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Introduction

The International Baccalaureate Diploma programme, a
pre-university course for 16- to 19-year-olds, is designed
to develop not only a breadth of knowledge, skills and
understanding, but well-rounded individuals and engaged
world citizens. One of the Diploma’s key requirements
is concurrent study in six academic areas, at least one
of which is an experimental science. Of this chemistry,
whether taken at Standard or Higher Level, is the choice of
many students. This book is designed to serve them.
Within the IB Diploma programme, the theory content
for chemistry is organized into compulsory core topics and
options. The organization of this book exactly follows that
syllabus sequence:

= Section 1 is the common core material for Standard and
Higher Level students: Chapters 1-11

m Section 2 is the additional higher level material for
Higher Level students: Chapters 12-20

= Section 3 consists of the seven options: A to G, covered
in Chapters 21-27. All the options are available to both
Standard and Higher Level students.

The syllabus is presented as topics and options, each of

which is the subject of a single chapter in Chemistry for the
IB Diploma. The topic chapters are provided in the printed
book, and the options chapters on the accompanying CD-

ROM.

Special features of the chapters of Chemistry for the IB
Diploma are described below.

= Each chapter begins with ‘Starting points’ that
summarize the essential concepts on which the chapter
is based.

= The text is written in straightforward language,
uncluttered by phrases or idioms that might confuse
students for whom English is a second language. The
depth of treatment of topics carefully reflects the
objectives and command terms in which the syllabus
assessment statements are phrased.

= Photographs and full-colour illustrations are linked to
support the relevant text, with annotations included to
elaborate the context, function, language or applications
of chemistry.

= Throughout the text the IB Diploma chemistry syllabus
subtopic assessment statement being addressed is clearly
shown, so links between the text and the IB Diploma
chemistry syllabus are self-evident.

m  The bar at the foot of each page is colour coded to
show whether the text is for Standard Level (pink bar),
Higher Level (dark red bar), or for both (striped bar).

m  Processes of science (science methods) and the history
of chemical developments are introduced selectively to
aid appreciation of the possibilities and limitations of
science.

= At the end of each chapter, typical examination
questions, of all types, are given. Full worked answers are
provided on the CD-ROM.

= Links to the interdisciplinary Theory of Knowledge
(TOK Link) element of the IB course are made at
appropriate points in most chapters.

= A comprehensive glossary of words and terms is included
both in the printed book and on the CD-ROM.

m The CD-ROM also includes Chapter 28, which provides
an introduction to IB Diploma chemistry for students
and teachers new to the programme, and Chapter 29,
which provides detailed chemistry-specific guidance and
advice relating to the extended essay (in chemistry).

Using this book

The sequence of chapters in Chemistry for the IB Diploma
follows the sequence of the syllabus contents. However, the
IB Diploma chemistry syllabus is not designed as a teaching
syllabus, and the order in which the syllabus content is
presented is not necessarily the order in which it should
taught. Different schools and colleges need to design a
course delivery model based on individual circumstances.
In addition to the study of theory issues on which this book
focuses, IB science students are also involved in practical
investigations and the Group 4 Project. Investigations

are ultimately presented for the internal assessment,

based on given internal assessment criteria. How all these
components are integrated is also the subject of Chapter
28. This has been written by guest author Gary Seston, an
experienced and enthusiastic teacher of the IB Diploma
who, importantly, also has examiner experience. Prior to
his present post at the United World College of South

East Asia in Singapore, Gary also taught at Sotogrande
International School, Cadiz. This chapter is an excellent
guide of interest to both teachers (especially those new to
the IB Diploma) and students.
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Quantitative chemistry

STARTING POINTS

Pure substances can be divided into the chemical elements and chemical compounds.
All substances are composed of atoms.

Chemical compounds consist of atoms chemically bonded together in a fixed ratio
described by a chemical formula.

The mole is a quantity used to indirectly count atoms, ions, electrons, formula units and
molecules.

A mole contains 6.02 x 10?3 particles — this quantity is known as the Avogadro constant
(units of molT).

Known amounts of substances (in moles) are prepared by measuring masses of pure
solids, liquids or gases. Known amounts of gases can also be prepared by measuring
volumes of pure gases (under specified conditions).

The physical behaviour of gases is described by the three gas laws and summarized by
the ideal gas equation. The chemical behaviour of gases is described by Gay-Lussac’s and
Avogadro's laws.

Mass is conserved during chemical reactions.

Titration is a technique, using solutions as reactants, that allows chemists to determine
the amounts of substances reacting if the concentration of one of the reacting solutions
is known.

Titrations may involve acid—base, redox or precipitation reactions. A back titration
involves two consecutive reactions.

Amounts are used to deduce chemical formula, amounts of products, percentage purity
and percentage yield.

Figure 1.1 The three
states of matter and their
interconversion

Fundamental concepts of chemistry
States of matter

There are three phases or states of matter: solids, liquids and gases. Any substance can exist in
each of these three states depending on temperature and pressure,

The simple diagram in Figure 1.1 shows the relationship between these states of matter and the
arrangement (idealized, simplified and in two dimensions only) of their particles (ions, atoms or
molecules). The arrows represent phys ical changes termed changes of state.

sublime
© O O GOQ o
OOO“'*LOOO “’“l»p O
O O O ‘ﬁfmaze] o 00 | E?ﬁm]
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solid licquid gas



QUANTITATIVE CHEMISTRY

Figure 1.2 A sample of
the element phosphorus
(red allotropic form)

0=0
oxygen molecule O,

N=N
nitrogen molecule N,

H—H
hydrogen molecule H,

Ccl—Cl

chlorine molecule Cl,

\s_s/

sulfur molecules 8,

Figure 1.3 Diagram

of oxygen, nitrogen,
hydrogen, chlorine and
sulfur molecules

Elements

The chemical elements (Figure 1.2) are the simplest substances and are composed of a single type
of atom (Chapter 2). (Many elements exist in two or more slightly different forms of the same
element known as isotopes — see Chapter 4). Elements cannot be split up or decomposed into
simpler substances by a chemical reaction.

The elements can be classified into three groups based upon the state of matter they exist in at
25°C. Most of the elements are solids, for example iron, but bromine and mercury are liquids at
room temperature and the remainder of the elements are gases, for example oxygen and neon.

The elements can also be classified into two groups: metals and non-metals (Chapter 4), based
on their chemical and physical properties. For example, aluminium is a metal and chlorine is a
non-metal.

Many elements exist as atoms, for example metals and the noble gases. However, many non-
metals exist as atoms bonded together into molecules (Figure 1.3). Examples of non-metal
molecules include oxygen, O,, chlorine, Cl,, nitrogen, N, phosphorus, P, and sulfur, Sg. Oxygen,
nitrogen and chlorine exist as diatomic molecules.

Allotropy is the existence of two or more forms of an element in the same physical state.
These different forms are called allotropes. Allotropes exist where there is more than one possible
arrangement of bonded atoms. For example, solid carbon can exist in three allotropes: diamond,
carbon-60 (Cg,) and graphite (see Chapter 4); oxygen can exist in two allotropes: dioxygen (O,)
and trioxygen (ozone, ;) (Chapter 25).

Compounds

Many mixtures of elements Lmdet'gc: a chemical reaction when I:he'!,r are mixed h:rgether and
heated. The formation of a compound (Figure 1.4) from its elements is termed synthesis. Heat
energy is usuall',r released during this reaction {fjhapter 5.

Figure 1.4 A model showing the structure of the compound calcium carbonate, CaCO, (black spheres
represents carbon, red oxygen and white calcium)

When a mixture of iron and sulfur is heated, large amounts of heat energy are released as the
compound iron(11) sulfide, FeS, is formed (Figure 1.5). (Synthesis reactions like this are examples
of redox reactions — see Chapter 10.)

Mixtures of elements are easily separated by a physical method, since the atoms of the different
elements are not bonded together. For example, iron can be separated from sulfur by the use of a
magnet.

However, when a compound is formed the atoms it contains are chemically bonded together,
so the compound will have different physical and chemical properties from the constituent
elements. For example, iron is magnetic, but the compound iron(11) sulfide is non-magnetic
(Figure 1.6). A CD!T[PDUI‘[CI will contain either molecules or ions (Chapter 4).
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The splitting of a chemical compound into its constituent elements is termed decomposition.
This process requires an input of energy, either heat (thermal decomposition) or electricity

(electrolysis) (Chapter 9).

Figure 1.5 The elements iron and sulfur Figure 1.6 A sample of ironill) sulfide and a mixture of iron and sulfur

1.7 The mole concept and Avogadro’s constant

Apply the mole concept to substances.
Determine the number of partidles and the amount of substance (in moles).

Introduction

~ Chemists are interested in the ratios in which chemical elements and compounds react together
during chemical reactions. This is important when preparing a pure substance in the laboratory,

and even more so in the chemical industry. Using excess reactant, unless necessary, will result in
additional costs in order to remove it from the product.

Atoms are very small with very small masses, for example a hydrogen atom (}H) weighs only
1.67355 x 10 kg. However, the masses of atoms of different elements are different, for example a
carbon-12 atom is twelve times more massive than an atom of hydrogen-1.

For this reason, weighing out the same mass of different elements results in different numbers
of atoms being present in the samples. It is very difficult for chemists to count large numbers of
atoms directly so instead a chemist counts atoms indirectly by weighing samples of elements.

For example, 12 grams of carbon-12 atoms and 1 gram of hydrogen-1 atoms both contain the
same number of atoms. These samples are described as having the same amount of atoms in
moles. In this simple example the two samples of elements both contain one mole of atoms.

The mole concept (Figure 1.7) allows chemists to weigh out samples of substances with equal
numbers of particles (atoms, ions or molecules). For elements, one mole of atoms is present when
the relative atomic mass (page 6) of the element is weighed out in grams.

The amount of substance (symbol n) is a quantity that is directly proportional to the number of

¢ particles in a sample of substance. It is one of the seven base quantities of the SI unit system. The
i unit of amount is the mole (mol).

Il 13 »
Figure 1.7 The mole A mole of a substance contains 6.02 x 10® particles of the substance. This is the same number

concept applied to  of particles as there are atoms in exactly 12 grams of the isotope carbon-12 (¥ C) (see Figure 1.8).
two solid elements:  The value 6.02 % 102 mol-! is called the Avogadro constant (symbol L).

magnesium and carbon
(graphite)

B.02 x 1072 45
carbon-12 atoma e

Figure 1.8 An illustration
D'F thE ﬂmgadm constant _




QUANTITATIVE CHEMISTRY

The particles may be atoms (e.g. Ar), molecules (e.g, Br;), ions {e,g. Na*), formula units
(e.g. NaCl) or electrons (Figure 1.9), but should be specified, for example 1 mol of chlorine atoms

or 2mol of chlorine molecules. (Stoichiometric calculations invnlving electrons can be found in

Chapter 19.)
6.02 x 107° 6.02 x 10™ 6.02 x 107 6.02 x 10% 6.02 x 10™
atomsa molecules iona formula units electrons

one mole of particles
Figure 1.9 A summary of the mole concept applied to different particles

The mole is simply a convenient counting unit for chemists, large enough to be seen, handled and
measured. It is no different from other counting units: a dozen eggs, a gross (144) of nails and a
ream (500 sheets) of paper (Figure 1.10). Note that as the objects become smaller, the number in
a unit amount become larger. The value of the Avogadro constant is given on page 2 of the IB
Chemistry data booklet.

The equation below describes the relationship between the amount of a substance and the
number of particles:

Figure 1.10 Counting
units from left to right: a amount of substance (mol) =

pair of socks, a ream of
paper and a dozen eggs  The formula may be rearranged to make the number of particles the subject.

number of particles

6.02 % 10 mol-!

Calculate the number of molecules of water in 0.01 mol of water.
Number of water molecules = 0.01 mol % 6 x 103 mol-! = 6 x 10

(Note that units of mol and per mol (mol!) cancel to leave a pure number. Note also that for
simplicity the Avogadro constant is taken to be 6 x 10 mol-L.)

Calculate the amount of nitric(v) acid, HNO;, that contains 9 x 102 molecules.
number of molecules

6.02 x 102 mol-!

9 103

Amount of nitric(v) acid = 6% 108 moll = 1.5 mol

Amount of nitric(V) acid =

Calculate the number of oxygen atoms present in 9 % 102 molecules of nitric(v) acid, HNO;.

Each molecule of nitric(v) acid contains three oxygen atoms. Hence, 9 x 10% molecules of
nitric(V) acid contains

3x9x 108 = 2.7 x 10% atoms of oxygen.

TOK Link

Atoms are so small that if a line one metre long were drawn then 6 000000000 or 6 x 10° atoms could be lined
up end to end. If you were to stand on a sandy beach and lock along the beach in both directions, you would
not see enough particles to make one mole of grains of sand. The mole concept is analogous to a bank derk
who weighs bags of coins on special scales which effectively count coins {of the same type) by mass. Chapter 23
introduces the science of nanctechnology, whose technigues allow chemists to move and count small numbers
of atoms.



The mole concept and Avogadro’s constant

Extension: Determination of the Avogadro constant

In 1914 William Bragg used X-ray crystallography to determine the Avogadro constant.

X-ray crystallography involves passing X-rays through very pure crystals and analysing
the scattering patterns to determine the arrangement of particles in the crystal.

General approach

The spacing of particles in a crystal is first determined.

Knowing the distance between atoms (or ions) in the cr?stal, it is then p-:-ssible to find the
volume occupied by one atom.

The volume of one mole of the substance is then determined.

Finally, the volume of one mole is divided by the volume of one atom to obtain the Avogadro

constant.

Example calculation

Figure 1.11 shows a unit cell of sodium metal, which has a body-
centred cubic structure. The unit cell is the simplest arrangement of
atoms which, when repeated, will reproduce the same structure.

The central atom is located inside the unit cell. The eight atoms at
the corners are equally shared between eight unit cells. This means the
unit cell effectively contains a total of (1 + 8 x -é-], that is, two atoms.

X-ray diffraction methods show that the width of the sodium unit
cell (shown as a in Figure 1.11) is 0.429nm, or 0.429 x 10~ cm Figure 1.11 Unit cell of
(lnm = 102 m). sodium metal

Thus, the volume of the unit cell (that is, two atoms)

=(0.429 x 107y em’
=0.0790 % 102! em?

Therefore, the volume occupied by one sodium atom = 0.0395 x 10~ cm?. The relative
atomic mass of sodium = 22.99 and the density of sodium is 0.97 gem.

Mass

Using the equation volume = , the volume of one mole of sodium atoms is given by:

density

11.99¢
0.97gem™

volume of one mole of atoms
volume of one atom

_ 23.70cm?
0.0395 x 10+ em?

= Hx 10%

= 23.70cm?

VO Il.llTlE =

The Avogadro constant




QUANTITATIVE CHEMISTRY

Formulas

Define the terms relative atomic mass (4,) and relative molecular mass (M, ).
Calculate the mass of one mole of a species from its formula.

Relative atomic mass, relative formula mass and molar mass

It is very difficult to determine directly the

actual masses of individual atoms. However, it is a carbon-12 atom a hydrogen-1 atom
relatively simple to compare the mass of one
atom of a chemical element with the mass of weighs 12 times

as much as

aroms C!'[:Dl.'hﬁl' lE'.lEl'IlE!IltS. TI'I.E.' l'E!lEI[iVE IMAasses C‘lf

artoims are determmed b}’ tl’lE Lse Df a [MNAss a magnaaium—24 atam a carbon-12 atom

spectrometer (Chapter 2). The concept of
relative B of amr.ns is shown in Figure 1.12. welhwice
The relative atomic mass of an element _ as much as

is how many times greater the average mass
of atoms of that element is than one-twelfth a sulfur-32 atom an en-16 atorn

the mass of a carbon-12 atom. The wei ghted
Elrerage masls is usecll since t;-.el majority C: weighe twice
elements exist as mixtures ot isotopes whose . a———

masses vary slightly (Chapter 2).

Figure 1.12 Comparing the masses of atoms

average Imnass D'F one atom D'F tl'l& ElEﬂlE:l'lt

relative atomic mass = 12 %
mass of one atom of carbon-12

For example, the average mass of one atom of hydrogen from a large sample of hydrogen atoms is 1.01.
(More than 99% of hydrogen atoms have a mass of exactly 1; less than 1% have a mass of exactly 2.)

relative atomic mass of hydrogen = 12 x % =1.01

The relative atomic mass expresses masses of atoms as relative values using the carbon-12 atomic
mass scale. Relative atomic masses (symbol A,) are simply pure numbers and do not have units.

Figure 1.13 illustrate the concept of relative atomic mass applied to some isotopes of common
elements. Atoms of magnesium-24 are twice as heavy as carbon-12 atoms. Therefore, the relative
atomic mass of magnesium-24 atoms is 24. Three helium-4 atoms have the same mass as one
carbon-12 atom. Therefore, the relative atomic mass of helium-4 atoms is 4.

Figure 1.13 Diagrams
illustrating the concept
of relative atomnic mass

applied to carbon,
magnesium and helium
atoms

Relative atomic masses of all the chemical elements are listed on page 6 of the IB Chemistry data
booklet, but data for the first 20 elements are listed opposite in Table 1.1. The relative atomic
masses are reported to two decimal places, but the worked examples employ integer relative
atomic masses (except chlorine) in order to simplify the calculations.
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Atomic number Name Symbaol Relative atomic mass
1 Hydrogen H 1.01
2 Helium He 4.00
3 Lithium Li 6.94
4 Beryllium Be 9.01
5 Boron B 10.81
& Carbon C 12.01
7 MNitrogen M 14.01
8 Croygen o 16.00
9 Fluorine F 19.00
10 Neon Me 20.18
11 Sodium Ma 22.99
12 Magnesium Mg 24.31
13 Alurminium Al 26.98
14 Silicon Si 28.09
15 Phosphorus P 30.97
16 Sulfur 5 32.06
17 Chlorine Cl 35.45
18 Argon Ar 39.95
Tahle 1.1 Atomic 19 Potassium K 39.10
el (et Hit 10 20 Calcium Ca 40.08

chemical elements

With elements, especially the common gaseous elements, it is important to differentiate between
the relative atomic mass and the relative molecular mass. Thus oxygen, for example, has a
relative atomic mass of 16.00 but a relative molecular mass of 32.00 because it exists as diatomic
molecules (O;).

The relative molecular mass is the sum of the relative atomic masses of all the atoms in one
molecule. Relative molecular masses (symbol M,) are pure numbers and do not have units.

average mass of one molecule of the element
mass of one atom of carbon-12

relative molecular mass = 12 x

The relative formula mass is the sum of the relative atomic masses of all the atoms (in the
form of ions) in one formula unit of an ionic compound. Relative formula masses are again pure
numbers and do not have units.

The molar mass (symbol M) is the mass of one mole
(Figure 1.14) of any substance (atoms, molecules, ions or
formula units) where the carbon-12 isotope is assigned a
value of exactly 12 gmol-L. It is a particularly useful concept
since it can be applied to any chemical entity.

Figure 1.14 (right) One mole of ethanol (C,H,OH, malar mass = 46gmaol )
and (left) one mole of water (H,0, molar mass = 18gmol )

in separate measuring cylinders. One maole of different liquids may have
very different masses and volumes
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Deduce the molar mass of magnesium carbonate, MgCO;.
Molar mass of magnesium carbonate, MgCO; = [24 + 12 + (3 x 16)] = 84 g mol-!

The molar mass of magnesium carbonate is 84 g mol-!,

Deduce the relative molecular mass of carbon dioxide, CO,.
Molar mass of carbon dioxide, CO, =[12 + (2 % 16)] = 44 g mol!

The relative molecular mass of carbon dioxide is 44.

Deduce the relative formula mass of hydrated iron(11) sulfate crystals, FeSO,. 7TH;O.

Molar mass of hydrated iron(n) sulfate crystals, FeSO,.TH;O
=56+32+(4x16)+7x[(2x1) + 16] = 278 gmol!

The relative formula mass of hydrated iron(i1) sulfate is 278.

Note: These are approximate molar masses, as integer values of relative atomic masses have been
used to simplify the calculations.

Extension: The relative atomic mass scale

Hydrogen was chosen initially as the standard because chemists realized that the element
had the lightest atoms, which could therefore be given a relative atomic mass of 1. Later,
when more accurate values for relative atomic masses were obtained, chemists knew that
an element could contain atoms of different masses, known as isotopes. It then became
necessary to choose a single isotope as the reference standard for relative atomic masses. In
1961, carbon-12 was chosen as the new standard (Figure 1.15). An isotope of carbon was
chosen rather than an isotope of hydrogen because carbon is a very common element and,
since it is a solid, it is also easier to store and transport than hydrogen, which is a gas.

a sulfur etom weighs twice reference point
ae much as an oxygen atom

1
O sulfur magnesium Q oxXygen Q ° carbon hydrogen O
16 12
|

, Fiqus 1'“‘5‘ e | [ ] | 2|4 HE | o P | e | T | o o 1| |
diagram showing | 1 |
the principle of the a magnesium atom weighs twice a carbon atom weighs 12 times
carbon-12 scale as much as a carbon atom as much as a hydrogen atom

The equation below describes the relationship between the amount of a substance, its mass (in
erams) and its molar mass (gmol):

mass (g]
molar mass ( gmol‘l}

amount Gf SleS[ElI]CE {Il"lDl} =

From this relationship it can be deduced that the mass of one mole of any substance will be
equal to its molar mass in grams (Table 1.2).

Formula Molar mass/gmol-' Number of particles Type of particles
H 1.01 6.02 x 104 Atorns
C 12.01 6.02 = 10% Atoms
CH, 16.05 6.02 % 103 Molecules
H,O 18.02 6.02 » 102 Molecules
NaCl [Na*CH] 58.85 2x6.02 =102 lons

Table 1.2 Some examples " - 1rnen 2 100.09 2 % 6.02 x 102 lons

of molar masses




Formulas

Extension: Polymers

Samples of polymers (Chapter 23), such as polyethene, often contain a mixture of molecules

with slightly different chain lengths centred around an average value. An average molar
mass is calculated. However, a form of polymerization, known as living polymerization, can
be used to generate polymer chains of identical length and hence identical molar mass.

Calculating quantities

Solve problems involving the relationship between the amount of substance in moles, mass and molar
mass.

The equation relating the amount of substance in moles, mass and molar mass can be used to
calculate any quantity given the values of the other two.

mass (g}
molar mass ( g mu:-l‘l)

amount le SlletEII‘LCE: {nml} =

Determining the amount from mass and molar mass

Calculate the amount of water molecules present in 54 g of water, H,O.

54¢

gmol = 3.0 mol

J'ﬁl.lTl'DllI'Lt D{: water ITIDI.E-CI.IIES =

Calculate the amount of calcium present in 0.500kg of calcium.

500¢

Amount of calcium =

Calculate the amount of water present in a drop with a mass of 180 mg.

0.18g

Tyt = 0.010mol

AITI'DI.II'LI.' Df water =
Determining the mass from amount and molar mass
Calculate the mass of 0.40mol of calcium carbonate, CaCQOs.

Mass of calcium carbonate (g) = 0.4mol x 100gmol! = 40g

Determining the molar mass from mass and amount

0.00200 mol of a substance weighs 1.00g. Calculate the molar mass of the substance.

1.00g

0.00200gmolt ~ 200gmol”

Molar mass (g mol™) =

Calculating the mass of a single atom or molecule
If tl'lE IMAass CI{: a glVEIl t'lLllleE‘.l' le atoms or IﬂDlE-'ClIlE.‘S s l(l'lDWl'l, IhEIl lfl'lf.‘: mass Dfﬂ Sil'lglf‘: atom or
l'l'lDlE'-ClllE can IJE'. CEI.ICU]EIIECL

CB.ICLIIEUIE tl'l& mMass Gf a single arom D{: CB.I'IJDI'L

: _ 12gmol!
Mass of a single carbon atom = 2 108 ma e i

Calculate the mass (in grams) of a single molecule of carbon-70, Cy,.

70 x 12 gmol!

6 % 108 mol-! = ID_EIE

Mass of a single Cyy molecule =
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Calculating the numbers of atoms of a specific element in a given mass
of a molecular compound

The total number of atoms and atoms of a speciﬁc chemical element in a given mass of a
molecular comp ound may also be calculated.

Calculate the number of carbon and hydrogen atoms and the total number of atoms in 22 g of
propane, CyHa.

Molar mass of propane, C;H; = (3 x 12) + (8 x 1) = 44 gmol™!

One mole of propane therefore has a mass of 44 g and contains 6 X 10 molecules of propane.

2l¢
44 gmol™!

Hence, 22 g of propane contains 6 X 102 % 0,50 = 3 % 10® molecules of propane and since each
molecule of propane contains eleven atoms (three carbon atoms and eight hydrogen atoms), the

total number of atoms is 11 x 3 x 102 = 3.3 x 10#,

= 0.50 mol

Amount of propane =

The total number of carbon atoms is 3 X 3 X 102 = 9 x 10¥ and the total number of hydrogen
atoms is 8 X 3 x 10% = 2.4 x 103,

divids by multiphy by
molar masa Avogadro’s constant
mass of - amount of - number of
Figure 1.16 Summary of in e - BU:;BEGH -t EE:J::::
mterceg:cr:j :_:1 : sr:::‘:'::g multiply by divide by
: molar mass Avogadro’s constant

nurmber of particles

The name mole (German Mol) is attributed to Wilhelm Ostwald (Figure 1.17), who introduced
the concept in the year 1902. It is an abbreviation for Molekulargewicht (German for molecular
weight), which is in turn derived from Latin moles ‘mass, massive structure’, Ostwald (1853-1932)
kS i was a German chemist who was awarded the Nobel Prize in Chemism; in 1909 for his work in
physical chemistry. [ronically, he was one of the last prominent chemists to oppose Dalton’s
. atomic theory (Chapter 2).

Distinguish between the terms empirical formula and molecular formula.
Determine the empirical formula from the percentage composition or from other experimental data.

Molecular and empirical formula

Figure 1.17 Wilhelm The mole concept can be used to calculate the formula of a substance from experimental results.
Ostwald The formula obtained is the simplest possible formula (involving integers) for that compound.
It is known as the empirical formula of the substance and can be applied to ionic and covalent

compounds.
Sulfur Oxygen
Combining masses (found from experiment) 32¢ 3¢
3¢ 3¢
Amount of atoms Pl gkl
Ratio of moles 1 ; i

The empirical formula is therefore SO,.
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Copper Oxygen
Combining masses 4g lg
4g g
Amount of atoms 64 o i 16 g mol-
Ratio of moles 0.0625 : 0.0625
ol 0.0625 . 0.0625
Divide through by the smallest number 50625 * D063
Ratio of moles 1 : 1

The empirical formula is therefore CuO.

Since ionic c-:rmpu::-unc]s exist as giant ionic structures (Chapter 4) the concept of a molecule
cannot be applied. The formula of an ionic compound is therefore an empirical formula,
representing the ions present in their simplest ratio.

