety of 
colors. It is chemically identical to emerald, except for the trace of Cr3+ that gives 
emerald its green color. 
 
 

2. Magnesium oxide, MgO: 
Because of its high melting point (2852°C), MgO is used as a refractory material for 
furnace brick and wire insulation. 
 

3. Alkyl magnesium halides, RMgX (R = hydrocarbon group; X = halogen). These 
compounds are used to synthesize many organic compounds. Organotin agricultural 
fungicides are made by treating RMgX with SnCl4: 

                                         3RMgCl + SnCl4  3MgCl2 + R3SnCl 

4. Calcium carbonate, CaCO3: 

Occurs as enormous natural deposits of limestone, marble, chalk, and coral. Used as a building 
material, to make lime, and, in high purity, as a toothpaste abrasive and an antacid.  

Self Assessment Exercise 2 (SAE 2) 

The melting points of alkaline earth metals are many times higher than those of the alkali metals. 
Explain this difference on the basis of atomic properties. Name three other physical properties 
for which group 2A (2) metals have higher values than the corresponding 1A(1) metals.  
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6.0 Conclusion 

      The unusual physical behavior of the alkali metals can be traced to their atomic size, the 
largest in their respective periods, and to the nsl electron configuration. Because the single 
valence electron is relatively far from the nucleus, there is only a weak attraction between 
the delocalized electrons and the atom cores in the crystal structure. The nsl electron 
configuration also accounts for the ease of forming salts. Li behaves differently from the 
other group 1A metals. One of the main differences between the two groups is the lower 
solubilty of 2A salts in water. Their ions are smaller and more highly charged than 1A ions, 
resulting in much higher charge densities. Even though this increases heats of hydration, it 
increases lattice energies even more. The period 2 element Be displays far more anomalous 
behavior than Li in group 1A(1). There is diagonal relationship between elements of period 
2   and period 3 

7.0    Summary 

         In this unit we have learnt: 

�  The Periodic law 
�  The general properties, reactions and compounds of group 1A(1) elements. 
�  The general properties, reactions and compounds of group 2A(2) elements. 

8.0 Tutor Marked Assignment 

In some reactions, Be behaves like a typical alkaline earth metal; in others, it does not. Complete 
and balance the following equations: 

(i)  
(ii)   
(iii)In which reaction does Be behave like the other group 2A (2) member? 
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      Answers to Self Assessment Exercises 

      SAE1 

(i) Reducing agent 
(ii)  Their outermost electrons are easily removed due to low ionization energy. 
(iii)  
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(iv)  

      SAE2 

·  The group 2A(2) metals have an additional electron available for bonding, so the 
bonding is stronger and the melting points increase. They are also harder, denser 
and have higher boiling points. 

    Answers to Tutor Marked Assignment 

                      (i)   

                      (ii)  

                      (iii) In reaction (ii) 
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1.0 Introduction 

The third family of main-group elements contains some unusual members and some familiar 
ones, some exotic bonding, and some strange physical properties. Boron (B) heads the 
family, but, as you'll see, its properties certainly do not represent the other members. Metallic 
aluminum (Al) has properties that are more typical of the group, but its great abundance and 
importance contrast with the rareness of gallium (Ga), indium (In), and thallium (Tl). The 
whole range of elemental behavior occurs within Group 4A(14). Nonmetallic carbon (C) 
leads off, followed by the metalloids silicon (Si) and germanium (Ge), with metallic tin (Sn) 
and lead (Pb) at the bottom of the group. Information about the compounds of C and of Si 
fills libraries: organic chemistry, most polymer chemistry, and biochemistry are based on 
carbon, whereas geochemistry and some extremely important polymer and electronic 
technologies are based on silicon. The atomic, physical and chemical properties of the two 
Groups, 3A(13) and 4A(14) elements are discussed in this unit. 

2.0 Objectives 

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

�  Describe the general properties, reactions and important compounds of the group 3A(13) 
elements 

�  Describe the general properties, reactions and important compounds of the group 4A(14) 
elements 

3.0 Group 3A(13): The boron family 

3.1 How Do the Transition Elements Influence Group 3A(13) Properties? 

Group 3A( 13) is the first of the p block. If you look at the main groups only, the elements of this 
group seem to be just one group away from those of Group 2A(2). In Period 4 and higher, 
however, a large gap separates the two groups. The gap holds 10 transition elements (d block) 
each in Periods 4, 5 and 6 and an additional 14 inner transition elements (f block) in Period 6. d 
and f electrons penetrate very little, and so spend very little time near the nucleus. Thus, the 
heavier 3A members—Ga, In, and Tl, have nuclei with many more protons, but their outer (s and 
p) electrons are only partially shielded from the much higher positive charge; as a result, these 
elements have greater Zeff values than the two lighter members of the group. 
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Many properties of these heavier 3A elements are influenced by this stronger nuclear attraction. 
There are regular changes in properties exhibited by the 3B elements (the first group of transition 
elements) in contrast to the irregular patterns for those in 3A. The deviations for Ga reflect the d-
block contraction in size and can be explained by limited shielding by the d electrons of the 10 
additional protons of the first transition series. Similarly, the deviations for Tl reflect the f-block 
(lanthanide) contraction and can be explained by limited shielding by the f electrons of the 14 
additional protons of the first inner transition series. 

Physical properties are influenced by the type of bonding that occurs in the element. Boron is a 
network covalent metalloid, black, hard, and very high melting. The other group members are 
metals, shiny and relatively soft and low melting. Aluminum's low density and three valence 
electrons make it an exceptional conductor: for a given mass, aluminum conducts a current twice 
as effectively as copper. Gallium has the largest liquid temperature range of any element: It melts 
in your hand but does not boil until 2403°C. Its metallic bonding is too weak to keep the Ga 
atoms fixed when the solid is warmed. But it is strong enough to keep them from escaping the 
molten metal until it is very hot 

3.2 What New Features Appear in the Chemical Properties of Group 3A(13)? 

Looking down Group 3A(13), we see a wide range of chemical behaviour. Boron,  the 
anomalous member from Period 2, is the first metalloid we've encountered so  far and the only 
one in the group. It is much less reactive at room temperature than the other members and forms 
covalent bonds exclusively. Although aluminum acts like a metal physically, its halides exist in 
the gas phase as covalent: dimers (molecules formed by joining two identical smaller molecules, 
and its oxide is amphoteric rather than basic. Most of the other 3A compounds are ionic, but they 
have more covalent character than similar 2A compounds. Because the 3A ions are smaller and 
more highly charged than the 2A ions, they polarize the anion electron cloud more effectively. 

The redox behaviour of the elements in this group provides a chance to note three general 
principles that appear in Groups 3A(13) to 6A(16): 

1. Presence of multiple oxidation states: Many of the larger elements in these groups also 
have an important oxidation state two lower than the A-group number. The lower state 
occurs when the atoms lose their np electrons only, not their two ns electrons. This fact is 
often called the inert-pair effect, but it has nothing to do with any inertness of ns 
electrons; for example, the 6s electrons in Tl are lost more easily than the 4s electrons in 
Ga. The reason for the common appearance of the lower state involves bond energies of 
the compounds. Bond energy decreases as atomic size, and therefore bond length, 
increases. Consider the Tl—Cl bond. It is relatively long and weak, and it takes more 
energy to remove the two 6s electrons from Tl+ to make T13+ than is released when two  
weaker Tl—Cl bonds form in T1C13. In fact, T1C13 is so unstable that it decomposes 
readily to C12 gas and TlCl. 

2. Increasing prominence of the lower oxidation state: When a group exhibits more than one 
oxidation state, the lower state becomes more prominent going down the group. In Group 
3A(13), for instance, all members exhibit the +3 state, but the +1 state first appears with 
some compounds of gallium and becomes the only important state of thallium. 

3. Relative basicity of oxides: In general, oxides with the element in a lower oxidation state are 
more basic than oxides with the element in a higher oxidation state. A good example in Group 
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3A is that In2O is more basic than In2O3. In general, when an element has more than one 
oxidation state, it acts more like a metal in its lower state, and this, too, is related to ionic 
charge density. In this example, the lower charge of In+ does not polarize the O2-  ion as much 
as the higher charge of In3+ does. Thus, in compounds of general formula E2O, the E-to-O 
bonding is more ionic than it is in E2O3 compounds, so the O2- ion is more available to act as a 
base. 

 

 

 

 

3.3 Important Reactions of group 3A(13) elements 

In reactions 1 to 3 note that the elements (E) usually require higher temperatures to react 
than those of Groups 1A(1) and 2A(2); note the lower oxidation state of Tl. Reactions 4 to 
6 show some compounds in key industrial processes. 
1. The elements react sluggishly, if at all, with water: 

 
 

             Al becomes covered with a layer of Al2O3 that prevents further 
reaction. 

2. When strongly heated in pure O2, all members form oxides:  

4E (s) + 3O2 (g)   2E2O3(s)         (E = B, Al, Ga, In) 

 

Oxide acidity decreases down the group: B2O3 (weakly acidic) > A12O3 > Ga2O3 > In2O3 > T12O 
(strongly basic), and the +1 oxide is more basic than the +3 oxide. 

3. All members reduce halogens (X2): 

2E(s) + 3X2  2EX3 (E = B, Al, Ga, In) 

2Tl(s) + X2  2TlX(s) 

BX3 are volatile covalent compounds. Trihalides of Al, Ga, and In are (mostly) ionic solids but 
occur as covalent dimers in the gas phase; in this way, the 3A atom attains a filled outer level. 4. 
4. Acid treatment of A12O3 is important in water purification:  

Al2O3(s) + 3H2SO4( )  Al2(SO4)3(s) + 3H2O( )  

In water, A12(SO4)3 and CaO form a colloid that aids in removing suspended particles. 

5. The overall reaction in the production of aluminum metal is a redox process: 
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2Al2O3(s) + 3C(s)  4Al(s) + 3CO2(g)  

This process is carried out electrochemically in the presence of cryolite (Na3AlF6), which lowers 
the melting point of the reactant mixture and takes part in the change. 

6. A displacement reaction produces gallium arsenide, GaAs: 

(CH3)3Ga(g) + AsH3(g) 3CH4(g) + GaAs(s) 

3.4 Important Compounds of group 3A(13) elements 

1. Boron oxide, B2O3: Used in the production of borosilicate. 
2. Borax, Na2[B4O5(OH)4].8H2O: Major mineral source of boron compounds and B2O3. 

Used as a fireproof insulation material and as a washing powder (20-Mule Team Borax). 
3. Boric acid H3BO3 [or B(OH)3]: Used as external disinfectant, eyewash and insecticide. 
4. Diborane, B2H6: A powerful reducing agent for possible use as a rocket fuel. Used to 

synthesize higher boranes, compounds that led to new theories of chemical bonding. 
5. Aluminum sulphate (cake alum),Al2(SO4)3.18H2O: Used in purifying water, tanning 

leather, and sizing paper; as a fixative for dyeing cloth and as an antiperspirant. 
6. Aluminum oxide, A12O3: Major compound in natural source (bauxite) of Al metal. Used 

as abrasive in sandpaper, sanding and cutting tools, and toothpaste. Large crystals with 
metal ion impurities often of gemstone quality. Inert support for chromatography. In 
fibrous forms, woven into heat-resistant fabrics; also used to strengthen ceramics and 
metals. 

7. Tl2Ba2Ca2Cu3O10: Becomes a high-temperature superconductor at 125 K, which is 
readily attained with liquid N2. 

3.5 Highlights of Boron Chemistry 

Like the other Period 2 elements, the chemical behavior of boron is strikingly different from that of the 
other members of its group. As pointed out earlier, all boron compounds are covalent, and unlike 
the other Group 3A(13) members, boron forms network covalent compounds or large molecules 
with metals, H, O, N, and C. The unifying feature of many boron compounds is their electron 
deficiency, but boron adopts two strategies to fill its outer level: accepting a bonding pair from an 
electron-rich atom and forming bridge bonds with electron-poor atoms. 

3.5.1 Accepting a Bonding Pair from an Electron-Rich Atom: 

       In gaseous boron trihalides (BX3), the  B atom is electron deficient, with only six electrons           
around it. To attain an octet, the B atom accepts a  lone pair of electron from an electron-rich 
atom and forms a covalent bond: 

                                                  BF3 (g)  + :NH3(g)  F3B-NH3 (g) 
 
(Such reactions, in which one reactant accepts an electron pair from another to form a 
covalent bond, are very widespread in inorganic, organic, and biochemical processes. They 
are known as Lewis acid-base reactions. 
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Similarly, B has only six electrons in boric acid, B(OH)3 (sometimes written as H3B03). In 
water, the acid itself does not release a proton. Rather, it accepts an electron pair from the O 
in H2O, forming a fourth bond and releasing an H+  ion: 
 
                       B(OH)3(s) + H2O(l)  ��B(OH)4

-(aq) + H+(aq) 
 
Boron's outer shell is filled in the wide variety of borate salts, such as the mineral borax 
(sodium borate), Na2[B4O5(OH)4].8H2O, used for decades as a household cleaning agent. 
Boron also attains an octet in several boron-nitrogen compounds whose structure are amazingly 
similar to that of elemental carbon and some of its organic compounds. These similarities are 
due to the fact that the size, IE, and EN of C are between those of B and N. Moreover, C has 
four valence electrons, whereas B has three and N has five, so the –C-C and B-N 
groupings have the same number of valence electrons. Therefore, H3C—CH3 (ethane) and 
H3B—NH3 (amine-borane) are isoelectronic. as; are benzene and borazine. 
 
Boron nitride has a structure consisting of hexagons fused into sheets, very similar to that of 
graphite. Moreover, like graphite, its p electrons are highly delocalized through resonance. 
However, molecular-orbital calculations show that there is a large energy gap between the 
filled valence band and the empty conductance band in boron nitride, but no such gap in 
graphite. As a result, boron nitride is a white electrical insulator, whereas graphite is a 
black electrical conductor. At high pressure and temperature, boron nitride forms borazon, 
which has a crystal structure like that of diamond and is extremely hard and abrasive. 
 

3.5.2 Forming Bridge Bonds with Electron-Poor Atoms  

In elemental boron and its many hydrides (boranes), there is no electron-rich atom to 
supply boron with electrons. In these substances, boron attains an octet through some 
unusual bonding. In diborane (B2H6) and many larger boranes, for example, two types of 
B—H bonds exist. The first type is a typical electron-pair bond. The valence bond picture  
shows an sp3 orbital of B overlapping the H 1s orbital in each of  the four terminal B—H 
bonds, using two of the three electrons in the valence shell of each B atom. 
 
The other type of bond is a hydride bridge bond (or three-center, two electron bond), in 
which each B—H—B grouping is held together by only two electrons. Two sp3 orbitals, 
one from each B, overlap an H 1s orbital between them. Two electrons move through this 
extended bonding orbital - one from one of the B atoms and the other from the H atom - 
and join the two B atoms via the hydrogen atom bridge. Note that each B atom is 
surrounded by eight electrons: four from the two normal B—H bonds and four from the 
two B—H—B bridge bonds. In many boranes and in elemental boron, one B atom 
bridges two others in a three-center, two-electron B—B—B bond. 

3.5.3 Diagonal Relationships: Beryllium and Aluminum 

Beryllium in Group 2A(2) and aluminum in Group 3A(13) are another pair of diagonally 
related elements. Both form oxoanions in strong base: Brylliate, Be(OH)4

2-, and 
aluminate, A1(OH)4

-. Both have bridge bonds in theirhydrides and chlorides. Both form 
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oxide coatings impervious to reaction with water and both oxides are amphoteric, 
extremely hard, and high melting. Although the atomic and ionic sizes of these elements 
differ, the small, highly charged Be2+ and A13+ ions polarize nearby electron clouds 
strongly. Therefore, some Al compounds and all Be compounds have significant covalent 
character. 

Self Assessment Exercise 1 (SAE 1) 

1. Many compounds of group 3A(13) elements have chemical behaviour that reflects an 
electron deficiency. 
(i) What is the meaning of electron deficiency? 
(ii)  Give two reactions that illustrate this behaviour. 

4.0 Group 4A(14): the carbon family 

The whole range of elemental behavior occurs within Group 4A(14) nonmetallic carbon 
(C) leads off, followed by the metalloids silicon (Si) and germanium (Ge), with metallic 
tin (Sn) and lead (Pb) at the bottom of the group. Information about the compounds of C 
and of Si fills libraries: organic chemistry, most polymer chemistry, and biochemistry are 
based on carbon, whereas geochemistry and some extremely important polymer and 
electronic technologies are based on silicon. 

4.1 How Does the Bonding in an Element Affect Physical Properties? 

The elements of Group 4A(14) and their neighbors in Groups 3A(13) and 5A(15), 
illustrate how physical properties, such as melting point and heat of fusion (DHfus), 
depend on the type of bonding in an element. Within group 4A, the large decrease in 
melting point between the covalent network solids C and Si is due to longer, weaker 
bonds in the Si structure; the large decrease between Ge and Sn is due to the change from 
covalent network to metallic bonding. Similarly, looking horizontally, the large increases 
in melting point and DHfus across a period between Al and Si and between Ga and Ge 
reflect the change from metallic to covalent network bonding. Note the abrupt rises in the 
values for these properties from metallic Al, Ga, and Sn to the network-covalent 
metalloid, Si, Ge, and Sb, and note the abrupt drops from the covalent network of C and 
Si to the individual molecules of N and P in Group 5A. 

4.2 Allotropism (Different Forms of an Element): Striking variations in physical properties 
often appear among allotropes, different crystalline or molecular forms of a substance. 
One allotrope is usually more stable than another at a particular pressure and temperature. 
Group 4A(14) provides the first dramatic example of allotopism, in the forms of carbon. 
It is difficult to imagine two substances made entirely of the same atom that are more 
different than graphite and diamond. Graphite is a black electrical conductor that is soft 
and "greasy," whereas diamond is a colourless electrical insulator that is extremely hard. 
Graphite is the standard state of carbon, the more stable form at ordinary temperature and 
pressure. Fortunately for jewelry owners, diamond changes to graphite at a negligible rate 
under normal conditions. In the mid-1980s, a newly discovered allotrope of carbon 
generated great interest. Mass spectrometric analysis of soot had shown evidence for a 
soccer ball shaped molecule of formula C60. More recent findings reveal the molecule in 
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geological samples formed by meteorites impact, even the one that occurred around the 
time the dinosaurs became extinct. The molecule has been dubbed buckminsterfullerene 
(informally called a “buckyball") after the architect-engineer R. Buckminster Fuller, who 
designed stmctures with similar shapes. Excitement raised in 1990, when scientists 
learned how to prepare multigram quantities of C60 and related fullerenes, enough to 
study macroscopic behavior and possible applications. Since then, metal atoms have been 
incorporated into the structure and many different groups (fluorine, hydroxyl, sugars, 
etc.) have been attached to prepare compounds with a range of useful properties. 

 
Then in 1991, scientists passed an electric discharge through graphite rods sealed with 
helium gas in a container and obtained extremely thin (~1 nm in diameter) graphite-like 
tubes with fullerene ends. These nanotubes are rigid and, on a mass basis, much stronger 
than steel along their long axis. They also conduct electricity along this axis because of 
the delocalized electrons. With potential applications in nanoscale electronics, catalysis, 
polymers, and medicine, fullerene and nanotube chemistry will receive increasing 
attention well into the 21st century. 
 
Tin has two allotropes. White (3-tin is stable at room temperature and above, whereas 
gray µ -tin is the more stable form below 13°C (56°F). When white tin is kept for long 
periods at a low temperature, some converts to microcrystals of gray tin. The random 
formation and growth of these regions of gray tin, which has a different crystal structure, 
weaken the metal and make it crumble. In the unheated cathedrals of medieval northern 
Europe, tin pipes of magnificent organs sometimes crumbled as a result of "tin disease" 
caused by this allotropic transition from white to gray tin. 