The molecular formula represents the actual number of atoms in a molecule of a simple
covalent substance. The empirical formula and molecular formula may be identical for a molecule
or may be different. The empirical formula may be found by dividing the coefficients in the
molecular formula by the highest common factor.

For example, the empirical and molecular formula of water are both H;O; the molecular
formula of hydrogen peroxide is H;O;, but the empirical formula is HO. The molecular formula of
benzene is CgH, and the empirical formula is CH.

Experimental determination of empirical formula

The empirical formula may also be determined from the composition data of the compound. This
data is obtained experimentally. Frequently the composition will be expressed as percentages
rather than as masses. The method of working is exactly the same because with percentages we
are considering the mass of each element in 100 grams of the compound.

Determine the empirical formula of a cc-mpaunc] containing 85.7% b? mass of carbon and 14.3%
by mass of hydrogen.

These percentage figures apply to any chosen amount of substance. If you choose 100 grams, then
the percentages are simply converted to masses.

Carbon Hydrogen
Percentages by mass 85.7% 14.3%
Combining masses in 100 g 85.7g 14.3¢
Amount of atoms _B.7g A3y
12 g mol-! 1 gmol
Ratio of moles of atoms 7.14 : 14.3
Ratio of moles of atoms 1 : 2
The empirical formula is therefore CH,;.
crucible containing Empirical formulas can often be determined by direct determination, for example by
magnesium ribbon chemically converting a weighed sample of one element to the chosen compound

and then weighing the compound to find the mass of the second element that
chemically combined with the first (Figure 1.18).

An alternative method is to decompose a weighed sample of a compound
tripod containing only two elements, so that only one element remains, measure the mass

pipe clay triangle

of the remaining element, and then calculate the mass of the element that was
Bunsen burner originally combined.
with roaring flarme

Figure 1.18 Apparatus for determining the empirical
formula of magnesium oxide (by gravimetric analysis)
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44.6 grams of an oxide of lead produced 41.4 grams of lead on reduction with hydrogen (to form
water). Deduce the empirical formula of the oxide of lead.

Lead Oxygen
Combining masses 414¢ (44.6g—41.4g) =3.2¢

41.4¢ 3l¢
207 gmol! 16 gmol!

Ratio of moles 0.2 : 0.2
The empirical formula is therefore PhO.

Amount of atoms

T | arnoriace of { Thamicteu
- LANYUAZC O] -NCINESETY

Scientific evidence must be empirical, meaning that it is dependent
on evidence (raw data) that is observable by the senses. In a related
sense ‘empirical’ in science is synonymous with ‘experimental’.
Hence, the term ‘empirical formula’ refers to a formula that is derived
from experimental results, often involving weighing of masses. This
approach is known as gravimetric analysis. =

A similar approach can be used to determine the empirical formula
of a hydrated salt (Figure 1.19) whose water of crystallization can
removed without the anhydrous salt undergoing decomposition. In

Figure 1.19 Blue hydrated
copperlll) sulfate crystals and

almost colourless anhydrous
units and divided by their molar masses. copper(ll) sulfate crystals

tl'lf: calculati-:m thE'. warer EIIICI EIIlh?CIICILlS Sﬂlt are l'l"E:ﬂl.'Ed as furmula

12.3 grams of hydrated magnesium sulfate, MgSO,.xH,0, gives 6.0 grams of anhydrous magnesium
sulfate, MgSO,, on heating to constant mass. Deduce the value of x.

Mass of water driven off = 12.3g— 6.0g = 6.3¢

MgSO, H,O
Combining masses 6.0g 6.3g
Amount of atoms bg 6.3¢
120g mol-! 18 gmol-!
Ratio of moles 0.05 . 0.35
Dividing through by the smallest number % =1 : % =1

The empirical formula is therefore MgSO,. TH;O.

The percentage composition ofa h',rdrecarbc:-n 15 usualli.,r found b',r cumbusl:ing a known mass of
the pure compound in excess air or oxygen, then finding the masses of both the carbon dioxide
(formed from the carbon in the -:Dmpnund} and water (formed from the h?dmgﬂn].

5.6 grams of a pure hydrocarbon forms 17.6 grams of carbon dioxide and 7.20 grams of water when
it undergoes complete combustion. Determine its empirical formula.

17.6
44.0gmol!

Hence, amount of carbon atoms is 0.400 mol, since every carbon dioxide molecule contains one

Amount of carbon dioxide = = 0.400mol

CEIIIJD'D atoIm.

1.20g
18.0g mol™!

Hence the amount of hydrogen atoms is 0.800mol, since every water molecule contains two

Amount of water = = 0.400 mol

h',.rdrng&n atoms.

The ratio of carbon to hydrogen atoms is 0.400:0.800, that is, 1: 2. Hence the empirical formula
is CH;
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Determining the identity of an element in an empirical formula from
percentage by mass data

Determine the identity of element X in a compound XCO; which has 40% by mass of X and 12%
by mass of carbon.

In a sample of 100g of XCOj; there will be 40g of element X, 12 g of carbon atoms and 48 ¢ of
oxygen (100g—40g—12g).

The amount of carbon atoms = __12g 1 mol
12 gmol!
, o BE
The amount of oxygen atoms TR 3 mol

Since the empirical formula is XCOs, the amounts of the three elements must be ina 1:1:3
ratio. Hence, 40g of element X contains one mole of that element and the element is therefore
calcium, since it has a molar mass of 40gmol-'.

Determining the number of atoms of an element in a molecule given
its molar mass and the percentage by mass of the element

An iron-containing protein has a molar mass of 136 000gmol®. 0.33% by mass is iron. Calculate
the number of iron atoms present in one molecule of the protein.

The combined molar mass of the iron = 0.0033 x 136 000 = 448.8gmol-!

448.8gmol! _ 3
56 gmol-!

There are eight iron atoms in each molecule of the protein.

Determining the percentage by mass of an element in a compound of
known formula

The experimentall}r determined percentage composition b? mass of a cc:mpmund is used to

calculate the empirical formula of a compound. The reverse process can also be applied and the
percentage by mass of a specific element in a compound of known formula can be calculated.

The method may be divided into three steps:

1 Determine the molar mass of the compound from its formula.

2 Write down the fraction b}' mass of each element (or water of cr?stallizatiun} and convert this
to a percentage.

3 Check to ensure that the percentages sum to 100,

Calculate the percentage composition by mass of methane, CHy (M = 16 gmolf!).

Percentage by mass of carbon = % ¥ 100 = 75%
Percentage by mass of hydrogen = % x 100 = 25%

Sum of petcentages by mass = (75% + 25%) = 100%

Calculate the percentage composition by mass of hydrated sodium sulfate, Na,SO,.10H,0
(M =322 gnml‘l].

Percentage by mass of sodium = % x 100 = 14.3%
Percentage by mass of sulfur = % x 100 = 9.9%

Percentage by mass of oxygen = % »x 100 = 19.9%
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Percentage by mass of water = % »x 100 = 55.9%

Sum of percentages by mass = (14.3% + 9.9% + 19.9% + 55.9%) = 100%

Note that the water (of crystallization) is treated as a separate formula unit and its oxygen is not

EI.CI.CI&CI o l'_l'lElt Df tl'lf‘., SD'CIiI.I]Tl sulfal:ﬂ,

Determining the molecular formula

Determine the molecular formula when given both the empirical formula and experimental data.

Since the molecular formula is a multiple of the empirical formula, the following relationship holds:
molecular formula = empirical x n, where n represents a small integer

Therefore in order to calculate the molecular formula of a compound it is necessary to know its molar
mass. Molar masses can be determined by a variety of physical measurements, including back titrations
(for weak acids and bases) (page 41) and weighing gases (page 35). Mass spectrometry is frequently
used to determine the molar masses of molecular substances (Chapter 4). Automated instruments for
determining the empirical and molecular formulas of organic compounds are available.

A compound contains 73.47% carbon, 10.20% hydrogen and 16.33% by mass of oxygen. The

compc-und has a molar mass of l%gmolﬂl. Calculate the molecular formula.

Carbon Hydrogen Oxygen
Percentages by mass 13.47 10.20 16.33
Ampust of stoms in 100g % @ %
Ratio of moles 6.1225 10.20 : 1.020

61225 1020 1020

1.020 ' 1.020 ] 1.020
Dividing through by the smallest number 6 : 10 : 1
The empirical formula is therefore CgH;O.
To determine the molecular formula: 196 =[(6x12)+ (10x 1)+ 16] xn
196 =98 xn

Hence n equals 2 and the molecular formula is C;;H,O,.

Chemical equations
Chemical symbols

Each chemical element is represented by a chemical symbol (Table 1.3). The symbol consists of
either one or two letters. The first letter is always a capital or upper case letter and the second
letter is always small or lower case. These chemical symbols are international (Figure 1.20).

Name of chemical element Chemical symbol Comment

Hydrogen H The first letter of the name
Calcium Ca The first two letters of the name
Table 1.3 Selected  Chlorine Cl The first letter and one other letter in the name
Chiernics elesments Sodium Ma Two letters derived from a non-English name: natrium (Latin)
and symbaols
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“_ A number of chemical elements are named after people, mythical characters or places (Table 1.4). =

Name and symbaol Origin of the name Additional note

of element

Gallium (Ga) Mamed after France {Gallia), The discoverer of the metal, Lecoq
Latin for France de Boisbaudran, subtly attached

an association with his name.
lecog (rooster) in Latin is gallus

Miobium (Nb) Niobe, a mortal woman in Miche is a character in the film ‘:
Greek mythology Matrix Reloaded - T .
Vanadium (V) Scandinavian Goddess Vanadis il g
(Freyja) 5 E 5
Helium (He) Helios is the Greek name for ~ Helium was discovered in the Sun ”E‘ﬂ ek ¢
the Sun before being discovered on Earth S —
i . e
Mendelevium (Md) Mamed after Dmitri Mendeleev  The element was discovered in ﬂ iﬁ.‘ 1: .
who formulated the first 1955 by a team including Glenn
periodic table in 1869 Seaborg
Table 1.4 Selected chemical elerments describing the origins of their names Figure 1.20 A Mandarin periodic table

Chemical formulas

Each chemical compound is represented by a unique chemical formula. The formula of any
compound can be determined by performing a suitable experiment. The formulas of many
compounds can be deduced using the list of ions shown in Table 1.5. A polyatomic or compound
ion is an ion that contains more than two covalently bound atoms with an associated charge; a
simple ion is formed by a single element.

Positive ions Megative ions
Simple ions Formula Simple ions Formula
Sodium Ma* Chloride ol
Potassium K+ Bromide Br
Hydrogen H* lodide F
Oxide o
Copper(i) Cu+ Sulfide g2
Iron(n) Fel+
Magnesium Mg+ Compound or polyatomic ions
Calcium Ca Mitrate NO;
Nitrite NO,~
Iranfm) Fed+ Sulfate S0,
Aluminium Al Sulfite 505
Carbonate CO&
Compound or polyatomic ions Phosphate PO
-— Ammonium MH,* Hydroxide OH-
Figure 1.21 A sample of Table 1.5 List of common ions

the compound copper{i)

carbanéaé:i m%{g?? In forming compounds (Figure 1.21) the number of ions used is such that the number of positive
El

charges is equal to the number of negative charges. lonic compounds are electrically neutral.
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Examples of using the charges on ions to deduce the formula of a compound are given below:

Sodium sulfate is composed of sodium ions, Na*, and sulfate ions, SO. Twice as many sodium
ions as sulfate ions are necessary in order to have electrical neutrality. Hence, the formula of
sodium sulfate is Na,SO, [ZNa*SO,].

Magnesium hydroxide, is composed of magnesium ions, Mg?*, and hydroxide ions, OH~. Twice

as many h',rdrexide ions as magnesium ions are necessary in order to have electrical neutralit?,

Hence, the formula of magnesium hydroxide is Mg(OH), [Mg?* 20H-].
The subscript number after a bracket (as in (OH); in the formula for magnesium hydmxide}

multiplies all the e-:rmpeund or pel',rat-:-mie ions inside the bracket.

Chemical equations

Deduce chemical equations when all reactants and products are given.
Identify the mole ratio of any two spedies in a chemical equation.
Apply the state symbols (s}, (I}, {g) and (aqg).

Chemical reactions are at the centre of chemistry and it is important that the transition from
reactants to products is represented with as much precision as possible. Each reaction has an
equation. The reaction of iron with chlorine is used as an example to show how to write a correct
chemical equation.

Write down the equations as a word equation, for example:
iton + chlorine — iron(11) chloride

The addition sign means ‘reacts together’ and the arrow means ‘yields” and shows the

direction of the reaction. (Note that some reactions are reversible, indicated IJ‘,F a double
headed arrow (=), and that both forward and backward reactions will be occurring at the same
time (Chapter 7).)

Insert the correct chemical formulas for the reactant and products.
Fe + Cl;, — FeCl;

This equation is unbalanced: the reactants contain (in total) one iron atom and two chlorine
atoms, but the prc-ducts (in total) contain one iron atom and three chlorine atoms.

Balance the equation by ensuring that the total number of atoms of elements on each side of
the equation is equal. This is achieved by inserting integer numbers termed coefficients which
multiply all the following formula. The chemical formulas should not be altered.

The selection of coefficients is done on a ‘trial and error’ or inspection basis, although one
common approach is to start with any odd numbers in formulas and double them to convert
them to even numbers. Elements represented by molecules should be left until last since their
coefhcients will not unbalance any other molecules. Applying this approach to the example
equation gives:

Fe + Cl; — 2FeCl;
followed by:

2Fe + Cl, — 2FeCl,
and finally:

2Fe + 3Cl, — 2FeCl,

This equation is now balanced: the total numbers of atoms of each element on both sides of the
equation are equal, namely two iron atoms and six chlorine atoms.

The balancing of an equation is a consequence of the law of conservation of mass, which
states that during a chemical reaction atoms cannot be created or destroyed. The coefhcients
in a balanced symbol equation indicate the reacting proportions in moles for stoichiometric
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amounts of the reactants. For example, the equation above indicates that two moles of iron
atoms react with three moles of chlorine molecules to prc-duca two moles of iron(11) chloride
(formula units).

Finally, the physical states of reactants and products should be included in small brackets after

the chemical formulas.
2Fe(s) + 3Cly(g) — 2FeCls(s)

Here the state symbol (s) represents a solid, (1) represents a pure liquid, (g) represents a pure

gas and (aq) represents an aqueous solution.

If an element occurs in more than one substance on one side of the equation then leave it to last

to balance. Also keep polyatomic ions, for example NO;~, SO,*, as a unit during balancing.
Equations may also have additional information that indicate the size of the heat change

during the reaction. This will depend on the physical states of the reactants and products,

which shows the importance of including state symbols in symbol equations. For example:

2Fe(s) + 3ClL(g) — 2FeCly(s) AH® = —750k] mol-!

indicates that when two moles of iron(11) chloride are formed bi,r direct s',mthesis under standard
conditions (25 “C and 1 atmosphere pressure), 1500 kilojoules of heat energy are released (750k]
for each mole of FeCl, formed). This is known as a thermochemical equation (Chapter 5).

An equation can be interpreted at both an atomic or a macroscopic or visible level. The
addition of state symbols or an enthalpy change makes the equation macroscopic.

TOK Link

It is good practice to include state symbols in chemical equations and their absence can cause errors. In the
absence of state symbols, the reactants and products are assumed to be in their usual physical states at room
temperature and pressure.

HCl + NaOH — NaCl + H,0

The precise interpretation of the equation above is ‘'one mole of gaseous hydrogen chloride and one mole of
solid sodium hydroxide react to give one mole of solid sodium chloride and one mole of liquid water’. However,
under anhydrous conditions (in the absence of water), such a chemical reaction would be unlikely to occur.

Presumably, the equation was meant to summarize the neutralization reaction between agqueous solutions of
hydrochloric acid and sedium hydroxide:

HCl(ag) + NaCHl(ag) — NaCl(ag) + H,O(l)

State symbols are vital if thermochemical equations (Chapter 5) are written summarizing a chemical equation
and its associated energy change. State symbols must be induded when writing an equation summarizing a
phase change (Chapter 7), for example the sublimation of iodine: 1,(s) — Lig).

If the focus is purely stoichiometric, that is, on reacting amounts, then state symbols may be redundant, for
example:

CoH.CH; + Cl, — CH,CH,Cl + HCl

This equation shows that one mole of methylbenzene will react with one mole of chlorine to form one mole
of chloromethylbenzene and one mole of hydrogen chloride. This reaction will occur regardless of what
physical states the reactants are in. Of course, the reaction will be very slow if one or both reactants are solids
maintained at low temperatures (Chapter 6).

Additional points about chemical equations

When constructing a balanced equation, ensure that your final set of coefficients are all whole
numbers with no common factors other than one. For example, this equation is balanced:

4H1{g} + Eﬂg{g} — 4H1D{l]

However, all the coefficients have the common factor of two. Divide through by two to eliminate
common factors:
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It is allowable, and sometimes necessary, to use fractional coefficients in the balancing process, for
example:

CiHs(g) + Oy(g) — 2004(g) + 3H,0()

Generally, the fractional coefficient is not retained in the final answer. Multiplying the
coefficients through by 2 removes the fraction:

2C,H,(g) + 70,(g) = 4CO,(g) + 6H,0(1)

However, if an equation represents the standard molar enthalpy of combustion, then fractional
coefficients may have to be used. The standard molar enthalpy of combustion represents the
energy change when one mole of a compound undergoes complete combustion in the presence of
excess oxygen (Chapter 5).

Hence the equation:

CHy(g) + = Oyg) — 200,(g) + 3H,0(1)

correctly represents the standard molar enthalpy of combustion of ethane.
It should also be noted that some reactions do not occur, even though balanced equations can
be written. Examples include:

Cu(s) + H;SOy(aq) — CuSOy(aq) + Ha(g)
and Ag(s) + NaCl(aq) — AgCl(ag) + Na(aq)

Hence, the re activity or electrochemical series (Chapter 9) should be consulted before equations
for displacement reactions are written.

Information conveyed by a chemical reaction

Qualitatively, a chemical equation gives the names (via naming rules) of the various reactants
and products, and directly gives their physical states. Quantitatively, it expresses the following

information:

the relative number of chemical entities of the reactants and products involved in the chemical
reaction

the relative amounts (in moles) of the reactant and pmducts

the relative reacting masses of reactants and products

the relative volumes of gaseous reactants and products.

Consider the following equation:
H,(g) + Cly(g) — 2ZHCl(g)

Qualitatively, it indicates that hydrogen reacts with chlorine to form hydrogen chloride. The
hydrogen, chlorine and hydrogen chloride are all in the gaseous form.

Quantitatively, it conveys the following information:

one mole of hydrogen molecules reacts with one mole of chlorine molecules to form two moles
of molecules of hydrogen chloride

2 grams of hydrogen react with 71 grams of chlorine to form 73 grams of hydrogen chloride
one volume of hydrogen reacts with one volume of chlorine to form two volumes of hydrogen

chloride (see Avogadro’s law, page 26).
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Extension: Types of chemical reactions

There are several basic types of chemical reactions:
Synthesis, where two or more elements or compounds may combine to form a more complex
compound.

The betiic frmool Al trpe s resction B A X — AX v exsmiles
IMg(s) + O,(g) — ZMgO(s)

and
?Na(s) + Cly(g) — 2NaCl(s)

Decomposition, where a single compound breaks down into its elements or simpler
compounds (Figure 1.22).
The basic form of this type of reaction is AX — A + X, for example:

CaCO;4(s) — CaO(s) + COy(g)

Displacement, where a more reactive element takes the place of another element in a

compound (Chapters 3 and 9).
The basic form of this type of reaction is A + BX 5 AX + Bor AX + Y — AY + X,

fﬂl’ cxamp IE:

Fe(s) + CuSOy4(aq) — FeSOy(aq) + Cu(s)

2Na(s) + 2H,0O(1) — 2NaOH(aq) + H;(g)
and
Cli(aq) + 2ZNaBr(aq) — 2NaCl(aq) + Br;(aq)

Displacement reactions are all examples of redox reactions (Chapter 9).
Precipitation, when a pair of ions interact to produce an insoluble precipitate. Precipitation
reactions are also called double decomposition reactions.

The basic form of this type of reaction is AX + BY — AY + BX, for example:
NaCl(ag) + AgNO;(ag) — NaNOs(aq) + AgCl(s)
Acid-base reactions (Chapter 8), where an acid and a base ’

(metal oxide, metal hf,rdmxide Or aqueous ammonia) react

to produce a salt and water only, for example:
H;S04(ag) + CuO(s) = CuSOy4(aq) + H;O(1)

HCl(aq) + NaOH(aq) — NaCl(aq) + H,O(1)
and

NH,OH(aq) + HCl(aq) — NH,Cl(aq) + H;O(l)

Figure 1.22 Green copper{i) carbonate undergoing thermal decomposition to
form black copper(n) oxide and carbon dioxide gas
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Figure 1.23 Precipitate of
barium sulfate

lonic equations

When a soluble ionic substance is dissolved in water, the ions separate and behave independently.
For example, if barium chloride is dissolved in water, hydrated barium and chloride ions are formed:

BaCl(s) + (aq) — BaCl,(aq) — Ba’*(aq) + 2Cl-(aq)
The barium and chloride ions undergo their characteristic reactions regardless of which other ions

may be present in the solution. For example, barium ions in solution react with sulfate ions in
solution to form a white precipitate of barium sulfate (Figure 1.23).

It a solution of barium chloride, BaCl;, and a solution of sodium sulfate, Na;SO,, are mixed, a
white precipitate of barium sulfate, BaSO,, is rapidly produced. The following equations describe
the precipitate formation:

BaCl,(aq) + Na,SO,(aq) — BaSO,(s) + ZNaCl(aq)
or

Ba™(aq) + 2Cl-(aq) + 2Na*(aq) + SO4*(ag) — BaSOy(s) + ZNa*(aq) + 2Cl-(aq)

The second equation shows that the sodium and chloride ions have not unc]ergcnne any -:.hange:
they existed as independent ions both before and after the reaction took place. They are termed

spectator ions and can be removed from the equation to generate a net ionic equation:
Ba™(aq) + SO(aq) — BaSO,(s)

This equation may be interpreted to mean that any soluble barium salt will react with any soluble
sulfate to produce barium sulfate.

The solubility of common salts is summarized below:

« All sodium, potassium and ammonium salts are soluble.

= All nitrates are soluble.

» All chlorides are soluble except silver chloride {Chapter 3) and lead(11) chloride.

= All sulfates are soluble except calcium, barium and lead(11) sulfate.

» Sodium, potassium and ammonium carbonates are soluble but all other carbonates are insoluble.

The ‘solubility rules’ do not need to be memorized.

Net ionic equations must always have the same net charge on each side of the equation. In the
net ionic equation above the net charge on both sides of the equation is zero.

Net ionic equations may be written whenever reactions occur in aqueous solution in which
some of the ions originally present are removed from solution or when ions not originally present
are formed. lons are removed from solution by the following processes:

» Formation of an insoluble precipitate
AgNO;s(ag) + NaCl(aq) — AgCl(s) + NaNO;s(aq)
Ag*(aq) + Cl(aq) — AgCl(s)

= Formation of molecules containing only covalent bonds
HCl(aq) + NaOH(aq) — NaCl(aq) + H,O(1)
H*(aq) + OH-(aq) — H,O(l)

« Formation of a new ionic chemical species
Zn(s) + CuSOy(aq) — ZnSOy(aq) + Cu(s)
Zn(s) + Cu™*(aq) — Zn’*(aq) + Cu(s)

» Formation of a gas
Na;COj5(s) + 2HCl(aq) — 2NaCl(aq) + CO,(g) + H,O(1)
CO;*(aq) + 2H*(ag) — CO,(g) + H,O(1)
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national boundaries. Although the symbols for the chemical elements
are international, the names of the elements are sometimes language
dependent, often with the end of the name characterizing the specific

language. For example, magnesium changes to magnésium in French,
magnesio in Spanish, magnesion in Greek and magnij in Russian. In E
) ) I b

: | -
The ‘language’ of chemistry frequently transcends cultural, linguistic and z ﬁ

Japanese katakama reproduces the sound of the English ‘magnesium’.

Figure 1.24 The Japanese kanji (pictogram) for sulfur (translated as 'yellow substance’

Extension: Naming inorganic compounds

Naming ionic compounds

The names of ionic compounds give information about their composition.
Compounds ending in the sufhx —ide typically contain two chemical elements chemically
bonded together.
Example: sodium chloride is a compound of sodium and chlorine.
Exceptions: metal hydroxides, for example sodium hydroxide, which
contains the elements sodium, oxygen and hydrogen.
Compounds ending in the suffixes —ate or —ite contain oxygen. There is a greater amount of
oxygen in the compound ending in —ate.
Examples: sodium sulfate, Na; SOy, and sodium sulfite, Na;SO;.
Compounds with the prefix per- contain extra oxygen.
Examples: water (hydrogen oxide), H,O, and hydrogen peroxide, H,O,.
Compounds with the prefix thio- contain extra sulfur in place of an oxygen.
Examples: sodium sulfate, Na;SO,, and sodium thiosulfate, Na;S;0;.
When a metal forms more than one stable positive ion then the name of the ion is the
element name and, in parenthesis next to it, a Roman number denocting the charge. The
names of ionic compounds with these ions must include these Roman numbers.

Examples: iron(11) oxide, FeO [Fe?* O] and iron(111) oxide, Fe, O, [2Fe’* 30%].

Naming hydrates

Hydrates are substances that include water of crystallization in their formula,
for example hydrated copper(1) sulfate, CuSO,.5H,0. A more precise name
would be c-:rpper(H} sulfate pentalv,rdrate or ccrpper(II} sulfate-5-water.

This formula indicates that every formula unit [Cu?* SO, is associated with five water
molecules. The dot sign in the formula indicates that although the water is chemically
bonded to the formula unit, it can be readily removed by heating (page 11).

CuSO,.5H,0(s) — CuSO,(s) + 5H,0(g)

Extension: The laws of chemical combination

The laws of chemical combination listed below are all consequences of the atomic theory of

matter (Chapter 4).

Law of conservation of mass

There is no increase or decrease in mass during a chemical reaction (Figure 1.25).
The atoms of a chemical substance cannot be created or destroyed during a chemical
reaction. If the reacting substances are weighed before a chemical reaction and the
products are accurately weighed after a chemical reaction, the mass is unchanged.
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The law applies provided the product(s) do not escape and the mass of all the
products is measured. However, if the reaction between calcium carbonate and
dilute aqueous acid is performed in an open beaker, then there is a steady decrease
in the total mass due to loss of the carbon dioxide, a gaseous product.

massa before = 246,746 g mass after = 246,746 g

lead(ll) nitrate - / .__\
|

| solution
Figure 1.25 An [

illustration Df;i;e law of potassium iodide solution yellow precipitate of lead(l) iodide
conservation mass

Law of constant composition

A number of cempeunds can be prepared b'}r a number of different methods. However, the
chemical composition of the compound is identical regardless of the method used. For example,
eu::pperl:II:lI oxide can be prepared ]J‘}T heating ecpper(II} carbonate or CDPPEI‘(II} nitrate.