4.3 Important Reactions of group 4A(14) 

Reactions 1 and 2 pertain to all the elements (E); reactions 3 to 7 concern industrial uses 
for compounds of C and Si. 
1. The elements are oxidized by halogens:  

E(s) + 2X2  EX4     (E = C, Si, Ge)  

The +2 halides are more stable for tin and lead, SnX2 and PbX2.  
2. The elements are oxidized by O2: 

       E(s)+ O2(g)  EO2     (E = C, Si, Ge, Sn)  

Pb forms the +2 oxide, PbO. Oxides become more basic down the group. The reaction of 
CO2 and H2O provides the weak acidityof natural unpolluted waters: 

        CO2(g) + H2O(l)     H2CO3
-(aq) 

                                            ! � ��"����!�# �
$���"��  

3.   Air and steam passed over hot coke produce gaseous fuel mixtures (producer gas and 
water gas): 

                 C(s) + air (g) + H2O(g)  CO(g) + CO2(g) + N2(g) + H2(g)     [not balanced] 

4.  Hydrocarbons react with O2 to form CO2 and H2O. The reaction for methane is 
adapted to yield heat or electricity:  
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                  CH4 (g) + 2O2(g)  CO2(g) + 2H20(g) 

5. Certain metal carbides react with water to produce acetylene: 
                  CaC2(s) + 2H2O(l)  Ca(OH)2 (aq) + C2H2(g) The gas is used to make other 

organic compounds and as a fuel in welding. 
6. Freons (chlorofluorocarbons) are formed by fluorinating carbon tetrachloride: 
                  CC14(l) + HF (g)  CFCl3(g) + HCl(g)  

Production of trichlorofluoromethane (Freon-11), the major refrigerant in the world, is 
being eliminated because of its severe effects on the environment. 
7. Silica is reduced to form elemental silicon: 
SiO2(s) + 2C(s)  Si(s) + 2CO(g)  

This crude silicon is made ultrapure through zone refining for manufacture of computer 
chips. 

4.4 Important Compounds of group 4A(14) 

1. Carbon monooxide, CO: Used as a gaseous fuel, as a precursor for organic 
ccompounds, and as a reactant in the purification of nickel. Formed in Internal 
combustion engines and released as a toxic air pollutant. 

2. Carbon dioxide, CO2: Atmospheric component used by photosynthetic plants to make 
carbohydrates and O2. The final oxidation product of all carbon-based fuels; its 
increase in the atmosphere is causing global warming. used industrially as a 
refrigerant gas, a blanketing gas in fire extiinguishers, and an effervescent in 
beverages. Combined with ammonia to form urea for fertilizers and plastics 
manufacture. 

3. Methane CH4: Used as a fuel and in the production of many organic compounds. 
Major component of natural gas. Formed by anaerobic decomposition of plants 
(swamp gas) and by microbes in termites and certain mammals. May contribute to 
warming. 

4. Silicon dioxide, SiO2: Occurs in many amorphous (glassy) and crystalline forms, 
quartz being the most common. Used to make glass and as an inert chromatography 
support material. 

5. Silicon carbide, SiC: Known as carborundum, a major industrial abrasive and a 
highly refractory ceramic for tough, high-temperature uses. Can be doped to form a 
high-temperature semiconductor. 

6. Organotin compounds, R4Sn: Used to stabilize PVC, poly(vinyl chloride), plastics 
and to cure silicone rubbers. Agricultural biocide for insects, fungi, and weeds. 

7. Tetraethyl lead, (C2H5)4Pb: Once used as a gasoline additive to improve fuel 
      efficiency, but now banned because of its inactivation of auto 
      catalytic converters. Major source of lead as a toxic air 
      pollutant. 



�	�
�

4.5 Diagonal Relationships: Boron and Silicon 

The final diagonal relationship that we consider occurs between the metalloids B and Si. 
Both exhibit the electrical properties of a semiconductor. Both elements and their mineral 
oxoanions-borates and silicates-occur in extended covalent networks. Both boric acid 
[B(OH)3] and silicic acid [Si(OH)4] are weakly acidic and occur in layers with 
widespread H bonding. Both elements form flammable, low-melting compounds with 
hydrogen: - the boranes and silanes that act as reducing agents. 

4.6 Looking Backward and Forward: Groups 3A(13), 4A(14), and 5A(15) 

Standing in Group 4A(14), we look back at Group 3A(13) as the transition from the s-
block of metals to the p block of mostly metalloids and nonmetals. Major changes occur 
in physical behavior as we move across from metals to covalent networks. Changes in 
chemical behaviour occur as well, as cations give way to covalent tetrahedra. Looking 
ahead to Group 5A(15), we find covalent bonding and (as electronegativity increases) the 
expanded valence shells of nonmetals occurring more often, as well as the first 
appearance of monatomic anion. 

Self Assessment Exercise 2 (SAE 2) 

1. How does the basicity of SnO2 in water compare with that of CO2? Explain   

5.0 Conclusion 

Group 3A( 13) is the first of the p block. If you look at the main groups only, the elements of this 
group seem to be just one group away from those of Group 2A(2). In Period 4 and higher, 
however, a large gap separates the two groups. Because the 3A ions are smaller and more highly 
charged than the 2A ions, they polarize the anion electron cloud more effectively. The redox 
behaviour of the elements in this group provides a chance to note three general principles that 
appear in Groups 3A(13) to 6A(16): Presence of multiple oxidation states, Increasing 
prominence of the lower oxidation state and Relative basicity of oxides. The elements of Group 
4A(14) and their neighbors in Groups 3A(13) and 5A(15), illustrate how physical properties, 
such as melting point and heat of fusion (DHfus), depend on the type of bonding in an element.  

6.0    Summary 

         In this unit we have learnt: 

�  Group 3A(13): The boron family 
�  How the Transition Elements Influence Group 3A(13) Properties 
�  The New Features that Appear in the Chemical Properties of Group 3A(13) 
�  The important reactions and compounds of the group 3A(13). 
�  The highlights of boron chemistry 
�  The Diagonal Relationships between Beryllium and Aluminum 
�  Group 4A(14): the carbon family 
�  How the Bonding in an Element Affect Physical Properties 
�  Allotropism 
�  The Diagonal Relationships between Boron and Silicon 
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7.0 Tutor Marked Assignment 

Give the name and symbol or formula of a group 4A(14) element or compound that fits each 
description or use: 

(i) hardest known substance 
(ii)  medicinal antacid 
(iii)atmospheric gas implicated in greenhouse effect 
(iv) waterproofing polymer based on silicon 
(v) synthetic abrasive composed entirely of group 4A elements 
(vi) product formed when coke burns in a limited supply of air 
(vii)  toxic metal found in plumbing paints. 

8.0 References/Further Readings 

     McMurray Fay (2004) Chemistry 4th ed. Prentice Hill New Jersey. 

     Philip Mattews (2006) Advanced Chemistry: Physical and Industrial Cambridge  University 
Press South Asia.  

     Silberberg M.S (2003) Chemistry: The Molecular Nature of Matter and Change 3rd Ed  Mc  
Graw Hill, New York. 

      Answers to Self Assessment Exercises 

      SAE1 

1. (i) Normal atoms have completed outer shells (i.e an octet). Atoms with fewer electrons 
than eight are considered electron deficient. 
(ii)  

  

      SAE2 

1. Sn, being the more metallic element, would have the more basic oxide. 

    Answers to Tutor Marked Assignment 

(i) diamond 
(ii)  CaCO3 
(iii)  CO2 
(iv) [(CH3)2SiO]n 
(v) SiC 
(vi) CO 
(vii)  Pb 
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1.0 Introduction 

The first two elements of Group 5A(15), gaseous nonmetallic nitrogen (N) and solid nonmetallic 
phosphorus (P), will occupy most of our attention in the first segment of this unit. The industrial 
and environmental significance of their compounds is matched only by their importance in the 
structures and functions of biomolecules. Below them are two metalloids, arsenic (As) and 
antimony (Sb), followed by the sole metal, bismuth (Bi), the last nonradioactive element in the 
periodic table. Two members of the Group 6A(16) family, gaseous nonmetallic oxygen (O) and 
solid sulfur (S) are among the most important elements in industry, the environment and living 
things. Two metalloids, selenium (Se) and tellurium (Te), appear below them, and the lone 
metal, radioactive polonium (Po), ends the group. The group 6A(16) Family Portrait displays the 
features of these elements. 

2.0 Objectives 

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

�  Describe the general properties, reactions and important compounds of the group 5A(15) 
elements 

�  Describe the general properties, reactions and important compounds of the group 6A(16) 
elements 

3.0 Group 5A(15): The Nitrogen Family 

3.1 What accounts for the Wide Range of Physical Behavior in group 5A(15)? 

Group 5A(15) displays the widest range of physical behavior we've seen so far because of 
large changes in bonding and intermolecular forces. Nitrogen occurs as a gas consisting of N2 
molecules, which interact through such weak dispersion forces that it boils more than 200°C 
below room temperature. Elemental phosphorus exists most commonly as tetrahedral P4 
molecules. However, because P is heavier and more polarizable than N, stronger dispersion 
forces are present and the element melts about 25°C above room temperature. Arsenic 
consists of extended, puckered sheets in which each As atom is covalently bonded to three 
others and forms nonbonding interactions with three nearest neighbours in adjacent sheets.  
This arrangement gives As the highest melting point in the group. A similar covalent network 
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for Sb gives it a much higher melting point than the next member of the group, Bi, which has 
metallic bonding.  
 
Phosphorus has several allotropes. The white and red forms have very different properties 
because of the way the atoms are linked. The highly reactive white form is prepared as a gas 
and condensed to a whitish, waxy solid under cold water to prevent it from igniting in air. It 
consists of tetrahedral molecules of four p atoms bonded to each other, with no atom in the 
center. Each p atom uses its half-filled 3p orbitals to bond to the other three. Whereas the 3p 
orbitals of an isolated P atom lie 90° apart, the bond angles in P4 are 60°. With the smaller 
angle comes poor orbital overlap and a P—P bond strength only about 80% that of a normal 
P—P bond. Weaker bonds break more easily, so they contribute to the white allotrope's high 
reactivity. Heating the white form in the absence of air breaks one of the P—P bonds in each 
tetrahedron and those orbitals overlap with others to form the chains of P4 units that make up 
the red form. Individual molecules in white P make it highly reactive, low melting (44.1°C), 
and soluble in nonpolar solvents; the chains in red P make it much less reactive, high melting 
(~600°C), and insoluble. 

3.2 Important Reactions of group 5A(15) elements 

General group behavior is shown in reactions 1 to 3, whereas phosphorus chemistry is the 
theme in reactions 4 and 5.  
1. Nitrogen is "fixed" industrially in the Haber process: 
                            N2(g) + 3H2(g)  2NH3(g) 
 
 Further reactions convert NH3 to NO, NO2, and HNO3. Hydrides of some other 
Group members are formed from reaction in water (or H3O

+) of a metal phosphide  arsenide, 
and so forth:  
        Ca3P2 (s) + 6H2O(l)  2PH3(g) + 3Ca(OH)2(aq)  
 
2. Halides are formed by direct combination of the elements:  

         2E + 3X2  2EX3      (E = all except N)  
         EX3 + X2 EX5        (E = all except N with 

X = F and Cl (but no BiCl5); E = P for X = Br) 
 
3. Oxoacids are formed from the halides in a reaction with water that is common to many 
nonmetal halides: 
           EX3 + 3H2O(l)  H3EO3(aq) + 3HX(aq)    (E = all except N)  
 
EX5 + 4H2O(l) H3EO4(aq) + 5HX(aq) 
(E = all except N and Bi)  
Note that the oxidation number of E does not change. 
 
3. Phosphate ions are dehydrated to form polyphosphates:  

3NaH2PO4(,s)  Na3P3O9(s) + 3H2O(g) 
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4. When P4 reacts in basic solution, its oxidation state both decreases and increases 
(disproportionation):  
P4(s) + 3OH-(aq) + 3H2O(l)  PH3(g) + 3H2PO2

- (aq) 
 Analogous reactions are typical of many nonmetals, such as S8 and X2 (halogens). 

3.3 Important Compounds of group 5A(15) elements 

1. Ammonia, NH3: First substance formed when atmospheric N2 is used to make N-
containing compounds. Annual multimillion-ton production for use in fertilizers, 
explosives, rayon, and polymers such as nylon, urea-formaldehyde resins, and acrylics. 

2. Hydrazine ,N2H4: Is used to make antituberculin drugs, plant growth regulators, and 
fungicides and organic hydrazine derivatives are used in rocket and missilefuels.  

3. Nitric oxide (NO), nitrogen dioxide (NO2), and nitric acid (HNO3): Oxides are 
intermediates in HNO3 production. This acid is used in fertilizer manufacture, nylon 
production, metal etching, and the explosives industry. 

4. Amino acids: H3N
+-CH(R)-COO-(R= one of 20 different organic groups): Occur in every 

organism, both free and linked together into proteins. Essential to the growth and 
function of all cells. Synthetic amino acids are used as dietary supplements. 

5. Phosphorus trichloride, PC13: Used to form many organic phosphorus compounds, 
including oil and fuel additives, plasticizers, flame retardants, and insecticides. Also used 
to make PCl5, POCl3 and other important P-containing compounds. 

6. Tetraphosphorus decaoxide (P4O10) and phosphoric acid (H3PO4): phosphoric acid has a 
central role in fertilizer production, but it is also used as polishing agent for aluminium 
car trim and as an additive in soft drinks to give a touch of tartness. 

7.  Sodium tripolyphosphate, Na5P3O10: As a water-softening agent (calgon), it combines 
with hard-water mg2+ and Ca2+ ions, preventing them from reacting with soap anions, and 
thus improves cleaning action. Its use has been curtailed in the United States because it 
pollutes lakes and streams by causing excessive algal growth. 

8. Adenosine triphosphate (ATP) and other biophosphates: ATP acts to transfer chemical   
energy in the cell; necessary for all biological processes requiring energy. Phosphate 
groups occur in sugars, fats, proteins, and nucleic acids. 

9. Bismuth subsalicylate, BiO(C7H5O3): The active ingredient in Pepto-Bismol a widely used   
remedy for diarrhea and nausea. (The pink color is not due to this white compound.). 

 

3.4 What Patterns Appear in the Chemical Behavior of Group 5A(15)? 

The same general pattern of chemical behavior that we discussed for group 4A(l4) appears again 
in this group, reflected in the change from nonmetallic N to metallic Bi. The overwhelming 
majority of Group 5A(15) compounds have covalent bonds. Whereas N can form no more than 
four bonds, the next three members can expand their valence shells by using empty d orbitals. 

 

For a 5A element to form an ion with a noble gas electron configuration, it must gain three 
electrons, the last two in endothermic steps. Nevertheless, the enormous lattice energy released 
when such highly charged anions attract cations drives their formation, but this occurs with N 
only in compounds with active metals such as Li3N and Mg3N2 (and perhaps with P in Na3P). 
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Metallic Bi forms mostly covalent compounds but exists as a cation in a few compounds, such as 
BiF3 and Bi(NO3)3.5H2O, by losing its three valence p electrons. 

Again, we see the patterns first seen in Groups 3A and 4A as we move down the group. Fewer 
oxidation states occur, with the lower state becoming more prominent: N exhibits every state 
possible for a 5A element, from + 5 to -3; only the +5 and +3 states are common for P, As, and 
Sb; and +3 is the only common state of Bi. The oxides change from acidic to amphoteric to 
basic, reflecting the increase in the metallic character of the elements. In addition, the lower 
oxide of an element is more basic than the higher oxide, reflecting the greater ionic character of 
the E-to-O bonding in the lower oxide. 

All the Group 5A(15) elements form gaseous hydrides of formula EH3.  Except for NH3, these 
are extremely reactive and poisonous and are synthesized by reaction of a metal phosphide, 
arsenide, and so forth, which acts as a strong base in water or aqueous acid. For example, 

                      Ca3As2(s) + 6H2O(l) 2AsH3(g) + 3Ca(OH)2(aq)  

Ammonia is made industrially by direct combination of the elements at high pressure and 
moderately high temperature: 

                                    N2(g) + 3H2(g)  2NH3(g) 
Molecular properties of the Group 5A(15) hydrides reveal some interesting bonding and 
structural patterns: 

�  Despite its much lower molar mass, NH3 melts and boils at higher temperatures than 
the other 5A hydrides as a result of H bonding. 

�  Bond angles decrease from 107.3° for NH3 to around 90° for the other hydrides, 
which suggests that the larger atoms use unhybridized p orbitals. 

�  E-H bond lengths increase down the group, so bond strength and thermal stability 
decrease: AsH3 decomposes at 250°C, SbH3 at 20°C, and -45°C. 

We'll see these features-H bonding for the smallest member, change in bond angles, change 
in bond energies-in the hydrides of Group 6A(16) as we. 
The Group 5A(15) elements form all the trihalides (EX3) and the pentfluorides (EF5), but few 
other pentahalides (PC15, PBr5, AsCl5, and SbCl5). Nitrogen forms the trihalide only, because 
it cannot expand its valence shell. Most trihalides are prepared by direct combination: 
                                   P4(s) + 6Cl2(s) 4PC13(l). 
 The pentahalides form with excess halogen: 
                                      PCl3(l) + Cl2(g)  PCls(s) 
 As with the hydrides, the thermal stability of the halides decreases as the E-X bond becomes 
longer. Among the nitrogen halides, for example, NF3 is is a stable rather unreactive gas. 
NC13 is explosive and reacts rapidly with water (The chemist who first prepared it lost three 
fingers and an eye!) NBr3 can only be made below -87°C. NI3 has never been prepared, but 
an ammoniated product (NI3-NH3) explodes at the slightest touch. 
 
aqueous reaction pattern typical of many nonmetal halides, the 5 A halides react with water to 
yield the hydrogen halide and the oxoacid, in which E has same oxidation state as it had in 
the original halide. For example, PX5 (O.N OF P = +5) produces phosphoric acid (O.N. of P 
= +5) and HX:  
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                            PCls(s) + 4H2O(l)   H3PO4(l) + 5HCl(g) 

Self Assessment Exercise 1 (SAE 1) 

1. Would you expect hydrazine to form H bonds? Explain with structures. 
2. Assuming that acid strength relates directly to electronegativity of the central atom, rank 

H3PO4, HNO3 and H3AsO4 in order of increasing acid strength.   

4.0 Group 6A(16): The Oxygen Family 

The first two members of this family, gaseous nonmetallic oxygen (O) and solid nonmetallic sulphur (S) 
are among the most important elements in industry, the environment, and living things. Two 
metalloids, selenium (Se) and tellurium (Te), appear below them, and the lone metal, radioactive 
polonium (Po), ends the group. 

 

4.1 How do the Oxygen and Nitrogen Families Compare physically? 

Group 6A(16) resembles Group 5A(15) in many respects, so let's look at some common themes. 
The pattern of physical properties we saw in Group 5A appears again in this group. Like 
nitrogen, oxygen occurs as a low-boiling diatomic gas. Like phosphorus, sulfur occurs as a 
polyatomic molecular solid. Like arsenic, selenium commonly occurs as a gray metalloid. Like 
antimony, tellurium is slightly more metallic than the preceding group member but still displays 
network bonding. Finally, like bismuth, polonium has a metallic crystal structure. As we expect 
by comparison with the 5A elements, electrical conductivities increase steadily down the group 
as bonding changes from individual molecules (insulators) to metalloid networks 
(semiconductors) to a metallic solid (conductor). 

4.2 Important Reactions of group 6A(16) elements 

Halogenations and oxidation of the elements (E) appear in reactions 1 and 2, and sulfur 
chemistry in reactions 3 and 4. 

1. Halides are formed by direct combination: 

            E(s)+ X2(g)   various halides, (E = S, Se, Te; X = F, Cl)  

      2. The other elements in the group are oxidized by O2: 

            E(s) + O2 (g) EO2     (E = S, Se, Te, Po)  

SO2 is oxidized further, and the product is used in the final step of H2SO4 manufacture 

            2SO2(g) + O2(g)  2SO3(g) 

3. Sulfur is recovered when hydrogen sulfide is oxidized: 

            8H2S(g) + 4O2(g)  S8(s) + 8H2O(g)  
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This reaction is used to obtain sulfur when natural deposits are not available. 