CuCO;(s) — CuO(s) + CO,(g)

2Cu(NOys);(s) = 2CuO(s) + 4NO;(g) + Oy(g)

The copper(1l) oxide produced by these and other reactions can
be converted to copper by reaction with hydrogen.

CuO(s) + H,(g) — Cu(s) + H,O(l)

Equal masses of copper(l1) oxide, produced by different methods, form
equal masses of copper when converted to the element.

Law of multiple proportions

The law of multiple proportions applies when two elements form more than one
compound, for example, copper(11) oxide, CuQ, and copper(1) oxide, Cu,O. If two elements
(A and B) combine together to form more than one compound, then the different

masses of A that combine with a fixed mass of B are in a simple ratio. For example, if

the masses of two copper oxides are converted to copper by reaction with hydrogen,

the masses of copper that combine with 1 gram of oxygen are in the ratio 2: 1.

Avogadro’s law

Equal volumes of different gases, under the same conditions (page 26) of temperature and
pressure, contain the same number of molecules. This law is commonly used in conjunction
with Gay-Lussac’s law.

Gay-Lussac’s law

The volumes of gases reacting and the volumes of EAsE0Uus prc-ducts have a simple numerical
re laticmship to one another, previded all measurements are made at the same temperature and

pressure (page 26).
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Mass and gaseous volume relationships in
chemical reactions

Caleulate theoretical yields from chemical equations.

Calculating theoretical yields

Almost all stoichiometric problems can be solved in just four simple steps (Figure 1.26):

1 If necessary, provide a balanced equation.

2 Convert the mass (or volume) units of a given reactant to an amount (in moles).

3 Using the mole ratio from the coefhicients in the equation, calculate the amount of the required
pmduct,

4 Convert thE amount D{: !:l'lE".. Pl‘DCll.il:t o tl'lE" EIPPI'DPI’iEl['E‘- units D{: mass (Dl‘ VDlllI[lE}.

balancad
mass molar mass amount equation amount molar mass mase
of A of A of B of B

Figure 1.26 Graphical summary of intercorwersion of mass relationships in a chemical reaction

Determining the mass of a product (from a single reaction)

Calculate the mass of calcium oxide that could be obtained by heating 2.5 grams of calcium
carbonate, CaCO);. (Assume that the calcium carbonate is pure and that complete decomposition
occurs.)

CaCOs(s) — CaO(s) + CO4(g)

25g
100 g mol-!

The coefficients in the equation indicate that one mole of calcium carbonate, CaCO;,

Amount of calcium carbonate = = 0.025 mol
decompaoses to give one mole of carbon dioxide, CO;, and one mole of calcium oxide, CaO.

Consequently, 0.025 mol of calcium carbonate, CaCQO;, decomposes to give 0.025 mol of carbon
dioxide, CO;, and 0.025 mol of calcium oxide, CaO.

Mass of calcium oxide = 0.025 mol x 56 gmol = 1.4¢

Determining the mass of a product (from consecutive reactions), where
the product of a reaction is the reactant of a subsequent reaction
Calculate the mass of nitric acid that can be produced from 56 grams of nitrogen gas.

N, + 3H, — 2NH,

4NH; + 50, — 4NO + 6H;0

2NO + O, — 2NO,

2H;0 + 4NO, + O, — 4HNO,

The coefficients in the equation indicate that: 1 mol of N; produces 2mol of NHj; 4 mol of NH;
produces 4 mol of NO; 2 mol of NO produces 2 mol of NO;; and 4 mol of NO; produces 4mol of
HNO,. So overall, 1 mol of N, produces 2 mol HNO,,.

56¢
28 gmol-!
Amount of nitric acid produced = 2 X 2 mol = 4 mol

Amount of nitrogen, N; = = 2mol

Hence, mass of nitric acid produced = 4 mol x 63 gmol-! = 252¢
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Determine the limiting reactant and the reactant in excess when quantities of reacting substances are given.

The limiting reactant and the reactant in excess

Frequently during chemical reactions, one of the reactants is present in excess. This means that
once the reaction is complete, some of that reactant will be left over. For example, consider the
reaction between hydrogen and oxygen to form water:

Suppose there is a reaction where two moles of hydrogen and two moles of oxygen are available
for reaction. The coefficients in the equation indicate that only one mole of oxygen is required to
react with two moles of hydrogen. This means that one mole of oxygen will be left over when the
reaction is complete.

The amount of water obtained is determined by the amount of reactant that is completely
consumed during the reaction. This reactant is termed the limiting reactant. The reactant which
is not completely consumed is refetred to as the reactant in excess.

Calculate the mass of magnesium that can be obtained from the reaction between 4.8 grams of
magnesium and 4.8 grams of sulfur. Identify the limiting reactant and calculate the mass of the
unreacted element present in excess.

Meg(s) + S(s) — MgS(s)

Amount of magnesium atoms = % =0.20mol
_ 48 _
Amount of sulfur atoms = —— = 0.15mol

32

The coefficients in the equation indicate that one mole of magnesium atoms reacts with one mole
of sulfur atoms to form one mole of magnesium sulfide. The amounts indicate that sulfur is the
limiting reactant and magnesium is present in excess.

Mass of magnesium sulfide formed = 0.15mol X 56 gmol-! = 8.4 ¢

Amount of magnesium unreacted = 0.20mol — 0.15 mol = 0.05 mol

Mass of magnesium unreacted = 0.050mol X 24gmol-! = 1.2¢

Solve problems involving theoretical, experimental and percentage yield.

Percentage and experimental yield

The quantity of product that is calculated to be formed when all the limiting reactant reacts is
termed the theoretical yield. The mass, volume or amount of a product actually obtained in a
chemical reaction is termed the experimental yield.

The experimental yield is always less than the theoretical yield for one or more of the following
reasons:

side reactions

the reaction is reversible and reaches f:quilibrium (Chapter [))
mechanical losses — physical loss of the reactants or products
impurities present in the reactants.

The percentage yield can be calculated from the following expression:

experimental yield
theoretical yield A

percentage yield =

Percentage yields are of particular importance in organic chemistry (Chapter 10) because there
are significant side reactions and many organic reactions are reversible.
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In an experiment to produce a sample of hex-1-ene, 20.4 grams of hexan-1-ol was heated with
an excess of phcspl‘mric("uf:l acid. The phosphoric{‘-.-’} acid acted as a deh?drating agent, removing
water from the alcohol to form hex-1-ene.

CH,CH,CH,CH,CH,CH,0H — CH,CH,CH,CH,CH=CH, + H,O
hexan-1-ol hex-1-ene
After purification of the hex-1-ene, 10.08 grams was produced. Calculate the percentage yield.

From the equation, 1 mol of hexan-1-ol produces 1 mol of hex-1-ene.

204¢
102 g mol-!

Hence, the theoretical amount of hex-1-ene produced is 0.200 mol (since there is excess

= (0.200mol

Amount of hexan-1-ol =

phosphoric(Vv) acid).

Amount of hex-1-ene = mass (g) — = 0.200mol
molar mass (gmol-!)

Rearranging, mass of hex-1-ene = 84gmol! X 0.200mol = 16.8¢
Since only 10.08 g of hex-1-ene was produced, the percentage yield is

10.08¢ _
I68e X 100 = 60%

Percentage purity

The percentage purity is the per cent of a specified compound or element in an impure sample. The
percentage purity of a substance is often determined by a titration or a back titration (page 41).

The percentage purity of a sample of a chemical substance can be calculated from the following
relationship:

PEICEntElgE Plll‘it? - mass Gf pure S'L'IIJS'IIEII'I.CE. ina SElI[lPlE! % 1m
mMass Df SEI]T]PIE

When 12 grams of impure carbon was burnt in excess oxygen, 33 grams of carbon dioxide was
obtained. Calculate the percentage purity of the carbon.
The balanced equation for the reaction is:

C(s) + Oy(g) > COyle)

1 mol 1 mol 1 mol

33¢g
44 g mol-!

Since one mole of carbon dioxide is obtained from one mole of carbon (in the presence of excess

= 0.75 mol

Amount of carbon dioxide formed =

oxygen), the amount of carbon in the original sample must be 0.75 mol.

Therefore, the mass of carbon in the original sample = 0.75mol % 12 gmol! = 9.0¢g.

Hence, the percentage purity = % x 100 =75%
E
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Figure 1.27 Molecular
models showing the

reaction between
hydrogen and chlorine

&
S0
o

Figure 1.28 Two volumes
of hydrogen molecules
and one volume of
oxygen molecules (an
illustration of Avogadro's
law)

4.4 Apply Avogadro's law to calculate reacting volumes of gases.

Reacting volumes of gases

A French chemist called Gay-Lussac studied chemical reactions between gases. He discovered
that in such reactions, the volumes of the reacting gases (measured at the same temperature and
pressure) were in a simple whole number ratio to one another and the volumes of the gaseous
products. This is known as Gay-Lussac’s law. For example, he found that one volume of hydrogen
always reacted with exactly the same volume of chlorine to form two volumes of hydrogen
chloride (Figures 1.27 and 1.29), and one volume of oxygen always reacted with two volumes of
hydrogen to form two volumes of steam.

The Italian chemist Avogadro explained Gay-Lussac’s results by suggesting that equal volumes
of gases, measured at the same temperature and pressure, contain the same number of molecules.
This suggestion is now called Avogadro’s law. Mathematically, it can be expressed as:

Veen

where V represents the volume of gas and n represents the amount of gas (in moles). For example,
if the number of molecules of a mass of gas is doubled, then the volume (at constant temperature
and pressure) of the gas is doubled (Figure 1.28).

Using Avogadro’s law, Gay-Lussac’s observations on the formation of steam by direct synthesis
can be interpreted as shown below:

2 volumes of hj,rc]mgen + 1 volume of oxygen — 2 volumes of steam
means

2 mol of hydrogen molecules + 1 mol of oxygen molecules — 2 mol of steam (water molecules)
and

2 hydrogen molecules + 1 oxygen molecule — 2 steam (water) molecules

8 ) P © & | o9
| X8 Q=P 0% ¢
& 8 © 0 & @ O

Figure 1.29 A diagrammatic illustration of Avogadro’s law for the formation
of hydrogen chloride from hydrogen and chlorine

8

Avogadro’s law is a consequence of the large intermolecular distances between molecules in the
gaseous state: a gas is mainly empty space.

Calculating the volumes of reactants used
Calculate the volume of oxygen needed to burn 200cm? of propane.
CsHg(g) + 50,(g) — 3C0;(g) + 4H,O(1)

This equation indicates that one mole of propane reacts with five moles of oxygen to produce
three moles of carbon dioxide and four moles of water. Applying Avogadro’s law means that

one VDIL[IT[E le Fropane reacts Wlth ﬁV‘E \FDIUH'IES D{: OXYEEN o PI'CICILICE thIEE VDILII[IES Df CB.I'IJDII

dioxide.

(Note that Avogadro's law only applies to gases. Since liquid water is formed you cannot make a
statement about its vcrlume.]

The volumes of propane and oxygen must be in a 1:5 ratio, hence the volume of oxygen needed
is 5 % 200em? = 1000cm?.
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Calculate the volume of air needed to burn 200em’ of propane. Air is 20% by volume oxygen.
CsHg(g) + 504(g) — 3C0,(g) + 4H,O(1)

The volume of oxygen required is 1000cm’, However, air is ﬂnly*% oxygen and so you need five

times more air than oxygen. Hence, the volume of air required is 5 x 1000cm’® = 5000 cm?.

Calculating the volumes of products produced

Calculate the volume of carbon dioxide produced by the combustion of 0.500 dm? of butane,

2C,Hyolg) + 130,(g) — BCO,(g) + 10H,O(1)

This equation indicates that 2 volumes of butane react with 13 volumes of oxygen to form 8
volumes of carbon dioxide.

The amounts of butane and carbon dioxide are in a 2: 8 ratio, hence the volume of carbon dioxide

formed is 0.500dm” x 4 = 2.00dm’.

Deducing the molecular formula

When 20cm? of a gaseous hydrocarbon is reacted with excess oxygen the paseous products consist
of 80 cm? of carbon dioxide, CO,, and 80 cm? of steam, H,O, measured under the same conditions

of pressure and temperature.

Deduce the molecular formula of the hydrocarbon.

20cm? hydrocarbon + excess oxygen — 80cm’® CO; + 80cm? H;O

1 molecule of hydrocarbon — 4 molecules of CO, + 4 molecules of H,O

Each molecule of the hydrocarbon must contain four carbon atoms and eight hydrogen atoms.
The molecular formula is therefore C_,rHﬂ.

Joseph Louis Gay-Lussac (1778-1850) was a French chemist and physicist. He held
appointments as Professor of Physics and Professor of Chemistry at three different
institutions, Hot air balloons were very popular in France at the end of the 18th century and
probably stimulated his research into the physical and chemical properties of gases (Figure
1.30). Gay-Lussac investigated the relationship between temperature and volume of a gas

(at constant pressure). The law was first published by Gay-Lussac in 1802, but he referenced
unpublished work by French scientist Jacques Charles from around 1787. In English speaking

countries this gas law is termed Charles’s law but in France it is termed Gay-Lussac’s law.

dry ammonia 3-way tap dry hydrogen chloride

Figure 1.30 Apparatus
used for verifying Gay-
Lussac's law of combining
volumes

Syringe B
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Molar volume of a gas

Apply the It follows from Avogadro’s law that the volume 29 4 dm? 29 4 dm?
concept of D-:cupied b!,r one mole of molecules must be the N GO,
molar volume same for all gases (Figure 1.31). It is known as the

at standard gas molar volume and has an approximate value 5

bmperaie: of 22.4dm’ at 0°C (273K) and 1 atmosphere 22.4dm

and pressure in Ne

(1.01 % 10°Pa). These conditions are known as

calculations.
standard temperature and pressure (stp).
This relationship, together with Avogadro’s Figure 1.31 An illustration of the molar gas volume
constant (6.02 x 108 mol!), allows us to solve the  (at stp). All samples of the gas contain the same
following types of stoichiometry problems. number of particles (atoms or molecule)

Calculate the volume of oxygen in dm? at stp that contains 1.35 mol of molecules.

Volume occupied = 1.35mol x 22.4 dm* mol™! = 30.2 dm’

Calculate the volume of 0.020g of hydrogen at stp.
mass (g) _ 0.020¢

molar mass (gmol-!) g gmol-!

= 0.010 mol

Amount of hydrogen, H; =

Hence, 0.010 mol of hydrogen, H; occupies 0. 010 mol % 22.4 dm?® mol-! = 0.22dm’

Calculate the amount of hydrogen gas in 175cm? at stp.

_ (175/1000)dm? _ 3
Amount of gas = S AR 7.81 x 10~ mol

Calculate the number of molecules present in 2.85dm’ of carbon dioxide at stp.

2.85 dm’
22.4dm* mol!

Number of molecules = 0.127 % 6.02 x 10*? mol-! = 7.65 x 10%

=(0.127 mol

Amount of carbon dioxide =

Calculate the density (in grams per cubic decimetre, gdm®) of argon gas at stp. The relative
atomic mass (from the periodic table) for argon is 39.95. Hence, 22.4dm’ (1 mol) of argon gas
weighs 39.95¢,

mass 39.95g _

_ 25
volume 22.4dm’ 1.78gdm

Density =

20.8 grams of a gas occupies 7.44dm’ at stp. Determine the molar mass of the gas.

_ 144dm®
Amount of gas = AT 0.332mol

20.8¢
0.332 mol

Molar mass =

= 62.7gmol!

When 3.06 grams of potassium chlorate(v), KCIO;, is heated it produces 840cm’ of oxygen (at
stp) and leaves a residue of solid potassium chloride, KCl. Deduce the balanced equation. The

molar mass of potassium chlorate(v) is 122.5 g molf!.

_ 3.06g _
Amount of KCIO, = S gt 0.025 mol
_ 0.84dm’®
Amount of O; = 37 A ol 0.0375mol

The simplest molar ratio is 2:3 and hence the balanced equation must be:

ZKCIlO,(s) — 2KCl(s) + 30,(g)
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divide by
22400cm’
Fi 1325 o volume of - amount of
igure 1.32 Summary oot & a8 in mol
interconversions between gmaLep ; g
the amount of gas and mul‘hplyb%
volume (at stp) 22400 cm

Amedeo Avogadro (1776-1856) was an Italian physicist who made many early
contributions to the concepts of molecularity and relative molecular mass (formerly
known as molecular weight} (F'lgure 1.33). His most critical contribution was Inalcjng
the distinction between atoms and molecules. He trained and practised as a lawyer, i - ;-
but later became Professor of Physics at Turin University. As a tribute to him, the o i
number of particles in one mole of a substance is known as the Avogadro constant l

(formetly known as the Avogadro number). 7

Josef Loschmidt (1821-1895) was born in Bohemia, now part of the Czech }'l 5 g i i l'l
Republic. He worked as a school teacher, and later as a Professor at the University of i "k A ;
Vienna. He calculated the number of molecules in one cubic centimetre of gas at ,J’J 1". \ \

standard temperature and pressure. This quantity is known as the Loschmidt number,

but is seldom used today. . ' 1

Relationship between temperature, pressure and

volume of a gas s
Solve problems In a gas the molecules are completely free to move in all directions /’/}

involving the and travel in sl:rajght lines until l:he*},T collide with other gas

relationship molecules or atoms or bounce off the walls of the container. The

between overall resulting movement is completely random (Figure 1.34).

IEINpEEREE, Forces of attraction between molecules or between single %
pressure and :

e tars molecules and molecules of the walls of the container are usually -]
fixed mass of an so small that they can be neglected. However, when molecules q__"“‘“--—-__________ fff
ideal gas. approach close to one another, or to molecules of the walls,

Figure 1.34 The overall random

tl'lf.‘,ll' kll'lE:th ENETEY IJI'll'lgS tl'lf:Il"l CIDSE EI‘lDngh fi:ll' thESE fDICE:S to movement of a gas molecule

become repulsive and no longer negligible — hence they rebound.

When a gas is heated the particles move faster and therefore collide more often with each
other and the walls of the container. Gases are very compressible because of the large interatomic
or intermolecular spaces between the particles. This also causes the density of pases to be very low
compared to that of solids and liquids.

Effect of pressure on volume of a gas

The effect of pressure on a fixed volume of gas can be demonstrated (in a qualitative manner)
by trapping some air inside a sealed gas syringe connected to a pressure gauge and pushing in the
plunger (Figure 1.35): the pressure of the gas increases as the volume decreases. The temperature
remains constant during this change (if it is performed slowly, so that the air can remain in
temperature equilibrium with the syringe and the surroundings).

Figure 1.35 A syringe
of air connected to a I ' ' "“;:e_:"'-—— —
pressure gauge T

—100
T
—E0

26
f
/
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The increase in the pressure of the gas is due to the increase in the frequency of collisions
between the gas particles and the container walls. Since the volume is smaller, and the number of
particles is constant, they hit the walls more often.

Effect of temperature on volume of a gas

This can be easily demonstrated (in a qualitative manner) by trapping some air inside a sealed gas
syringe and placing it in a beaker of hot water: the volume of the gas increases as the temperature
increases (Figure 1.36). The pressure remains constant during this change.

Heating the gas makes the particles move (on average) faster so that they hit the walls of
the container more frequently and with greater momentum. This pushes the plunger of the
syringe outwards, increasing the volume of the gas until this reduces the collision frequency to
compensate for the increased speed and the pressure in the trapped gas is equal to the pressure of
the atmosphere on the other side of the syringe.

Effect of temperature on pressure of a gas

If a sealed container is heated with gas inside, then once the temperature is sufficiently high the
lid will fly off or the container will explode. This shows that gas pressure (at constant volume)
increases with temperature.

Figure 1.36 A sealed The effect of changing one of these variables (pressure, temperature and volume) on a fixed mass
syringe of air in a beaker of gas, while keeping the other one constant, is summarized in Table 1.6.

of hot water

a At constant temperature: b At constant volume: ¢ At constant pressure:
Pressure Volume Temperature Pressure Temperature Volume
Increase Decrease Increase Increase Increase Increase
Table 1.6 Surmmary of
Decrease Increase Decrease Decrease Decrease Decrease

the behaviour of gases

Gas density
The density of a gas is defined as the mass of the gas divided by its volume. The volume of the

gas changes with temperature and pressure. Specifically, if the pressure on a gas is increased its
volume decreases, resulting in an increase in density. If the temperature of a gas is increased, the

volume increases and the density is reduced.

Kinetic theory of gases

The behaviour of gases is explained by the kinetic theory of gases, which makes the following
assumptions about the behaviour and properties of particles in a gas:

» the individual molecules or atoms of a gas each have a
negligible volume compared to the container

= there are no attractive or repulsive forces operating
between the atoms or molecules of the gas, except at
collisions between molecules and between individual
molecules and the walls of the container (Figure 1.37)

» the collisions between the molecules or atoms with
themselves and the walls of the container are pﬁ:rf-.?,-.:tlger
elastic and give rise to gas pressure

small square

enlargement of square
» the mean kinetic energy of the molecules or atoms of a ahw;%;ng bmbarc?mem

gas is directly proportional to its absolute temperature by atoms or molecules
on the thermodynamic scale. The kinetic energy of in air

a paseous molecule or atom is given by the expression  Figure 1.37 The generation of gas pressure
%mtuz, where m represents the mass of the particle and  on the inner surface of a balloon.

v represents its speed.
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This model of a gas is known as the ideal gas model and is a good description of the behaviour
of most gases, especially at high temperatures and low pressures. However, an ideal gas is a
hypothetical state since the first two assumptions of the ideal gas model cannot be precisely true.
No gas behaves absolutely perfectly as an ideal gas.

The pressure of a gas can be measured using a manometer (Figure 1.38). In its simplest form
the manometer is a U-tube about half filled with liquid. With both ends of the tube open, the
liquid is at the same height in each leg. When positive pressure is applied to one leg, the liquid is
forced down in that leg and up in the other. The difference in height indicates the pressure.

The temperature scale used in kinetic theory is the absolute or thermodynamic (Kelvin) scale.
The thermodmmic scale of temperature uses units of kelvin (K), which have the same size as the
more familiar degrees Celsius (°C) but whose ‘zero’ is absolute zero (-273.15°C) II':l:"igll.n'e 1.39).
Hence, a temperature change of 1K is the same as a temperature change of 1 °C. Unlike the
Celsius scale, negative numbers are not used in the absolute scale.

triple point
( =273.16K
=0.01°C
| | e
0K 1 | .
_97315°C ice point steam point
Note that the difference between the =273.15K =373.15K
Celsius and thermodynamic scales is =0°C =100°C
only a matter of definition - they are =0 degrees =100 degrees
defined using different fixed points. Celsius Celsius
Figure 1.38 Manometer
to measure gas pressure Figure 1.39 The defining temperatures on the absolute or thermodynamic (Kelvin) and Celsius scales

Conversion between the Celsius and thermodynamic scales is governed by the equation:
t=T-1273.15

where t is the temperature in Celsius and T is the absolute temperature in kelvin. So, for example:
60°C =333.25K - 273.15
hence 60°C is equivalent to 333.15K.

TOK Link ___uncalibrated

In 1742 the Swedish astronomer Anders Celsius (1701-1744) esmotetee. Bl poirt £| 100 °C
created, as a first attempt, an artificial temperature scale where i :

zero represented the boiling point of water (at 1 atm) and 100
represented the freezing point of water (at 1 atm) (Figure 1.40).

b ]
b

It is artificial in the sense that it is based upon the physical properties
of water. The melting and bailing points of any other substance could
have been chosen and the temperature difference divided up into 100
intervals.

In 1744 the Swedish botanist Carolus Linnaeus reversed Celsius's
scale so that zero represented the melting point of ice and 100
represented the water’s boiling point. In 1848 William Thomson,
later Lord Kelvin, proposed the need for a temperature scale where
absolute zero (the complete absence of heat energy) was the scale’s
null point and which used the degree Celsius for its interval. Thisis a
natural scale since it is independent of the physical properties of any
substance and is based on the laws of thermodynamics.

N\

RS

bulb in steam
e .o | at atmospheric
TR ig%%t?@d? pressure

heat  Poiling water

Figure 1.40 Calibration of a meraury thermometer
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Chemistry, like all the scientific disciplines, has its own specialized vocabulary. However, the
greatest problems tend to arise not from specially invented names, but from widely used words
whose meaning does not match their usage in chemistry. For example the word ‘ideal’ is used
to describe a state of perfection. However, an ideal or perfect gas is a simplified or imperfect
mathematical model of a gas. ‘Ideal laws’ simplify the problem of describing phenomena by
ignoring the less important features of a system. =

' Extension: Entropy

An interesting observation about gases is that they more
diffuse and mix completely with each other (Figure ordered
1.41). Two gases have never been observed to

separate and unmix. This would be a very unlikely

or improbable event. This simple observation

suggests that one ‘driving force’ for reactions is an ek
increase in disorder. The degree of disorder ina ol

chemical system can be measured or calculated
and is called its entropy (see Chapter 15).

Figure 1.41 Gases will spread out by diffusion to maximize entropy

The gas laws

Boyle's law

Boyle found that (at constant temperature), the
volume of a fixed mass of gas is inversely proportional
to its pressure. In other words, if the pressure on a
sample of gas is increased, then the volume decreases.
This can be expressed mathematically as:

PM% or as P o V-1

where P represents the pressure and V represents the
volume.

Alternatively Boyle's law can be expressed as
P x V = ¢, where ¢ represents a constant that varies
with the gas and temperature.

Boyle's law (Figure 1.42) can be used to calculate the

NEW Pressure or VD[UIT[E ]f a ﬁx&cl mass Df gas (Ell.' constant

temperature ) undergoes a change in pressure or volume:

PixV,=P;xV; Figure 1.42 Boyle's law apparatus

where V| represents the initial volume, P, represents the initial pressure, V, represents the final
volume and P; represents the final pressure.

A sample of gas collected in a 350 cm’ container exerts a pressure of 103 kPa. Calculate the

volume of this gas at a pressure of 150kPa. (Assume that the temperature remains constant.)
Boyle's law: P, xV, = P, x V,

3
103 kPa % 350cm? = 150kPa x V; 103 kpy ¢ 220 e

A R 3
150kPa - Z10cm
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Extension: Barometers

Barometers are usually calibrated in units of pressure based on the height of the mercury column
(in millimetres) that the gas pressure can support. 1 atmosphere (1 atm) = 760 mm Hg. However,
the fundamental definition of pressure is defined as the force (in newtons) per unit area (in
square metres, m?):

force (N)

TESSUNE = =——
P ares (i)

The SI unit of force is the newton per square metre (N/m? or Nm=2). It is often called the pascal
(INm==1Pa) (1000Pa = 1 kFa).