3. The thiosulphate ion is formed when an alkali metal sulphite reacts with sulphur, as in the 
preparation of photographer's "hypo":  
                                         S8(s) + 8Na2SO3(aq)  8Na2S2O3(aq) 

4.3 Important Compounds of group 6A(16) elements 

1. Water, H2O: The single most important compound on Earth 
2. Hydrogen peroxide, H2O2: Used as an oxidizing agent, disinfectant, and bleach, and in 

the production of peroxy compounds for polymerization. 
3. Hydrogen sulfide, H2S: Vile-smelling toxic gas formed during anaerobic decomposition 

of plant and animal matter, in volcanoes, and in deep-sea thermal vents. Used as a source 
of sulphur and in the manufacture of paper. Atmospheric traces cause silver to tarnish 
through formation of black Ag2S. 

4. Sulphur dioxide, SO2: Colourless, choking gas formed in volcanoes or whenever an S- 
containing material (coal, oil, metal sulphide ores; and so on) is burnt. More than 90% of 
SO2 produced is used to make sulphuric acid. Also used as a fumigant and a preservative 
of fruit, syrup, and wine. As a reducing agent, removes excess C12 from industrial 
wastewater, removes O2 from petroleum handling tanks, and preparesClO2 for bleaching 
paper. Atmospheric in acid rain. 

5. Sulfur trioxide (SO3) and sulfuric acid (H2SO4): SO3, formed from SO2 over a V2O5    
catalyst, is then converted to H2SO4. The acid is the cheapest strong acid and is so widely 
used in industry that its production level is an indicator of a nation's economic strength. It 
is a strong dehydrating agent that removes water from any organic source. 

6. Sulfur hexafluoride, SF6. Extremely inert gas used as an electrical insulator. 

Allotropism is more common in Group 6A(16) than in Group 5A(15). Oxygen has two 
allotropes: life-giving dioxygen (O2), and poisonous triatomic ozone (O3). Oxygen gas is 
colorless, odorless, paramagnetic, and thermally stable. In contrast, ozone gas is bluish, has a 
pungent odor, is diamagnetic, and decomposes in heat and especially in ultraviolet (UV) light: 

                                                               2O3(g)  3O2(g) 

This ability to absorb high-energy photons makes stratospheric ozone vital to life. A thinning of 
the ozone layer, observed above the North and especially the South Poles, means that more UV 
light will reach the Earth's surface, with potentially hazardous effects. 

Sulfur is the allotrope "champion" of the periodic table, with more than 10 forms. The S atom's 
ability to bond to other S atoms creates numerous rings and chains, with S—S bond lengths that 
range from 180 pm to 260 pm and bond angles from 90° to 180°. At room temperature, the sulfur 
molecule is a crown-shaped ring of eight atoms, called cyclo-S8. The most stable allotrope is 
orthorhombic µ -S8, which consists entirely of these molecules; other S allotropes eventually 
revert to this one. 
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Selenium also has several allotropes, some consisting of crown-shaped Se8 molecules. Gray Se is 
composed of layers of helical chains. Its electrical conductivity in visible light has revolutionized 
the photocopying industry. When molten glass, cadmium sulfide, and gray Se are mixed and 
heated in the absence of air, ruby-red glass forms, which you see whenever you stop at a traffic 
light. 

4.4 How Do the Oxygen and Nitrogen Families Compare Chemically? 

Changes in chemical behavior in this group are also similar to those in the previous group. Even 
though O and S occur as anions much more often than do N and P, like N and P, they bond 
covalently with almost every other nonmetal. Covalent bonds appear in the compounds of Se and 
Te (as in those of As and Sb), whereas Po behaves like a metal (as does Bi) in some of its saltlike 
compounds. In contrast to nitrogen, oxygen has few common oxidation states, but the earlier 
pattern returns with the other members: the +6, +4, and -2 states occur most often, with the lower 
positive (+4) state becoming more common in Te and Po [as the lower positive (+3) state does in 
Sb and Bi]. 

The range in atomic properties is wider in this group than in Group 5A(15) because of oxygen's 
high EN (3.5) and great oxidizing strength, second only to that of fluorine. As in 5A and earlier 
groups, the behavior of the Period 2 element stands out. In fact, aside from a similar outer 
electron configuration, the larger members of Group 6A behave very little like oxygen: they are 
much less electronegative, form anions much less often (S2- occurs with active metals), and their 
hydrides exhibit no H bonding. 

Except for O, all the 6A elements form foul-smelling, poisonous, gaseous hydrides (H2E) by 
treatment with acid of the metal sulfide, selenide, and so forth. For example: 

FeSe(s) + 2HCl(aq)  H2Se(g) + FeCl2(aq) 

Hydrogen sulphide also forms naturally in swamps from the breakdown of organic matter. It is as 
toxic as HCN, and even worse, it anesthetizes your olfactory nerves, so that as its concentration 
increases, you smell it less. The other hydrides are about 100 times more toxic. 

In their bonding and thermal stability, these Group 6A hydrides have several features in common 
with those of Group 5A: 

�  Only water can form H bonds, so it melts and boils much higher than the other H2E 
compounds. (Oxygen's other hydride, H2O2, is also exensively H bonded.). 

�  Bond angles drop from the nearly tetrahedral value for H2O (104.5°) to around 90° for 
the larger hydrides, suggesting that the central atom uses unhybridised p orbitals. 

�  E-H bond length increases (bond energy decreases) down the group. Thus, H2Te 
decomposes above 0°C, and H2Po can be made only in extreme cold because thermal 
energy from the radioactive Po decomposes it. Another result of longer (weaker) bonds is 
that the 6A hydrides are acids in water, and their acidity increases from H2S to H2Po. 

Except for O, the Group 6A elements form a wide range of halides, whose structure and 
reactivity patterns depend on the sizes of the central atom and the surrounding halogens: 

Sulphur forms many fluorides, a few chlorides, one bromide, but no stable iodides 
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As the central atom becomes larger, the halides become more stable. Thus, tetrachlorides and 
tetrabromides of Se, Te, and Po are known, as are tetraiodide of Te and Po. Hexafluorides are 
known only for S, Se, and Te. 

4.5 Looking Backward and Forward: Groups 5A(15), 6A(16), 7A(17) 

Groups 5A(15) and 6A(16) are very similar in their physical and chemical trends and in the 
versatility of phosphorus and sulfur. Their greatest difference is the sluggish behavior of N2 
compared with the striking reactivity of O2. In both groups, metallic character appears only in the 
largest members. From here on, metals and even metalloids are left behind: all Group 7A(17) 
elements are reactive nonmetals. Anion formation, which was rare in 5A and more common in 
6A, is one of the dominant features of 7A. Another feature of the 7A elements is the number of 
covalent compounds they form with oxygen and with each other. 

Self Assessment Exercise 2 (SAE 2) 

1. Is each oxide basic, acidic, or amphoteric in water? 
(a) SeO2 (b) N2O3 (c) K2O (d) BeO (e) BaO? 

2. Rank the following hydrides in order of increasing acid strength: H2S, H2O, H2Te. 

5.0 Conclusion 

Groups 5A(15) and 6A(16) are very similar in their physical and chemical trends and in the 
versatility of phosphorus and sulfur. Their greatest difference is the sluggish behavior of N2 
compared with the striking reactivity of O2. In both groups, metallic character appears only in the 
largest members. From here on, metals and even metalloids are left behind: Anion formation was 
rare in 5A and more common in 6A. Allotropism is more common in Group 6A(16) than in 
Group 5A(15). 

6.0    Summary 

         In this unit we have learnt: 

�  The Group 5A(15): The Nitrogen Family 
�  What accounts for the Wide Range of Physical Behavior in group 5A(15) 
�  The important Reactions of group 5A(15) elements 
�  The important Compounds of group 5A(15) elements 
�  What Patterns Appear in the Chemical Behavior of Group 5A(15) 
�  The Group 6A(16): The Oxygen Family 
�  How the Oxygen and Nitrogen Families Compare physically 
�  The important Reactions of group 6A(16) elements 
�  The important Compounds of group 6A(16) elements. 
�  How the Oxygen and Nitrogen Families Compare Chemically 
�  How Groups 5A(15), 6A(16) and 7A(17) compare 

7.0 Tutor Marked Assignment 
1. Give the name and symbol or formula of a group 6A(16) element or compound that 

fits each of the following descriptions or uses: 
(a) Unreactive gas used as an electrical insulator 
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(b) Unstable allotrope of oxygen 
(c) Oxide having sulphur in the same oxidation state as in sulphuric acid. 
(d) Air pollutant produced by burning sulphur-containing coal 
(e) Powerful dehydrating agent 
(f) Compound used in solution in the photographic process 
(g) Trace gas that tarnishes silver 
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 Answers to Self Assessment Exercises 

      SAE1 

1. Yes; it could form H bonds similar to NH3 
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H
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2. H3AsO4  H3PO4  HNO3 

      SAE2 

1. (a) Acidic 
(b) Acidic 
(c) Basic 
(d) Amphoteric 
(e) Basic 

2. H2O H2S  H2Te 

    Answers to Tutor Marked Assignment 

1. (a) Sulphur hexafluoride (SF6) 
(b) Ozone (O3) 
(c) Sulphur trioxide (SO3) 
(d) Sulphur dioxide (SO2) 
(e) Sulphur trioxide (SO3) 
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(f) Sodium thiosulphate pentahydrate (Na2S2O3.5H2O) 
(g) Hydrogen sulphide (H2S) 
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1.0 Introduction 

Our last chance to view elements of great reactivity occurs in Group 7A(17). The halogens begin 
with fluorine (F), the strongest electron "grabber" of all. Chlorine (Cl), bromine (Br), and iodine 
(I) also form compounds with most elements, and even extremely rare astatine (At) is thought to 
be reactive. The key features of the halogens are presented in this unit. The last main group 
consists of individual atoms too "noble" to interact with others. The Group 8A(18) elements 
display regular trends in physical properties and very low, if any, reactivity. The group consists 
of helium (He), the second most abundant element in the universe, neon (Ne) and argon (Ar), 
krypton (Kr) and xenon (Xe), the only members for which compounds have been well studied 
and finally radioactive radon (Rn). The noble gases make up about 1% by volume of the 
atmosphere, primarily due to the high abundance of Ar. Their properties also appear in this unit. 
The transition elements occupy the central part of the periodic table, bridging the gap between 
the active s-block metals of groups 1A and 2A on the left and the p-block metals, semi-metals, 
and nonmetals of groups 3A-8A on the right. Because the d subshells are being filled in this 
region of the periodic table, the transition elements are also called the d-block elements. The 
transition elements are designated 1B-8B because their valence electrons configurations are 
similar to those of analogous elements in the main groups 1A-8A.    

2.0 Objectives 

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

�  Describe the general properties, reactions and important compounds of the group 7A(17) 
elements 

�  Describe the general properties, reactions and important compounds of the group 8A(18) 
elements 
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�  Describe the general properties of the Transition elements 

3.0 Group 7A(17): The Halogens 

3.1 What Accounts for the Regular Changes in the Halogens' Physical Properties? 

Like the alkali metals at the other end of the periodic table, the halogens display regular trends in 
their physical properties. However, whereas melting and boiling points and heats of fusion and 
vaporization decrease down Group IA(1), these properties increase down Group 7A(l7). The 
reason for these opposite trends is the different type of bonding in the elements. The alkali 
metals consist of atoms held together by metallic bonding, which decreases in strength as the 
atoms become larger. The halogens, on the other hand, exist as diatomic molecules that interact 
through dispersion forces, which increase instrength as the atoms become larger and more easily 
polarized. Thus, F2 is a very pale yellow gas, Cl2 a yellow-green gas, Br2 a brown-orange liquid, 
and I2 a purple-black solid. 

3.2 Why Are the Halogens So Reactive? 

The Group 7A(l7) elements react with most metals and nonmetals to form many ionic and 
covalent compounds: metal and nonmetal halides, halogen oxides and oxoacids. The reason for 
halogen reactivity is the same as that for alkali metal reactivity: an electron configuration one 
electron away from that of a noble gas. Whereas a IA metal atom must lose one electron to attain 
a filled outer, a 7A nonmetal atom must gain one electron to Jill its outer shell. It accomplishes 
this filling in either of two ways: 

1. Gaining an electron from a metal atom, thus forming a negative ion as the metal forms a 
positive one 

2. Sharing an electron pair with a nonmetal atom, thus forming a covalent bond. 

Down the group, reactivity reflects the decrease in electronegativity: F2 is the most reactive and 
I2 the least. The exceptional reactivity of elemental F2 is also related to the weakness of the F—F 
bond. Because F is small, the bond is short; however, the lone pairs on each F atom repel those 
on the other, which weakens the bond. As a result of these factors, F2 reacts with every element 
(except He, Ne, and Ar), in many cases, explosively. 

The halogens display the largest range in electronegativity of any group, but all are 
electronegative enough to behave as nonmetals. They act as oxidizing agents in the majority of 
their reactions, and halogens higher in the group can oxidize halide ions lower down: 

ions lower down: 

         F2(g) + 2X-(aq)  2F-(aq) + X2(aq)      (X = Cl, Br, I)  

Thus, the oxidizing ability of X2 decreases down the group: the lower the EN, the less stronger it 
pulls electrons. Similarly, the reducing ability of X- increases down the  group: the larger the ion, 
the more easily it gives up its electron. 

The halogens undergo some important aqueous redox chemistry. Fluorine is 
such a powerful oxidizing agent that it tears water apart, oxidizing the O to prouce 
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O2, some O3, and HFO (hypofluorous acid). The other halogens undergo disproportionations 
 

            X2 + H2O(l)   ���HX(aq) + HXO(aq)          (X = Cl, Br, I) 

At equilibrium very little product is present unless excess OH- ion is added, which reacts with 
the HX and HXO and drives the reaction to completion: 

             X2 + 2OH-(aq) X- (aq) + XO-(aq) + H2O(l)  

 When X is Cl, the product mixture acts as bleach:  

household bleach is a dilute solution of sodium hypochlorite (NaCIO). Heating causes XO- to 
disproportionate further, creating oxoanions with X in a higher oxidation state: 

              3XO-(aq)    2X-(aq) + XO3 (aq) 

 

 

 

3.3 Important Reactions of group 7A(17) 

Oxidizing strength and aqueous redox chemistry of the halogens are shown in reactions 1 and 2, 
and industrial processes involving fluorine in reactions 3 and 4. 

1. The halogens (X2) oxidize many metals and nonmetals. The reaction with hydrogen, 
although not used commercially for HX production (except for high-purity HC1), is 
characteristic of these strong oxidizing agents: 

                        X2 + H2 (g) 2HX(g)  

2. The halogen disproportionate in water:  
             X2 + H2O(l)  ��HX(aq) + HXO(aq   (X = Cl, Br, I) 

             In aqueous base, the reaction goes to completion to form hypohalites and, at higher    
temperatures, halates; 

                           e.g  

       3.  F2 is produced electrolytically at moderate temperature of 90°C: 

                            2HF (as a solution of KF in HF)  

            A major use of F2 is in the preparation of UF6 for nuclear fuel.  

        4. Glass (amorphous silica) is etched with HF: 
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                           SiO2(s) + 6HF(g) H2SiF6(aq) + 2H2O(l) 

3.4 Important Compounds of group 7A(17) elements 

1. Fluorspar (fluorite), CaF2: Widely distributed mineral used as a flux in steelmaking and 
in the production of HF. 

2. Hydrogen fluoride, HF: Colourless, extremely toxic gas used to make F2, organic fluorine 
compounds, and polymers. Also  used in aluminum manufacture and in glass etching. 

3. Hydrogen chloride, HC1: Extremely water-soluble gas that forms hydrochloric acid, 
which occurs naturally in the stomach fluids of mammals (humans produce 1.5 L of 0.1M 
HC1 daily) and in volcanic gases (from reaction of H2O and sea salt). 

            Made by reaction of NaCl and H2SO4 and as a by-product  (PVC) production. Used in the     
"pickling" of steel (removal of adhering oxides) and in the production of syrups, rayon, 
and   plastic. 

4. Sodium hypochlorite, NaCIO, and calcium hypochlorite, Ca(ClO)2: 

Oxidizing agents used to bleach wood pulp and textiles and to disinfect swimming pools, 
foods, and sewage (also used to disinfect the Apollo 11 on return from the moon). 
Household bleach is 5.25% NaCIO by mass in water. 

5. Ammonium perchlorate, NH4CIO4: Strong oxidizing agent used in the space shuttle 
program. 

6. Potassium iodide, KI. Most common soluble iodide. Added to table salt to prevent 
thyroid disease (goiter). Used in chemical analysis because it is easily oxidized to I2, 
which provides a colored end point? 

7. Polychlorinated biphenyls, PCBs. Mixture of chlorinated organic compounds used as 
nonflammable insulating liquids in electrical transformers. Production discontinued 
because of persistence in the environment, where they become concentrated in fish, birds, 
and mammals, and cause reproductive disturbances and possibly cancer. 

3.5 Interhalogen Compounds: The "Halogen Halides"  

Halogens react exothermically with one another to form many interhalogen compounds. The 
simplest are diatomic molecules, such as CIF or BrCl. Every binary combination of the four 
common halogens is known. The more electronegative halogen is in the -1 oxidation state, and 
the less electronegative is in the +1 state. Interhalogens of general formula XYn (n = 3, 5, 7) 
form when the larger members (X) use d orbitals to expand their valence shells. In every case, 
the central atom has the lowest electronegativity and a positive oxidation state. 

The commercially useful interhalogens are powerful fluorinating agents, some of which react 
with metals, nonmetals, and oxides—even wood and asbestors.  

                                Sn(.s) + C1F3(l)  SnF2(.s) + ClF(g)  

                              P4(s) + 5C1F3(l)  4PF3(g) + 3ClF(g) + Cl2(g)  

                           2B203(s) + 4BrF3(l)   4BF3(g) + 2Br2(l) + 3O2(g)  
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Their reactions with water are nearly explosive and yield HF and the oxoacid in which the central 
halogen has the same oxidation state. E.g 

                                  3H20(l) + BrF5(l)   5HF(g) + HBrO3(aq) 

Self Assessment Exercise 1 (SAE 1) 

1. Rank the following acids in order of increasing acid strength: HClO, HClO2, HBrO, HIO  
2. (i) What are the common oxidation states of the halogens? 

(ii) why is fluorine an exception to the pattern of oxidation states found for the other group 
members?  

4.0 Group 8A(18) or Group 0: The noble gases 

4.1 How Can Noble Gases Form Compounds? 

Lying at the far right side of the periodic table, the Group 8A(18) elements consists of individual 
atoms with filled outer levels and the smallest radii in their periods: even Li, the smallest alkali 
metal (152 pm), is bigger than Rn, the largest noble gas (140 pm). These elements come as close 
to behaving as ideal gases as any other substances. Only at very low temperatures do they 
condense and solidify. In fact, He is the only substance that does not solidify by a reduction in 
temperature alone; it requires an increase in pressure as well. Helium has the lowest melting 
point known (-272.2°C at 25 atm), only one degree above 0 K (-273.15°C), and it boils only 
about three degrees higher. Weak dispersion forces hold these elements in condensed states, with 
melting and boiling points that increase, as expected, with molar mass. 

Ever since their discovery in the late 19th century, these elements had been considered and even 
formerly named, the "inert" gases. Atomic theory and, more important, all experiments had 
supported this idea. Then, in 1962, all this changed when the first noble gas compound was 
prepared. How, with filled outer levels and extremely high ionization energies, can noble gases 
react?  

The discovery of noble gas reactivity is a classic example of clear thinking in the face of an 
unexpected event. At the time, a young inorganic chemist named Neil Bartlett was studying 
platinum fluorides, known to be strong oxidizing. When he accidentally exposed PtF6 to air, its 
deep-red colour lightened slightly, and analysis showed that the PtF6 had oxidized O2 to form the 
ionic compound [O2]

+[PtF6]
-. Knowing that the ionization energy of the oxygen molecule 

(O2   O2
+ +  e-;  IE  =   1175 kJ/mol) is very close to IE1 of xenon (1170)kJ/mol), Bartlett 

reasoned that PtF6 might be able to oxidize xenon. Shortly thereafter, he prepared XePtF6, an 
orange-yellow solid. Within a few months, the white crystalline XeF2 and XeF4 were also 
prepared. In addition to the +2 and +4 oxidation states. Xe occurs in the +6 state in several 
cornpounds such as XeF6, and in the +8 state in the unstable oxide, XeO4. A few compounds of 
Kr have also been made. The xenon fluorides react rapidly in water to form HF and various other 
products, including different xenon compounds. 

4.2 Backward and Forward: Groups 7A(17), 8A(18), and 1A(1) 




��
�

With the disappearance of metallic behavior, the Group 7A(17) elements form a host of anions, 
covalent oxides, and oxoanions, which change oxidation states readily in a rich aqueous 
chemistry. The vigorous reactivity of the halogens is in stark contrast to the inertness of their 8 A 
neighbors. Filled outer levels render the noble gas atoms largely inert, despite a limited ability to 
react with the most electronegative elements, fluorine and oxygen. The least reactive family in 
the periodic table stands between the two most reactive: the halogens, which need one more 
electron to fill their outer level, and the alkali metals, which need one fewer. As you know, 
atomic, physical, and chemical properties change dramatically from Group 8A(18) to Group 
1A(1). 

4.3 Transition Elements: The First Transition Series 

A transition element is here defined as an element in the periodic table which has partially filled 
d-orbitals in the neutral atom or in any of its usual positive oxidation states. On the basis of this 
definition the first transition series extends from Scandium to Copper. This definition excludes 
zinc because in both the neutral and the usual oxidation states, its d-orbitals are completely filled. 
Traditionally, zinc has been treated as a transition element because of its ability to form complex 
ions. 

4.4 Physical Properties of the transition elements  

The transition elements, including those of the first transition series are metals. This fact is 
clearly illustrated by their physical properties. They are all hard, malleable, ductile substances 
with high melting and boiling points. These properties suggest strong interatomic forces in the 
metal lattice, as compared with the main group elements. These strong forces arise because the 
number of valency electrons available for metallic bonding of one atom to its neighbours is much 
larger. For example, Cr has five valency electrons available for bonding as compared with only 
one in sodium. They conduct electricity well, because they have more orbitals than valency 
electrons. 

Table 1    Some Properties of the Metals of the First Transition Series 

Element property 

Electronic  

 

 

 Sc              Ti        

 

   V 

 

  Cr 

 

  Mn 

 

  Fe 

 

  Co 

 

  Ni 

 

  Cu 
configuration 

 

Ar/3d'42 

 

3d24s2 

 

3d34s2 

 

3d54s' 

 

3d54s2 

 

3d64s2 

 

3d74s2 

 

3d84s2 

 

3d'°4s 

 Melting point (K) 1673 1993 1983 2173 1523 1703 1763 1713 1356 

Boiling point (K) 4000 3400 3800 2700 2300 3100 3000 2723 2623 

Oxidation          

Numbers 3 (2, 3,4) (2, 3,4) (2, 3) (2, 3) (2, 3) (2, 3) (2, 3) (1, 2) 

   (5) (6,7) (4,6, 7)     
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4.5 General Characteristic properties of transition elements 

Generally reactivity diminishes down the Group, and transition elements as a class are much less 
reactive than the metals of Groups IA and II A. 

i. Variable valency: The relationship between electronic structure and position in the Periodic 
Table is brought out by considering the maximum Group valency, which is equal to the Group 
number. The greater number of valency states shown by elements near the centre of the series is 
dependent on the maximum valency state, since there is a strong tendency to show all states from 
two up to the maximum. However, the non-typical transition elements of Group III A and Group 
IIB show a constant valency of 3 and 2 respectively. Several Main Group elements have more 
than one principal valency but these differ from each other by 2, e.g. Sn and Pb, 2 and 4; P, As, 
Sb and Bi, 3 and 5. 

The trends in the variability and numerical magnitude of valency states across the Period closely 
follows the increasing number of (3d and 4s) electrons which total 3 for Group IIIA and 8 for 
iron (and osmium) in Group VIII. After iron the number and magnitude of the valency states 
diminish as the d sub-shell fills up and fewer unpaired electrons become available for bond 
formation. 

With the exception of scandium all the elements show a valency of 2. This can be correlated with 
the loss of the two outer s electrons from the neutral atom. By losing all three valence electrons 
an atom of scandium gains the very stable electron configuration of argon and this account for its 
readiness to form the Sc3+ ion. Similarly, loss of the 4s electrons from a zinc atom exposes the 
fairly stable 18-electron structure and this limits further ionisation. As the neutral copper atom 
has only one 4s electron to lose before exposing this same 18-electron structure the possibility of 
forming copper (I) compounds can be appreciated. Generally it is because of the similarity in the 
energies of the 3d and 4s orbitals in the neutral atoms of the transition elements that they are able 
to form such a wide variety of stable valency states. However, as the exact conditions deter-
mining the relative stabilities of these various valencies are both numerous and complex the 
matter will not be pursued further at this stage.    

ii. Paramagnetism: Most substances are weakly repelled from a strong magnetic field whilst 
others are weakly attracted to it; these substances are termed diamagnetic and paramagnetic 
respectively. In some cases the force of attraction is so large they constitute a special class of 
substances called ferromagnetics, e.g. iron, cobalt and nickel. Paramagnetic measurements on 
ions are made either on substances in bulk (i.e. salts) or on their aqueous solutions. All but a few 
typical transition metal ions are paramagnetic. Non-typical transition metals do not form 
paramagnetic ions. 

Density (g cm-3) 2.99 4.54 5.96 7.19 7.20 7.86 8.90 8.90 8.92 

Atomic Radius  
(nm) 

0.144 

 

0.132 

 

0.122 

 

0.118 

 

0.117 

 

0.117- 

 

0.116 

 

0.115 

 

0.117 
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The magnitude of the paramagnetic effect varies according to the ion,The attraction of a 
magnetic field is strongest for the Fe3+ and Mn2+ ions and then diminishes to Sc3+ and Zn2+ at the 
beginning and end of the series respectively, both of these ions being diamagnetic. 

 

The magnetic properties of materials in bulk are the result of the number and arrangement of 
their constituent electrons, neutrons and protons. As the magnetic effects produced by electrons 
are some thousandfold stronger than those produced by the nucleus they are of primary 
importance. It seems certain that paramagnetic behaviour is caused by unpaired electrons in the 
atom, molecule, or ion, and that the intensity of the effect is related to the number of these 
unpaired electrons. 

Theoretical calculations based on the number of unpaired electrons in an ion give values for the 
paramagnetic moments in fairly good agreement with those observed experimentally. As the 
electron structures above assume the correctness of Hund's rule of maximum multiplicity (i.e. 
orbitals are occupied singly before pairing occurs, this result is evidence for the validity of the 
rule. 

iii. Metallic properties . Transition metals show the physical properties common to all metals. 
Typical transition metals generally show good mechanical properties, i.e. they are tough, 
malleable and ductile. Together with the high melting points and boiling points the toughness of 
these metals indicates strong metallic binding. Much stronger in fact than can be accounted for in 
terms of the s electrons in the outermost shell. Undoubtedly electrons in the underlying d sub-
shell also participate in the binding. It is suggested that the unpaired d electrons contribute to the 
binding possibly by forming covalent bonds with unpaired electrons in neighbouring atoms. In 
moving across the transition series from left to right the number of unpaired electrons rises to a 
maximum of five in the chromium Group VIA after which pairing commences and their number 
decreases to zero at zinc. This has the effect of strengthening the metallic lattice up to the 
chromium Group whereafter it would progressively weaken. The variation in the observed 
melting points and boiling points is in fairly good agreement with the pattern of behaviour one 
would expect on this basis. Changes in metallic structure amongst the metals cause some to have 
values which appear anomalous, e.g. manganese. Metals in Group VIII and Group IB tend to be 
softer and more ductile than those at the beginning of the transition series. Possibly this reflects 
the weaker metallic binding in these Groups coupled with the fact that most of them crystallise 
with face-centred cubic structures and therefore have more glide-planes than the remaining 
metals which generally crystallise with body-centred cubic and hexagonal close-packed 
structures. It is because of their close-packed structures and the compactness of their atoms that 
these transition elements have such high densities.  

iv. Coloured ions. One of the most characteristic properties of typical transition metals is the 
fact that they all give coloured ions in aqueous solution and most of their compounds are 
coloured. The colours shown in aqueous solution by some hydrated ions from the first transition 
series are given below. Besides the colourless ions formed by the non-typical transition elements 
some are also formed by certain typical transition elements (i.e. those towards the ends of the 
series), e.g. Cu+, Ag+ and Ti4+. All these ions have a completely filled or completely empty sub-
shell of d electrons whereas the coloured ions all have an incomplete d sub-shell. Those transtion 
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metal ions which exhibit colour absorb certain amount of the radiations from the white light 
falling upon them and as a consequence the transmitted light is coloured. 

 

Ion 

 

Colour 

 

No. of unpaired 
electrons 

Sc3+ Colourless 0 
Ti3+ Purple 1 
V3+ Green 2 
Cr3+ Violet 3 
Mn3+ Violet 4 
Fe3+ Yellow 5 
Mn2+ Pink 5 
Fe2+ Green 4 
Co2+ Pink 3 
Ni2+ Green 2 
Cu2+ Blue 1 
Zn2+ Colourless 0 

 

It is argued that these ions are capable of absorbing radiations from the visible spectrum, since 
the differences in energy between the d orbitals within a particular ion are of the same order of 
magnitude as the energies of the radiations constituting white light. If a light photon of a 
particular wavelength has the same energy as that existing between two d orbitals an electron in 
the orbital of lower energy can absorb the photon and in so doing will move into the orbital of 
higher energy—provided this orbital has a vacancy. Consequently the ion filters out this 
particular wavelength and so appears coloured. As the energy levels of the d orbitals vary from 
ion to ion they absorb different wavelengths and therefore often have different colours. 

The differences in energy between the orbitals in the ions of the Main Group elements are too 
large for an electron to be raised to a higher level by absorbing a photon from the visible 
spectrum. However, more highly energetic radiations in the ultra violet are absorbed. 

Until now the discussion has been about ions in aqueous solution but it must be stressed that the 
environment of the ion is critical in determining its colour. Thus in aqueous solution the ions are 
always hydrated and the surrounding water molecules have a profound effect on the energies of 
the d orbitals. For example the [Cu(H2O)J2+ ion is blue as in copper (II) sulphate solution but the 
simple Cu2+ ion is white as in anhydrous copper sulphate. Furthermore, the tetrammine copper 
(II) ion [Cu(NH3)4]

2+ formed in ammonia solution is deep blue. 

v. Complex ions. Although complex ion formation is not an exclusive property of transition 
metals it does reach a maximum among these elements. Not only does the small size and 
comparatively high charge of transition metal ions favour the acceptance of a lone pair of 
electrons from the ligand molecule or ion, but the special electronic configuration of these ions 
furnishes the necessary orbitals of appropriate energy to accommodate them. Even though there 
is a wide variation in complexing ability amongst the various transition metal ions certain 
general trends may be distinguished. When a transition metal is able to form more than one ion 
the one with the highest charge forms complexes of greater stability: presumably a reflection of 
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its greater attraction for electrons. For example the Co2+ ion does not form a stable complex with 
ammonia whereas the Co3+ ion does, i.e. [Co(NH3)6]

3+. It is generally the case that the most 
stable complexes are formed when the donor atom of the ligand is nitrogen or oxygen as in 
hydrates or ammines, for example. Furthermore, it has been found that the bivalent ion of the 
elements in the latter half of the first transition series form complexes with a particular ligand 
which progressively increase in stability from Mn2+ to Cu2+ and then become less stable in 
passing to Zn2+. 

vi. Catalytic ability . Most of the common catalysts are to be found amongst the transition 
elements, e.g. platinum, nickel, iron, chromium, manganese, etc. Catalysis is believed to operate 
through a mechanism involving reactions on the surface of the catalyst. The large number of 
valence electrons and available d orbitals in atoms of the transition elements possibly facilitate 
electron redistributions amongst reacting particles in close proximity on the surface of the 
catalyst and this would accelerate the reaction. 

vii. Interstitial compounds. Small atoms, in particular hydrogen, boron, carbon and nitrogen, 
are able to fit into the interstices in the transition metal lattice, forming materials which are 
chemically similar to the metals themselves but frequently differ greatly in physical properties 
especially hardness. The composition of these 'metals' is variable and cannot be expressed by a 
simple chemical formula, i.e. they are non-stoichiometric. Related to the interstitial compounds 
are the alloys. Interstitial alloys and substitutional alloys are of major importance in metallurgy 
and formed with great facility by the transition metals. In the former, small non-metal atoms (e.g. 
H, B, C, N) enter some of the interstices in the transition metal lattice and impart to the alloy 
useful features which neither of the individual elements exhibits, e.g. enhanced hardness. Owing 
to the similarity in their size some transitional metal atoms are able to replace one another in the 
metallic lattice and form substitutional alloys amongst themselves. Alloy steels are an important 
example of this type of material, in which iron atoms are substituted by chromium, manganese or 
nickel atoms, etc., to give the steel more useful and widely applicable properties. Other examples 
include the brasses and coinage alloys, cupro-nickel, cupro-gold and platinum-iridium. 

4.6 Relationships between Transition Groups and Main Groups 

Resemblances between the elements of a particular transition Group and their counterparts in the 
corresponding Main Group are closest for the two 'bridging' Groups, i.e. Ill A and II B. These 
two Groups start and finish the transition series respectively. They comprise the non-typical 
transition elements whose properties are often more typical of Main Group elements. Moving 
from the ends of the transition series towards Group VIII similarities between Main Group and 
transition Group diminish and almost vanish at Group VIII whose counterpart is found in the 
noble gases. Within any particular Main Group in general it is the element in Period 3 which 
shows the closest similarity to the elements in the corresponding transition Group. 

Self Assessment Exercise 2 (SAE 2) 

1. Why do the noble gases have such low boiling points?  
2. Which noble gas is the most abundant in the universe? In the atmosphere? 
3. Explain why the compounds of zinc and scandium are colourless. 

5.0 Conclusion 
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The Group 7A(17) elements form a host of anions, covalent oxides, and oxoanions, which 
change oxidation states readily in a rich aqueous chemistry. The vigorous reactivity of the 
halogens is in stark contrast to the inertness of their 8 A neighbors. Filled outer levels render the 
noble gas atoms largely inert, despite a limited ability to react with the most electronegative 
elements, fluorine and oxygen. The least reactive family in the periodic table stands between the 
two most reactive: the halogens, which need one more electron to fill their outer level, and the 
alkali metals, which need one fewer. As you know, atomic, physical, and chemical properties 
change dramatically from Group 8A(18) to Group 1A(1). Halogens react exothermically with 
one another to form many interhalogen compounds. The simplest are diatomic molecules. 
Resemblances between the elements of a particular transition Group and their counterparts in the 
corresponding Main Group are closest for the two 'bridging' Groups, i.e. Ill A and II B. Within 
any particular Main Group in general it is the element in Period 3 which shows the closest 
similarity to the elements in the corresponding transition Group. Generally reactivity of 
transition metals diminishes down the Group, and transition elements as a class are much less 
reactive than the metals of Groups IA and II A. 

6.0    Summary 

         In this unit we have learnt: 

�  The Group 7A(17): The Halogens. 
�  What Accounts for the Regular Changes in the Halogens' Physical Properties. 
�  Why the Halogens are so Reactive 
�  The important Reactions of group 7A(17) 
�  The important Compounds of group 7A(17) elements 
�  The interhalogen Compounds: The "Halogen Halides"  
�  The Group 8A(18) or Group 0: The noble gases 
�  How Noble Gases can Form Compounds 
�  How Groups 7A(17), 8A(18), and 1A(1) compare 
�  Transition Elements: The First Transition Series 
�  The Physical Properties of transition elements  
�  General Characteristic properties of transition elements 
�  The Relationships between Transition Groups and Main Groups 

 

7.0 Tutor Marked Assignment 

1. An industrial chemist treats solid NaCl with concentrated H2SO4 and obtains gaseous 
HCl and NaHSO4. When she substitutes solid NaI for NaCl, gaseous H2S, solid I2, and S8 
are obtained but no HI. 
(a) what type of reaction did the H2SO4 undergo with NaI 
(b) why does NaI, but not NaCl cause this type of reaction 
(c) To produce HI (g) by the reaction of NaI with an acid, how does the acid have to 

differ from sulphuric acid. 

8.0 References/Further Readings 

     McMurray Fay (2004) Chemistry 4th ed. Prentice Hill New Jersey. 
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     Philip Mattews (2006) Advanced Chemistry: Physical and Industrial Cambridge  University 
Press South Asia.  

     Silberberg M.S (2003) Chemistry: The Molecular Nature of Matter and Change 3rd Ed  Mc  
Graw Hill, New York. 

 Answers to Self Assessment Exercises 

      SAE1 

1. HIO HBrO  HClO  HClO2 
2. (i) -1, +1, +3,+5, +7 

(ii) F is an exception because of its small size and high electronegativity. 

      SAE2 

1. Because they are held together only by dispersion forces. 
2. Helium; argon. 

    Answers to Tutor Marked Assignment 

1. (a) Oxidation-reduction 
(b) Because I- is more easily oxidized than Cl- due to its large size. 
(c) It would have to be a non oxidizing acid.  
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1.0 Introduction 

The picture of the atom that has so far been evolved fails to explain fully several very important 
observations about the behaviour of matter. We have said that an atom consists of a nucleus made up of 
positively charged protons and uncharged neutrons, surrounded by negative electrons. Because of 
the opposite charges, the electrons are attracted to the nucleus by the protons. If the electrons were 
stationary, they would eventually be pulled into the nucleus. The electrons must therefore be in some 
form of perpetual motion, to counteract the pull of the nucleus. Since the outermost electron in an atom 
determines its radius, the electrons must be moving in a circular orbit. Classical physics shows that an 
object moving in a circular path is continuously under a force which tends to move it further away 
from the centre of the circular path. Since atoms are stable, it must mean that the rate of circular 
movement is such that the outward force experienced just balances the attractive force by the protons 
towards the nucleus. This inconsistency has however been resolved by the study of the properties of light 
emitted from substances when they are heated.�

2.0 Objectives 

By the end of this unit, you should be able to explain the Bohr’s model of the atom with 
considerations for the: 

�  Electronic energy levels in an atom 
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�  Angular momentum and quantum mechanics 
�  Shortcomings of the Bohr’s model of the atom 
�  Wave-particle duality 
�  Heisenberg's uncertainty principle 
�  'new' picture of the atom 
�  Electron cloud 
�  Energy sublevels 
�  s, p, d, and f states of atomic orbitals 
�  multi-electron atom and the Pauli Exclusion Principle  

3.0 Electronic energy levels 

When white light from say an electric bulb or heated filament is passed into a prism, it is separated into 
its constituent colours, with a gradual bending and blending of the colours from one to the next. These 
colours correspond to light of different energies. The higher the energy, the greater the bending of the 
light. Hence violet is bent most and red least. 

When the same experiment is performed using a flame from a discharge tube containing a gas such as 
hydrogen as the light source, and to which a vaporised salt is added, the spectrum obtained is not 
continuous. 

Each of the lines corresponds to light of a different and definite energy. The existence of the line 
spectrum therefore suggests that atoms can radiate only certain discrete quantities of energy. 

Repeating the experiment with compounds of different elements as the light source, it is observed that 
each element has its own characteristic line spectrum, and also, there is a regular pattern in the lines of a 
given element. Any model of an atom devised should be able to explain the existence of these line 
spectra, which arise through the emission or absorption of light by the atoms of a given element. 

Neils Bohr proposed a theory about the structure of the atom, which not only explained the existence of 
spectra, but also explained why atoms do not collapse. He proposed that: 

(1) The electron in an atom has only certain definite stationary states of motion allowed to it. Each of 
these states has a definite fixed energy, ie. the energy is quantized. 