Robert Boyle (1627-1691) was an Irish-born British chemist and physicist best known for
formulating the law known as Boyle's law. However, his greatest contribution to chemistry
was the publication of The Sceptical Chymist in 1661. In the book he proposes a simple
atomic theory and suggests that chemists should regard elements as substances which
cannot be decomposed into two or more simpler substances (though he did not specifically
identify any). Previously many philosophers subscribed to the ancient Greek view of four
‘elements': earth, air, fire and water. He was regarded as the ‘Father of Chemistry’ by future
generations of chemists.

Charles’ law

If the absolute temperature of a gas is doubled then the

VD]UHIE. {Elt constant PI‘ESSUI"E) d’DLIblES. CDI‘[VEI'SEI?, ].'F open end {GDﬂStEﬂT praaatira

] = atmospheric pressure)
the absolute temperature of a gas is halved (at constant

pressure), the volume halves. glass GﬂFi”Eﬁf thermomeater
This behaviour is known as Charles’ law (Figure 1.43) E}be (uniform \\
and can be expressed mathematically as V o< T, where e) 9
emperaee i elin, Alematcly Chales o be S
emperature in kelvin. rnatively rles’ law can sulfuric acid
expressed as V = K X T (where K represents a constant
that varies with the gas and pressure).
Note that a doubling of the temperature in degrees i
Celsius is not a dc:ubling of the absolute temperature, volume here
for example a doubling of the temperature from 200
to 400°C is only a rise from (200 + 273) = 473K to water bath —_
(400 + 273) = 673 K, that is, a ratio of 673/473 or 1.42.
Charles’ law can be used to calculate the new trapped air
temperature or volume if a fixed mass of gas (at constant 2ot
pressure) undergoes a change in temperature or volume.
It can be expressed as: scalezero ____
W Fad
i, ¥, 574
T, T, ssaled end
where V| represents the initial volume, T represents heat
the initial absolute temperature, V; represents the final Figure 1.43 Charles’ law apparatus

volume and T is the final absolute temperature.

A 4.50dm’ sample of gas is warmed at constant pressure from 300K to 350K. Calculate its final

volume.

_VixT, _4.50dm’x 350K
T, 300K

V3 =5.25dm?
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The pressure law

The pressure law states that for a fixed mass of gas (at constant volume) its absolute temperature
is directly proportional to pressure. This behaviour can be expressed mathematically as

P e T, where P represents the pressure and T represents the absolute temperature in kelvin.
Alternatively the pressure law can be expressed as P = K x T or P/T = K (where K represents a
constant that varies with the gas},

The pressure law can be used to calculate the new pressure or temperature if a fixed mass of
gas (at constant volume) undergoes a change in temperature or pressure. This is done using the
following equation:

Py P

T, T,
where P) represents the initial pressure, T represents the initial absolute temperature, P;
represents the final pressure and T, represents the final absolute temperature.

10dm’ of a gas is found to have a pressure of 97000 Pa at 25.0°C. What would be the temperature
required (in degrees Celsius) to change the pressure to 101 325 Pa?

97000Pa _ 101325Pa

298K T,
T, - 101325Pa x 208K
A 97000Pa

T,=3113K=(311.3-273)°C = 38.3°C

The temperature of a gas sample is changed from 27 °C to 2727 °C at constant volume. What is
the ratio of the final pressure to the initial pressure!

T, _Pp 300K _ 45
T, P, 300K

P; _ 0.

p. = 10:1

Equation of state (‘combined gas law’)

The equation of state is formed by combining Boyle'’s law (P X V = constant) and Charles’ law
(VIT = constant):

PV _ constant, for a fixed mass of gas

T

(Note that the constants in the three expressions will all be different.)

This equation is sometimes called the combined gas law, but it is properly termed the equation
of state (for an ideal g‘as},

This relationship is often written as:

PixV, _PxV,
T, T,

Gas volumes are usually compared at stp (see page 29). As with Charles’ law, all temperatures
must be expressed as absolute temperatures in kelvin.

At 60°C and 1.05 x 10°Pa the volume of a sample of gas collected is 60cm’. What would be the

volume of the gas at stp?

1.05 X 10°Pa x 60cm® _ 1.01 x 10°Pax V,
333K - 213K
v, = 105X 10°Pax 60cm? x 273K _ .\ 5
E 1.01 x 10°Pax 333K
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The ideal gas equation
Solve problems We have seen that Boyle's law (PV = constant) and Charles’ law (V/T = constant) can be

using the ideal combined together to give a combined gas law known as the equation of state:
gas equation, PV
PV = nRT. T = constant, for a fixed mass of gas

It follows from Avogadro’s law that for one mole of gas (V,,) the constant will be the same for all
gases. [t is called the gas constant and given the s','mbol R.
PxV, _

connect to vacuum pump T
and then supply of gas X

R

which can be rearranged as:

—— )

|i PV, =RT

This equation is called the ideal gas equation and, for n moles of gas, the equation becomes:
PV =aRT,

where P represents the pressure in pascals (Pa), V represents the volume in cubic metres (m’),
n represents the amount of gas (mol), R represents the gas constant (8.314]K-'mol-!)and T
/ ) k"\\ represents the absolute temperature (kelvin). (The ideal gas equation is printed on page 1 of the
) IB Chemistry data booklet.)
It is vital that volumes expressed in dm® and cm® are converted to cubic metres if the value of
the gas constant R given above is used and the pressure is expressed in pascals. 1 dm® =0.001 or
— 10~ m? and 1 ecm® = 0.000001 or 10-°m’.
EETL:(mD; known The ideal gas equation can be used to determine the relative molecular masses of gases
(Figure 1.44) or volarile liquids (Figure 1.45).

Figure 1.44 Apparatus
for determining the

|__—light bulb heats the inside of the container
relative molecular mass .
geif-sealing . :
of a gas rubber cap hypodermic syringe
ﬂ' o,
T
Figure 1.45 Apparatus \ graduated gas syringe
used to determine the S
relative molecular mass of l i
thermometer

a volatile liquid

At 273K and 101325 Pa, 12.64 grams of a gas occupy 4.00dm’. Calculate the relative molecular

mass i]f tl'lE Egas.

PV =nRT
LBV
RT

_ 101325 Pax (4.00x 107) m’
8.314] K mol! x 273K

Amount of gas (mol) = mass (g)

re lative I[lDlECUlEII Imnass

= 0.1786 mol

RElEltiVE molecular mass = i (g)

amount (mol)

12.64
0.1786 L

(Calculations may also involve measurements involving the density of gas, which should be
expressed or converted to S units of ke m~. However, note that gdm™ and kgm™ are equivalent
— no conversion is required. )

REIEI[iVﬁ lTli'_'IIEbCI.llEII Mass {M} =
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Another method of solving this type of problem is to combine the ideal gas equation with
the expression for c]eusitjr (d) and the rﬂlatinnship between number of moles (n), mass (m),
pressure (P) in kilopascals (kPa) and relative molecular mass (M, ):

mRT _mRT

PV=‘.I’1RT= MI 50 M—W
T =
d = v S0 1 1
Substituting for V in the equation for M
. dRT
M,= T
Calculate the relative molecular mass of a gas which has a density of 2.615 gdm at 298 K and
101 325 Pa.
_dRT
M - T
2.615kgm x 8.314] K-! mol-! x 298K
= =639
M 101.325kPa

Graphs relating to the ideal gas equation

Analyse graphs A gas that obeys the ideal gas equation (and all the gas 4
relating to laws) under all conditions is said to behave as an ideal -
the ideal gas gas, or to behave ideally. No gas behaves ideally: all Q.

; GO
e gases deviate to some extent from ideal behaviour and :
are described as real gases. The deviation from ideal

gas behaviour can be shown by plotting PV/RT against ideal gas

N;

P or PV against P. For a gas behaving ideally these
plots would give straight lines (Figure 1.46).

The greatest deviation from ideal behaviour occurs
when the gas is subjected to a low temperature and
high pressure (Figure 1.47). A real gas deviates from
ideal behaviour considerably at high pressures. This is Figure 1.46 Deviation from ideal behaviour at
because when gases are put under pressure and high pressure
compressed the molecules or atoms come sufficiently
close together for intermolecular forces (Chapter 4) to
operate and the particles to be attracted to each other.
In other gases, for example ammonia, stronger
hydrogen bonds operate and the deviation from ideal
behaviour is even greater.

One of the assumptions of the ideal gas model is
that the volume of molecules is negligible compared
with the volume occupied by the gas. This is no longer

-
—

Pressurs

true in a highly compressed gas where the actual
volume of the gas molecules becomes significant.

At low temperatures deviation from ideal behaviour
occurs because the molecules are moving slowly, which
significantly strengthens the intermolecular forces -
operating between neighbouring molecules or atoms. Preesure

Figure 1.47 Deviation from ideal behaviour at
low temperature



Solutions

Solutions

Distinguish Water dissolves a wide range of different chemical substances. Water is a solvent and the substances
between the dissolved in the water are termed solutes. The mixture of solvent and solute is termed a solution.
terms solute, When one mole of a solute is dissolved in water and the volume of solution made up to
sszver:t, 3 1000cm’ (1dm?), the resulting solution is termed a molar solution (1 mol dm™). If ewo moles of a
FE LT oy solute are made up to 1000 cm? of solution (or one mole to 500 cm?), the solution is described as
concentration 3 (o
e and 2moldm= (Figure 1.48).
3
il 1 mol of copperll) sulfate, 2 mal of copper(ll) aulfate,
CuS0, (159.61g) /\ CuS0, (319.22g) /\
‘/ " B ) N y

3 -3 ' Za

=2 So So

E+— = =1

Figure 1.48 A E E =
diagram showing the — —
concentration of a dissclve to maks dissohe to make dissolve to make dissclve to make
solution depends on the 1 litre of sclution: 2 litres of solution: 1 litre of solution: 2 litree of solution:
amount of solute and the concentration concentration concerntration concantration

velitine of soliant =1 mol dm™® = 0.5 mol dm™* = 2 mol dm™ =1 mol dm™

The concentration of a solution is the amount of solute (in moles) contained within one cubic
decimetre. The concentration of a solution is given by the following expression:

amount of solute (mol)
volume of solution (dm?)

concentration of solution (moldm=?) =

Calculate the concentration of the solution formed when 0.5 mol of glucose is dissolved in 5.0dm’
of water.

0.5 mol

W ot D.]. ledl‘n‘J
. I

Concentration =

Determine the concentration of the solution when 4.00 grams of sodium hydroxide (molar mass
40.0gmol®) is dissolved in 200cm’ of water.

Amount of sodium hydroxide = &gl = 0.100mol
40gmol-
Concentration of sodium hydroxide = D100 ol 0.50 moldm™?
0.200dm?

Calculate the mass of hydrated copper(n) sulfate, CuSO,.5H,O (molar mass 249.7 g mol-!)
present in 25.0cm’® of a 0.500 moldm™ solution.

Amount of hydrated copper(11) sulfate = 0.500 moldm™ % 0.0250dm’ = 0.0125 mol
Mass of hydrated copper(11) sulfate = 0.0125 mol x 249.7gmol-! = 3.12 ¢

Calculate the concentration (in moldm®) of a solution of hydrochloric acid containing
14.6 grams of hydrogen chloride in 100cm? of solution.

Molar mass of hydrogen chloride = (1.00gmol! + 35.5 gmol!) = 36.5 gmol-!

g y__ 146g  _
Amount of hydrogen chloride in 100cm T P 0.400 mol

Hence, the concentration of hydrogen chloride =0.400 % 10 = 4moldm™
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Extension:

pOCE

aralhi w1 SO

Figure 1.50 A stock
bottle of hydrogen
peroxide

Soluble ionic compounds dissociate into their component ions when dissolved in an excess
of water. The concentrations of the individual ions will depend on the amounts of these
ions when the substance (salt, base or alkali) dissolves. In a 4.0mol dm®® aquecus solution of
aluminium nitrate, for e:xample, the concentration of the aluminium ions is 4.0moldm®, but the
concentration of the nitrate ions is 12.0moldm®®,

AINO;)s(aq) — Al**(aq) +  3NOj(aq)
1 mol 1 mol 3 mol
divide by divide by
i o solvent volume concantration molar mass concentration
= i ™| ofsolution i3 of solution
g multiphy by ingdm™ rmultiply by in mol dm™>
solvent volume maolar mass

Figure 1.49 Summary of the interconversion between concentration (in moles per cubic decimetre of solution) and
concentration in {(grams per cubic decimetre of solution)

Additional units for ‘concentration’

Mixing ratio

Mixing ratios are frequently used to describe the concentrations of gases in the
atmosphere. For example, nitrogen forms approximately 78% by volume of the
atmosphere and its concentration, expressed as a mixing ratio, is 780000 ppmv, where
ppmv refers to parts per million by volume. This means that 780000 out of 1000000

particles (atoms or molecules) in the air are nitrogen molecules. Mixing ratios are
often used to express the concentrations of pollutant gases (Chapter 25).

Volume strength

. e ==
Solutions of hydrogen peroxide (Figure 1.50) are often sold II-
according to their ‘volume strength’. The volume strength of 1 !
a solution of hydrogen peroxide is measured by the humber of 2

volumes of oxygen released when it is completely decomposed
under standard conditions (0°C, 1 atmosphere pressure).

For example, 20 volume strength hydrogen peroxide solution “"I"t ARTHICLAI
g rrm

means 1 cm® of the solution will release 20 cm’ of oxygen gas (when ==
c-:tmpleteljr dec-::mposed). Volume strengl:hs can be converted 4 =a -

to lel'lEl' INeasures Gf -::crncentrati-:-n, fDl' E}CEIID_PI'E l'l'll:ll dI[l_J,

Mass per cent

One method of expressing the concentration of a substance -
dissolved in water is to express it as a weight or mass per = :
cent. For example, a 5% by mass of aqueous ethanoic -
acid solution (white vinegar — Figure 1.51) would have
5g of ethanoic acid for every 100 g of solution.

Figure 1.51 Artificial
white vinegar (5% by mass
ethanoic acid)

Dilution of acids

Acids are supplied as concentrated acids. The solutions required in the laboratory are prepared
by diluting the concentrated solutions with water. For safety reasons the dilution is carried out by
slowly adding the concentrated acid to the water. Water should never be added to concentrated
acids. When a concentrated solution is diluted with water, the amount of solute in the solution

remains unchanged.
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This can be expressed by the following relationship:
Ml x ‘1-"?1 = Mz X Uz

where M, represents the initial concentration, M; represents the concentration after dilution, V,
represents the initial volume and V; represents the volume after dilution.

Calculate the volume to which 25.0cm® of 5.0 mol dm= hydrochloric acid must be diluted to
produce a concentration of 1.5 mol dm=.

Ml > Vi = Ml P4 Vg
5.0moldm™ % 25.0cm’ = 1.5moldm™ x V,

V=350 x% s i B

Solve problems involving concentration, amount of solute and volume of solution.

Volumetric chemistry

A solution of known concentration is called a standard solution. In volumetric chemistry a series
of titrations is carried out, frequently with an acid and a base. In each titration (Figure 1.52) a
solution is added in small measured quantities, from a burette, to a fixed volume of another
solution, measured with a pipette, in the presence of an indicator. The addition of the solution is
continued until the indicator just changes colour. At this stage, termed the end-point, the two
substances are present in stoichiometric quantities.

Acid-base titrations

In these titrations acid and base are reacted in the presence of a suitable acid—base indicator

(Chapter 18). Uses of acid—base titrations include:

« determining the concentrations of solutions
« determining the percentage purity or molar mass of an acid or base
» deducing the equation for a neutralization reaction

Figure 1.52 A selection
of apparatus used in a
titration: pipette filler, et et

burette and pipette = determining the amount of water of crystallization in a hydrated salt.

Sodium hydroxide reacts with hydrochloric acid according to the following equation:
NaOH(aq) + HCl(ag) — NaCl(aq) + H,O(1)

Calculate the volume of 0.0500 moldm= sodium hydroxide solution to react exactly with 25 cm?

of 0.20 moldm* hydrochloric acid.

Amount of hydrochloric acid = % dm’ % 0.200 moldm~ = 5.00 x 10~ moel

The equation’s stoichiometry indicates that the alkali and acid react in a 1:1 molar ratio. Hence
the amount of sodium hydroxide is 5.00 x10-? maol.

1000 x 5.00 x 10 mel
0.0500 mol dm?
0.558 grams of a monobasic aromatic carboxylic acid, HX, was dissolved in distilled water. A few
drops of phenolphthalein indicator was added and the mixture was titrated with 0.100 mol dm®

sodium hydroxide solution. It took 41.0cm’ of the alkali to obtain the end-point (with a
permanent pink colour). Calculate the molar mass of the organic acid.

Amount of sodium hydroxide = 0.100 moldm x L0 dm’

1000
= 4.10 x 10~ mol

Volume of sodium hydroxide = = 100cm’
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Amount of HX equals 4.1 % 10~ mol because the acid and base are reacting in a 1:1 molar ratio:
HX(aq) + NaOH(aq) — H,O(1) + X-"Na*(aq)

mass (g)  _ 0.558¢
amount (mol)  4.10 x 10~ mol

= 136 gmol™!

Hence, molar mass of HX =

17.5em? of 0.150 mol dm® potassium hydroxide solution react with 20.0 cm? of phosphoric acid,
H3PO, of concentration 0.0656 mol dm®*. Deduce the equation for the reaction.

Amount of potassium hydroxide —]1 D?C% dm?® x 0.150 moldm = 2,63 x 10-*mol

Amount of phosphoric acid = % dm? % 0.0656 moldm™ = 1.31 x 107 mol

The two chemicals react in a 2: 1 molar ratio and hence the equation is:

H,PO,(s) + 2KOH(aq) — K,HPO,(aq) + 2H,0(1)

The results of a titration with a solution of known concentration can be used to determine the
concentration of the other solution.

A 50.0cm’ sample of concentrated sulfuric acid was diluted to 1.00dm’. A sample of the diluted
sulfuric acid was analysed by titrating with aqueous sodium hydroxide. In the titration, 25.00cm’
of 1.00moldm® aqueous sodium hydroxide required 20.0 cm? of the diluted sulfuric acid for
neutralization. Determine the concentration of the original concentrated sulfuric acid solution.

Steps

i Construct the equation for the complete neutralization of sulfuric acid by sodium hydroxide.
ii Calculate the amount of sodium hydroxide that was used in the titration.

iii Calculate the concentration of the diluted sulfuric acid.

iv Calculate the concentration of the original concentrated sulfuric acid solution.

Answers
i 2NaOH(aq) + H;SOy4(aq) — Na;SO4(aq) + 2H;O(1)

ii Amount of sodium hydroxide used in the titration
= % dm® x 1.00moldm~ = 0.0250mol NaOH

iii From the equation, amount of H,SO, = amount of NaOH + 2 = 0.0125mol in 20.0 cm?,

so ‘scaling up’ to 1000cm’ to obtain the concentration of diluted sulfuric acid:

1000

200 % 0.0125 moldm= = 0.625 mol dm=*
iv ‘Scaling up’ from 50.0 to 1000 cm’ gives the concentration of the original concentrared
sulfuric acid solution: 0.625 moldm=> x % = 12.5mol dm™?

Primary standard solutions

Titrations often involve a primary standard solution. Its concentration may have been
determined by titration with another primary standard solution or by weighing the solute and
preparing a solution of known volume (Figure 1.53). The concentrations of primary standard
solutions do not change with time. Few chemical substances are suitable for use as primary
standards. If a substance is to be weighed accurately enough for use in preparing a primary
standard solution, the following criteria must be met:

The substance must be available in a high state of purity or be easily purified.
The substance must not be volatile, or some of it would be lost during the weighing process.
The substance must not react with oxygen, water or carbon dioxide.
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Accurately weigh solute stiring Compounds suitable as primary standards are:

. strong acid — ethanedioic acid (oxalic acid)
strong base — anhydrous sodium carbonate

. oxidizing agent — potassium dichromate(v1)
l\educing agent — iron(11) sulfate (in the form of h\,rdratec]
ammonium iron(11) sulfate).

A number of solutions when freshly prepared are used as alternative
primary standards, for example sodium and potassium hydroxides,
sulfuric and h?c]mc,hlc:ric acids and potassium manganate{‘-.-’ll}. These
cannot be stored since their concentrations change with time due to
a chemical reaction (usually with oxygen andfor water in the storage
vessel).

Back titration

In the technique known as back titration, a known excess of one
reagent A is allowed to react with an unknown amount of a reagent
B. At the end of the reaction, the amount of A that remains
unreacted is found by titration. A simple calculation gives the
amount of A that has reacted with B and also the amount of B that
has reacted.

In a typical acid—base back titration, a quantity of a base is added
to an excess of an acid (or vice versa). All the base and some of the

Dissolve sclute in a
amall amount of solvent,
warming if necessary

HiTE? 'a". acid react. The acid remaining is then titrated with a standard alkali
G ngi?trl‘nm and its amount determined. From the results, the amount of acid

which has reacted with the base can be found and the amount of
wash / base can then be calculated. The principle of this type of titration is

Hotle illustrated in Figure 1.54.
b Back titrations are usually used when the determination of the

K amount of a substance poses some difficulty in the direct titration

method, for example insoluble solid substances where the end-point
O
Carefully

make up to the
rmark on the flask

rmore solvent

is difficult to detect and volatile substances where inaccuracy arises
Stopper due to loss of substance during titration.

d shak
AR Amount of standard acid {calculated from its volume and

concentration)
Amount of adid reacting with Amount of acid reacting with the
sample (unknown) standard solution of alkali used in

the titration (calculated from its
volume and concentration)

Fi 1.53 P i tandard soluti
e TRRRIT A e A Figure 1.54 lllustration of the principle of an acid-base back titration

Magnesium oxide is not very soluble in water, and is difficult to titrate directly. Its purity can be
determined by use of a ‘back titration’ method. 4.08 g of impure magnesium oxide was completely
dissolved in 100cm? of 2.00moldm aqueous hydrochloric acid. The excess acid required
19.7cm’ of 0.200 mol dm= aqueous sodium hydroxide for neutralization. What is the purity of the
impure magnesium oxide?

Steps

i Construct equations for the two neutralization reactions.

ii Calculate the amount of hydrochloric acid added to the magnesium oxide.

ii Calculate the amount of excess hydrochloric acid titrated.

iv Calculate the amount of hydrochloric acid reacting with the magnesium oxide.

v Calculate the mass of magnesium oxide that reacted with the initial hydrochloric acid, and
hence determine the percentage purity of the magnesium oxide.
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Answers
i MgO(s) + ZHCl(aq) — MgCly(aq) + HyO(1)
NaOH(aq) + HCl(aq) — NaCl(aq) + H,0O(1)

ii Amount of hydrochloric acid added to the magnesium oxide = ﬂ dm? % 2.00 moldm™?
= 0.200mol. 130

iii Amount of excess hydrochloric acid titrated = % dm®x 0.200 moldm~? = 0.003 94 mol HCI,
since the mole ratio of NaOH to HCl is 1:1.

iv Amount of hydrochloric acid reacting with the magnesium oxide
=0.200mol — 0.00394 mol = 0.196 mol.

oif'm D,lg'gm-:-l

equation). The molar mass of magnesium oxide is 40.3 gmol™!, hence the mass of magnesium

oxide reacting with acid = 0.098 mol x 40.3 gmol! = 3.95 g and hence percentage purity

_ 3.95¢ 3
308 X 100=97%.

v Amount of magnesium oxide that react = (0.098 mol (1:2 molar ratio in

Redox titrations

(Figure 1.55) are identical to those involving Sangobion .

Calculations involving redox titrations
acids and bases. Uses of redox titrations
include:

= determining the concentration of a
solution

» determining the percentage purity of a salt
or other substances, for example an alloy

» determining the charge and relative

Figure 1.55 Redox titrations can be performed in

atomic mass of an ion company laboratories to ensure that materials such
« deducing the ionic equation for a reaction  as these iron tablets, bleach (sodium chlorate(i)) and
= determining the amount of water of vitamin C (ascorbic acid) contain the stated armounts or

crystallization in a hydrated salt. concentrations of substances in them

Chapter 9 shows how ionic equations for redox titrations can be constructed and examines the
principles underlying several types of redox titrations. Two worked examples of common redox
titration calculations are presented below.

Hydrated iron(1) sulfate has the formula FeSO4.xH;O. An experiment was performed to determine
x, the amount of water of crystallization in hydrated iron(11) sulfate. 50.6 grams of hydrated iron(11)

sulfate were dissolved in distilled water to make 250.0cm’ of solution. 20.0cm’ of this solution
reacted completely with 24.0cm? of 0.100moldm™ potassium dichromate(vi) solution. Use this data
to determine the value of x and hence the formula of h?drated iron(n) sulfate.

6Fe**(aq) + 14H*(aq) + Cr;O7*(aq) — 2Cr**(aq) + TH,O(1) + 6Fe**(aq)

Aot of C0-H(ag) o6 KC60;(ag) = % dm?x 0.100mol dm= = 2.40 x 10 mol

Hence amount of Fe?*(aq) or FeSO4(aq) = 2.40 x 10”7 mol x 6 = 0.0144 mol

The titrated solution consists of 0.0144 mol of Fe**(aq) or FeSOy4(aq) in 20.0cm’.

1000
20dm?

= 0.720 moldm™.

Hence, concentration of Fel*(aq) or FeSDJaq} = 0.0144 mol x
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FeSO,.xH,0(aq) — FeSO,(aq) + xH,O(1)

Amount of FeSOy present in 50.6 grams of hydrated iron(11) sulfate

” 250.0 _
= 0.0144mol x =g 0.180mol

Mass of FeSOy = 151.91 gmol-! x 0.180 mol = 27.34¢

Mass of water = (50.6g — 27.34¢) = 23.26¢
13.26¢

Amount of water = W =1.29mol
. __ L29mel _
Ratio of H;O to FeSO, = x = 0.180mol ~ 1.2

Thus the formula is FeSOy4. 7TH;0.

Potassium manganate(vil), KMnO),, oxidizes potassium iodide, KI, to iodine, I,. The iodine
liberated is titrated with aqueous sodium thiosulfate, Na;5;0;.

16H*(aq) + ZMnD([aq} + 10I-(ag) — 2Mn?*(aq) + BH,O(1) + 51,(aq)
25,04%(aq) + I{aq) — 5S40 (aq) + 21-(aq)

The iodine produced from 25.0cm? of potassium manganate(Vil) solution required 26.4cm’ of
0.500 moldm™ sodium thiosulfate solution for complete reaction. Calculate the concentration of
the potassium manganate(‘ufﬂ] solution.