(2) The electron can continue to move in this given state of motion (or orbit or level or shell) about the 
nucleus without radiating energy. There is a large number of these orbits for a given atom, but the 
electron normally stays in the lowest possible orbit. It is then said to be in the ground state. 

(3) When energy is supplied to the atom, in the form of electrical potential or heat, the electron may be 
raised to a higher level or orbit. It becomes excited and unstable, and tends to drop back to the ground 
state, giving off the energy that was used to raise the electron to the excited level, as electromagnetic 
radiation. When the atom changes from a high energy state to a low energy state, it emits energy of a 
definite amount, equal to hmmmm, (where mmmm is the frequency and h is Planck's constant). 

The transition from one discrete level or orbit to another is not gradual but occurs all at once. If, in an 
atom, an electron is in an energy state where it cannot go to any other state lower than its original energy 
state, it will not emit energy. Hence the atom cannot collapse through continuous loss of energy. 
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The amount of energy hmmmm emitted, is defined and is exactly equal to the difference between the energy 
levels of the two states, that is the excited and ground states. The electron is allowed to move only in 
electronic energy state in which the angular momentum of the electron is an integral multiple of h/2. 

Bohr's assumptions established the foundations of quantum mechanics, which deals with the laws of 
motion of small particles such as electrons which do not follow ordinary Newtonian laws of motion. 

4.0 Angular momentum and quantum mechanics 

According to classical physics, if an electron is revolving around a nucleus, its angular 
momentum must be mvr, where m is the mass of the electron, v is the velochv and r the 
distance between the electron and the nucleus. From Bohr's assumption that-angular 
momentum is h/2  
nh/2 p = mvr                                                                                     

where n— 1,2, 3, etc. 

If the electron revolves around the nucleus, then assuming that it is held by an 
attractive force due to the attraction of unlike charges, this force equals F = e+ e-/r2 

(applying Coulomb's law), where e+ is the charge on the nucleus and e- is the charge on 
an electron. For the hydrogen atom, there will be only one positive charge and one 
negative charge, each with value e. The distance between the two charges that is, between 
the nucleus and dectron, is r. 

                                                     F = e2/r2 

Since the electron does not collapse into the nucleus, it must be held in its orbit around the nucleus by an 
equal and opposite force, and this is the centrifugal force of the electron, given by: 

                                                  F=mv2/r  

Combining the equation for angular momentum and that for force, the energy of a given orbit for the 
hydrogen atom will be given by  

 

When n = 1, the electron is in the K shell; when n is 2, it is in the L shell, and when n equals 3, the 
electron is in the M shell, etc. This number denoting the energy level is known as the principal quantum 
number. When n equals 1, the electron is in its most stable state, n equals 2 denotes a less stable state, 
etc. 

5.0 Shortcomings of the Bohr model 

The Bohr model of the atom works very well for the hydrogen atom. But it has serious weaknesses. It is 
found that the spectrum of an atom with more than one electron cannot be explained using the Bohr 
model. Careful analysis of any atomic spectrum other than that of hydrogen seems to suggest that just 
one quantum number is not enough to completely describe the lines in a spectrum. The Bohr model 
could also not provide a satisfactory picture for chemical bonding. 
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6.0 Wave-particle duality 

Electromagnetic radiation had been thought of as a wave phenomenon. Einstein showed that in certain 
experiments, the 'waves' behaved as particles or photons. De Broglie established that the converse could 
also be true, that is particles could behave as waves at the atomic and subatomic levels. 

7.0 Heisenberg's uncertainty principle 

The Bohr model of the atom assumes that electrons move in fixed discrete orbits. If this is 
so, then it must be possible to determine the position of a given electron. If this position is 
determined using light of wavelength l  then the electron cannot be located more 
accurately than ±l . For a particle with constant mass m, the principle is expressed mathematically as  

 

 

  

 

           

Bohr's model also assumes that the electrons are in perpetual motion in these discrete orbits. Thus an 
electron must possess angular momentum. But one cannot determine the position and angular 
momentum of an electron at the same time, because to locate it with a photon the electron must be made 
to collide with the photon. The collision would change the momentum of the electron by an unknown 
amount. Moreover, if the momentum is measured accurately, the position would also change slightly. 
Thus, one can never, simultaneously, determine accurately the position and momentum of an electron. 
The uncertainty on the momentum, from calculations, is 10-17 g-cm/sec. Since the mass of an electron is 
9 x 10-28g, the uncertainty in the electron velocity is about 1010 cm/sec., which is almost as large as the 
velocity of light. This observation is completely incompatible with the Bohr model of the atom. A new 
model of the atom must therefore account for this. 

The modern concepts of atomic structure can best be understood by considering the hydrogen atom, 
which is the smallest atom. 

Bohr's model suggests that the electrons are in discrete energy levels, K, L, M, N, with quantum 
"numbers 1, 2, 3, 4, etc. But when the spectra of elements with more than one electron are inspected, it is 
found that in between the main spectral lines, there are also found fine lines. Thus an element E could 
have a spectrum as shown below. If the only energy levels in an atom were those represented by 
quantum numbers n = 1, 2, 3, etc., then only single lines should be observed. But fine lines are observed 
in between the main lines corresponding to n = 1, 2, 3, etc. How can this be explained? 
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We now know that particles can behave both as waves and as corpuscular entities. We 

also know that in an atom, only certain energies are allowed. If an expression could be found to describe 
and generalise these concepts to cover bound particles such as electrons in an atom, then some of the 
inconsistencies in the Bohr model could be resolved. 

Schroedinger proposed an expression, on the assumption that the allowed energies of physical systems 
can be found by solving an equation which describes these allowed energy levels. He said that for the 
motion of one particle in one direction, the equation 

 

describes the particle, m is the mass and V the potential energy of the particle.   is called the wave 
function. It was found that the equation could only be solved if E had certain values, which were 
integers. Thus, quantized energy and quantum numbers were related without application of Newtonian 
mechanics, as Bohr had done. The equation describes the probability of finding the particle or electron at 
any particular place. This is in complete agreement with the uncertainty principle. 

Using this equation, the quantum numbers describing the behaviour of any atomic system 
can be calculated instead of assuming them as Bohr did. There are four such numbers, 
which specify the allowed energies and general behaviour of the atomic electrons. Three of 
these are obtained from solving Schroedinger's equation, and the fourth, the spin quantum 
number, from experimental observation.  
The quantum numbers are: 

(a) The Principal Quantum Number (n). This is the same as Bohr's quantum number n. It has values n = 
1, 2, 3, 4, etc., up to infinity. It is the most important quantum number, and its value determines the 
energy of any one electron atom of nuclear charge Z. It determines the shell in which the electron is 
located. 

(b) Angular Momentum or Azimuthal Quantum Number (l). This quantum number determines the 
angular momentum of the electron. Since an electron moving in a circular orbit has angular momentum, 
it must also have kinetic energy due to its angular motion. The magnitude of this angular kinetic energy 
must be limited by the total energy of the electron. Since n determines the energy of the electron, the 
allowed values of l must be restricted by the values of n. Both theory and experiment show l to have 
values 0, 1, 2,... (n - 2), (n - 1). 

(c) Magnetic Quantum Number 'm'. If an electron has angular momentum, then it_can_be 
thought of as an electric current circulating in a loop, thereby creating a magnetic 

�
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field. 
The observed magnetism is determined by the values of m. Since this observed 
magnetism originates from the angular momentum, values of m are also dependent on 
values of l, Both theoretical and experimental evidence show that m has integral 
values varying from -l to +l including zero, ie. -l, -l + l , -l + 2 ... 0, 1, l-1, 
l. For any value of l, m has (2l+ 1) values 

(d) Spin Quantum Number 'ms'. Careful analysis reveals that many spectral lines which appear to be 
simple are actually two lines very close together. This phenomenon is due to the fact that an electron 
can, spin on its own axis as it revolves round the nucleus, just as the earth spins on its own axis as it 
revolves round the sun. In the case of the electron, it can spin either clockwise or anticlockwise. If it 
spins in the same direction as the direction of its angular motion, it will make a slight addition to the 
energy, and if in the opposite direction, there will be a slight decrease in the energy. This effect, although 
extremely small, accounts for the double lines observed. The quantum number associated with the spin 
is called the spin quantum number. It has only two possible values, and (denoting clockwise and 

anticlockwise spins). 

Since the value of n restricts the value of l and that of l restricts that of m, only certain combinations of 
the quantum numbers will be allowed. 

Self Assessment Exercise 1 (SAE 1) 

1. State the limitations of Bohr’s atomic model 
2. Explain the significance of the four quantum numbers 

8.0 The 'new' picture of the atom 

The Bohr model of the atom envisages it as consisting of electrons revolving around the nucleus in a 
circular orbit, some fixed distance away. According to quantum mechanical treatment, we can only 
calculate the region where the electron is probably located. The probability that the electron is in a 
particular region can be calculated. It is not at a fixed distance from the nucleus. 

The probability of finding the electron at the nucleus is negligible. The highest probability of where to 
find the electron is at a distance of about 0.053nm (nanometers) from the nucleus. There is still a fair 
chance of finding the electron at a distance quite far from the nucleus. 

9.0 Electron cloud 

For hydrogen, there is no direction in which the electron could prefer to move, so it has just as great a 
probability of moving in one given direction from the nucleus as it has in another. It therefore has a 
spherical distribution. The picture, usually called the electron cloud, shows the relative probability of the 
electron being in any particular place. The shading is lightest where the electron has the greatest 
probability of being located. 

10.0 Energy sublevels 

From the four quantum numbers and their corresponding restrictions, we can determine how many 
different energy levels can exist and how these are arranged. Let us consider the lowest energy or ground 
state of, say, the hydrogen atom. Here, n = 1, n determines the major shell or energy level.  l is restricted 



��
�
�

to values (n -1) to 0. Thus where n=1, the value of l = 1 - 1, ie. Zero. The maximum value of m is  

Therefore if l = 0, then m = 0. The spin quantum numbers ms have values . Thus, for all 

possible values of the four quantum numbers, there are two different arrangements in the K shell, the 
first shell, ie. 

n = 1, l = 0, m = 0, ms =   

and n = 1, l = 0, m = 0, ms =  

Since the quantum numbers determine the energy of the electron, this means that there are only two 
possible energy sub-levels in the first major shell. In the second shell, where n = 2, a considerably 
greater number of possibilities exist. Where n = 2, l can have two possible values, 0 and 1. Where l = 0, 
the values of m and ms are the same as for n = 1. Thus we have 

n = 2, l = 0, m = 0, ms =                  ;                 n = 2, l = 0, m = 0, ms =  

Where l = 1, m may be equal to 1, 0, or -1. For each of these ms = . This leads to the following 

arrangements 

n = 2, l = 1,  m = 1,  ms =  

n = 2 ,l=1, m = 1,  ms =  

n = 2,  l = 1,  m = 0,  ms =  

n = 2,  l = 1,  m = 0,  ms =  

n = 2,  l = 1,  m = -1,  ms =  

n = 2,  l = 1,  m = -1,  ms =  

All these differ in at least one quantum number, and therefore represent six new energy sublevels. Thus 
we have a total of eight possible energy sublevels in the second (L) shell, (n = 2) as against only two in 
the first (K) shell, (n = 1). A table for different values of n can thus be drawn up. In general, the number 
of possible combinations of quantum numbers within the same value of n is 2n2. This generalisation is 
known as the Aufbau Principle postulated by Pauli. Thus, for n=l, we have 2 (I)2 = 2 possible energy 
sublevels that electrons can occupy. n = 2 gives 2 (2)2 = 8. n = 3 gives 18 energy levels, etc.  

Each set of quantum numbers is associated with a different type of electronic motion. We have already 
said that we cannot locate the exact position of the electron, and at the same time accurately measure its 
momentum, and that the electron can be regarded as a cloud around the nucleus. Quantum mechanics 
therefore tells us the probability of finding the electron at any given place but does not tell us how it gets 
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from one place to another. Thus the electrons do not stay in orbits as the Bohr model suggests. The area 
where the electron is more likely to be at any given time is called the orbital . 

11.0 s, p, d, and f states of atomic orbitals 

There are various types of orbitals, each corresponding to one of the possible quantum number 
combinations. These are classified according to the values of n and l associated with them. The spacial 
distribution of the orbitals depends on the quantum numbers l and m. For a given value of n, the shape of 
the orbital is determined by the quantum number l, and its direction in space by the quantum number m. 
The electronic state, or orbital, described by quantum number l = 0. is called the s orbital . Those with l 
= 1 are called p orbitals. Those with l = 2 are called d orbitals, and those with l = 3 are_called f 
orbitals. Thus for hydrogen in the ground state, n = 1, l = 0, there is only Is electron, or the electron is 
said to be in the Is orbital. If n = 1, l = 0, the particle has no angular momentum, and so the orbital does 
not depend on angular co-ordinates. We have said that the quantum number m determines the direction 
of the orbital in space. But if l = 0, then m = 0, and therefore the solution of the Schroedinger equation 
for | Y |2 will give a sphere. The s orbital is therefore spherical in shape, ie. the probability of finding an 
electron in an s orbital depends only on the distance from the nucleus. 

If l = 1, m = - 1, 0, and +1, and therefore the p subshell or orbital in a given magnetic field will be 
directed in space in three different directions. We therefore have three p orbitals close in energy, and 
directed in space perpendicular to each other. These are referred to as the Px, Py and Pz orbitals. The 
orbitals are shaped like the figure eight (or dumb-bells). 

Consequently for l = 2, there will be five co-ordinates describing the 'd' orbitals. 

Thus if we take a given atom, for n = 1, l = 0, m == 0, we have a 1s electronic state. For n = 2, l = 1 or 0. 
If l = 0, we have m = 0. This represents an s electronic state, so we have a 2s electronic state. But for l = 
1, m can have values + 1, 0 and - 1. So we have a 2p electron state. Thus for n = 2, we have 2s and 2p 
orbitals. Similarly for n = 3, we shall have 3s, 3p and 3d orbitals. 

NOTE When specifying the number of types of orbitals, the number is written in words. But when 
describing the orbitals in a given electronic energy level, the figure is used. Thus for n = 1 we have only 
one 1s orbital. For n = 2 we have one 2s orbital and three 2p orbitals. For n = 3, we have one 3s orbital, 
three 3p and five 3d orbitals. 

S = sharp; p = principal; d = diffuse and f = fundamental. 

The first twenty elements in the periodic table are usually called the s and p-block elements 

because their outermost electrons are in either in the s or p orbitals. d and f orbitals are mostly 

found in the transition elements and they are called the d-block elements. The shapes of the d 

and f orbitals are complex. The shapes of s and the various p orbitals are shown below. 

�������	��  
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The s-orbital is spherical while either of the p-orbitals is dumbbell shape 

12.0 The multi-electron atom and the Pauli Exclusion Principle  

We have shown with the four quantum numbers and their restrictions, the energy levels that exist in an 
atom. Under normal circumstances it would be expected that all electrons in a given atom would go into 
orbitals that would give them the greatest stability. Yet this would not be possible for atoms with a large 
number of electrons. Experimentally, it was found that in fact not more than two electrons can occupy 
the same atomic orbital, that is, no two electrons in the same atom can have the same values for all 
four quantum numbers. This statement is called Pauli’s Exclusion Principle. It is an experimental fact 
that cannot be explained just as one cannot explain Coulomb's law. Also, for any two electrons in the 
same orbital, these must have the same values of n, l, and m. But they must have opposite spins, that is, 
ms should be . 

Thus, two electrons can occupy the same orbital only if they have opposite spins. 

Self Assessment Exercise 2 (SAE 2) 

1. State the allowed values of the quantum numbers for an electron in the third principal 
energy level (n = 3). How many electrons may be contained maximally in the n = 3. 

2. State the practical advantage of the Heisenberg's uncertainty principle. 
 

13 Conclusion 
The atom consists of a nucleus in which the charge is positive, containing protons and neutrons which 
together make up the total weight of the atom. The electrons around the nucleus however are not located 
in definite orbits in space, but move around in an area which cannot be accurately determined with any 
certainty. This area is called the electron orbital. Each atom has its electrons in fixed energy levels. The 
energy levels are described by the quantum numbers. The quantum number n describes the principal 
energy levels. Each principal energy level has associated with it a number of sublevels, described by the 
angular momentum of the electron in motion (l quantum number), the magnetic field generated by 
the electron in motion (m quantum number) and the spin angular momentum (ms quantum number). The 
values of the t and m quantum numbers determine the area, and the direction in which the electrons 
move around the nucleus. There are four types of orbitals corresponding to different values of l. the electronic 
shell in which l = 0 constitutes the s electronic state (s orbital). l = 1, m = 1, 0, -1 constitute porbitals (three p 
orbitals). For l = 2, there are five d-orbitals.  �

14.0    Summary 

         In this unit we have learnt the: 

&� &� &�
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�  Electronic energy levels in Bohr’s atom 
�  Angular momentum and quantum mechanics 
�  Shortcomings of the Bohr model 
�  Wave-particle duality 
�  Heisenberg's uncertainty principle 
�  'new' picture of the atom 
�  Electron cloud 
�  Energy sublevels 
�  s, p, d, and f states of atomic orbitals 
�  multi-electron atom and the Pauli Exclusion Principle  

15.0 Tutor Marked Assignment 

1. Outline the main features of the Neil Bohr’s model of the atom. 

16.0 References/Further Readings 

     McMurray Fay (2004) Chemistry 4th ed. Prentice Hill New Jersey. 

     Philip Mattews (2006) Advanced Chemistry: Physical and Industrial Cambridge  University 
Press South Asia.  

     Silberberg M.S (2003) Chemistry: The Molecular Nature of Matter and Change 3rd Ed  Mc  
Graw Hill, New York. 

Answers to Self Assessment Exercises 

      SAE1 

1. The Bohr model of the atom works very well for the hydrogen atom. But it has serious 
weaknesses. It is found that the spectrum of an atom with more than one electron cannot be 
explained using the Bohr model. Careful analysis of any atomic spectrum other than that of 
hydrogen seems to suggest that just one quantum number is not enough to completely describe 
the lines in a spectrum. The Bohr model could also not provide a satisfactory picture for 
chemical bonding. 

2. Significance of the four quantum numbers: 

·  It determines the shell in which the electron is located. 

·  It determines the angular momentum of an electron 

·  It determines the orientation and shape of the electron orbitals 

·  It determines the spin (combined rotation and revolution) of an electron in an 

atom.  

      SAE2 

1. For n =3, 
l = 0, 1, 2 
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for l = 0; m = 0 
for l = 1; m = -1, 0, +1 
for l = 2; m = -2, -1, 0, +1, +2 
for each value of m corresponding to l =0, 1, 2; ms = ; Giving rise to a total of 18 

electrons. Note: one electron has either +  or - . 

     
2. The advantage of the principle is that it allows us to refer only to the possibility of 

finding an electron in an orbital instead of attempting to determine the exact position of 

an electron in an atom and this gave birth to the description of an orbital as the place 

where the probability of finding an electron is highest. 

    Answers to Tutor Marked Assignment 

(1). The electron in an atom has only certain definite stationary states of motion allowed 
to it. Each of these states has a definite fixed energy, ie. the energy is quantized. 

(2). The electron can continue to move in this given state of motion (or orbit or level or 
shell) about the nucleus without radiating energy. There is a large number of these 
orbits for a given atom, but the electron normally stays in the lowest possible orbit. It 
is then said to be in the ground state. 

(3). When energy is supplied to the atom, in the form of electrical potential or heat, the 
electron may be raised to a higher level or orbit. It becomes excited and unstable, and 
tends to drop back to the ground state, giving off the energy that was used to raise the 
electron to the excited level, as electromagnetic radiation. When the atom changes 
from a high energy state to a low energy state, it emits energy of a definite amount, 
equal to hmmmm, (where mmmm is the frequency and h is Planck's constant). 

     The transition from one discrete level or orbit to another is not gradual but occurs all    
at once. If, in an atom, an electron is in an energy state where it cannot go to any other 
state lower than its original energy state, it will not emit energy. Hence the atom 
cannot collapse through continuous loss of energy. 