Amount of S,0y(aq) or Na,5,0,(aq) = 204 dm?® % 0.500 moldm= 0.0132 mol

1000
Using the equations for the reactions:
Amount of I;(aq) = D,DZIE'JE = 6.6 X 10 mol

and hence amount of MnQy(aq) = %X 6.6 X107 mol = 2.6 x 10~ mol

Concentration of MnO4(aq) = % dm? % 2.6 x 10 mol =0.11 moldm™.

Precipitation titrations

A common type of precipitation titration uses silver nitrate to determine the concentration of
chloride ions. Silver nitrate solution is added to a chloride solution in the presence of potassium

chromate(vi), which acts as an ‘indicator’.
The net ionic equation for a silver nitrate titration is:

Ag*(aq) + Cl-(aq) — AgCl(s)

If a chloride solution is acidic, calcium carbonate powder is added to neutralize the acid. One use
of silver nitrate titrations is to determine the formula of chlorides (Chapter 13).

0.010mol of an ionic chloride was dissolved in water and found to react completely with 20em’ of
1.00mol dm=? silver nitrate solution, Determine the formula, using M to represent the metal.

Amount of silver nitrate = % dm? % 1.00 mol dm=? = 0.020 mol of silver ions.

These react with chloride ions in the molar ratio of 1:1.

Ag*(aq) + Cl(aq) — AgCl(s)

This means that 0.010mol of the chloride contains 0.020mol of chlorine, Cl. Hence the formula
is I"-"'[Clg
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The mole is a chemist’s measure of the amount of a chemical substance. The mole is a
counting unit used to deal with atoms, ions, electrons and formula units.
One mole (1 mol) of a chemical species contains the same number of particles as there
are atoms in exactly 12 grams of the isotope carbon-12 (3C).
The Avogadro constant, L, has the value 6.02 x102mol-.
number of particles

6.02 x 102 mol !
The relative atomic mass of an element, A,, gives the ratio of the weighted average of
the masses of the atoms of an element to the mass of one atom of carbon-12 taken
as exactly twelve units. The relative molecular mass, M,, and relative formula mass are
defined similarly. Relative formula mass, relative molecular mass and relative atomic mass
are pure numbers and have no units.
The relative atomic mass in grams of any element contains 6.02 x 10% atoms. The
relative molecular mass in grams of any compound contains 6.02 x 10%* molecules.
The molar mass is the mass of one mole of any chemical entity. Molar mass has units of
grams per mol (g mol-).

Amount of substance (mol) =

mass of substance (g)

molar mass (g mol’)
The coefficients in a balanced equation represent the reacting ratios in terms of both
numbers of particles (atoms, ions and molecules) and amounts.
The empirical formula is the simplest integer ratio of the atoms or ions in a compound.
The molecular formula is the actual formula of a compound. It is identical to the
empirical formula or a whole number multiple of the empirical formula.
The masses of a reactant and products in a chemical reaction can be determined
experimentally. Converted into amounts of reactant and products, they give the chemical
equation for the reaction. Conversely, the chemical equation can be used to calculate the
amount and mass of a product from a known mass of reactant.
Gay-Lussac’s law of combining velumes states that when gases combine together they
do so in volumes that are in a simple whole number ratio to each other and to the
product (if it is a gas).
Avogadro's law states that under the same conditions of temperature and pressure,
equal volumes of all gases contain the same number of molecules.
One mole (1 mol) of a gas occupies 22.4dm? at standard temperature and
pressure, stp (0°C and 1atm).
Conversion between gas volumes and amount is given by:

volume of gas (dm?) at stp
molar gas volume (dm?mol-')
The molecules in a gas are in a constant state of overall random motion.
Boyle's law states that the volume of a fixed mass of gas is inversely proportional to its
pressure (at constant temperature). In symbols: PV = constant; P,V; = P V5.
Charles’ law states the volume of a fixed mass of gas is proportional to its absolute
temperature (at constant pressure).

Vv VY
= constant; =7
The zero on the absolute scale of temperature is the temperature at which the
volume of an ideal gas becomes zero.
The pressure law states that the pressure of a fixed mass of gas is proportional to its
absolute temperature (at constant volume).

P_ h_B
T = constant; ? = ?2
An ideal gas can be visualized as a collection of hard, inelastic spheres in constant
motion. In an ideal gas the actual volume of the gas particles is negligible and there are
no intermolecular forces.
Gas pressure is due to collisions of molecules with the walls of the container. The
temperature of a gas is determined by the average kinetic energy of the molecules.

Amount of a substance (mol) =

amount =



Examination questions

The ideal gas law is PV = nRT, where n represents the amount of gas and R represents
the gas constant. The molar mass or relative molecular mass of a gas can be found by
weighing a known volume of the gas.
The concentration of a solution is expressed in grams per cubic decimetre (gdm~) or
moles per cubic decimetre (moldm—3).
amount (mol)
volume of solution (dm?)
Titrations can be used to determine the reacting volumes of solution and, from the
volumes and concentrations, the equation for the reaction. Titration of a solution of
unknown concentration against a standard solution, with the equation for the reaction,
allows the unknown concentration to be calculated.
A back titration allows the determination of the concentration of a reactant of unknown
concentration by reacting it with an excess volume of another reactant of known
concentration. The resulting mixture is then titrated, taking into account the excess of
reagent which is present. Back titrations are used when the sample under analysis is
inscluble in water.
Many stoichiometry calculations require the following approach:
— Translate the mass or volume (of gas) of a given reactant into an amount (mol).
— Use the stoichiometric ratio from the balanced equation to deduce the amount (mol) of
the required reactant or product.
— Reconvert to a mass, volume (for a gas), concentration {(moldm— or gdm=3) or
percentage purity.

Concentration (moldm~3) =

Q6 Hydrogen peroxide, H,0,, reacts with
manganate({vi) ions, MnO,~, in basic solution

Paper 1 IB questions and IB style questions

Q1 Avogadro’s number, L, is 6.02 x10?% and the

Q2

Q3

Q4

relative atomic mass of calcium is 40. What is the
mass of one mole of calcium atoms?

A 40/L grams C L/A0 grams

B 40L grams D 40 grams

What is the mass in grams of a single molecule of

according to the following equation:

2MnO(aq) + 3H;05(aq)
— 2MnO5(s) + 30;(g) + 20H-(aqg) + 2H,0(l)

How many moles of hydrogen peroxide would be
needed to produce eight moles of water?

propane, CyHg? A one C three
A 7.3 x10%g C 6.02 x 102g B two D twelve
B 44g D 7.3x 10-%g

Which sample has the greatest mass?
A 1.0mol of N;H; € 3.0mol of NH,
B 2.0mol of N, D 25.0 mol of H,
Standard Level Paper 1, May 99, Q1

Which of the following samples contains the

Q7

Hydrogen sulfide, H,S, reacts with oxygen to form
sulfur dioxide and water as shown below.

2H,S+_ 0, — SO, + _H,0

What is the whole number coefficient for oxygen
when this equation is balanced?

smallest number of atoms? A1l C 3
A 1gH C 1gs B 2 D 6
Z B
B 190, D 1gBr, Standard Level Paper 1, May 99, Q4

Q8

A certain compound has a molecular mass of

: )
Q5 :mg gﬂinfnggotecuiesgrztgiri g‘;dmﬂg of H,07 56 gmol-'. Which of the following cannot be an
: 5.0 S i 5 6‘[} 1025 empirical formula for this compound?
; ~ A BH; C MgN;H,
Standard Level Paper 1, May 00, Q1 B CyH,0 D HCI



Q9

Q10

Q11

Q12

Q13

Q14

Q15

Q16

Q17

QUANTITATIVE CHEMISTRY

Which of the following is an empirical formula?
A N;F; C CH,0

B C,H,0, D C,N,

2Cl, represents:

A two chlorine molecules
B two chlorine atoms

C two chloride ions

D four free chlorine atoms

Which one of the following equations correctly
represents the combustion of calcium (a member
of group 2) in oxygen?

A Ca(s) + O;(g) — Ca0y(s)

B Cals) + 20(g) — Ca0s(s)

C 2Cal(s) + O,(g) — 2Ca0(s)

D Ca(s) + O(g) — Ca0(s)

Which one of the following equations is not
correctly balanced?

A Ca(s) + 2H*(aqg) — Ca?*aqg) + Hi(g)

B Magls) + 2H,0(l) = Mg(OH),(aq) + H,(g)
C Fe’+aq) + Ag*(aq) — Fe*(aq) + Ag(s)

D Fe*(aq) + Cly(g) — Fe*{ag) + 2Cl«aq)

What is the total number of ions present in the
formula, Fe,(S0,);7
A5
B 3

C 2
D 6

32.0 grams of sulfur (atomic mass of 32.0)
combine with a metal, M (atomic mass of 40.0) to
give a product which weighs 52.0g. What is the
empirical formula of the sulfide formed?

A MS C M5
B MS, D M,S:
An unknown element M combines with oxygen to

form the compound MO,. If 36.0g of element M
combines exactly with 16.0 g of oxygen, what is
the atomic mass of M in grams?

A 120 C 240
B 16.0 D 72.0
When 16.00 grams of hydrogen gas reacts with

64.0 grams of oxygen gas in a reaction (atomic
masses are H = 1.00, O = 16.00), what will be
present in the resulting mixture?

A H, H,0,and0, C 0, H,0

B H; H;O D H; O,

2.4 g of magnesium metal reacted vigorously
when heated with excess iron(i) oxide, Fe,0,.
What mass of metallic iron could be produced in
this process?
A 28g

B 3.7g

C 564
D 84g

Q18

Q19

Q20

Q21

Q22

One molecule of a small protein contains 63 atoms
of carbon. The mass percentage of carbon in the
protein is 55.74%. What is the molar mass of the
protein?

A 1357 gmol!
B 421.7gmol

C 821.3gmol!
D 756.6gmol!

Nitrogen(i) oxide, NO, is made from the oxidation
of NH;:

ANH; + 50, — 4NO + 6H,0

An 8.5g sample of NH; gives 15.0g of NO. What
is the percentage yield of NO?

A 40% C 80%

B 60% D 100%

Which one of the following is an incorrect

assumption of the kinetic theory of gases?

A Atoms or molecules travel in straight lines
between collisions but are in overall random
motion.

B Atoms or molecules of a gas are much smaller
than the average distances between them.

C Collisions between atoms or molecules of a gas
and the containing vessel are perfectly elastic.

D In a given gas, all particles have the same
kinetic energy at a given temperature.

1000 cm? of hydrogen gas (hydrogen molecules,
H,) contains Z molecules at room temperature and
pressure. What will be the number of atoms in
500cm? of radon gas (radon atoms) at the same
temperature and pressure? (Assume both gases
behave ideally.)

A7 . Zhd

B 2Z D Z/4

Which graph shows how the average kinetic
energy of the atoms or molecules varies with
absolute temperature (in kelvin) for an ideal gas?
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Q23

Q24

Q25

Q26

Q27

Q28

Q29

Q30

Under what conditions of temperature and pressure
will a real gas behave most like an ideal gas?
Temperature Pressure

A Low Low
B High Low
C High High
D Low High

For an ideal gas, which variables are inversely
proportional to each other (if all other factors
remain constant)?
A PV
B AT

CVT
DnPFr

When compared at the same pressure and
temperature, which one of the following physical
properties has the same value for H,, and for D,?
[D =3H]

A average molecular speed

B relative molecular mass

C collision rate between molecules

D average kinetic energy of molecules

A 350 cm? sample of helium gas is collected at
22.0°C and 99.3kPa. What volume would this gas
occupy at stp?
A 318um?

B 450cm?

C 477cm?
D 220cm?

A 27.0g sample of an unknown carbon-hydrogen
compound was burned in excess oxygen to form
88.0g of CO, and 27.0g H,0. What is the possible
molecular formula of the hydrocarbon?

A CH, C C,H,

B C4Hs D CgHg

1000 cm? of ammonia gas combines with

1250 cm? of oxygen to produce two gaseous
compounds with a combined volume of 2500cm?,
all volumes being measured at 200°C and
0.500atm pressure. Which of the following
equations fits these facts?

A 4NH, + 70, = 4NO, + 6H,0

B 4NH; + 50, — 4NO + 6H,0

C 4NH; + 50, — 2N,0,+ 6H,0

D 4NH, + 30, — 2N, + 6H,0

In order to dilute 40.0cm? of 0.600moldm— HCl{ag)
to 0.100mol dm-3, what volume of water must be
added?

A 60cm?
B 160cm3

C 200cm?
D 240cm?

What is the concentration of nitrate ions in
0.500cm?® of 0.60moldm—= Fe(NO,), solution?
A 0.60moldm3 C 1.20moldm3

B 0.90moldm3 D 1.8moldm3

Q31

Q32

Q33

Q34

Q35

Examination questions

if 35.50cm?of a NaOH solution are required for the
neutralization of a 25.00cm? sample of 0.200moldm?
H,S0,, what is the concentration of the NaOH?

A 0.143moldm= C 0.429moldm-?

B 0.282moldm= D 0.895moldm==

How many grams of AgCl would be precipitated
If an excess of AgNO, solution were added to
55.0cm? of 0.200mol dm-3 KCl solution?

[Molar mass of silver chloride = 143.32 gmol]
A 1.58¢g C 6.43g
B 1.11g D 7.80g

The temperature of an ideal gas sample is changed
from 100°C to 200°C at constant pressure.
What is the ratio of the final volume to the initial

volume?

A 1:2 i RO b

B 4:1 D 1:1.27

At stp (i.e. 0°C and 1 atm pressure (101 kPa)), it

was found that 1.15dm? of a gas weighed 3.964.
What is its molar mass?

A 77gmaol! C 47gmol-!

B 39gmol! D 4gmol-

A sample of argon gas in a sealed container of
fixed volume is heated from 50 to 250°C. Which
quantity will remain constant?

A average speed of the atoms

B pressure of the gas

C average kinetic energy of the atomns

D density of the argon

Paper 2 IB questions and IB style questions

Q1

10cm? of ethene, C,H,, is burned in 40cm? of

oxygen, producing carbon dioxide and some liquid

water. Some oxygen remained.

a Write the equation for the complete
combustion of ethene. [2]

b Calculate the volume of carbon dioxide and the
volume of oxygen remaining. [2]

a Write an equation for the formation of zinc
iodide from zinc and iodine. [1]
b 100.0g of zinc is allowed to react with 100.0g
of iodine producing zinc iodide. Calculate the
amount {in moles) of zinc and iodine, and
hence determine which reactant is in excess. [3]
¢ Calculate the mass of zinc iodide that will be
produced. [1]
Higher Level Paper 2, May 04, Q3



Q3

Q4
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A balloon, which can hold a maximum of

1000 cm?® of nitrogen before bursting, contains

955 cm? of nitrogen at 5°C.

a Determine whether the balloon will burst if the
temperature is increased to 30°C. [3]

b Use the kinetic theory to explain what happens
to the molecules of nitrogen inside the balloon
as the temperature is increased to 30°C. [2]

Hydrated sodium carbonate has the formula
Na,C0O5.nH,0. An experiment was performed
to determine n, the amount of water of
crystallization. A sample of 50.00 grams of
hydrated sodium carbonate was dissolved in
250cm? of water. 20.00cm? of this solution
reacted completely with 13.95cm? of
2.00moldm- hydrochloric acid.

Na,CO4(aqg) + 2HCl(aq)
— 2NaCl{ag) + CO,(g) + H,0O(l)
a Calculate the amount of hydrochloric acid
reacted. [1]
b Calculate the amount of sodium carbonate
in the 20 cm? of the solution used in the

reaction. [1]
¢ Calculate the concentration of sodium

carbonate in the sample. [1]
d Calculate the molar mass of the hydrated

sodium carbonate. [1]
e Calculate the value of n. [2]

Q5 a Aqueous X0, ions form a precipitate with

aqueous silver ions. Write a balanced equation
for the reaction, including state symbols. [1]
When 41.18cm? of a solution of agueous silver
ions with a concentration of 0.2040moldm=>

is added to a solution of ions, 1.172 g of the
precipitate is formed.

i Calculate the amount (in moles) of Ag* ions

used in the reaction. [1]

ii Calculate the amount (in moles) of the
precipitate formed. [1]
iii Calculate the molar mass of the precipitate.
[2]

iv Determine the relative atomic mass of X
and identify the element. [2]
Higher Level Paper 2, Nov 03, Q2



Atomic structure

STARTING POINTS

[ ]
| ]

Each chemical element is composed of particles called atoms.

' Atoms are described by their atomic number (Z) (the number of protons) and mass

number (A) (the combined number of protons and neutrons).

Isotopes are atoms of the same chemical element but with different numbers of neutrons
in their nuclei.

Isotopes (of an element) have identical chemical properties but slightly different physical

properties.

I Radioactivity (radioactive decay) is the spontaneous breakdown of the nuclei of atoms.
lanizing radiation is released during this process.

W The half-life of a radicisotope (radioactive isotope) is the time it takes for half of the
atoms of the isotope to decay.

@ Radioisotopes are used in archaeology (radiocarbon dating) and medicine, to treat cancer
and act as tracers.

I A mass spectrometer allows the accurate determination of the relative atomic mass of a
sample of atoms of a chemical element.

M The relative atomic mass is a weighted average of the relative isotopic masses of the
atoms.

I Electrons are arranged in atoms in energy levels. They can move between energy levels
via absorption/emission of energy.

I Atomic spectra are obtained by analysing the emission of electromagnetic radiation from
excited gaseous atoms (at low pressure).

I The electron arrangement of atoms can be determined from their emission (line) spectra.

2.1 The atom

-

2.1.1 State the position of protons, neutrons and electrons in the atom.

Atoms are composed of three sub-atomic
particles: protons, neutrons and electrons.
Each atom consists of two regions: the nucleus
and the electron shells. The nucleus is a

very small dense region located at the centre
of the atom. The nucleus contains protons
and neutrons. Virtually all of the mass of an
atom is due to the protons and neutrons. The
electrons occupy the empty space around

the nucleus and are arranged in shells. Each
shell can hold a specific maximum number of
electrons (see page 66). This simple model of
the atom is illustrated in Figure 2.1.

nucleus which g

contains the protons
and neutrons

Figure 2.1 A simple model of a helium-4 atom

Language of Chemistry

The word ‘atom’ is derived from the Greek word dtomos meaning ‘uncuttable’ and hence
referring to something that cannot be divided. ‘Proton’ is derived from the Greek word for
first. ‘Electron’ is derived from the Greek word for amber, a substance used in the study of
static electricity. ‘Neutron’ is derived from the Latin root for neutral and the Greek ending -on
{imitat'mg electron and pr-:-mn]. ]
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History of Chemistry
Atomism, the concept that matter is composed of atoms, is thousands of years old. The idea was founded in
philosophical reasoning rather than experimentation. The earliest references to atomism date back to India in the

sixth century BC. The earliest references in the Western World emerged a century later in Ancient Greece, from
Leucippus and his student Democritus.

In 1803, the British chemist John Dalton (1766-1844) developed an atomic theory to explain why chemical
elements reacted in simple proportions by mass. He proposed that each chemical element consisted of identical
atoms and that these atoms could bond together to form chemical compounds. It is not clear whether Dalton was
aware of previous ancient ideas about atoms, but his interest in atoms was strongly influenced by the experiments
he performed on gases. He did not prove the existence of atoms; he simply demonstrated that his atomic theory was
consistent with experimental data.

Unfc:rtunately, some of Dalton's assumptions were later shown to be incorrect. For example, bi.,r assuming the
formula for water was OH he calculated the relative atomic mass of oxygen to be 7 (where the atomic mass of
hydrogen was assigned a value of 1). The critical distinction between atoms and molecules, for example, O and O,
was not made until 1811, by Avogadro, but it remained ineffective until clarified by Cannizzaro in 1858. Dalton's
atomic theory had to be modified in the twentieth century, following
the discovery of radioactivity, isotopes and sub-atomic particles, but

4 it is still a useful model for accounting for chemical composition and

a
.
iy

‘

il

L

chemical changes. Dalton's symbols (Figure 2.2) for the elements were
later replaced by our modern symbols (Chapter 1) devised by the Swedish
chemist Berzelius (1779—1848).

"
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Dalton’s chemical theory is often used as an example of a paradigm shift,
ot revolution in ‘scientific thinking'. At the time, the prevalent scientific
thought (supported by influential scientists, such as Kelvin and Mach)
did not accept the notion of Dalton's atoms. As evidence for Dalton's
theory increased, more and more scientists found value in using Dalton's
ideas and gradually a shift in thinking about atoms in this manner
became more acceptable. This acceptance of a new approach towards
viewing a phenomenon is called a ‘paradigm shift’.
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CE00000000.

Figure 2.2 Dalton’s symbols for the chemical elements. Note that some of his
‘elements’ are compounds, for example, magnesia is magnesium oxide

Relative masses and relative charges of protons, neutrons
and electrons

2.1.2 State the relative masses and relative charges of protons, neutrons and electrons.

Protons have a positive charge and neutrons have no electrical charge and hence are neutral.
These particles have almost exactly the same mass. Electrons have a negative charge. The
opposite charges of the proton and electron (through electrostatic forces of attraction) hold the
atom together. Electrons have a very small mass compared with protons and neutrons. A summary
of the characteristics of the sub-atomic particles is given in Table 2.1.

Sub-atomic particle Symbaol Relative mass Relative charge  Nuclide notation
Proton p 1 +1 Ip
Table 2.1 Characteristics ~ MNeutron n 1 0 In
of protons, neutrons and Electron . 5« 104 X te
electrons
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The charge is measured relative to that of a proton; the mass is measured relative to that of the
proton or neutron (as the? have nearl? the same mass). Atoms are electricalljr neutral because

l:he',' contain E'.ClLlELl numbers Df P‘l’DthS Elh.d EIEC'I.'I'GIIS,

Neutrons help to stabilize the nucleus. They separate the protons, reducing the electrostatic
repulsion, and also attract each other and protons (via the strong nuclear force). However, if too
many or too few neutrons are present, the nucleus is unstable and will undergo radioactive decay

(page 56).

Althaugh electrons are the smallest of the three sub-atomic particles, the',.r control the
chemical properties of the chemical elements. Different elements have different chemical

properties because they have different numbers of electrons and hence
their electron shells. Figure 2.3 gives an idea of the scale of an atom.

different arrangements in

'o'. o
..fl.;. .l.
.‘.... ...- 2 @ i
-a....i‘
a
melecule of
die grain of sand bacterium hemoglobin atom
Figure 2.3 A series of 4 1 1 1 1
diagrams illustrating the L T att 10000 ™" 1000000 ™ 1000000000 "

size of atoms

History of Chemistry

The electron was discovered in 1897 by the British physicist ].J. Thomson (Figure 2.4)
(1856-1940), for which he was awarded the Nobel Prize in Physics in 1906. Thomson made
his discovery through a series of experiments involving cathode ray tubes (Crookes tubes) and
cathode rays. He found that the beam of cathode rays, produced when a high potential was
passed across as gas at low pressure, was composed of negatively charged particles. Thomson
measured the ratio of the charge to the mass of the particles in the beam by noting their
trajectory under the influence of magnetic and electric fields (Figure 2.5) and found it to be

over 1000 times less than that of a hydrogen ion. Thomson identified the particles as electrons.

In further experiments Thomson demonstrated that a hydrogen atom had only one electron.

He speculated that atoms consist of a sphere of positive charge with electrons evenly
distributed throughout the sphere. This is often referred to as Thomson’s ‘plum pudding
model’ (Figure 2.6). Experiments later performed by Ernest Rutherford did not support the
‘plum pudding model’ and it was replaced with the nuclear model of the atom.

position of beam

1o vacuum pump

negativa
termminal

.....

---------

fluorescent
acreen which
glows when
particles hit it

very high voltage
| (15 000 V)
I

deflected beam of cathoda rays
after tha plates are charged

Figure 2.5 Deflection of cathode rays by an electric field

Figure 2.4 Sir John
loseph Thomson

‘matrix” of positive

electrons (stationary)

Figure 2.6 Thomson's "plum
pudding’ model of the
internal structure of the atom
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B Extension: Defiection of sub-atomic particles
Moving charged particles such as protons, electrons (cathode rays) and ions are deflected by

electric and magnetic fields in an evacuated vacuum tube (Figure 2.7).
This deflection is shown in Figure 2.8. The deflection of positive ions in a magnetic
field is a key feature of the mass spectrometer used to study atoms (Section 2.2).
Charged sub-atomic particles and ions that enter a magnetic field are deflected from
a straight line to follow an arc of a circle, the radius of which depends on their mass-
to-charge ratio (m/z). Positively charged ions with a lower mass-to-charge ratio will
be deflected more than those with a higher mass-to-charge ratio. For example, the
lighter ion ?®Ne* is detlected more than the heavier 2'Ne*, which in turn is deflected
more than the even heavier 2Ne* (Figure 2.9). This is a reflection of increasing mass-
to-charge ratio. These three ions are derived from three isotopes of neon (page 54).

Figure 2.7 A cathode bearn of beam of
ray tube  qub aromic © Po thresions

~un TN
T

L""x N '1,,\ “"HEENE*'
® B strong / NN TS
S ! % &
A magnetic field anggt 21N

Figure 2.8 The behaviour of protons, neutrons and Figure 2.9 Deflection of unipositive
electrons in an electric field ions in a mass spectrometer

Mass number, atomic number and isotopes

2.1.3 Define the terms mass number (A), atomic number (Z) and isotopes of an element.

The atomic number (symbol Z) is the number of protons in the nucleus. The atomic number
is the same for every atom of a particular element and no two different elements have the same
atomic number.

Neutrons and protons have an almost identical mass but electrons have very little mass, so the
mass of an atom depends on the number of protons and neutrons in its nucleus. The total number
of protons and neutrons is called the mass number (symbol A).

Nuclides of a chemical element are described by the following notation 24X where X represents
the symbol of the chemical element, Z represents the atomic number and A represents the mass
number. For example:

mass number (A) — 27
atomic number (Z) — 13 A].
The number of neutrons in an atom can be found from the following relationship:
number of neutrons = mass number (A) — atomic number (Z)

So in the example above, an atom of aluminium-27 would contain 13 protons, 13 electrons and
14 neutrons (27 — 13).