    The amount of energy hmmmm emitted, is defined and is exactly equal to the difference    
between the energy levels of the two states, that is the excited and ground states. The 
electron is allowed to move only in electronic energy state in which the angular    
momentum of the electron is an integral multiple of h/2. 
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1.0 Introduction 
In 1905 French chemist Jean-Baptiste Perrin performed the final experiments that helped 
prove the atomic theory of matter. Perrin observed the irregular wiggling of pollen grains 
suspended in a liquid (a phenomenon called Brownian motion) and correctly explained that 
the wiggling was the result of atoms of the fluid colliding with the pollen grains. This 
experiment showed that the idea that materials were composed of real atoms in thermal 
motion was in fact correct. Bohr’s model was very successful because it predicted the nature 
of the spectrum of light that emanate from atoms when their energy drops. The atom was 
studied by Bohr using the simplest substance, hydrogen, which is known to have a mass that 
is equal to one. The only one electron in hydrogen atom occupies the lowest energy. If the 
hydrogen atom absorbs a photon whose energy equals the difference between the first and 
second energy levels, the electron moves to the second orbit. If the hydrogen atom in the 
second orbit emits a photon of that same energy, it returns to the ground state. This Bohr’s 
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concept of the atom is used to explain the existence of atomic spectral and constitute the 
experimental basis of atomic structure.          

2.0 Objectives 

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

�  How the Brownian motion confirms the existence of atoms in matter 
�  Atomic spectra and Hydrogen atom emission spectrum  

3.0 Atomic spectral 
Atomic spectral is simply the display of the light emitted by an atom when it is vapourised 
and then thermally or electrically excited. When the light emitted by an atom is passed 
through a narrow slit and then a prism, the light is resolved into series of fine lines of 
individual colours separated by dark spaces unlike the continuous band of colours observed 
in rainbow produced by sunlight. The wavelength of these spectral lines is characteristic of 
the element producing them. The series of such fine lines produced by an atom is known as 
the atomic spectral. For the hydrogen atom, it is referred to as the Hydrogen spectrum. 

4.0 Hydrogen atom emission spectrum  

When a hydrogen atom is vapourised and it is thermally or electrically excited, it emits light. 
When the light emitted is passed through a narrow slit and then glass prism, the light is 
resolved into series of fine lines of different colours which are separated by dark spaces. 
These series of fine lines appear in different regions of the electromagnetic spectrum (Figure 
1). The three series of fine lines obtained in the hydrogen spectrum are: 

·  Ultra violet series 
·  Visible series 
·  Infra red series 

Self Assessment Exercise 1 (SAE 1) 

1. Explain how atomic spectral is produced 

 
5.0 Energy states of the Hydrogen atom 

The energy of an electron in an atom was found to be in packets (quantized). This implies 
that the electron in the hydrogen atom has discrete energy which is peculiar to the orbit 
where it may be found in the atom, as it moves around the nucleus of the atom. The energy 
change  that occurs when an electron jumps from one orbit to another is given as: 
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Each of the different lines in the hydrogen spectral corresponds to different wavelength  
that can be calculated using the orbital radii involved in the transition of an electron from one 
orbit to another when the atom gains energy.  

 
; This equation is known as the Rydberg equation. 

 
 

 
 

 
 

 
The series of lines in the hydrogen spectrum as discovered by various scientists are: 

·  Ultra violet region: Lyman series (1916): (n1 =1; n2 = 2, 3, 4,…) 
·  Visible region: Balmer series (1885): (n1 = 2; n2 = 3, 4, 5,…) 
·  Infrared region: Paschen series (1908): (n1 = 3; n2 = 4, 5, 6,….)  

                          Brackett series (1922): (n1 = 4; n2 = 5, 6, 7,….)  
                          Pfund series (1924): (n1 = 5; n2 = 6) 

Despite the success of Bohr’s model in accounting for the spectral lines in the hydrogen 
spectrum, it failed to explain the fine lines in the spectral of atoms that have more than one 
electron. Another fundamental limitation of the Bohr model is that electrons do not move in 
fixed orbit. 

 

Self Assessment Exercise 2 (SAE 2) 

1. What is the shortest wavelength line (in nanometers) in the Lyman series of the hydrogen 
spectrum? 

6.0 Conclusion 
            When the light emitted by an atom is passed through a narrow slit and then a prism, the 

light is resolved into series of fine lines of individual colours separated by dark spaces 
unlike the continuous band of colours observed in rainbow produced by sunlight. The 
wavelength of these spectral lines is characteristic of the element producing them. Each 
of the different lines in the hydrogen spectral corresponds to different wavelength  
that can be calculated from Balmer-Rydberg equation, using the orbital radii involved in 
the transition of an electron from one orbit to another when the atom gains energy.  

7.0    Summary 
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         In this unit we have learnt that: 

�  The phenomenon of Brownian motion confirmed the idea that materials were composed 
of real atoms in thermal motion. 

�  When the light emitted by an atom is passed through a narrow slit and then a prism, the 
light is resolved into series of fine lines of individual colours separated by dark spaces 
unlike the continuous band of colours observed in rainbow produced by sunlight. 

�  The three series of fine lines obtained in the hydrogen spectrum are: Ultra violet series, 
Visible series, and Infra red series. 

8.0 Tutor Marked Assignment 

         1. Describe the hydrogen spectrum 

9.0 References/Further Readings 

     McMurray Fay (2004) Chemistry 4th ed. Prentice Hill New Jersey. 

     Philip Mattews (2006) Advanced Chemistry: Physical and Industrial Cambridge  University 
Press South Asia.  

     Silberberg M.S (2003) Chemistry: The Molecular Nature of Matter and Change 3rd Ed  Mc  
Graw Hill, New York. 

Answers to Self Assessment Exercises 

      SAE1 

Atomic spectral is simply the display of the light emitted by an atom when it is vapourised and 
then thermally or electrically excited. When the light emitted by an atom is passed through a 
narrow slit and then a prism, the light is resolved into series of fine lines of individual colours 
separated by dark spaces unlike the continuous band of colours observed in rainbow produced by 
sunlight. The wavelength of these spectral lines is characteristic of the element producing them. 
The series of such fine lines produced by an atom is known as the atomic spectral. 

      SAE2 

The Lyman series is given by the Balmer-Rydberg equation with n1 = 1, and n2 . 

The shortest wavelength line occurs when n2 is infinitely large so that  that is if  

n =  
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    Answers to Tutor Marked Assignment 

The series of lines in the hydrogen spectrum as discovered by various scientists are: 
·  Ultra violet region: Lyman series: (n1 =1; n2 = 2, 3, 4,…) 
·  Visible region: Balmer series: (n1 = 2; n2 = 3, 4, 5,…) 
·  Infrared region: Paschen series: (n1 = 3; n2 = 4, 5, 6,….)  

                          Brackett series: (n1 = 4; n2 = 5, 6, 7,….)  
                          Pfund series: (n1 = 5; n2 = 6) 
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1.0 Introduction 

The main reason why atoms enter into chemical bonding with other atoms is principally to 

achieve the configuration of the elements in group eighteen (also known as group zero, inert gas, 

noble gases) of the periodic table of elements, because of the special stabilities associated with 

such configurations. The elements with two electrons in their outer shell are associated with 

duplet stability while those elements with eight electrons in their outer shell are associated with 

octet stability.  According to the octet rule atoms tend to loss or gain electrons in order to have 

eight electrons in their outer shell. Depending on the valencies of the elements involved, 
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chemical bonding may thus, result in the share of electrons between atoms or lose/gain of 

electrons. Chemical bonds are therefore classified based on these two criteria. 

2.0 Objectives 

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

�  Valency and chemical bonding 
�  The different types of chemical bonds 
�  The characteristic features of the different chemical bonds 

3.0 Valency and Chemical bonding 

     Valency is the combining power of an atom which is determined by the number of electrons 

the atom will receive, give up, or share with other atoms in order to form a compound. The 

electrons in the outermost shell of an atom are referred to as the valence electrons. These 

valence electrons are the set of electrons that determine the chemical reactivity of an element.   

      Examples of some elements with their valencies:  

                           Elements                                     Valency 

                            Hydrogen                                        1 

                            Nitrogen                                          3 or 5 

                            Oxygen                                            2 

                            Carbon                                            2 or 4 

                            Sodium                                             1 

                            Chlorine                                            1 

4.0 Chemical bonding 

·  A Chemical bond is the force that keeps atoms or group of atoms together in a 

compound. 

5.0 Types of chemical bonds 

·  Electrovalent bond (ionic bond) 
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·  Covalent bond 

·  Metallic bond 

·  Coordinate bond 

·  Van der waal’s forces 

5.1 Electrovalent bond (ionic bond) 

     An ionic bond is an electrostatic force of attraction that holds oppositely charged ions 

together in an ionic compound. It is usually formed between electropositive (metals) and 

electronegative (non metals) elements. The electropositive atom loses its valence electrons to 

produce a positively charged ion (cation) and achieve the inert gas configuration while the 

electronegative atom gains the electrons donated by the electropositive atom and become 

negatively charged (anion) thereby achieving the inert gas configuration. In the same vicinity, 

the oppositely charged ions (cations and anions) are attracted to each other by an electrostatic 

force and an ionic compound is formed. Common examples of electrovalent or ionic compound   

include: 

·  Sodium chloride (NaCl) 

Sodium is the electropositive element and ionizes as follows: 

 

  or [1s22s22p6] 

 

Chlorine is the electronegative element and gains an electron as follows: 

 
  2, 8, 7                                               2, 8 
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·  Calcium chloride (CaC) 

Calcium is the electropositive element and ionizes as follows: 

 

 

 

Chlorine is the electronegative element and gains an electron as follows: 

 
  2, 8, 7                                            2, 8 

 

 

 

Other examples of ionic compounds include potassium chloride and magnesium chloride.   

5.1.1 Properties of ionic compounds 

·  They consist of aggregates of oppositely charged ions. 

·  They are usually solids with high melting and boiling points.  

·  They conduct electricity in solution and molten form due to the presence of mobile ions. 

·  They are soluble in polar solvents such as water but insoluble in non-polar compounds or 

organic solvents like ether, kerosene and petrol. 

5.2 Covalent bond 

A covalent bond is the binding force that results when two atoms mutually share two electrons 

which are contributed by the individual atoms. Each of the two atoms achieves the inert gas 

configuration of either a duplet or octet state after sharing electrons. The share of electrons 

between the two atoms occurs principally because the elements have comparable 
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electronegativity and do not donate or gain electrons to achieve the inert gas configuration 

because of the large amount of energy required to remove electrons from their atoms. Each of the 

two atoms seeking bond, contributes an electron to make the two electrons which are to be 

shared mutually by the two atoms in order to establish a bond between them. Common examples 

of covalent compounds include 

·  Methane (CH4) 

Elemental components of methane:   Carbon (C)                               Hydrogen (H)                               

Electronic configuration:                       2, 4   or     (1s22s22p2)                   1  or  (1s1) 

The electronic configuration of carbon shows that there are many electrons in its valence shell 

and would require a lot of energy to remove them in order to achieve a stable inert gas 

configuration. The alternative option to add four electrons to make up the outer electrons to eight 

also requires a lot of energy because the electronegativity of carbon is low. From the electronic 

configuration for hydrogen, it would either gain seven electrons to achieve octet stability or gain 

one electron to achieve the duplet stability. From the foregoing explanations it is clear that 

hydrogen would acquire duplet stability by sharing an electron with carbon. Therefore in order 

for carbon to achieve octet stability, four hydrogen atoms are required and each hydrogen atom 

contributes its one electron to an electron from carbon for mutual sharing. The mutual sharing of  

the contributed electrons is conventionally shown by a line that joins the two atoms or two dots 

between the atoms to indicate the two electrons shared. The illustration of the bonding scheme in 

methane is shown below. 
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�Alternative structures (known as Lewis structures) of the methane molecule are shown below: 

 

                      c            or               

 

The bond order is the number of electron pairs being shared between any two bonded atoms. For 

single bond the bond order is 1 and 2 for double bonds. 

Other examples of covalent compounds include water, ammonia and carbon (iv) oxide 

5.2.1 Properties of covalent compounds 

·  They consist of molecules and not ions 

·  They are usually gases or volatile liquids. 

·  They have low melting and boiling points 

·  They are non conductors of either heat or electricity. 

Self Assessment Exercise 1 (SAE 1) 

1. Explain the bonding in ammonia. 
2. From the consideration of the nature of chemical bond in ammonia, Predict the likely properties 

of ammonia. 

5.3 Metallic bond 

The atoms of metals have loosely arranged electrons and these electrons form a cloud of 

electrons around the nuclei of the atoms. The protons in the atom are concentrated in the nucleus 

of the atoms. In the atoms there is repulsion between the protons which are positively charged 

and repulsion between the electrons which are negatively charged. The overall force that keeps 

the atoms together despite the proton-proton and electron-electron repulsions in an atom is 

known as metallic bond. Metallic bonds are found in metals.  

H  

H  H  
H  

.C.  H  
H  

H  
H  

x  x  x  
x  . 

. Carbon electron 
x Hydrogen electron  

. 
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5.3.1 Properties of metallic substances 

·  The valence electrons are weakly attracted to the nucleus. 

·  They have mobile electrons that are formed into an electron cloud. 

·  Metals conduct heat and electricity through their loose valence electrons 

5.4 Coordinate bond (dative bond) 

A coordinate bond is a type of covalent bond which is formed when a pair of electrons is donated 
by an atom into an empty orbital of another atom and the electron pair is shared between the two 
atoms. The atom that donates the pair is the donor atom, while the atom that receives the 
electrons is the acceptor. The conditions for a dative bond to be formed are: 

·  A lone pair of nonbonding electrons in the donor atom 
·  A low lying empty orbital in the acceptor atom 

A coordinate bond is conventionally represented by an arrow (          ) that points the donor to the 
acceptor.  

Examples of compounds with coordinate bond include: 

�  Ammonium ion ( ) 

 

N 
 
 
 

N 
    Lone pair electron    

                                                                        Donor                                Acceptor 

 

 

5.4.1 Properties of coordinate compounds 

The properties of coordinate compounds are similar to those of normal covalent bonds, except 

the reduced volatility in the coordinate compounds. 

� �
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H+ 
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�  Bond length: This is the average distance between atoms that are linked together by 

covalent bond. 

�  Bond Energy: Bond energy is the energy required to break covalent bond between two 

atoms. The higher the bond energy the greater the stability of the bond 

�  Electronegativity: This is the tendency of an atom to acquire electrons to become 

negatively charged. 

�  Bond polarity:  This is the manifestation of partial charges on the atoms that are 

covalently bonded. Partial charges manifest on covalent molecules when the atoms 

involved vary considerably in electronegativity. The most electronegative atom tends to 

withdraw the bonding electrons to itself thereby creating the partial charges on the atoms. 

Bond polarity may be illustrated as shown below: 

 

 

 

�

 

The shaded space between the atoms X and Y represents the drift in electron density 

towards an electronegative atom Y.  The partial charges on atoms X and Y is as shown 

below: 

 

 
5.5 Van der waal’s force 

        This is a weak intermolecular force of attraction between molecules. For gaseous 

compounds like ammonia, nitrogen, or carbon iv oxide to exist in liquid or solid forms, 

there must be some forces which holds the individual molecules together independently of 

the bonds between the atoms making up that particular molecule. These forces are 

intermolecular forces. The two types of Van der waal’s force are: 

X Y 
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·  Dipole-induced dipole interaction. 

This arises when a molecule with a permanent dipole interacts with one which is 

symmetrical, e.g the interaction between H-Cl and Cl-Cl. The permanent dipole in 

HCl is able to induce a dipole in the Cl-Cl molecule, which in turn can attract other 

permanent dipoles or induced dipole. This results in a network of dipole-induced 

dipole electrostatic attractions through out the system. 

 

·  Induced dipole-induced dipole interactions 

Neutral and symmetrical molecules at a particular instant may have disrupted electrons 

around the whole molecule. This results in instantaneous dipole in the molecule despite 

its symmetrical nature. When a molecule with such dipole is next to another with an 

instantaneous dipole, the molecules tend to line up. Extensive repetition of this process 

results in a network of instantaneous electrostatic attractions between molecules. This 

type of interaction is usually very weak compared with dipole-dipole interaction.    

Self Assessment Exercise 2 (SAE 2) 

1. State the criteria for the formation of dative bonds. 
2. Explain the dative bond in BF3NH3  

6.0 Conclusion 
              The ionic bonding model pictures oppositely charged ions held rigidly in position by 

strong electrostatic attractions and explains why ionic solids crack rather than bend and 
why they conduct electricity only when melted or dissolved. A shared pair of valence 
electrons attracts the nuclei of two atoms and holds them together in a covalent bond 
while filling each atom’s outer shell. The number of shared pairs between the two atoms 
is the bond order. Metallic bonds are found in metals; and weak intermolecular forces 
like van der waal’s forces help to join molecules of substances together. A form of 
covalent bond (coordinate bond) in which a shared electron pair is supplied by only one 
of the participating atoms may is found in compounds like ammonium ion.   

7.0    Summary 

         In this unit we have learnt the: 

�  Different types of chemical bonds and the general properties of their compounds. 

�
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8.0 Tutor Marked Assignment 

1. Two elements X and Y have 20 and 17 electrons respectively. Describe the possible bonding 
scheme in a compound of X and Y. 

9.0 References/Further Readings 

     McMurray Fay (2004) Chemistry 4th ed. Prentice Hill New Jersey. 

     Philip Mattews (2006) Advanced Chemistry: Physical and Industrial Cambridge University 
Press South Asia.  

     Silberberg M.S (2003) Chemistry: The Molecular Nature of Matter and Change 3rd Ed  Mc  
Graw Hill, New York. 

Answers to Self Assessment Exercises 

      SAE1 

1. In ammonia, three hydrogen atoms share electrons with one atom of nitrogen in covalent 
bonding, with nitrogen achieving octet stability while each of the hydrogen atoms 
achieves the duplet configuration. 

N

H

H H

�
�/  �

�  Ammonia consist of molecules and not ions 

�  It is a gas. 

�  It has low melting and boiling points 

�  It is a non conductor of either heat or electricity. 

      SAE2 

1. (i) One of the participating atoms must have a lone pair of nonbonding electrons that can    
be donated. 
(ii) One of the participating atoms must have a low lying empty orbital to accept an 
electron pair. 

    

 Answers to Tutor Marked Assignment 

Electronic configuration:     X  = 2,8,8,2 

                                              Y = 2,8,7 

Elements X and Y would ionize as follows: 
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Y is the electronegative element and gains an electron as follows: 

 
    2, 8, 7                                            2, 8 
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1.0 Introduction 

      Virtually every biochemical process hinges to a great extent on the shapes of interacting 
molecules. Every medicine you take, odor you smell, or flavor you taste depends on part or 



����
�

all of one molecule fitting physically together with another. This universal importance of 
molecular shape in the functioning of each organism carries over to the ecosystem. 
Biologists have learnt of complex interaction regulating behaviors, such as mating, defense, 
navigation, and feeding that depend on one molecule recognizing the shape of another. In 
this unit, we discuss a model for understanding and predicting molecular shape. 

 
2.0 Objectives 

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

�  The Valence-shell electron-pair repulsion (VSEPR) theory  
�  How the VSEPR theory is used to predict different molecular shapes. 

3.0 Valence-shell electron-pair repulsion (VSEPR) theory and molecular shape 

      The Lewis structure of a molecule is something like the blueprint of a building: a flat 

drawing showing the relative placement of parts (atom cores), the structural connections 

(groups of bonding valence electrons), and the various attachments (nonbonding lone pairs 

of valence electrons).  

       To construct the molecular shape from the Lewis structure, chemists employ valence-shell 

electron-pair repulsion (VSEPR) theory. Its basic principle is that each group of valence 

electrons around a central atom is located as far away as possible from the others in order to 

minimize repulsions.  