Not all of the atoms in a naturally occurring sample of a chemical element are identical.
Atoms of the same element that have different mass numbers are called isotopes. Because they
are the same element, they will have the same atomic number, but they have different numbers of
neutrons. Examples of isotopes are carbon-12, 3C, and carbon-13, 12C.
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History of Chemistry e oy
Ernest Rutherford (1871-1937) was a New Zealander who ; ,,z"".- n ;
worked with Thomson in the Cavendish Laboratory at Cambridge. £
Rutherford subsequently held faculty positions at McGill University f

in Canada, and Manchester and Cambridge Universities in England.
He experimented with radium, an alpha-emitting radicisotope
isolated by Pierre and Marie Curie. Rutherford’s two students Geiger
and Marsden fired alpha particles at very thin metal foils to see how

they would be deflected or absorbed (Figure 2.10). If Thomson's plum )(x

% microscope

/| zing sulfide
detactor

- -

"-/. [
pudding model of the atom was correct, the alpha particles would vecm. RS ok fol

have mostly been absorbed, and those which did penetrate the foil
would have been deflected only slightly. However, over 99% of the Figure 2.10 Alpha particle scattering experimental

alpha particles passed straight through the metal foil, and a very few - i

bounced back. This experiment, known as the ‘gold foil’ experiment, —_— -
led Rutherford to discard Thomson's model and propose the idea of N, i 1
a positively charged atomic nucleus. The few large-angle deflections M § i

o s
- mmcf =
ot
-yt

2 mamn ¥

could be explained by repulsion between the positively charged
alpha particle and a strong positive charge localized in a small
volume, in other words, the atomic nucleus (Figure 2.11). Rutherford
was awarded the Nobel Prize in Chemistry in 1908, He famously
remarked: ‘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.’

-— nucleus

Figure 2.11 Possible trajectories of alpha particles
from Rutherford’s gold foil experiment

2.1.4 Deduce the symbol for an isctope given its mass number and atomic nurmber.

The notation for a specific nuclide can be written if the mass number and atomic number are
given. For example, the notation for a sodium atom with a mass number of 23 is written in the

following way:
HiNa

Chemical elements (names and symbols) and their atomic numbers are listed on page 4 of the

IB Chemistry data booklet.

Applications of Chemistry

There is considerable debate about the issue of global climate change and predicted future
effects (Chapter 25). By drilling ice cores from the polar ice sheets chemists can obtain
data on changes in the composition of the atmosphere over the last 100000 years. The
water molecules in the ice are mainl',.r 'H,'%0 but it also contains traces of 'H;%0 and
'H?H!*O. The proportions of these heavier molecules depends on the temperature of the
atmosphere. Hence, the temperature of the atmosphere in the past can be estimated by
measuring the ratio of #0O/1%0, or IZH/'H. These measurements are carried out with a mass
spectrometer (Section 2.2).

2.1.5 Caleulate the number of protons, neutrons and electrons in atoms and ions from the mass number,
atomic number and charge.

1"5|.Il EIEI[IEIIII fﬂl’Il'lE dn i'DIl Whﬂh one or more ele-:tmns are ﬂddﬁd or I'EI[IDV'E:C] fl’DI[l tl'lﬂ atom. A

positive ion is formed by the removal of electrons and a negative ion is formed by the addition of
electrons. Thus in an ion the number of protons and neutrons remains the same as in the atom —
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Worked examples

Dl'll‘," thE'. number le E'.IE!CI.TGI'IS Cl'lEiIlgﬁS. The number D{: Pl'Cll.'i}l'lS, neutrons Ell'ld EIE!CEI'GI'I.S in an atom
or ion can tl"lEl'EfDl'E IJE CE[ICUIE[E‘.d fI'CllTl tl']E Inass l'lLllleEl', atomic l'l'l.lIl'lel' B.I'ld Cl'lEIIgE, as EhDWTl bil,?'
the fDllDWlng E.'}CEIITIPIES.

Deduce the number of electrons, protons and neutrons in P

The subscript number in the nuclide notation is the atomic number. Hence an atom of
phosphorus contains 15 protons and therefore 15 electrons. However, since the ion has a net
charge of —3 the ion contains 18 (15 + 3) electrons. The difference between the subscript number
(atomic number) and the superscript number (mass number) is equal to the number of neutrons,

which in this example is 16 (31 —15).
Deduce the number of electrons in Mg+,

Since the atomic number of magnesium is 12, an atom of magnesium contains 12 electrons.
However, since the ion has a net charge of +2 the ion contains 10 (12 — 2) electrons. The
difference between the subscript number (atomic number) and the superscript number (mass
number) is equal to the number of neutrons, which in this example is 12 (24 — 12).

Calculate the total number of electrons in four moles of ber',rllium atoms.

The atomic number of beryllium is 4, hence each atom of beryllium contains 4 protons and 4
electrons. The total number of electrons in four moles of beryllium atoms is therefore

4x4mol x 6 x 10¥mol! =9.6 x 104

A common mistake is to misread the question and give the answer 16, namely the total number of
electrons in four beryllium atoms.

Table 2.2 gives further Name ofionor Symbolof Numberof Numberof Number of
examples of common atom particle protons neutrons electrons
nuclides and their symbols  Beryllium atom %Be 4 5 4
and the numbers of their Oxygen atom 170 8 g 8
sub-atomic particles. Neon:aiom ZiNe 10 11 10
Fluorine atom 2F 9 10 g
Oxygen atom 120 B 10 8
Magnesiumn ion Mg 12 12 10
Chloride ion hcr 17 20 18
Alurninium ion Al 13 14 10
Table 2.2 Selected nudides ~ Calciumiion 10Ca% 20 20 18

Properties of isotopes

2.1.6 Compare the properties of the isotopes of an element.

Many elements exist as a mixture of isotopes. Figure 2.12 shows the isotopes of carbon, chlorine and
hydrogen. Isotopes of the same element all have the same element symbol and atomic number.

e AT e

Chlorine:

Chlorine-35 (2 Cl)
Chlorine-37 (% Cl)

Carbon:

Carbon-12 (12C)
Carbon-13 (12C)

Hydrogen:
Hydrogen-1 (IH)

Hydrogen-2 (3H)
Hydrogen-3 (5H)

° | @ ®

hydrogen-3

hydrogen-1 hydrogen-2

Figure 2.12 Stable isotopes of carbon, chlorine and hydrogen

Figure 2.13 The three isotopes of hydrogen:
protium, deuterium and tritium
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Isotopes of the same chemical element have identical chemical properties but slightly different
physical properties. For example, the lighter isotope will always diffuse more rapidly.

Language of Chemistry
The word isotope was coined b',r F. SDCICI‘,F to describe different atoms of the same chemical

element, because all these isotopes occupy the same place in the periodic table (Chapter 3).
[sotope is derived from ‘isotopos’, which means ‘equal place’ in Greek. m

B Extension: Isotopes in compounds

Compounds will often exist as a mixture of molecules with different relative
molecular masses. For example, a sample of carbon consists of the isotopes carbon-12
and carbon-13. A sample of oxygen consists of the isotopes of oxygen-16 and
oxygen-17. This means that there will be six types of carbon dioxide molecules:

11'{:15{)2 12187y 1™ ?Dl &gy 6{:)1 BCIe0IT0D and 13t ?DI

Applications of Chemistry

Enriched uranium is a type of uranium in which the per cent composition of uranium-235
has been increased through a process of isotope separation. Enriched uranium is a critical
step in preparing uranium for nuclear power generation or nuclear weapons. Isotope
separation is a very difhicult and energy-intensive process. Uranium-235 and uranium-238
have identical chemical properties, and their physical properties are only very slightly
different. An atom of uranium-235 is only 1.26% lighter than an atom of uranium-238,
which forms 99.3% of natural uranium. The first technique to be developed for uranium
enrichment was gaseous diffusion. The uranium was reacted with fluorine to form uranium
hexafluoride molecules, UF,. The uranium hexafluoride was vaporized and the gaseous
molecules were then forced through a series of semi-permeable membranes. The rate of
diffusion of a gas is proportional to the square root of 1/M, where M represents the molar
mass. Hence, the lighter UF; molecules, which contain U-235, diffuse faster than those
containing U-238. As a consequence, the front of the diffusing gas becomes enriched in
B5UF;. The process is repeated many times to achieve a partial separation. The currently
preferred method of isotope separation by centrifugation also uses UF,.

Radioactivity and the uses of radioisotopes

2.1.7 Discuss the uses of radicisotopes.

History of Chemistry

In 1896 the French chemist Henri Becquerel (1852—-1908) discovered that uranium salts
released radiation which passed through the wrapping paper around a photographic plate,
exposing it (turning it black). The phenomenon was investigated by Pierre (1859-1906)
and Marie Curie (1867-1934), who named it radioactivity. Henri Becquerel and the
Curies were awarded the Nobel Prize in Physics in 1903. Marie Curie’s death was probably
caused by prolonged exposure to radiation. At the time its damaging effects were not
known and most of her work had been carried out with no safety measures. Her husband
died in 1906 in a tragic accident in Paris involving a horse-drawn carriage. Marie Curie
was born in Poland but later became a French citizen. The Curies discovered two new
elements, radium and polonium, the latter named after Marie’s birthplace, Poland.
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Figure 2.14 Geiger—
Miiller tube (radiation
counter)

Figure 2.15 Stainless
steel surgical blades are
sterilized by gamma

A number of chemical elements contain unstable nuclides. The nuclei of these chemical elements
break up spontaneously with the emission of ionizing radiation (Table 2.3). These unstable
nuclides are described as radioactive and are called radioisotopes. The radiation is of three
distinct types and their properties are summarized in Table 2.3. Radiation can be detected and
measured using a Geiger—Miiller tube (Figure 2.14).

Radiation Relative  Relative Nature Penetration Deflection by
charge mass electric field

Alpha particles +2 4 2 protons and 2 neutrons Stopped by a few Low

(He?* ion) sheets of paper
Beta particles -1 1 Electron Stopped by a few mm High
1837 of plastic or aluminium
Gamma rays 0 0 Electromagnetic radiation of Stopped by a few cm MNone
very high frequency of lead

Table 2.3 Summary of the properties of alpha and beta particles and gamma rays

When the nucleus of a radicisotope releases an alpha or beta particle, an atom of a new
element is formed. For example, carbon-14 and iodine-131 both undergo beta-decay, which can

be described by the following nuclear equations:
YC BN +9e B — BlXe + 9%

Cobalt-60 is another beta emitter, but iodine-125 is a pure gamma emitter. lodine-131 and
cobalt-60 are both gamma emitters (Figure 2.15).

The rate at which nuclei undergo radioactive decay varies between chemical elements.
Radioactive decay is an exponential process (Figure 2.16). The rates of radioactive decay are

radiation compared using the half-life, which is the time taken for half of the radioactive nuclei to undergo
decay. During alpha and beta radioactive decay a more stable isotope is formed.
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Figure 2.16 |dealized half-life curve for radioactive decay Figure 2.17 A half-life curve for iodine-131
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Each radioisotope has its own unique half-life which is

Ll unaffected by temperature or pressure. For example,
iodine-131 has a half-life of 8 days (Figure 2.17). This means
% that every 8 da',rs the number of radioactive atoms present
= halves.
i The thyroid gland secretes an iodine-containing hormone
a
o known as thyroxine. lodine-131 is used to treat thyroid
g cancer and also used to diagnose whether a thyroid gland is
s 504 functioning normally. lodine-125 is used to treat prostate
= cancer and brain tumours. Cobalt-60 is a very powertul
E gamma emitter and has been used for over 100 years to treat
E different types of cancer. More recently it has also been
g used to suppress the body's immune reaction to transplanted
P DTN (. % S human organs. Radiotherapy works by damaging the DNA of
' cancer cells, preventing them from undergoing cell division.
0 i ; i i In living animals and plants the percentage of the
0 5700 11400 17 100 29 800 radioactive isotope catbon-14 remains constant because it is
Time/years continually being replaced. Animals absorb nutrients from
their diet and plants synthesize sugars from carbon dioxide.
Figure 2.18 The radioactive decay curve of carbon-14 However, in dead tissue these processes do not happen and
the carbon-14 undergoes beta-decay.
Hence, by comparing the percentage of carbon-14 in a dead organic sample with that in living
tissue, the age of the sample can be estimated. This technique is known as radiocarbon dating.
For example, if the amount of carbon-14 in a fossil mammal bone was found to be one eighth that
in the same bone from a recently killed mammal and the half-life is 5700 years, the estimated age
of the fossil bone would be 17100 years (Figure 2.18). Radiocarbon dating can be used to date
organic remains fairly accurately for up to 100000 years.
2.2 The mass spectrometer
2.2.1 Describe and explain the operation of a mass spectrometer.
A mass spectrometer (Figure 2.19) allows chemists to determine accurately the relative atomic
masses of atoms. It can also be used to determine the relative molecular masses of molecular
compounds and establish their structure (Chapter 21).
high vacuum magnet
||| front view of
source of _ detector — printout
positive iona /'-"—' —
73 \ neon-22
X neor-21
electric field atream of i
Figure 2.19 Diagram positive ions magnet E
of a single beam :
mass spectrometer in detector plate — ions focused onto detector
cross-section by varying the magnetic field strength

Inside a mass spectrometer there is a vacuum. A sample of the element is vaporized, then
introduced into an ionization chamber where it is bombarded with electrons travelling at high
speeds. The energetic collisions that take place cause the gaseous atoms to lose one of their
electrons and form unipositive ions:

bombarding electron

M(g) + e 4 M*(g] +e +e



58 ATOMIC STRUCTURE

Figure 2.20 Mass
spectrum of a sample
of naturally occurring

chlorine atoms

B Extension:

The beam of positive ions is accelerated by an electric field and then deflected by a powerful
magnetic field. The degree of deflection depends on the mass-to-charge ratio of the positive ions.
However, since the charge on each ion is the same, the deflection only depends on their masses.
The lighter ions which are formed from the lighter isotope atoms are deflected more than the
heavier ones.

A detector counts the numbers of each of the different ions that impact upon it, giving a measure
of the percentage abundance of each isotope. The counter functions by releasing an electron for
every ion it detects; this signal is then amplified. A mass spectrum for chlorine atoms is shown in
Figure 2.20. The two peaks are due to detection of *CI* and 'CI* ions. The mass spectrum shows
that chlorine is composed of two isotopes: chlorine-35 and chlorine-37 in a 3:1 or 75%:25% ratio
by abundance. (The calculation of relative atomic masses is discussed on pages 59-60.)

100+
_ *CI (75%)
3
'E B0+
£ FCl (25%)
0 T T T T T T T T T
0 10 20 20 40 50

Relative isotopic mass

Interpreting a mass spectrum

The horizontal axis for a mass spectrum is actuall',r Imass- I:cu-c.hat‘ge ratio (m/z). However,
since all the ions are unipositive, the scale is equivalent to mass since the charge on all the
ions is +1. However, if the kinetic energy of the bombarding electrons was increased, then
dipositive ions could be formed, For example *CI* would appear at 17.5 on the m/z scale.

carbon monoxide.

Applications of Chemistry

In 1976 the unmanned spacecraft Viking 1 landed on the
surface of Mars (Figure 2.21). Two mass spectrometers were
on board: one was designed to analyse the composition of the
upper atmosphere, the other to analyse the Martian soil. The
analysis confirmed there was no life on Mars; organic
compounds were not present in the soil. The major gas
present in the atmosphere was carbon dioxide, with traces of
nitrogen, argon, oxygen atoms and oxygen molecules and

Figure 2.21 The surface of Mars

History of Chemistry
The mass spectrograph (the forerunner of the mass spectrometer) was invented by British chemist and physicist
Francis William Aston (1877-1945) in 1919. He identified 212 naturally occurring isotopes. Aston was awarded

the Nobel Prize in Chemistry in 1922, A mass spectrograph works on the same principles as a modern day
spectrometer, except it records its spectrum of mass values on a photographic plate.
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Atomic number 10

Element Ne
Atomic mass 2018
Figure 2.22 The

representation of elements
in the periodic table of the
|B Chemistry data booklet.
20.18 is the relative
atomic mass of nean.

The nudide notation for
neon-20 is {3ke

TOK Link

Strong indirect proof for the existence of atoms and
miolecules came from the kinetic theory of gases
{(Chapter 1), which assumes that gases consist of many
millions of atoms or malecules in rapid random

Using mass spectrometry to determine relative atomic mass

2.2.2 Describe how the mass spectrometer may be used to determine relative atomic mass using the 2C scale.

The chemical elements are listed in a special arrangement called the periodic table (Chapter 3).
The periodic table can be found on page 6 of the IB Chemistry data booklet. Each chemical
element is pla{:ed in a box with its chemical symbcrl {Chapter 1), its atomic number (written
above) and its relative atomic mass (written below) (Figure 2.22).

The majority of chemical elements in nature exist as a mixture of isotopes in fixed proportions.
For example, the mass spectrum of chlorine reveals that a natural sample of chlorine atoms
consists of 75% chlorine-35 and 25% chlorine-37.

The relative atomic mass (symbol A,) is the weighted average mass of a sample of naturally
occurring atoms on the carbon-12 scale. The relative atomic mass of an element is the weighted
average of its isotopes compared to one-twelfth of the mass of one atom of carbon-12:

weighted average mass of the isotopes of the chemical element

% % the mass of one atom of carbon-12

However, since one-twelfth the mass of one atom of carbon-12 is 1, then relative atomic mass of a
chemical element is effectively the weighted average isotopic mass divided by 1.
Relative atomic masses can be calculated from a mass spectrum of a chemical element by

multiplying the relative isotopic mass of each isotope by its percentage abundance and adding all
the values tc:gether.

relative atomic mass =

Using chlorine as an example:

relative atomic mass of chlorine = {-1%%- x 35) + (-1%%- x 37)=35.5

4

glass cell

MiCroscone
with smiokes °n

motion. However, the existence of atoms was doubted
by a number of notable scientists up until 1900. In
1905, Einstein provided a very convincing
mathematical explanation for Brownian motion. This is
the random movement of pollen grains or smoke
particles visible under a light microscope (Figure 2.23).

Einstein explained this phenomenon by invaking their
constant bombardment by gas molecules (Figure 2.24).

-
-
________
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air particle hita smoke
particle and bounces off

A computer then generates a contour map of the surface and the

3 outline of individual atoms can be detected. The atoms resemble
: the hard spheres proposed by Dalton (Figure 2.25), but the STM
images are in fact showing the electrons. The fuzziness occurs
because the electrons move in a 'cloud” and are not in fixed
energy levels or orbits. Previous generations of chemists believed &
in atomns, but the STM (Chapter 23) provides empirical evidence |

for the existence of atoms.

Figure 2.24 A molecular explanation for Brownian motion

ilurinating

observed motion
of smoke particles

Figure 2.23 Observing Brownian motion in smoke

Atoms and molecules are too small to see under a light microscope, but now atoms and
molecules can be directly visualized as fuzzy dots using a scanning tunnelling microscope
(STM). This instrument uses a very fine probe containing a tungsten tip to scan a solid

surface. A small potential difference is applied between the
probe and the surface. Tiny changes in current are recorded
when the surface is uneven.

&# - :-
LRSS i

Figure 2.25 John Dalton
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Worked example

Worked example

2.3

direction of travel

>

wavelength & |
o —

W\
wave A
A

—a

wave B

Figure 2.27 Wave A has
twice the wavelength of
wave B

2.2.3 Calculate non-integer relative atomic masses and abundance of isotopes from given data.

Rubidium exists as a mixture of two isotopes ©*Rb and Rb. The percentage abundances are
72.1% and 27.9%, respectively. Calculate the relative atomic mass of rubidium.

121 . g5) + (272 x 87) = 85.6

REI.HIIVE aromilc mass Df l'l.lbldll_ll'[l = (W 100

The use of simple algebra allows the percentage abundance of one isotope to be calculated given
the relative atomic mass of the chemical element and the atomic mass of the other isotope.

The relative atomic mass of gallium is 69.7. Gallium is composed of two isotopes: gallium-69 and
gallium-71. Calculate the percentage abundance of gallium-69.

Let %Ga-69 = x. Then %Ga-71 = (100 — x), since the two isotopic percentages must sum to one

hundred.
_ 69x + T1(100 — x)
69.7 = 100

6970 = 69x + 71(100 — x)

Expanding the bracket and multiplying all the terms inside by 71:
6970 = 69x — Tlx + 7100
6970 = =2x + 7100 (subtract 71x from 69x)

—-130 =-2x (subtract 7100 from 6970)
=130 _
X = 3 65

Hence, the percentage abundance of gallium-69 is 65%.

Electron arrangement

2.3.1 Describe the electromagnetic spectrum.

Light as waves and particles

Light is an important form of energy
and is often described using a wave
model. According to this theory,
light is transmitted in the form of
electromagnetic waves. These

osacilating
electric field

direction of

. s . energy transfer
consist of an oscillating electric wave He
oecilating

Ell'ld a I[lﬂ.ngEth wave Wthh H'EIVEI magneﬁc field

together in a sinusoidal pattern
{Figure 2.26), The two waves are
arranged perpendicularly, that is, at

right angles.
Figure 2.26 Oscillating electric and magnetic fields in an

electromagnetic wave
Light waves and other waves are described by the following terms:

s Wavelength
The wavelength (symbol Greek letter lambda, L) is defined as the distance between two
neighbouring crests or troughs of a wave (Figure 2.27).

m Frequency
The frequency (symbol Greek letter f) is defined as the number of waves which pass a point
in one second. Its units are hertz (Hz). If one wave passes a point every second, then it has a
frequency of 1 Hz.
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Figure 2.28 A helium-
neon laser (632.8nm
wavelength)

light as & wave

light as a stream
of photons

(packets of energy)

Figure 2.30 Light and
other electromagnetic
radiation can be described
in two ways: as a wave

or as a stream of packets
of energy called photons

white light

m Speed
The speed is the distance travelled by a wave in one second. It is denoted by ¢ and is measured
in metres per second (ms1).

The frequen-:',r (ﬂ and wavelengﬂm (L) are related to the speed b',r the wave equation:
c=f\ or f=clA

where ¢ is the speed of light. Light travels in a vacuum at a speed of 3 x 10° metres per second.
Different colours in visible light correspond to electromagnetic waves of different wavelengths
and frequencies (Figure 2.28). In addition to visible light there are other types of electromagnetic
radiation, such as X-rays, ultraviolet rays, infrared rays, microwaves and radio waves. Figure 2.29
shows the elec.tmmagnetic spectrum. [t is an arrangement of all the types of electrc:magnetic
radiation in increasing order of wavelength or decreasing order of frequency.

Long-wave Badio Microwaves/ Infrared 'Urtra- X-rays  yrays
radio

T radar violet
Frequency/Hz 10° 10° 107 10® 10° 10" 10" 10" 10" 10" 10'® 10" 10" 10" 10

wavelength/m  10° 102 10 1 107 102 102 10®* 10° 10% 107 10° 10° 107 10"

Energy/J 107 107 10%° 107 10 10 107 10°' 10 10" 30" 107 107° 10" 10
i

Figure 2.29 The electromagnetic spectrum

Light can also be described by a particle model (Figure 2.30) which treats light as a stream of
photons or tiny ‘packets’ of light energy. The two models of light are linked by Planck's equation:

E=Hhf

where E represents the energy of a photon (in joules), f represent the frequency of the light (in
hertz, Hz, or s7') and h represents Planck’s constant (6.63 x 10-4] s). Planck’s equation is given
on page 1 of the IB Chemistry data booklet; Planck’s constant is given on page 2.

Spectra

2.3.2 Distinguish between a continuous spectrum and a line spectrum.

If sunlight or light from an electric bulb is formed into a beam by a slit and passed through a
prism on to a screen, a rainbow of separated colours is observed. The spectrum of colours formed
from white light is composed of visible light of a certain range of wavelengths and is called a
continuous spectrum (Figure 2.31). A rainbow is an example of a continuous spectrum: there is
an infinite number of colours that vary smoothly.

Figure 2.31 Production of a continuous spectrum

History of Chemistry

Isaac Newton (1642-1726) was the first western scientist to show that sunlight is composed
of many colours. He used a prism to split light into the spectrum and then used a second
prism to re-form white light. He overturned Hooke's theory that colour was a mixture of light
and darkness and that prisms coloured light. Newton identified seven colours in the visible
spectrum, perhaps inspired by the seven notes in an octave. The Muslim scientist Ibn al-
Haytham (c. 965-1040) catried out experiments on the dispersion of light before Newton
during the Islamic Golden Age.
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History of Chemistry

A carbon star (Figure 2.32) is a rare type of star near to the end of its life. Its atmosphere
contains more carbon than oxygen. The two elements combine to form carbon
monoxide, which leaves the excess carbon to form a variety of unusual chemical species
such as C,, CH, CN and C;. All these molecules have been detected spectroscopically
by analysing the light emitted by these stars, which have a red appearance to the eye.
An interest in carbon star chemistry was the impetus for the discovery of carbon-60
(Chapter 4) by Sir Harry Kroto (University of Sussex), who was awarded the Nobel Prize
in Chemistry in 1996.

Figure 2.32 Carbon star (red giant)

It paseous atoms are excited they emir light of certain wavelengths. Excitation occurs when
electrons in the atom are raised to a higher energy level, and light is emitted as they return to
the unexcited state. The process of electron excitation may be thermal or electrical. Thermal
excitation occurs when a substance is vaporized and a flame is formed (Figure 2.33). Electrical
excitation occurs when a high voltage is passed across a tube containing a gaseous sample of the
element at low pressure. Molecules will be dissociated by the high voltage. Sodium street lamps
(Figure 2.34), neon advertising signs (Figure 2.35) and exploding fireworks are all examples of

electron excitation.

Figure 2.33 This brick red flame colour is Figure 2.34 Street light (based on sodium  Figure 2.35 Advertising signs use noble gases
specific for caldium ions vapour lighting)

If the light from atoms with excired electrons is passed through a prism, an emission spectrum
is formed. Emission spectra consist of a number of separate sets, or series, of narrow coloured
lines on a black background. Hence emission spectra are often called line spectra. Each chemical
element has its own unigue line spectrum which can be used to identify the chemical element.

The emission spectrum for hydrogen atoms in the visible region is shown in Figure 2.36. This
series of lines is called the Balmer series, after Johann Balmer, who first observed these lines.
Similar sets of lines are observed in the ultraviolet {LFI,TEI'LEIII series ) and infrared regions of the
electromagnetic spectrum (Figure 2.37). An emission or line spectrum (Figure 2.38) differs from a
continuous spectrum in two impotrtant ways:

1 An emission spectrum is made up of separate lines (coloured if they are in the visible region),
that is, it is discontinuous.

2 The lines converge, becoming progressively closer as the frequency or energy of the emission
lines increases.

Figure 2.36 The Balmer
series of hydrogen
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gpectrum consists of separate lines continuous

infrared | visible ultraviclet

0 18

Figure 2.37 The complete 2 4 B 8 10 12 14 16 20 / 22 24
emission or line spectrum At i6 . .
of atomic hj,rdrc:gen quantum energy of radiation, £10 " J marny lines gradually merging
a white light
429 5.0 6.0 7.5  frequency/10™ Hz
700 600 500 400  wavelength/nm
b sodium vapour (yellow)
4729 5.0 | 6.0 7.5  frequency/10™ Hz
Figure 2.38 a Continuous 700 600 500 400  wavelength/nm
spectrum of white light; ¢ cadmium vapour (turquoise green)
b emission or line 4.29 5.0 6.0 7.5  frequency/10™ Hz
spectrum of sodium
atoms; and € emission or
line spectrum of cadmium
700 600 500 400  wavelength/nm

atoms

History of Chemistry

Johann Jakob Balmer (1825-1898) was a Swiss mathematics teacher in a girls’ school who studied the visible
spectral lines of the emission spectrum of atomic hydrogen. He accurately measured the distances between the lines
and devised a mathematical formula to calculate the wavelengths. He accurately predicted the wavelengths of lines
close to the convergence limit, where the emission lines merge. The existence of these additional lines in the line
spectrum of hydrogen and white stars were confirmed by ;E\.ngstrt':m, An explanation of why the formula gave the
correct wavelengths was only possible when Niels Bohr presented his model of the atom in 1913.