      We define a "group" of electrons as any number of electrons that occupy a localized region 

around an atom. Thus, an electron group may consist of a single bond, a double bond, a 

triple bond, a lone pair, or even a lone electron (the two electron pair in a double bond (or 

the three pairs in a triple bond) occupy separate orbitals, so they remain near each other and 

act as one electron group). Each of these groups of valence electrons repels the other groups 

to maximize the angles between them. It is the three-dimensional arrangement of nuclei 

joined by these groups that gives rise to the molecular shape. 

 

 

 4.0 Electrons-Group Arrangements and Molecular Shapes 
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       When two, three, four, five, or six objects attached to a central point maximize the space that 

each can occupy around that point, five geometric patterns result (Figure 1). If the objects 

are the valence-electron groups of a central atom, their repulsions maximize the space each  

 

                   Figure 1: Mutual repulsion of electron groups (source: Microsoft Encarta, 2007) 

       occupies and give rise to the five electron-group arrangements of minimum energy seen in 

the great majority of molecules and polyatomic ions. 

       The electron-group arrangement is defined by the valence-electron groups, both bonding and 

nonbonding, around the central atom. On the other hand, the molecular shape is defined by 

the relative positions of the atomic nuclei. When some are nonbonding groups, different 

molecular shapes occur. Thus, the same electron-group arrangement can give rise to 

different molecular shapes: some with all bonding groups and others with bonding and 

nonbonding groups. To classify molecular shapes, we assign each a specific AXmEn 

designation, where m and n are integers, A is the central atom, X is a surrounding atom, and 

E is a nonbonding valence-electron group (usually a lone pair). 

5.0 The bond angle 
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       Bond angle is the angle formed by the nuclei of two surrounding atoms with the nucleus of 

the central atom at the vertex. Figure 2 shows the bond angle for tetrahedral shape. The 

angles shown for the shapes are ideal bond angles, those predicted by simple geometry 

alone. These are observed when all the bonding electron groups around a central atom are 

identical and are connected to atoms of the same element. When this is not the case, the 

bond angles deviate from the ideal angles. 

 

       It's important to realize that we use the VSEPR model to account for the molecular shapes       

observed by means of various types of spectroscopy. In almost every case, VSEPR 

predictions are in accord with actual observations. 

6.0 The Molecular Shape with Two Electron Groups (Linear Arrangement) 

      When two electron groups attached to a central atom are oriented as far apart as possible, 

they point in opposite directions. The linear arrangement of electron groups results in a 

linear molecular shape (VSEPR class AX2) and a bond angle of 180°.  

       Examples include: CS2, HCN, BeCl2, CO2. 

Gaseous beryllium chloride (BeCl2) is a linear molecule (AX2). Gaseous Be compounds are 

electron deficient, with only two electron pairs around the centra-Be atom: 
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Be ClCl
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In carbon dioxide, the central C atom forms two double bonds with the O atom:�

���
C OO

�

Each double bond acts as a separate electron group and is oriented 180° away from the other, so 

C02 is linear. Notice that the lone pairs on the 0 atoms of CO2 or on the Cl atoms of BeCl2 are 

not involved in the molecular shape: only electron groups around the central atom influence 

shape. 

7.0 Molecular Shapes with Three Electron Groups (Trigonal Planar Arrangement) 

Three electron groups around the central atom repel each other to the corners of an equilateral 

triangle, which gives the trigonal planar arrangement, shown below and an ideal bond angle of 

120°. This arrangement has two possible molecular shapes, one with three surrounding atoms 

and the other with two atoms and one lone pair. It provides our first opportunity to see the effects 

of double bonds and lone pairs on bond angles. 

When the three electron groups are bonding groups, the molecular shape is trigonal planar (AX3). 

Boron trifluoride (BF3), another electron-deficient molecule, is an example. It has six electrons 

around the central B atom in three single bonds to F atoms. The nuclei lie in a plane, and each 

F—B—F angle is 120°.  

B
FF

F

 

The nitrate ion (NO3
-) is one of several polyatomic ions with the trigonal planar shape. Other 

examples include:  

 

8.0 Effect of Double Bonds on bond angles 

120°�
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 How do bond angles deviate from the ideal angles when the surrounding atoms and electron 

groups are not identical? Consider formaldehyde (CH2O), a substance with many uses, including 

the manufacture of Formica countertops, the production of methanol, and the preservation of 

cadavers. Its trigonal planar shape is due to two types of surrounding atoms (O and H) and two 

types of electron groups (single and double bonds).  

The actual bond angles deviate from the ideal because the double bond, with its 

greater electron density, repels the two single bonds more strongly than they repel each other. 

C

O

H H ���������������������������������������������������

C

O

H H �
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9.0 Effect of Lone Pairs 

 The molecular shape is defined only by the positions of the nuclei, so when one of the three 

electron groups is a lone pair (AX2E), the shape is bent or V shaped, not trigonal planar. Gaseous 

tin (II) chloride is an example, with the three electron groups in a trigonal plane and the lone pair 

at one of the triangle's corners. A lone pair can have a major effect on bond angle. Because a 

lone pair is held by only one nucleus, it is less confined and exerts stronger repulsions than a 

bonding pair. Thus, a lone pair repels bonding pairs more strongly than bonding pairs repel each 

other. This stronger repulsion decreases the angle between bonding pairs. Note the decrease from 

the ideal 120° angle in SnCl2: 

                                                      

Sn

ClCl

�

 

 

10.0 Molecular Shapes with Four Electron Groups (Tetrahedral Arrangement) 

120°�

120°�
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The shapes described so far have all been easy to depict in two dimensions, but four electron 

groups must use three dimensions to achieve maximal separation. This is a good time for you to 

recall that Lewis structures do not depict shape. Consider the shape of methane. The Lewis 

structure (shown below) indicates four bonds pointing to the corners of a square, which suggests 

a 90° bond angle. However in three dimensions, the four electron groups can move farther apart 

than 90° and point to the vertices of a tetrahedron, a polyhedron with four faces made of identical 

equilateral triangles. Methane has a bond angle of 109.5°. Perspective drawings, such as these for 

methane, indicate depth by using wedges (or wedges and dashed lines) for some of the bonds: 

CH

H

H

H

��������������������

C

H

H

H

H
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H

H

H

H
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The normal lines represent shared electron groups in the plane of the page, one wedge is the 

bond between the central atom and a group lying toward you above the page, and the other 

wedge is the bond between the central atom and a group lying away from you below the page. 

Another convention is to show the bond below the page as a dashed line. The ball-and-stick 

model shows the tetrahedral shape clearly. 

All molecules or ions with four electron groups around a central atom adopt the tetrahedral 

arrangement. When all four electron groups are bonding groups, as in the case of methane, the 

molecular shape is also tetrahedral (AX4), a very common geometry in organic molecules. When 

one of the four electron groups in the tetrahedral arrangement is a lone pair, the molecular shape 

is that of a trigonal pyramid (AX3E), a tetrahedron with one vertex "missing." As we would 

expect from the stronger repulsions due to the lone pair, the measured bond angle is slightly less 

than the ideal 109.5°. In ammonia (NH3), for example, the lone pair forces the N—H bonding 

pairs closer, and the H—N—H bond angle is 107.3°. 

Picturing molecular shapes is a great way to visualize what happens during 

a reaction. For instance, when ammonia reacts with the proton from an acid, the  
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lone pair on the N atom of trigonal pyramidal NH3 forms a covalent bond to the 

H+ and yields the ammonium ion (NH4
+), one of many tetrahedral polyatomic ions. Note how the 

H—N—H bond angle expands from 107.3° in NH3 to 109.5° 

in NH4
+, as the lone pair becomes another bonding pair: 

 

 

N

H

H

H

������������������������������������� 

Self Assessment Exercise 1 (SAE 1) 

1. If you know the formula of a molecule or ion, what is the first step in predicting its 

shape? 

2. In what situation is the name of the molecular shape the same as the name of the electron-

group arrangement? 

3. Name all the molecular shapes that have a tetrahedral electron-group arrangement.  

When the four electron groups around the central atom include two bonding and two nonbonding 

groups, the molecular shape is bent, or V shaped (AX2E2). [In the trigonal planar arrangement, 

the shape with two bonding groups and one lone pair is also called bent (AX2E), but its ideal 

bond angle is 120°, not 109.5°] Water is the most important V-shaped molecule with the 

tetrahedral arrangement. We might expect the repulsions from its two lone pairs to have a greater 

effect bond angle than the repulsions from the single lone pair in NH3. Indeed, the H— O—H 

bond angle is reduced to 104.5° 
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Thus, for similar molecules with a given electron-group arrangement, electron-pair repulsions 

cause deviations from ideal bond angles in the following order: 

Lone pair-lone pair > lone pair-bonding pair > bonding pair-bonding pair. 

11.0 Molecular Shapes with Five Electron Groups (Trigonal Bipyramidal Arrangement) 

All molecules with five or six electron groups have a central atom from Period 3 or higher 

because only these atoms have the d orbitals available to expand the valence shell beyond eight 

electrons. When five electron groups maximize their separation, they form the trigonal 

bipyramidal arrangement. In a trigonal bipyramid, two trigonal pyramids share a common 

base. Note that, in a molecule with this arrangement there are two types of positions for 

surrounding electron groups and two ideal bond angles. Three equatorial groups lie in a trigonal 

plane that includes the central atom, and two axial groups lie above and below this plane. 

Therefore, a 120° bond angle separates equatorial groups, and a 90° angle separates axial from 

equatorial groups. In general, the greater the bond angle, the weaker the repulsions, so 

equatorial-equatorial (120°) repulsions are weaker than axial-equatorial (90°) repulsions. The 

tendency of the electron groups to occupy equatorial positions, and thus minimize the stronger 

90° repulsions, governs the four shapes of the trigonal bipyramidal arrangement. 

With all five positions occupied by bonded atoms, the molecule has the trigonal bipyramidal 

shape (AX5), as in phosphorus pentachloride (PC15): 

                                                             

P
Cl

Cl Cl

Cl

Cl

 

Three other shapes arise for molecules with lone pairs. Since lone pairs exert stronger repulsions 

than bonding pairs, we find that lone pairs occupy equatorial positions, with one lone pair 

present at an equatorial position, the molecule has a seesaw shape (AX4E). Sulfur tetrafluoride 

(SF4), a powerful fluorinating agent, has this shape, shown here with the "seesaw" tipped up on 

an end. Note how the equatorial lone pair repels all four bonding pairs to the reduce angles: 

90°�

90°�

120°�
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The tendency of lone pairs to occupy equatorial positions causes molecules with three bonding 

groups and two lone pairs to have a T shape (AX3E2). Bromine trifluoride (BrF3), one of many 

compounds with fluorine bound to a larger halogen, has this shape. Note the predicted decrease 

from the ideal 90° F—Br—F bond angle: 

                                                                           

Molecules with three lone pairs in equatorial positions must have the two bonding groups in 

axial positions, which gives the molecule a linear shape (AX2E3) and a 180° axial-to-central-to-

axial (X—A—X) bond angle. For example the triiodide ion (I3
-), which forms when I2 dissolves 

in aqueous I- solution is linear:               

 

12.0 Molecular Shapes with Six Electron Groups (Octahedral Arrangement) 

The last of the five major electron-group arrangements is the octahedral arrangement. An 

octahedron is a polyhedron with eight faces made of identical equilateral triangles and six 

identical vertices, as shown below. In molecule (or ion) with this arrangement, six electron 

groups surround the central atom and each points to one of the six vertices, which gives all the 

groups a 90° ideal bond angle. Three important molecular shapes occur with this arrangement. 

With six bonding groups, the molecular shape is octahedral (AX6). When the seesaw-shaped SF4 

reacts with additional F2, the central S atom expands its valence shell further to form octahedral 

sulfur hexafluoride (SF6): 

�
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Because there is only one ideal bond angle, it makes no difference which position one lone pair 

occupies. Five bonded atoms and one lone pair define the square pyramidal shape (AX5E), as 

shown for iodine pentafluoride (IF5) 

I
F

F

F

F

F

 

When a molecule has two lone pairs, however, they always lie at opposite vertices to avoid the 

stronger lone pair-lone pair repulsions at 90°. This positioning gives the square planar shape 

(AX4E2), as in xenon tetrafluoride (XeF4): 

 

Xe

FF

F F
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13.0 Using VSEPR Theory to Determine Molecular Shape 

Let’s apply a stepwise method for using the VSEPR theory to determine a molecular shape from 

a molecular formula: 

Step 1. Write the Lewis structure from the molecular formula to see the relative placcement of   

atoms and the number of electron groups.  

Step 2. Assign an electron-group arrangement by counting all electron groups around the central 

atom, bonding plus nonbonding.  

81.9°�
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Step 3.  Predict the ideal bond angle from the electron-group arrangement and the direction of 

any deviation caused by lone pairs or double bonds.  

Step 4.  Draw and name the molecular shape by counting bonding groups and nonbonding 

groups separately. 

Self Assessment Exercise 2 (SAE 2) 

1. Determine the electron-group arrangement, molecular shape, and ideal bond 
angle(s) for each of the following: (a) O3, (b) H3O

+, (c) NF3  

14.0 Conclusion 

The VSEPR theory proposes that each group of electrons (single bond, multiple bond, lone pair, 
or lone electron) around a central atom remains as far away from the others as possible. Five 
electron-group arrangements result when two, three, four, five, or six electron groups surround 
a central atom. Each arrangement is associated with one or more molecular shapes. Ideal bond 
angles are prescribed by the regular geometric shapes; deviations from these angles occur when 
the surrounding atoms or electron groups are not identical. Lone pairs and double bonds exert 
greater repulsions than single bonds. Larger molecules have shapes that are composites of the 
shapes around each central atom. 

15.0    Summary 

         In this unit we have learnt the: 

�  Valence-shell electron-pair repulsion (VSEPR) theory and how it is used to predict 
molecular shapes. 

�  Electrons-Group Arrangements and Molecular Shapes. 
�  Definition of Bond angle 
�  The Molecular Shape with Two Electron Groups (Linear Arrangement) 

�  Molecular Shapes with Three Electron Groups (Trigonal Planar Arrangement) 

�  Molecular Shapes with Four Electron Groups (Tetrahedral Arrangement) 

�  Molecular Shapes with Five Electron Groups (Trigonal Bipyramidal Arrangement) 

�  Molecular Shapes with Six Electron Groups (Octahedral Arrangement) 

�   How to use VSEPR Theory to Determine Molecular Shape 

16.0 Tutor Marked Assignment 

        1. Determine the electron-group arrangement, molecular shape, and ideal bond angle(s) for 
each of the following: (a) CO3

2- (b) SO2 (c) CF4 

17.0 References/Further Readings 

       McMurray Fay (2004) Chemistry 4th ed. Prentice Hill New Jersey. 
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      Philip Mattews (2006) Advanced Chemistry: Physical and Industrial Cambridge  University 
Press South Asia.  

      Silberberg M.S (2003) Chemistry: The Molecular Nature of Matter and Change 3rd Ed  Mc  
Graw Hill, New York. 

Answers to Self Assessment Exercises 

      SAE1 

1. Write the lewis structure from the molecular formula to see the relative placement of 
atoms and the number of electron group. 

2. When all electron pairs are involved in bonding, the name of the molecular shape is the 
same as the name of the electron-group arrangement 

3. Tetrahedral AX4: Trigonal pyramidalAX3E, Bent or V-shaped AX2E2. 

      SAE2 

1. (a) Trigonal planar, bent, 120°  

(b) Tetrahedral, trigonal pyramidal, 109.5° 

 (c) Tetrahedral, trigonal pyramidal, 109.5°   

    Answers to Tutor Marked Assignment 

1. (a) Trigonal planar, trigonal planar 120° 
(b) Trigonal planar, bent, 120°  
(c) Tetrahedral, tetrahedral, 109.5°   
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1.0 Introduction 

Modern chemistry relies on a wide variety of spectroscopic techniques that use special 
instruments and apply sophisticated concepts and theories. In this unit, we introduce the most 
important spectroscopic techniques that are used to investigate the atomic and electronic 
structures of chemical compounds. In each case we discuss the basic principles of the 
measurements and their interpretation. The use of spectral data to identify and quantify 
substances is essential to modern chemical analysis. Many of the physical techniques used in 
contemporary chemistry research rely on the interaction of electromagnetic radiation with matter 
and there is hardly a section of the electromagnetic spectrum that is not used. The terms 
spectroscopy, spectrometry, and Spectrophotometry denote a large group of instrumental 
techniques that obtain spectral corresponding to a substance's atomic and molecular energy 
levels. Spectroscopy describes the interaction of matter with light (radiation); while spectrometry 
and spectrophotometry is the measurement of the interaction of matter with light.  

2.0 Objectives 

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

�  The basic principles of Absorption and emission spectroscopy. 
�  The fundamental principles of: Ultraviolet-visible spectroscopy, Atomic absorption 

spectroscopy, Infrared and Raman spectroscopy, Nuclear magnetic resonance, and 
Diffraction methods. 

�  Electrostatic Effects and the Splitting of Energy Levels. 

3.0 Types of spectral 

   The two types of spectral most often obtained are emission and Absorption spectral: 

  (a) An emission spectrum, such as the H atom line spectrum, is produced when atoms in    an 
excited state emit photons characteristic of the element as they return to lower energy states. 
Some elements produce a very intense spectral line (or closely spaced ones) that serves as a 
marker of their presence. Such an intense line is the basis of flame tests, rapid qualitative 
procedures performed by placing a granule of an ionic compound or a drop of its solution in a 
flame. Some of the colours of fireworks and flares are due to emissions from elements. The 
characteristic colours of sodium-vapor and mercury-vapor streetlamps, seen in many towns and 
cities, are due to one or a few prominent lines in their emission spectra. Flame atomic emission 
spectrometry (formally referred to as flame photometry) is based on the excitation of atom by 
heat energy. This method is suitable for the determination of Na, k, Li and Ca because of their 
low boiling points. 

(b) An absorption spectrum is produced when atoms absorb photons of certain wavelengths 
and become excited from lower to higher energy states. Therefore, the absorption spectrum of an 
element appears as dark lines against a bright background. When white light passes through 
sodium vapor, for example, it gives rise to a sodium absorption spectrum, and the dark lines 
appear at the same wavelengths as those for the yellow-orange lines in the sodium emission 
spectrum. 
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Instruments based on absorption spectral are much more common than those based on emission 
spectra, for several reasons. When a solid, liquid, or dense gas is excited, it emits so many lines 
that the spectrum is a continuum (recall the continuum of colors in sunlight). Absorption is also 
less destructive of fragile organic and biological molecules. 

Despite differences that depend on the region of the electromagnetic spectrum used to   irradiate 
the sample, all modern spectrometers have components that perform the same basic functions 
(Figure 1). 

Visible light is often used to study colored substances, which absorb only some of the     
wavelengths from white light. A leaf looks green, for example, because its chlorophyll absorbs 
red and blue wavelengths strongly and green weakly, so most of the green light is reflected. 

The overall shape of the curve and the wavelengths of the major peaks are characteristic of 
chlorophyll a, so its spectrum serves as a means of identifying it from an unknown source. The 
curve varies in height because chlorophyll a absorbs incoming wavelengths to different extents. 
The absorptions appear as broad bands, rather than as the distinct lines we saw earlier for 
individual gaseous atoms, because dissolved substances, as well as pure solids and liquids, 
absorb many more wavelengths due to the greater numbers and types of energy levels within a 
molecule among molecules, and between molecules and solvent. 

 

 

Figure 1: the main components of a typical spectrometer. 

In addition to identifying a substance, a spectrometer can be used to measure its concentration 
because the absorbance, which is the amount of light of a given wavelength absorbed by a 
substance, is proportional to the number of molecules. Suppose you want to determine the 
concentration of chlorophyll in an ether solution of leaf extract. You select a strongly absorbed 
wavelength from the chlorophyll spectrum (such as 663 nm), measure the absorbance of the leaf-
extract solution, and compare it with the absorbances of a series of ether solutions with known 
chlorophyll concentrations. 
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4.0 Absorption spectroscopy 

Absorption spectroscopic methods make use of the absorption of electromagnetic radiation by a 
molecule or material at a characteristic frequency corresponding to the energy of a transition 
between vibrational or electronic energy levels. The intensity is related to the probability of the 
transition occurring. 