B Extension: Absorption spectra

If white light is passed through a sample of gaseous atoms and the
d

emerging light is analysed, the light beam will be found to be

missing certain wavelengths of light. This is because certain

wavelengths have been absorbed by the gaseous atoms. The
absorbed energy has caused electron excitation. These absorptions

b
are observed as black lines against the coloured background of the
[ ‘ ‘ - visible spectrum. Figure 2.39 shows the relationship between the
absorption spectrum (Chapter 21) and the emission spectrum of
g an excited atom,
.I_ Figure 2.39 Relatiorship between an absorption spectrum and the emission
spectrum of the same element: a continuous spectrum of white light;

b absorption spectrum of an element; € emission or line spectrum of same element
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Language of Chemistry

The strong blue line in the spectrum of indium suggested its name from indigo (one of Newton's
seven colours in the visible specm_lm], The element thallium was named after the Greek word
Thallos, a green budding twig. It was discovered in 1861 by the English chemist William Crookes
(1832-1919), who was investigating tellurium residues with a spectroscope. All the elements
release characteristic light when placed in a high voltage emission tube (Figure 2.40). m

Energy levels and spectra

2.3.3 Explain how the lines in the emission spectrum of hydrogen are related to electron energy levels.

Bohr was the first to produce a theory that could account for the complete emission spectrum of
hydrogen. He suggested that electrons in atoms moved in energy levels known as orbits, where
they had certain fixed amounts of potential energy. The further the orbit was away from the
nucleus, the greater the amount of potential energy the electron contained. This is analogous

to raising an object above the Earth’s surface — the higher it is, the greater the amount of
gravitational potential energy it contains.

According to Bohr’s theory an electron moving in one of these orbits does not emit energy.
In order to move to an orbit further away from the nucleus, the electron must absorb energy
(electrical or thermal energy) to do work against the attraction of the positively charged nucleus.
The atom or electron is now said to be in an excited state.

The emission or line spectrum is formed when electrons which have been excited drop back
from orbits of high energy to an orbit of lower energy. They emit light of a particular wavelength
(Figure 2.41). The energy of the light is equal to the difference between the two energy levels

Figure 2.40 A high

voltage emission tube
containing neon gas at (AE) and the frequency of the light is related to the energy difference by Planck’s equation:

low pressure AE = bf

orbit of energy E; \ o 23.__’——- slectron
- . g "\__.
' \\\-—-,_\\ Energy absorbed = E;, - E,
(Pl 2))
\ h

Frequency of light absorbed =f= 22—

Ernergy emitted = £, - E,

_._._--—--"""""Fr Frequency of light emitted = f = EEE E)

orbit of energy E,
Figure 2.41 The origin of N
spectral lines —
Bohr labelled his energy levels or orbits with the letter n and a number. An electron in the
lowest energy level (nearest the nucleus) was labelled as n = 1; an electron in this orbit is in its
ground state, the most stable state for a hydrogen atom. The next orbit or energy level is labelled
asn = 2, and so on. The energy level or orbits correspond to electron shells (page 66).
It an electron receives enough energy to remove it completely from the attraction of the

nucleus, the atom is ionized. The energy required to ionize the electron is known as the ionization
energy (Chapter 3). It is equivalent to the transitionn=1ton = e (inﬁniti;},

Language of Chemistry
The n used in Bohr's notation to represent energy levels is known as the principal quantum

number. [t is effectively the ‘shell number’. Chemists and physicists use a range of quantum
numbers (Chapter 12) to describe electrons in atoms. For example, the spin quantum
number (s) indicates whether an electron is spinning clockwise or anticlockwise. m
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Figure 2.42 shows how Bohr's ideas can be used to explain the origin of the Lyman series. The
circles represent the energy levels that the electron in a hydrogen atom can occupy. The distances
between the circles represent the energy differences between the energy levels. The lines shown
in Figure 2.42 are all part of the Lyman series. They are formed as excited electrons from higher
energy levels ‘fall’ from higher energy levels (n = 2, 3, 4, 5 etc.) to the ground state (n = 1).

The Balmer series of lines is formed when excited electrons fall from higher energy levels to the

second energy level (n = 2).

Figure 2.42 shows that the energy levels become more closely spaced until they converge at

high potential energy. This is known as the convergence limit and corresponds to the electron
being completely free of the influence of the nucleus of the hydrogen atom. A hydrogen atom
that has lost its electrons is said to be ionized. The difference between the convergence limit and
the ground state is termed the ionization energy (Figure 2.43).

electron has been excited to energy
level 5, drope back to energy level 1

energy level 1
ground state “ this line corresponds
A0 e to electrons dropping
N g, from energy level 5—1
- " o el 5 \'.‘\_
S A
b - -"-‘ 23 '\"‘
- “'\- - hl

Figure 2.42 How the energy levels in the hydrogen atom give rise to the Lyman series

= Energy gap to next level

4] lonization ena"gyrc:f atom
Energy above lowest level

Figure 2.43 A graph showing how the
value of ionization energy can be estimated

by extrapolation

The diagram in Figure 2.44 is similar to Figure 2.42 except the energy levels have been drawn
as straight lines, rather than as circles. In addition, the electron transitions that give rise to the

Dth&l’ SPEC[TB.] series have IJE'.'EI'[ EICICIE‘..CL

4 - -
[== 0 1 - .1. --------- I - - !. - ! - -
E : o : H i | 7
: : : : ¥
5 I 1 1 1 *
. 1 1 1 YYY
5 | Lyman : ; l Brackett Pfund
% 3 I sares I YYYY safios aares
@ i i l Pasqhsn
w 1 ] Baries
2 : YYYYY
Ll
i Balmer
Figure 2.44 The origin | series
of all the major spectral i
series in the hydrogen 1 YYYYYVY — . - ,
emission spectrum ultrewviclet region viaible region infrared region

B Extension: Photon energies

Calculate the energy of photons that give rise to the red line of the Balmer series. The

wavelength is 636.3 nm and the speed of light in a vacuum is 3.00 x 108 m s,

¢ _ 3.00x10%ms

== o 14 1
=y~ eEarirn e

energy = hf = 6.63 x 10*]s x 4.57 x 10457 = 3.03 x 10-]
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History of Chemistry

Niels Bohr (1885-1962) was a Danish physicist who was awarded the Nobel Prize in Physics in 1922 for major
contributions to our understanding of atomic structure and in developing quantum mechanics. He was also part of the
team that worked on the Manhattan Project, which developed the first atomic bomb. Bohr studied under Rutherford
and ].]. Thomson. The Bohr model (1913) of atomic structure is a simple quantum mechanical model: electrons can
only have certain values or quantities of energy. The Bohr model was also quantitative and accounted for Balmer's
formula. However, Bohr's original theory was flawed and could not account for the spectra of atoms other than the
hydrogen atom (or related species, for example, He*) and has been replaced by Schrédinger’s quantum mechanical
model. ‘Anyone who is not shocked by quantum theory has not understood it’, is a saying attributed to Bohr.

B Extension: Sub-atomic structure

roton
The Ancient Greeks believed that atoms were E}hargﬁ = +8)
‘uncuttable’; Dalton believed that atoms could
not be created or destroyed. However, later in
the nineteenth century scientists discovered that
atoms were composed of three sub-atomic
parl:icles: protons, neutrons and electrons.
Ph?sicist continue to sl:ud',r the sub-atomic neutron
particles using particle accelerators which are (charge = 0)

used to study collisions between particles.
Protons and neutrons have been found to be
made up of smaller particles called quarks
(Figure 2.45) which are held together by gluons.
Quarks have non-integral charges.

Figure 2.45 Quark
structure of proton
and neutron

The electron arrangement for atoms and ions

2.3.4 Deduce the electron arrangement for atoms and ions up to Z = 20.

The electrons in atoms are arranged in energy shells. Hydrogen has an atomic number of 1 and
therefore one electron. This electron enters the shell nearest the nucleus. This is the first shell
(first energy level). The first shell can hold a maximum of two electrons, so in the lithium atom
(atomic number 3) the third electron enters the second shell (second energy level). The second
shell can hold a maximum of eight electrons. Hence sodium, with an atomic number of 11, is the
first chemical element to have electrons in the third shell (third energy level).

Chemists often use a shorthand notation to describe the arrangement of electrons in shells.
It indicates the number of electrons in each shell without drawing the shells. It is known as the
electron arrangement. Hi;dmgen has an electron arrangement of 1; lithium has an electron
arrangement 2,1 or 2.1 and sodium has an electron arrangement of 2,8,1 or 2.8.1. Table 2.4 lists
electron arrangements for the first 20 chemical elements; Figure 2.46 shows the shell structures
for selected elements.

I i VY TR A FANF RS | S L G I NN
1 ___,-"'. I,_ . |J ] . .'I .'. I.I/ .". l". | :‘-: , x', '-x L 4 _.f'- e ~ \
hydrogen b P f i .N‘%_.: i | § 5 | .Ali | E¥ it 4 ./ o) & i |
Figure 2.46 Electron TR R LT T gl LT A 77
arrangements of lithiurm )l'.)( / “\xn’ 4 NN e
hydrogen, il e Mo
lithium, sodium, argon eodium argen g HK
and potassium shown as o
shell structures PEasAAT)
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Element Atomic Energy shell Element Atomic Energy shell
number T 2nd 3rd  #th number e nd 3rd  ath
Hydrogen 1 1 Sodium 1 2 8 1
Helium 2 2 Magnesium 12 2 8 2
Lithiurn 3 Fi 1 Alurninium 13 2 8 3
Beryllium 4 2 2 Silicon 14 2 8 4
Boron 5 2 3 Phosphorus 15 2 8 5
Carbon 6 2 4 Sulfur 16 2 8 6
Nitrogen 7 2 5 Chlorine 17 2 8 7
Oxygen 2] 2 & Argon 18 2 8 8
Table 2.4 Electron Fluorine 9 2 7 Potassium 19 2 8 8 1
arrangements for the first  Neon 10 2 8 Calcium 20 2 8 8 2

20 chemical elements

B Extension: Hybridization

The third shell can hold a maximum of 18 electrons. However, when there are eight electrons
in the third shell there is a degree of stability and the next two electrons enter the fourth shell.
For the transition metals beyond calcium the additional electrons enter the third shell until

it contains a maximum of 18 electrons. In addition, the second and subsequent shells are
divided into a number of sub-shells. Atoms (other than hydrogen) also rearrange their electrons
before they can form chemical bonds with other atoms. This process is called hybridization

(Chapter 14).
B Extension: Electron shielding « @
An important concept
introduced in Chapter 3 P This electron doss not
and also in Chapter 12 is v 6’/ ﬁ:g:;ﬂgﬁcgra positive

electron shielding (Figure
2.47). The electrons in the

different shells experience

different attractive forces
due to the presence of L
other electrons. The outer These electrons shield the outer

electron from the nucleus

‘O

electrons experience =
the most shielding.
Figure 2.47 Electron shielding
SUMMARY OF I Atoms consist of a nucleus surrounded by one or more electron shells.
KNOWLEDGE I Atoms contain three sub-atomic particles: electrons, protons and neutrons.

I Protons and neutrons occupy the nucleus of the atom. The electrons move round the
nucleus in orbits.

I Protons are positively charged and have a mass almost identical to neutrons. Neutrons
are not electrically charged. Electrons carry a negative charge equal in size to that of the
proton.

I The sub-atomic particles can be distinguished by their behaviour in electric and magnetic
fields.

I Atoms are electrically neutral due to the presence of equal numbers of protons and
electrons.
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The atomic number (Z) is the number of protons in an atom of a chemical element. The
mass number (4) is the number of protons and neutrons in the nucleus in an atom of a
chemical element.

% A nuclide is an atom with a specific number of protons and neutrons. Nuclides are

described by the notation 34X, where Z represents the atomic number, A represents the
mass number and X represents the symbol of the chemical element.

Positive ions are formed when atoms lose electrons; negative ions are formed when
atoms gain electrons.

Isotopes of a chemical element have the same atomic number but different mass
numbers. Isotopes of a chemical element have the same chemical properties, but slightly
different physical properties.

A mass spectrometer is used to show the isotopic composition of a chemical element and
determine its relative atomic mass.

The relative atomic mass is the mass of a weighted average of a sample of atoms
compared to one twelfth of the mass of a carbon-12 atom. The relative isotopic mass is
the mass of a nuclide compared to one twelfth of the mass of a carbon-12 atom.

% A mass spectrometer ionizes gaseous atoms and then deflects a beam of its positive ions.

A variable magnetic field is used to deflect the ions and bring them to a detector. Varying
the magnetic field strength brings ions of higher mass to the detector, creating a mass
spectrum.

The isotopes of some chemical elements are radioactive and release ionizing radiation.
These isotopes are known as radiocisotopes.

The three types of ionizing radiation are alpha radiation (helium nuclei), beta radiation
(electrons) and gamma radiation (gamma rays).

Radioactive decay is an exponential process with a characteristic half-life, which is the
time for the rate of radioactive decay to decrease by half. The half-life is independent of
the amount of the isotope.

Radioisotopes have many uses in medicine (as tracers and radictherapy) and dating
techniques, for example, radiocarbon dating. The uses of radioisotopes depend on their
half-life and the radiation they release.

Light is a form of energy and can be regarded as having the properties of an
electromagnetic wave and a particle. Waves are described by their wavelength, frequency
and speed.

A continuous spectrum contains all wavelengths from a band of the electromagnetic
spectrum.

Each line in an emission spectrum of an atom or chemical element corresponds to
electrons transitioning from one energy level to another. During electron transitions
electromagnetic radiation is emitted or absorbed.

% The lines in an emission or line spectrum become closer together as wavelength

decreases (or frequency increases).

The Bohr model of the atom assumes that electrons rotate in circular orbits around the
nucleus. The electrons in each orbit have a fixed amount of potential energy.

The frequency of the electromagnetic radiation and the gap between two energy levels
is given by Planck’s equation: AE = hf, where f represents the frequency and h represents
Planck’s constant.

The ground state is the state of an atom in which all electrons have their lowest energies.
If electrons are given additional energy and move from a lower to a higher state, then
the atom is said to be excited.

W The Balmer series is caused by excited electrons falling back to the second energy level.

The Lyman series is caused by excited electrons falling back to the first energy level.

W The ionization energy for the hydrogen atom is the energy needed to remove the

electron from the ground state of the gaseous atom.
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B Examination questions — a selection

Paper 1 1B questions and IB style questions

Q1

Q2

Q3

Q4

Q5

Q6

Q7

Which statement is correct about the isotopes of

an element?

A They have the same mass number.

B They have the same numbers of protons and
neutrons in the nucleus.

C They have more protons than neutrons.

D They have the same electron arrangement or
configuration.

A chemical element with the symbol X has the
electron arrangement 2,8,6. Which chemical
species is this chemical element most likely to form?

A the ion X3+ C the compound HyX [2H*X?]
B the ion X& D the compound XF; [X5+8F]
Which of the following particles contains more
electrons than neutrons?

| 1H I 3CH m 3K+
A lonly C Iandll only
B Il only D Il and lll only

Standard Level Paper 1, May 00, Q6

What information about the structure of a helium

atom can be gained from its emission spectrum?

A Most of the mass of the atom is in its nucleus.

B A helium atom contains two electrons and two
protons.

C The electrons in the helium atom are held near
the nucleus.

D The electrons may exist in any of several energy
levels.

An element has the electron arrangement 2,8,6.
What is the element?
A C cCS

B P D Ar

Which is an incorrect statement about the atomic

emission spectrum of hydrogen?

A The frequency of each line depends on the
difference in energy between the higher and
lower energy levels.

B The spectrum consists of several series of lines.

C Electronic transitions to the level n = 2 give rise
to lines in the visible region.

D It is a continuous spectrum.

What is the correct number of each particle in a
fluoride ion, #F?
Protons Neutrons Electrons
A 9 10 8
B 9 10 9
C 9 10 10
D 9 19 10

Standard Level Paper 1, Nov 03, Q5

Q8

Q9

Q10

Q11

Q12

Q13

Q14

What fraction of a radioisotope will remain after
three half-lives?

A 116 C 1/3

B 1/8 D 3/4

Why was the Bohr theory of the atom developed?

A To account for changes in gas volumes with
temperature.

B To account for the ratios by mass of elements
in compounds.

C To account for the emission or line spectrum of
hydrogen atoms.

D To account for chemical formulas.

A particular element consists of two isotopes: 72%
of mass number 85 and 28% of mass number 87.
What is the expected range of the relative atomic
mass?

A less than 85

B between 86 and 87

C between 85 and 86

D more than 88

How many valence electrons (electrons in the
outermost shell) are present in the element of
atomic number 147

A 4 C 2 B 3 D 1

Which one of the following atoms will have the
same number of neutrons as an atom of £5r?
A Y C §sr B ¥Rb D EKr

Which statement is correct for the emission

spectrum of the hydrogen atom?

A The lines converge at lower energies.

B The lines are produced when electrons move
from lower to higher energy levels.

C The lines in the visible region involve electron
transitions into the energy level closest to the
nucleus.

D The line corresponding to the greatest emission
of energy is in the ultraviolet region.

Standard Level Paper 1, Nov 03, Q6

Naturally occurring chlorine consists of the

isotopes chlorine-35 and chlorine-37. The relative

atomic mass of chlorine is 35.5. Which one of the

following statements is true?

A The chlorine-35 and chlorine-37 atoms are
present in equal amounts.

B The ratio of chlorine-37 atoms to chlorine-35
atomsis 2:1.

C The ratio of chlorine-37 to chlorine-35 atoms is
37/35.

D There are three times as many as chlorine-35
atoms as chlorine-37 atoms.
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Q15

Q16

Q17

Q18

Q19

Q20

Which statement is correct about a line emission

spectrum?

A Electrons neither absorb nor release energy as
they move from low to high energy levels.

B Electrons absorb energy as they move from
high to low energy levels.

C Electrons release energy as they move from low
to high energy levels.

D Electrons release energy as they move from
high to low energy levels.

Standard Level Paper 1, Nov 05, Q6

Which electronic transition within a hydrogen
atom requires the greatest energy?

A n=1->n=2 Cn=2-n=3

B n=3->n=5 Dn=5-3n=e

Which of the following radioisotopes is used in
nuclear medicine to image the thyroid gland?
A iodine-131 C fluorine-18

B carbon-14 D uranium-235

The atomic numbers and mass numbers for four
different nuclei are given in the table below.
Which two are isotopes?

Atomic number Mass number

| 101 258

Il 102 258

]! 102 260

v 103 259
A landll C llland IV
B llandlll D land IV

Standard Level Paper 1, Nov 98, Q6

All isotopes of uranium have the same:
I  number of protons
Il number of neutrons
Il mass number
A lonly
B 1l only

C Il only
D | and lll only

Which is the correct sequence for some of the

various stages that typically occur in the analysis of

an element during mass spectrometry?

A vaporization, electron bombardment,
acceleration, deflection, detection

B electron bombardment, vaporization,
acceleration, deflection, detection

C vaporization, electron bombardment,
deflection, acceleration, detection

D deflection, acceleration, electron
bombardment, vaporization, detection

Paper 2 IB questions and IB style questions

Q1 The element bromine exists as the isotopes ™Br

and #Br, and has a relative atomic mass of 79.90.

a Copy and complete the following table to
show the numbers of sub-atomic particles in
the species shown. [3]

An atom of ™Br An ion of B Br

Protons

Meutrons

Electrons

b State and explain which of the two isotopes
79Br and ®Br is more common in the element
bromine. [1]
Standard Level Paper 2, Nov 05, Q3

Q2 The element silver has two isotopes, '2Aqg and
pes, 1729

1®Ag, and a relative atomic mass of 107.87.

a Define the term isotope. [1]
b State the number of protons, electrons and
neutrons in 'fAg*. [2]

¢ State the name and the mass number of the
Isotope relative to which all atomic masses are
measured. [1]

Q3 A sample of iridium is analysed in a mass

spectrometer. The first and last processes in mass
spectrometry are vaporization and detection.
a i State the names of the second and third
processes in the order in which they occur
In a mass spectrometer. [2]
ii  Outline what occurs during the second
process. [2]
iii State and explain which one of the
following ions will undergo the greatest
deflection (under the same conditions in a
mass spectrometer):
191tr+ or 193!r+ [2]
b The sample of iridium is found to have the
following composition of stable isotopes:

Isotope Ir-191 Ir-183
Relative abundance/% 37.1 B2.9

i Define the term relative atomic mass. [2]

ii Calculate the relative atomic mass of this
sample of iridium, giving your answer to
two decimal places. [2]

¢ Indium-192 is a short-lived radicisotope used

to treat cancer. Define the term radioisotope

and name another radioisotope used in nuclear

medicine. [2]

Q4 Describe the emission or line spectrum of gaseous

hydrogen atoms and explain how this is related to
the energy levels in the atom. [3]



Periodicity

STARTING POINTS B The modern (long form) of the periodic table is based upon the work of Mendeleev
in 1869.

B Mendeleev grouped the elements according to their chemical properties.

i The periodic table allows predictions to be made about the chemical and physical
properties of elements.

I Periodic patterns (trends) of physical, atomic and chemical properties are observed across
the periodic table.

B Many of these physical and atomic properties can be accounted for in terms of the
balance between the attraction of the nucleus for the electrons and the repulsion
(shielding) between electrons.

I Electronegativity can be used as a measure of metallic or non-metallic character.

B Particularly clear trends are observed in elements in group 1 (alkali metals) and group 7

(halogens).

The elements are arranged in order of increasing atomic (proton) number.

I The arrangement of elements into groups and periods is a re ection of their shell
structure.

I The elements can also be classified into four blocks based upon their sub-shell structure.

I The alkali metals are a group of reactive metals that react with water, oxygen and
halogens. They act as reducing agents.

I The halogens are a group of reactive, coloured non-metals that exist as diatomic
molecules. They act as oxidizing agents and form salts known as halides.

I The reactivity of group 1 elements increases down the group due to an increase in their
atomic radii. Group 1 elements lose an electron during ionic bond formation.

I The reactivity of group 7 elements decreases down the group due to an increase in their
atomic radii. Group 7 elements gain an electron during ionic bond formation.

3.1 The periodic table

Describe the arrangement of elements in the periedic table in order of increasing atomic number.
Distinguish between the terms group and period.

Apply the relationship between the electron arrangement of elements and their position in the periodic
table up to Z = 20.

3.1.4 Apply the relationship between the number of electrons in the highest occupied energy level for an
element and its position in the periodic table.

[FERRTERRTE]
- ol el
LTI 8 Y

The arrangement of elements in the periodic table

The chemical elements in the periodic table (Figure 3.1) are arranged in order of increasing
atomic number. This arrangement leads to periodicity — repeating patterns of chemical and
physical properties. These are a reflection of repeating changes in electron configuration. Physical
properties such as melting and boiling points, atomic properties such as ionization energy, and
chemical properties such as rate of reaction with water, all show periodicity (Sections 3.2 and 3.3)
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Figure 3.1 The periodic table showing the division into metals and non-metals

A horizontal row of elements in the periodic table is called a period. There are seven main
petiods in the periodic table (six are shown in Figure 3.1). Across a period the chemical properties
gradually change from those of reactive metals to those of reactive non-metals, ending with an
unreactive non-metal (Table 3.1).

Element Sodium Magnesium  Aluminium Silicon Phosphorus Sulfur Chlorine Argon
(white)

Appearance Silvery metal  Silvery metal  Silvery metal  Silverysolid ~ Whitesolid  Yellow solid  Greenish gas Colourless gas

Electron 2,81 2,82 283 2,84 2,85 2,86 2,87 288

arrangement

Bonding and Giant metallic Giant metallic Giant metallic Giant covalent Simple Simple Simple Monatomic

structure |lattice |attice lattice (three- rmolecular molecular molecular Ar
dimensional) (P, (S5 (Cl,)

lon formed Mar Mg+ Al - F- 52 CF -

Table 3.1 Properties of elements in period 3
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A column of chemical elements in the periodic table is known as a group. There are eight
groups in the periodic table: 1, 2, 3, 4, 5, 6, 7 and 0 (group O is sometimes called group 8). The
members of group 1 are known as the alkali metals (Figure 3.2) and the elements in group 7 are
known as the halogens (Section 3.3). The members of group O are all unreactive gases known as
the noble gases.

The transition metals are a block of elements that separate groups 2 and 3. The transition
metals all have very similar chemical and physical properties. Unlike groups 1 and 2, in the
transition metals there are similarities both across and down the block.

The properties of transition metals are summarized below:

m relatively high melting points, high boiling points and high densities
= = {:El.il'lif unreactive towards water, but some react slowl',r with steam {Chapter 9)
Figure 3.2 A piece of form more than one stable cation (Chapter 4) and covalently bonded complex ions
freshly cut sodium metal {Figure 3.3) [Chapter 13)
m often have coloured compounds (Figure 3.4) and coloured solutions (Chapter 21)
m often act as c,atalgrsts {Chapters 6 and 7)
m can be combined with other transition metals (and also with other metals) to form a variety of
metallic mixtures known as alloys (Figure 3.5) (Chapter 23).

Figure 3.3 From left to right: thiocyanate ions, iron(n) ions and complex  Figure 3.4 A sample of hydrated Figure 3.5 British £2 coin showing
ions formed by the reaction between iron(m) and thiocyanate ions nickel chloride, NiCl,.6H,0; an outer gold-coloured nickel-

nickel is a fransition metal brass ring made from 76%
copper, 209% zinc and 4% nickel

and an inner silver-coloured cupro-

nickel disc made from 75% copper

and 25% nickel

(Chapter 13 contains further information about transition metals and their compounds. )

Electron arrangement and the periodic table

It is the electrons in the outer or valence shell

Group
N t 2 A 4 3 g - Uiorhl that determine the chemical and physical
& 1 2 properties of the chemical element. The position
! I;I I-!?e of a chemical element in the periodic table is
related to its electron arrangement. The pericd
3 4 5 & Fi 8 9 10 T 2
2 Li Be B C N (8] F Ne number indicates the number of shells in the
2.1 2,2 23 24 25 2,6 27 28 atom of the element, All chemical elements in
1 12 13 14 15 16 17 18 the same petiod have the same number of shells.
3| Na | Mg | Al Si P 5 cl | Ar The group number (except 0) indicates the
2,81 2,82 283 284 285 286 287 288 ‘
number of valence electrons in the atom of the

14 20
. K Ca element.
2881|2882 Figure 3.6 shows how the electron arrangement

of a chemical element is related to its group and

Figure 3.6 The short form of the periodic table, showing the first 20 chemical period number. This so-called ‘short form’ of the
elements and their electron arrangements  petiodic table omits the transition elements.
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Based on the electron 0
arrangements of the 1 5
s
elemenFs (F:hapter 12X 1 2 34 5 ¢ 7
the periodic table can be
divided into four blocks of | 2543 2p S
elements:
m s-block elements 35 3p >
= pwblm:k elements
m d-block elements 45+ | 3d > | 4p S
m f-block elements.
55+ | 4d » | 5p >
Figure 3.7 A diagram showing
electron sub-shell filling in <block d-block o-block

periods 1 to 5

The s-block consists of hydrogen, helium and groups 1 (alkali metals) and 2. All the s-block
elements have a half-filled s orbital (s!) ora canmletely filled s orbital (s%) in the outermost shell.