5.0 Ultraviolet-visible spectroscopy 

The energies and intensities of transitions provide information on electronic structure and 
chemical environment; changes in spectral properties are used to monitor the progress of 
reactions. 

Ultraviolet-visible spectroscopy (UV-visible spectroscopy) is the observation of the absorption 
of electromagnetic radiation in the visible and ultraviolet (UY) regions of the spectrum. It is 
sometimes known as electronic spectroscopy because the energy is used to excite species to 
higher electronic energy levels. UV-visible spectroscopy is among the most widely used 
techniques for studying chemical compounds and their reactions and most laboratories possess a 
UV-visible spectrophotometer. However, the theoretical framework is complicated; therefore, 
this unit describes only basic principles and the ways in which UV-visible spectra are measured 
and used in investigations.  

5.1 Measuring a spectrum 

The sample is usually a solution but may also be a gas. In either case, it is contained in a cell (a 
'cuvette') constructed of an optically transparent material such as glass or, for examining UV 
spectra at wavelengths below 320 nm, silica or quartz. The cell is placed in the beam from a light 
source and the optical transmission is measured at a detector. Usually the incident light beam is 
split into two, one part of the beam passing through the sample and the other passing through a 
cell that is identical except that the sample is absent. The sample and reference beams are 
compared at the detector (a photodiode). Conventional spectrometers sweep the wavelength of 
the incident beam by changing the angle of a diffraction grating, but it is now more common for 
the entire spectrum to be recorded at once by using a diode array detector. 

The absorbance, A, of a sample is defined as 

                                                                        A = log (Io/I)  
where I0 is the incident intensity and I is the measured intensity after passing through the 
sample. Thus a sample that attenuates the light intensity by 10 per cent (so Io/I= 100/90) 
has an absorbance of 0.05, one that attenuates it by 90 per cent (so Io/I= 100/10) has an 
absorbance of 1, and one that attenuates it by 99 per cent an absorbance of 2, and so on. 
The detector is the limiting factor for strongly absorbing species because the measure- 
ment of low photon flux is unreliable. 

The empirical Beer-Lambert law is used to relate the absorbance to the molar concentration [C] 
of the absorbing species and optical pathlength (l). 

 



��	�
�

where  is the molar absorption coefficient (still commonly referred to as the 'extinction 
coefficient'). Values of  range from above 105 dm3 mol -1 cm-1 for fully allowed transitions to 
less than 1 dm3 mol-1 cm-1 for 'forbidden' transitions; in the latter case the absorbing species may 
be difficult to observe unless the concentration or pathlength are increased accordingly. The 
proportionality between absorbance and concentration provides a way to measure properties that 
depend on concentration, such as equilibria and rates of reaction. 

6.0 Spectroscopic monitoring of titrations and kinetics 

When the emphasis is on measurement of absorbance rather than the energy of transitions, the 
spectroscopic investigation is usually called spectrophotometry. Provided at least one of the 
species involved has a suitable absorption band, it is usually straightforward to carry out a 
spectrophotometric titration in which the extent of reaction is monitored by measuring the 
concentrations of components. Measuring the UV-visible absorption spectra of species in 
solution also provides a method for monitoring the progress of reactions and determining rate 
constants. 

The techniques that use UV-visible spectral monitoring range from those measuring reactions in 
the picosecond range (photochemically initiated by an ultrafast laser pulse) to the monitoring of 
slow reactions over hours and even days. The stopped-flow technique (Figure 2) is commonly 
used to study reactions with half-lives of between 1 ms and 10s that can be initiated by mixing. 
Two solutions, each containing one of the reactants, are mixed rapidly by a pneumatic impulse, 
and then the flowing, reacting solution is brought to an abrupt stop by filling a 'stop-syringe', 
triggering the monitoring of absorbance. The reaction can be monitored at a single wavelength, 
or successive spectra can be measured very rapidly using a diode array detector. 

 

            

Figure 2 the structure of a stopped-flow instrument for studying fast reactions in solution 

The spectral changes incurred during a titration or the course of a reaction also provide 
information about the number of species that form during its progress. An important case is the 
appearance of one or more isosbestic points, which are wavelengths at which two species have 
equal values for their molar absorption coefficients, during a reaction or titration. At such an 
isosbestic point, it is extremely unlikely that a third species will have the same molar absorption 
coefficient. Therefore, the retention of isosbestic points in a titration or during the course of a 

%
�&��
'��(	��!�
���

$!"��	�
�

� 
���� �



��
�
�

reaction is evidence for there being only two dominant species (reactant and product) in the 
solution. 

7.0 Atomic absorption spectroscopy 

 Almost every metallic element can be determined quantitatively by using the absorption 
characteristics of atoms. The Principles of atomic absorption spectroscopy are similar to those of 
UV-visible spectroscopy except that the absorbing species are free atoms or ions. Unlike 
molecules, atoms and ions do not have rotational or vibrational energy and the only transitions 
that occur are between electronic energy levels. Consequently, atomic absorption spectra consist 
of sharply defined lines rather than the broad bands typical in molecular spectroscopy. 

Figure 3 shows the basic components of an atomic absorption spectrophotometer. The sample is 
exposed to radiation of a specific wavelength from a 'hollow cathode' lamp, which consists of a 
cathode constructed of a particular element and a tungsten anode in a sealed tube filled with 
neon. The energy of the photons emitted is exactly the same as can be absorbed by the unbound 
atoms or ions of the same element. A different lamp is required for each element that is to be 
analysed. 

The major differences in instrumentation arise from the different methods used to convert the 
analyte (the substance being analysed) to free, unbound atoms or ions. In flame atomization the 
analyte solution is mixed with the fuel in a nebulizer, which creates an aerosol. The aerosol 
enters the burner where it passes into a fuel-oxidant flame. Typical fuel—oxidant mixtures are 
acetylene-air, which produces flame temperatures of up to 2500 K, and acetylene-nitrous oxide, 
which generates temperatures of up to 3000 K. A common type of electrothermal atomizer is 
the graphite furnace. The temperatures reached in the furnace are comparable to those attained in 
a flame atomizer but detection limits can be 1000 times  

 

Figure 3. The layout of a typical atomic absorption spectrophotometer  

better. The increased sensitivity is due to the ability to generate atoms quickly and keep them in 
the optical path for longer. Another advantage of the graphite furnace is that solid samples may 
be used. A monochromater is placed after the atomizer to isolate the desired wavelength for 
passage to the detector, as the ionization process may produce spectral lines from other 
components of the analyte. 

5� 678 �
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Almost every metallic element can be analysed by using atomic absorption spectroscopy, 
although not all with high sensitivity or usefully low detection limit. For example, the detection 
limit for cadmium in a flame ionizer is 1 part per billion (1 ppb, 1 in 109) whereas that for 
mercury is only 500 ppb. Limits of detection using a graphite furnace can be as low as 1 part in 
1015. Direct determination is possible for any element for which hollow cathode lamp sources are 
available. Other species can be determined by indirect procedures. For example, PO4

3- reacts 
with MoO4

2- in acid conditions to form H3P(Mo3O10)4, which can be extracted into an organic 
solvent and analysed for molybdenum. Generally, to analyse for a particular element, a set of 
calibration standards is prepared in a similar matrix to the sample, and the standards and the 
sample are analysed under the same conditions. 

8.0 Infrared and Raman spectroscopy 

Infrared and Raman spectroscopy are often complementary in that a particular type of vibration 
may be observed in one method but not the other; the information is used in many ways, ranging 
from structural determination to measuring reaction kinetics. 

Vibrational spectroscopy is used to characterize compounds in terms of the strength and number 
of bonds that are present. It is used to detect the presence of known compounds (fingerprinting), 
to monitor changes in the concentration of a species during a reaction, to determine the 
components of an unknown compound (such as the presence of CO ligand) to determine a likely 
structure for a compound, and to measure properties of bonds (force constants). A bond in a 
molecule behaves like a spring: stretching it through a distance x produces a storing force F. For 
small displacements, the restoring force is proportional to the displacement and F= — kx, where 
k is the force constant of the bond: the stiffer the bond, the greater the force constant. Such a 
system is known as a harmonic oscillator, and solution of the Schrodinger equation gives the 
energies. 

8.1 The Techniques 

In infrared spectroscopy (IR spectroscopy) the vibrational spectrum of a compound is obtained 
by exposing the sample to infrared radiation and recording the variation of the transmission with 
frequency. In early spectrometers, the transmission was measured as the frequency was swept 
between two limits. Now the spectrum is extracted from an interferogram by Fourier 
transformation, which converts information in the time domain (based on the interference of 
waves travelling along paths of different lengths) to the frequency domain. The sample must be 
contained in a material that does not absorb infrared radiation, which means that glass cannot be 
used and aqueous solutions are unsuitable unless the spectral bands of interest occur at 
frequencies not absorbed bv water. Optical windows are typically constructed from Csl. 
Traditional procedures of sample preparation in KBr pellets or paraffin mulls have largely been 
replaced by total internal reflectance devices in which the sample is simply placed in position. 

In Raman spectroscopy the sample is exposed to intense laser radiation in the visible region of 
the spectrum. Most of the photons are scattered elastically (with no change of frequency) but 
some are scattered inelastically, having given up some of their energy to excite vibrations. These 
photons have frequencies different from that of the incident radiation by amounts equivalent to 
vibrational frequencies of the molecule. An advantage of Raman spectroscopy over IR 
spectroscopy is that aqueous solutions can be used, but a disadvantage is that linewidths are 
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usually much greater. Conventional Raman spectroscopy involves the photon causing a transition 
to a ‘Virtual’ excited state that then collapses back to a real lower state, emitting the detected 
photon in the process. The technique is not very sensitive but great enhancement is achieved if 
the species under investigation is coloured and the excitation laser is tuned to a real electronic 
transition. The latter technique is known as resonance Raman spectroscopy and is particularly 
valuable for studying the environment of d-metals in enzymes because only vibrations close to 
the chromophore are excited and the many thousands of bonds in the rest of the molecule are 
'silent'. 

Only vibrational modes that correspond to a changing polarizability of the molecule are active in 
Raman spectroscopy, so the technique is often complementary to IR spectroscopy. When the 
molecule has a centre of symmetry, no mode can be both IR and Raman active (but a mode may 
be inactive in both). 

8.2 Applications of infrared and Raman spectroscopy 

A major use of IR and Raman spectroscopy is the study of numerous compounds of the d-block 
that contain carbonyl ligands. The CO group is a strong oscillator in the sense that it gives rise to 
intense vibrational absorption bands. Free CO absorbs at 2143 cm-1, but when coordinated in a 
compound the stretching frequency (and correspondingly the wavenumber) is lowered by an 
amount that depends on the extent to which electron density is transferred into the 2p orbital (the 
LUMO) by back donation from the metal. The CO stretching absorption also allows distinction 
to be made between terminal and bridging ligands, with bridging ligands occurring at lower 
frequencies. 

Raman and infrared spectroscopy are excellent methods for studying molecules that are formed 
and trapped in inert matrices, the technique known as matrix isolation. The principle is that 
highly unstable species that would not normally exist can be generated in an inert matrix such as 
solid xenon. The speed of data acquisition possible with Fourier-transform IR (FTIR) has meant 
that it can be incorporated into rapid kinetic techniques, including ultrafast laser photolysis and 
stopped-flow methods. This application has been exploited to investigate rates of reaction and to 
identify transient intermediates in reactions that involve changes in vibrational spectra, such as 
those involving the addition or loss of carbonyl groups. 

Self Assessment Exercise 1 (SAE 1) 

1. Explain why atomic absorption spectra consist of sharply defined lines rather than the 
broad bands typical in molecular spectroscopy. 

2. Explain why it is more desirable to use silica or quartz cuvettes in the measurement of 
spectrum below 320 nm. 

9.0 Nuclear magnetic resonance (NMR) is the most powerful and widely used spectroscopic 
method for the determination of molecular structures in solution and pure liquids. In many cases, 
it provides information about shape and symmetry with greater certainty than is possible with 
other spectroscopic techniques, such as IR and Raman spectroscopy. It also provides information 
about the rate and nature of the interchange of ligands in fluxional molecules and can be used to 
follow reactions, in many cases providing exquisite mechanistic detail. The technique has been 
used to obtain the structures of protein molecules of up to 20 kDa, and has complemented the 
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more static descriptions obtained with X-ray single-crystal diffraction. However, unlike X-ray 
diffraction, NMR studies of molecules in solution generally cannot provide detailed bond 
distance and angle information. 

The sensitivity of NMR is dependent on several parameters, including the abundance of the 
isotope and the size of its nuclear magnetic moment. For example, 1H, with 99.98 per cent 
natural abundance and a large magnetic moment, is easier to observe than 13C, which has a 
smaller magnetic moment and only 1.1 per cent natural abundance. With modern multinuclear 
NMR techniques it is particularly easy to observe spectra for 1H, 19F and 31P and useful spectra 
can also be obtained for many other elements; A common limitation for exotic nuclei is the 
presence of a nuclear quadrupole moment, a non-uniform distribution of electric charge, which 
broadens signals and degrades spectra. Nuclei with even atomic numbers and even mass numbers 
(such as 12C and 16O) zero spin and are invisible in NMR. 

10.0 Diffraction methods 

Diffraction techniques, particularly using X-rays, are the most important structure determination 
methods available to the chemist. The method allows for the unambiguous determination of the 
positions of the atoms and ions that make up a molecular or ionic compound and thus allows 
description of structures in terms of features such as bond lengths and angles and the relative 
positions of ions and molecules in a unit cell. The structural data obtained have been interpreted 
in terms of atomic and ionic radii, which then allow chemists to predict structure and explain 
trends in many properties. 

11.0 X-ray diffraction 

Diffraction is the interference between waves that occurs as a result of an object in their path. X-
rays are scattered by the electrons in atoms, and diffraction can occur for a periodic array of 
scattering centres separated by distances similar to the wavelength of the radiation (about 100 
pm), such as exists in a crystal. If we think of scattering as equivalent to reflection from two 
adjacent parallel planes separated by a distance d then the angle at which constructive 
interference occurs between waves of wavelength l  is given by the Bragg equation: 

 

The intensity of the diffraction depends on the details of the crystal structure and the identities of 
the atoms. How well an atom scatters X-rays is related to how many electrons it possesses and its 
location in the unit cell. Thus measurement of diffraction angles and intensities allows us to work 
backwards to structural information. 

There are two principal X-ray techniques: the powder method, in which the materials being 
studied are in polycrystalline form, consisting of thousands of crystallites of a few micrometres 
or less in dimension, and single-crystal diffraction, where the compound is available as a single 
crystal of dimensions of several tens of micrometres or larger. 
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12.0 Electrostatic Effects and the Splitting of Energy Levels 

Electrostatic effects play a major role in determining the energy states of many electron atoms. 
These effects lead to a more complex set of energy than exists in the H atom and to a splitting of 
energy levels. To see this result, let’s move on to the third element, lithium, and continue adding 
electrons to orbitals. 

The first two electrons in the ground state of lithium (Li; Z = 3 have the same two sets of 
quantum numbers as the electrons in He, so the 1s orbital of lithium is filled. By definition, the 
electrons of an atom in its ground state occupy the orbitals of lowest energy. Therefore, with the 
lowest energy (1s) orbital filled, the third Li electron must go into the orbital of next-lowest 
energy: the 2s orbital. The set of quantum numbers for this electron are n = 2, l = 0, ml   =0, and 
ms = + . But the /; = 2 energy level has 2s and 2p orbitals, so why is the 2s orbital lower in 

energy than the 2p? 

Recall that the energy state of the H atom is determined only by the n value of the occupied 
orbital. All sublevels of a given level, such as the 2s and 2p, have the same energy because the 
only electrostatic interaction is the nucleus-electron attraction. On the other hand, the energy 
states of many-electron atoms arise from nucleus-electron attractions and electron-electron 
repulsions. One major consequence of these additional electrostatic interactions is the splitting of 
energy levels into sublevels of different energies; the energy of an orbital in a many-electron 
atom depends mostly on its n value (size) and somewhat on its l value (shape). 

Evidence for the splitting of energy levels is seen in the complex line spectral of many-electron 
atoms. 

Two factors essential to understanding energy-level splitting are described by Coulomb's law: 

1.    The farther apart opposite charges are, the weaker the attraction is, when nucleus and 
electron are far apart, the energy is higher (the system is less stable) than when they are close 
together. 

2.    The higher opposite charges are, the stronger the attraction is. When a nucleus of higher 
charge attracts an electron, the energy is lower (the system is more stable) than when a nucleus 
of lower charge attracts an electron. 

Let's apply these factors, together with the basic rule that opposite charges attract and like 
charges repel, to see why energy levels split and, thus, why the 2s orbital is lower in energy than 
the 2p. Chemists measure an orbital’s energy in terms of the energy needed to remove an 
electron from that orbital in an atom. It takes more energy to remove an electron in a more stable 
orbital than it does to remove one in a less stable orbital. An atom’s energy has a negative value. 
The more stable an orbital, the lower (more negative) its energy is. Higher nuclear charge lowers 
orbital energy (stabilizes the system) by increasing nucleus-electron attractions. 

Self Assessment Exercise 2 (SAE 2) 

2. Why must the atoms not be excited for atomic absorption spectrometry. 
3. Mention the appropriate technique for the determination of zinc and copper. 

.  
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13. Conclusion 

Spectroscopic techniques are based mainly on absorption and emission of radiation. If the 
species absorbing or emitting the radiation are atoms, the interaction is atomic absorption or 
atomic emission spectroscopy; while molecular species interact with light and give rise to 
molecular spectroscopy as in ultra violet and infrared spectroscopy. Both absorption and 
emission techniques are based on electronic transition between the energy levels when atoms or 
molecules are excited by heat or radiation. Electrostatic interactions determine orbital energies as 
follows: greater nuclear charge lowers orbital energy and makes electrons more difficult to 
remove; electron-electron repulsions raise orbital energy and make electrons easier to remove. 
Repulsions have the effect of shielding electrons from the full nuclear charge, reducing that 
change to an effective nuclear charge, Zeff. Inner electrons shield outer electrons most 
effectively; greater radial probability distribution near the nucleus (greater penetration) makes 
the electron more difficult to remove because it is attracted more strongly and shielded less 
effectively. As a result an energy level (shell) is split into sublevels (sub shells) with the energy 
order s < p < d < f.  

14.0    Summary 

 In this unit we have learnt that:  

�  Emission spectrum is produced when atoms in an excited state emit photons 
characteristic of the element as they return to lower energy states. 

�  Absorption spectrum is produced when atoms absorb photons of certain wavelengths and 
become excited from lower to higher energy states. Therefore, the absorption spectrum of 
an element appears as dark lines against a bright background. 

�  The measurement of spectral is based on Beer- Lambert’s law which relates the 
absorbance to the molar concentration [C] of the absorbing species and optical path 
length. 

�  X-rays are scattered by the electrons in atoms, and diffraction can occur for a periodic 
array of scattering centres separated by distances similar to the wavelength of the 
radiation. 

�  The vibrational spectrum of a compound is obtained by exposing the sample to infrared 
radiation. The different structural features of a compound are finger printed by different 
modes of vibration on absorption of infrared by molecular substances. 

�  Electrostatic interactions determine orbital energies in an atom. 

15.0 Tutor Marked Assignment 

      1. Make an annotated diagram to show the various components of a typical 
spectrophotometer. 
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Answers to Self Assessment Exercises 

      SAE1 

1. Because the absorbing species are free atoms or ions. Unlike molecules, atoms and ions 
do not have rotational or vibrational energy and the only transitions that occur are 
between electronic energy levels. 

2. Because silica and quartz are optically transparent to the ultra violet radiation below 320 
nm 

      SAE2 

1. If the atom is already in the excited state it cannot absorb the light.  

2. The appropriate technique for the determination of zinc and copper is atomic absorption 

spectrometry. 

    Answers to Tutor Marked Assignment 

1. 

 
The main components of a typical spectrophotometer 
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