The p-block consists of groups 3 to 0. The s- and p-blocks are collectively called the main
group elements. Each p-block element has an outer electron configuration which varies from
s'p! (group 3), s’p? (group 4) through to s’p® (the noble gases in group 0).

The d-block (Chapter 13) consists of three series of
metals. Each series of d-block metals contains ten
metals with outer electron configurations ranging from
d's? to d1%?,

There are two series of metals at the bottom of the
periodic table known as the f-block metals because
they contain f orbitals which are being filled. The two
f-block series, known as the lanthanides and actinides,
each contain 14 elements.

The block classification of elements is emphasized in
a simple three-dimensional periodic table (Figure 3.8).

Figure 3.8 Simple three-dimensional
periodic table

Language of Chemistry

The periodic table is said to show periodicity of physical

and chemical properties. Periodicity is a general term that
A000 refers to an event that happens at regular intervals. For
example, a freely swinging pendulum exhibits periodicity.
The periodic table shows chemical periodicity in both the
groups (columns) and peri-x]s (rows). The periodic, table was
generated from the periodic law which states that many of
the physical and chemical properties, for example melting
points of the elements (Figure 3.9), tend to vary in a regular
manner with increasing atomic number, Moving from the
lowest atomic number to the highest atomic number atoms,
the properties of the elements are similar at regular intervals of
2, 8, 18 and 32. These numbers correspond to the filling of the
first four shells of electrons. The term ‘periodic trend’ describes
the way in which a property increases or decreases along a
series of elements in the periodic table. This can refer to the
changes in properties down a group or across a period. m

2000

2000

=]

Melting point/K

1000

Ar

]

345 6 7 8 9 1011 12 13 14 15 16 17 18
Atomic number Figure 3.9 A graph showing periodicity in the melting points of elements
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History of Chemistry
Débereiner’s triads Cl
In 1829 the German chemist Johann Débereiner (1780-1849) noticed that, chlorine
where groups of three similar chemical elements occurred, the relative
atomic mass of the middle element came about half-way between those of 35.5
the other two. Two of Dibereiner’s triads are shown in Figure 3.10.
Na Br
Newlands’ octaves sodium bromine
In 1864 the British chemist John Newlands (1837-1898) found that if the
elements were arranged in order of increasing relative atomic mass then a 23.0 79.9
pattern appeared (Figure 3.11). Starting at any given element, the eighth K I
one from it was, as he phrased it, ‘a kind of repetition of the first’. Because of :
the similarity to a musical scale he called it the Law of Octaves. Newlands' PDtaSSiUﬂ'I lﬂdln’e
octaves place some very different elements in the same column, for example, 39.1 126.9
phosphorus and manganese and iron and sulfur. The pattern breaks down if '
the list of elements is extended. It was widf:ljr ridiculed at the time but laid 2 5 40 T o ik aritiits B
the foundations for later work by Mendeleev. ‘gure 3.10 Two of Uobereiner's tna
H|L |Be|B|C|N]|O e
Tom Boie iy =, "
Do daks Es—TT -
F Na | Mg | Al Si P S < e _E i{-—}:f-__
v ‘EL S
(| K |C |Cr |Ti |Mn|Fe :

Figure 3.11 Newlands’ octaves

Figure 3.12 Miniature set including a stamp (in the
middle part) commemaorating the publication of
Mendeleev's first periodic table in 1860

Mendeleev’s periodic table
Dimitri Mendeleev (1834-1907) (Figure 13.12) was a Russian chemist who arranged the known chemical elements

into a table in order of increasing relative atomic mass in a similar manner to Newlands but, in order to obtain
better chemical periodicity, he left gaps for undiscovered elements. He made predictions for the chemical and
physical properties of five ‘missing’ chemical elements based upon the properties of neighbouring elements. These
predictions were later proved to be accurate, following the discovery of germanium (Table 3.2), gallium, scandium,

francium and technetium.

Predicted properties of eka-silicon, Es Properties of germanium, Ge
(predicted by Mendeleev in 1871) (discovered by Winkler in 1886)
Relative atomic mass 72 726
Density 55gem™ 547gcm™
Appearance Dirty grey metal Lustrous (shiny) grey metal
With air Will form a white powder, EsO,, on heating  Gives a white powder, Ge0,, on heating
With acids Slight reaction only Mo reaction with dilute sulfuric or
hydrochloric acid
Properties of oxide, MO, ery high melting point, 4.7 times denser  Very high melting point, 4.7 times denser
than water than water
Properties of chloride, MCI, Liquid, boiling point less than 100°C Liquid, boiling point 86°C

Table 3.2 A selection of predictions about germanium made by Mendeleev
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Figure 3.13 Mendeleev's
periodic table
{modernized form)

Figure 3.14 A commemorative version of theyr could be fitted into the correct group based 52 53
Mendeleev's periodic table  on their chemical properties (Figure 3.15). Te I

TOK Link

Mendeleev is a good example of a 'risk-taker’; he invited chemists to test and potentially falsify his predictions.
The requirement that a scientific hypothesis be falsifiable was proposed by the philosopher Karl Popper to be
the ‘criterion of demarcation’ of the empirical sciences because it sets apart scientific knowledge from other
forms of knowledge. A hypothesis that is not subject to the possibility of empirical falsification does not belong
in the realm of science.

Mendeleev’s periodic table (Figure 3.13) is known as the ‘short form’ and is still used in Russia

and former communist countries (Figure 3.14). His table is divided into eight groups and, with

the exception of the eighth, each group is divided into two sub-groups A and B. This form of the
periodic table suffers from some drawbacks, for example manganese is classified with the halogens,
with which it has little in common. It should be noted that the structure of atoms was not known
at this time and many elements had not been discovered, most notably the noble gases. Mendeleev
also had to correct some relative atomic masses which had been determined incorrectly.

Group 1 2 3 4 5 ] 7 B
Sub-group |A A A A A A A
B B B B B B B

1st period H

2nd period | Li Be B c N 0 F

3rd period Na Mg Al Si P S Cl

4th period K Ca - Ti V Cr Mn Fe Co Ni
Cu Zn - * As Se Br

Lth perind Rb Sr i Zr Nb Mo - Ru Rh Pd
Ag Cd In Sn Sh Te I

6th period | Cs Ba La = Ta W - Os Ir Pt
Au Hg Tl Pb Bi - -

7th period = - - Th - §]

- The periodic table shown in Figure 3.14 is on the end wall of the four storey

'~ building in which Mendeleev worked from 1893 onwards. It was created in 1934 to
. celebrate the centenary of Mendeleev's birth. The title is written in Russian Cyrillic
script and reads ‘Periodic System of Elements, D.I. Mendeleev'. The elements whose
symbols are blue were discovered between Mendeleev’s death in 1907 and 1934,
Blanks were left for francium and astarine, still to be discovered. | represents iodine
and A represented argon until 1958. At the bottom of the periodic table are the
A . group formulas for the hydrides and oxides, emphasizing that the table is based on
chemical properties.

Mendeleev’s periodic table was based on
relative atomic masses and the chemical properties 18 19
of the elements. His work was done prior to Ar K
knowledge about the electronic structure of atoms.

In 1869 two elements had to be listed in the wrong 39.95 39.10

order according to their relative atomic masses so

lodine has a lower relative atomic mass
than tellurium and hence should be placed in group 6. 127.60 126.90

However, Mendeleev placed it in group 7 since it clearly has

similar properties to the other halogens, The discoven; of the Figure 3.15 Atomic data for
noble gases introduced a similar reversal of relative atomic argon and potassium and
mass between argon and potassium. tellurium and iodine
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History of Chemistry
A new basis for the order of elements in the periodic 20 I i
table was established by the English chemist n E; amrnlistfizmgegr
Henry Moseley (1887-1915)( Figure 3.16), who 5
studied the X-I‘EHJFS released when different atoms ] plotted according
of metallic elements were bombarded bi,r electrons. = 7] to atomic mass
He discovered a simple relationship between the =) 154
frequency of the X-rays and the atomic (proton) =] ] .
number (Figure 3.17). = =
z ]
§ ]
’ ‘ Figure 3.16 Henry Moseley 1[]—: "
o o« e oy ]
T T— Figure 2.17 Some of i
\‘\_],./ Moseley's results for the g
g e X-ray spectra ' ! ' ! ! ' '
s Kb et 8] 10 20 30 40 50 80 70
Atomic number or atomic mass
From these results Moseley suggested that one proton (and therefore one electron) was added to the atom on going
from one element to the next. Atomic number was therefore a more fundamental property of atoms than relative
atomic mass. When the elements are arranged in order of atomic number the problems of elements being in the
‘wrong order’, for example iodine and tellurium, are removed. Moseley published his indings in 1914, but was to die
in the First World War.

B Extension: Position of hydrogen
In the [B Chemistry data booklet hydrogen is placed in group 1 with the alkali metals.

It has one electron in its atom and can form a unipositive chsu‘ged ion (H*), like the
alkali metals in group 1. However, like the halogens in group 7, it only needs to gain one
electron to attain the electronic structure of the nearest noble gas, helium. Hydrogen
can form the hydride ion, H-, when bonded to a reactive metal such as sodium. It

also shows some unique properties that make it difficult to classify in any group.

3.2 Physical properties

3.2.1 Define the terms first ionization energy and electronegativity.

First ionization energy

The first ionization energy is the minimum energy required to remove one mole of electrons
from one mole of gaseous atoms (under standard thermcad‘},rnamic conditions of 25°C and 1 atm).

In general: X(g) — X*(g) + e
For example, the first ionization energy of hydrogen is given by the following equation:
H(g) = H*(g) + e AH = +1310k] mol!

The amount energy required to carry out this process for a mole of hydrogen atoms is 1310
kilojoules.

Atoms of each element have different values of first ionization energy. The factors that control
the values of first ionization energy are discussed in Chapter 12.
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Electronegativity

The electronegativity of an atom is the ability or power of an atom in a covalent bond to ateract
shared pairs of electrons to itself. The greater the electronegativity of an atom, the greater its
ability to attract shared pairs of electrons to itself.

Electronegativity value are based on the Pauling scale. A value of 4.0 is given to fluorine, the
most electronegative atom. The least electronegative elements, caesium and francium, both have
an electronegativity value of 0.7. The values for all the other elements lie between these two
extremes. Note that electronegativity values are pure numbers with no units.

History of Chemistry

Linus Pauling (1901-1994) was an American chemist who was awarded two Nobel Prizes: Chemistry (1954)

and Peace (1962). His early work was centred on chemical bonding and intermolecular forces. He developed the
concepts of hybridization and resonance (Chapter 14). He also studied biological molecules and correctly proposed
the d-helix and f-sheets as common secondary structures in proteins. However, he incorrectly predicted a triple
helix structure for DNA. Later in his life he began controversial research into the use of vitamin C as an anti-

cancer CDIDPU'I.[TICI, thl’l as a PIE";’El'ltiVﬂ measure and to treat it.

covalent radius

van der Waala' radius
(for group 0)

Figure 3.18 Atomic
radius

Trends in the physical properties of the elements in group 1
and group 7

3.2.2 Describe and explain the trends in atomic radii, ionic radii, first ionization energies, electronegativities
and melting points for the alkali metals (Li — Cs) and the halogens (F — I).

Trends in atomic and ionic radii

At the right of the periodic table the atomic radius is defined as half the distance between the
nuclei of two covalently bonded atoms (Figure 3.18). For example, the bond length for chlorine
atoms in a chlorine molecule (distance between two chlorine nuclei) is 0.199 nm. Therefore the
atomic radius of chorine is 1 % 198 =99pm (1 picometre (pm) = 10-1*m; 1 nanometre (nm) =
10"m), At the left of the periodic table, the atomic radius is that of the atom in the metal lattice
(the metallic radius). For the noble gases the atomic radius is that of an isolated atom (the van
der Waals' radius).

The atomic radius of an atom is determined bi; the balance between two opposing factors:

m the shielding effect by the electrons of the inner shell(s) — this makes the atomic radius larger.
The shielding effect is the result of repulsion between the electrons in the inner shell and those
in the outer or valence shell

m the nuclear charge (due to the protons) — this is an attractive force that pulls all the electrons
closer to the nucleus. With an increase in nuclear charge, the atomic radius becomes smaller.

However, when moving down a group in the periodic table, there is an increase in the atomic
radius as the nuclear chm’ge increases ( Tables 3.3 and 3.4 and Figures 3.19 and 3.20). This is the

result of two factors:

[ ] El'lE-' increase in tl'lE number Cl{: CDIﬂPlE‘.l’E EIECLTGI'I Sh&llﬁ IZ'IE-'I'WE:E-'II l'l'lﬂ ourer {VEIIEHCE} EIECII'DDS
EI.l'lC] thE l'lUCIE‘.I.IS

m the increase in the shielding effect of the outer electrons by the inner electrons.

Moving down a group, both the nuclear charge and the shielding effect increase. However, the
outer electrons enter new shells. So, although the nucleus gains protons, the electrons are not
only further away, but also more effectively screened by an additional shell of electrons.
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BUD—_
] Cs Fr
= Rb
] K
§ 200 i
- .
8 b
Atom Atomic number Atomic radius/pm G -
= ]
Li 3 152 ]
g 1004
Ma 11 186 g
K 19 231 E
Rb 37 244
Cs 55 262 0- . . . . . . . . .
- a7 270 0 10 20 30 40 . 50 &0 70 a0 80
Atomic number
Table 3.3 The variation of atomic radii in group 1 Figure 3.19 Bar chart showing the variation of atomic radii in group 1
200—
E —j At
Atom Atomic number Atomic radius/pm @ ] Br
F 9 58 £ 1005 S
=) -
cl 17 09 5 1 ¢
Br 35 114 = @
| 53 133 ]
G 1 1 1 1 1 1 1 1 1
At 85 140 0 10 20 30 40 50 60 70 80 90

Atormic nurmber

Table 3.4 The variation of atomic radii in group 7
Figure 3.20 Bar chart showing the variation of atomic radii in group 7

Ionic radii for ions of the same charge also increase down a group for the same reason (Tables 3.5
and 3.6). lonic radii are the radii for ions in a crj,rstalline ionic -:umpc:und {Figure 3.22).

lon  Atomic number lonic radius/pm lon  Atomic number lonic radius/pm
Li+ 3 68 - 9 133

Ma* 11 98 cr 17 181

kKx 19 133 Br 35 196

Rb+ 37 148 - 53 219

Cs 55 167 At 85 No data

Fre 87 No data

Table 3.6 The variation of ionic radii in group 7

Table 3.5 The variation of ionic radii in group 1

atomic radii decrease

Figure 2.21 Summary forrie st b

of trends in periodicity
in atomic radii in the
periodic table
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Li )U+

Figure 3.22 The relative
sizes of the atoms and
ions of group 1 metals

Trends in first ionization energy

On moving down a group, the atomic radius increases as additional electron shells are added. This
causes the shielding effect to increase. The further the outer or valence shell is from the nucleus,
the smaller the attractive force exerted by the protons in the nucleus. Hence, the more easily an
outer electron can be removed and the lower the ionization energy. So, within each group, the
first ionization energies decrease down the group. This is shown in Table 3.7 and Figure 3.23.

q Li
Atom Atomic number First ionization - 5007 B
energy/k] mol- E ] K S
Li 3 519 3 A0 Cs
Na 11 494 5 3
£ 300
K 19 418 c 2
=] -
Rb 37 402 E 200 3
o =
Cs 55 376 E =
4] -
= 100
Table 3.7 The variation of first ionization 3
energy in group 1 0- : : T . . .

o

10 20 30 40 50 B0
Atormic numibser

Figure 3.23 Bar graph showing the variation of first ionization
energy in group 1

B Extension: Effective nuclear charge

An alternative way to account for changes in ionization energies is to use the concept of
effective nuclear charge (Figure 3.24). This is the nuclear charge experienced by the electrons
after taking into account the shielding effect of electrons. For example, in the atoms of group 2
the effective nuclear charge is +2, which is calculated by adding the charges of the protons and
shielding electrons. However, moving down group 2 the outer or valence electrons are held less
strongly, being further away from the same effective nuclear charge.

ghielding electrons in =]
inner full shells

2 /\ mefe#f
e @

=]
Be © Mg Ca e

outer electron 18a

Figure 3.24 Shielding in
beryllium, magnesium
and calcium atoms
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Trends in EIEernEgatiVit}f Atom Atomic number Electronegativity

Electronegativity values generally decrease down a

: : ks Li 3 1.0
group. Clear decreasing trends in electronegativity
can be found in group 1 (the alkali metals) (Table Na 1 0.9
3.8) and group 7 (the halogens) (Table 3.9). K 19 0.8
Electronegativity can be interpreted as a measure Rb 37 0.8
of non-metallic or metallic character. Decreasing
7L T Cs 55 0.7
electronegativity down a group indicates a
Fr 87 0.7

decrease in non-metallic character and an
increase in metallic character.
The decrease in electronegativity down groups ~ Table 3.8 The variation of electronegativity in group 1

1 and 7 can be explained by the increase in

atomic radius. There is therefore an increasing Atom Atomic number Electronegativity
distance between the nucleus and shared pairs of E o 4.0
electrons. Hence the attractive force is decreased. cl 17 30
Although the nuclear charge increases down
a group, this is counteracted by the increased Br 35 25
shielding due to additional electron shells. | 53 2.5

The trends in electronegativity can be used to At 85 33

explain the redox properties of groups 1 and 7.

Reducing power decreases down group 1; oxidizing Tapje 3.9 The variation of electronegativity in group 7
power increases up group 7 (Chapter 9).

Trends in melting point

m Group 1
The melting points of the alkali metals decrease down the group (Table 3.10 and Figure 3.25).

Metals are held together in the solid and liquid states by metallic bonding (Chapter 4). Metals are
composed of a lattice of positive ions surrounded by delocalized electrons which move between
the ions. The delocalized electrons are valence electrons shed by the metal atoms as they enter
the lattice.

The melting points decrease down the group because the strength of the metallic bonding
decreases. This occurs because the attractive forces between the delocalized electrons and the
nucleus decrease owing to the increase in distance. The increase in nuclear charge is counteracted
by the increase in shielding.

5004
m
Atom Atomic number Melting point/K N
ap v 400 - Ma
L 3 454 T C i Rb . o
Na 11 371 g 300-
= [
K 19 337 % EDEI—:
Rb 37 312 = .
Cs 55 302 0
Fr g7 300 0- T T T T T T T T T
0 10 20 30 40 a0 &80 70 80 80
Table 3.10 The variation of melting point Atomic number
in group 1
greue Figure 3.25 The melting points of the alkali metals
s Group 7

In contrast to the alkali metals, the melting and boiling points of the halogens increase down the
group (Table 3.11 and Figure 3.26). This is because as the molecules become large, the attractive
forces between them increase. These shorter-range attractive forces are known as van der Waals’
forces and increase with the number of electrons in atoms or molecules {Chapl:er 4).



82 PERIODICITY

6003 i
= — rnielting point
é EGDE —— boiling point Iz
=] -
Atom Atomic number Melting point/K % 4004 .
= 3 Fa
F 9 54 2 ao04
i cl
D —
Cl 17 172 - 2002
Br 35 266 E= 3
2 4003 Fa
| 53 387 ] i
At 85 575 0 . . ! . . .
0 10 20 30 40 50 60 70 80 80
Atomi b
Table 3.11 The variation of melting point Lt btz
in group 7 Figure 3.26 Melting and bailing points of the halogens

Table 3.12 The atomic
radii in period 3

Trends in physical properties of elements across period 3

3.2.3 Describe and explain the trends in atomic radii, ionic radii, first ionization energies and electronegativities
for elements across period 3.

Trends in atomic radii

There is a gradual decrease in atomic radius across period 3 from left to right (Table 3.12 and
Figure 3.27). When moving from group to proup across a period, the number of protons and

the number of electrons increases by one. Since the electrons are added to the same shell, there
is only a slight increase in the shielding effect across the period. At the same time additional
protons are added to the nucleus, increasing the nuclear charge. The effect of the increase in
nuclear charge more than outweighs the small increase in shielding and consequently all the
electrons are pulled closer to the nucleus. Hence, atomic radii decrease across period 3. The same
effect is observed in other periods.

Atom Atomic radius/pm 200 MNa
= Mg
Ma 186 ‘é_ ] Al
Mg 160 g - Si
] P S
Al 143 1003 S
Si 117 5 .
P 110 = ]
5 104 09 I I T
cl 99 11 12 13 1.4 i& 18 17
Atomic number
Ar Mo data

Figure 3.27 Bar graph of the atomic radii in period 3

Trends in ionic radii
The data in Table 3.13 shows the following trends in ionic radii across period 3.

s The radii of positive ions decrease from the sodium ion, Na* to the aluminium ion, AP+,
m The radii of negative ions decrease from the phosphide ion, P* to the chloride ion, CI.
m The ionic radii increase from the aluminium ion, Al** to the phosphide ion, P4,

Element Sodium  Magnesium  Aluminium Silicon Phosphorus Sulfur Chlerine
lon Ma* Mg A+ (Si* and Si*) P 5% Cl-
lonic radius/pm 98 65 45 (42 and 271) 212 190 181

Table 3.13 The ionic radii in period 3
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The data for the silicon ions are calculated values. Silicon does not form simple ions and its
bonding is covalent.

Isoelectronic species

Isoelectronic species are atoms and ions that have the same number of electrons. For a specific
number of electrons, the 'nighﬂr the nuclear -:harge, the greater the forces of attraction between
the nucleus and the electrons. Hence, the smaller the atomic or ionic radius.

Ions of sodium, magnesium and aluminium are isoelectronic species (Table 3.14). The nuclear
charge increases from the sodium ion to the aluminium ion. The higher nuclear charge pulls all
the electron shells closer to the nucleus. Hence, the ionic radii decrease.

Similarly, the nuclear charge increases from the phosphide ion to the chloride ion. The higher
nuclear charge causes the electron shells to be pulled closer to the nucleus. Again, the ionic radii

decrease (Table 3.15).

Species Ma* Mg+ A+ Species - s+ Ck

Nuclear charge +11 +12 +13 MNuclear charge +15 +16 +17

Number of electrons 10 10 10 Number of electrons 18 18 18

lonic radius/pm 08 65 45 lonic radius/pm 212 190 181
Table 3.14 Atomic data for sodium, magnesium and Table 3.15 Atomic data for phosphide, sulfide and
aluminium ions chloride ions

The large increase in size from the aluminium ion to the phosphide ion is due to the presence
of an additional electron shell. This causes a large increase in the shielding effect and as a result
the ionic radius increases.

Trends in first ionization energy

The first ionization energies of the elements in period 3 are listed in Table 3.16. The general
trend is an increase in first ionization energy across the periodic table. When moving across
a period from left to right the nuclear charge increases but the shielding effect only increases
slightly (since electrons enter the same shell). Consequently, the electron shells are pulled
progressively closer to the nucleus and as a result first ionization energies increase.

Element Sodium Magnesium Aluminium Silicon  Phosphorus Sulfur Chlorine

First ionization 494 736 577 786 1060 1000 1260
energy/k] mol-

Table 3.16 First ionization energies for the elements in period 3

However, the increase in first ionization energy is not uniform and there are two decreases —
between magnesium and aluminium and between phosphorus and sulfur. These decreases can

only be explained by reference to sub-shells and orbitals (see Chapter 12).

Comparing electronegativity values

3.2.4 Compare the relative electronegativity values of two or more elements based on their positions in the
periodic table.

The electronegativities of the elements in period 3 are listed in Table 3.17. The general trend is
an increase in first ionization energy across the periodic table. When moving across a period from
left to right the nuclear charge increases but the shielding effect only increases slightly (since
electrons enter the same shell). Consequently, the electron shells are pulled progressively closer
to the nucleus and as a result electronegativity values increase.

Element Sodium  Magnesium Alurminium Silicon Phosphorus Sulfur Chlorine

Electronegativity 09 1.2 1.5 1.8 2.1 2.5 2.0

Table 3.17 Electronegativity values for the elements in period 3
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Generally, the electronegativity values of chemical elements increase across a period and
decrease down a group (Figure 3.28). This observation can be used to compare the relative
electronegativity values of two elements in the periodic table. To do this, find the positions of
the elements in the periodic table. Then simply see which one is further up and to the right; that
is the more electronegative element (Figure 3.29). The further apart the two elements are in the
periodic table, the larger the difference will be in their electronegativities. This is important in
determining the type of bonding between the two elements (Chapter 4).

-d.__

electmga:tmty ] . Si P . Mmost
ncreasss electronegative
east | Ge | As
slectronegative ~ T
Figure 3.28 Trends in electronegativity for s- and p-block Figure 3.29 Relative values of electronegativity of elements
elements in the periodic table

B Extension: Diagonal relationships

Electronegativity increases across a period and decreases down a group. This
results in what are known as diagonal relationships, where a pair of elements
have similar chemical properties. The most important pairs are lithium

and magnesium, beryllium and aluminium, and boron and silicon.

History of Chemistry

Dimitri Mendeleev was born in 1834 in Tobolsk, Siberia, the youngest of 17 children.
When Dimitri was 13 years old, his father died and his mother’s glass-making factory
burnt down. In 1849 the family relocated to St Petersburg (formerly Leningrad) and he
later became Professor of Chemistry at the University of St Petersburg. In 1862 he married
Feozva Nikitichna Leshcheva. This marriage ended in divorce and in 1882 Mendeleev
married one of his students, Anna Popova. He was dismissed from the University in 1890
for supporting the causes of students against the authorities. In 1893 he was appointed the
Director of the Bureau of Weights and Measures and helped to formulate new standards
for measures such as mass and length. Mendeleev was nominated for the 1906 Nobel Prize
in Chemistry, but narrowly lost to Frenchman Henri Moissan, who had isolated uorine.
He probably would have been awarded the 1907 Nobel Prize in Chemistry, but died early
in 1907 from in uenza. Nobel Prizes cannot be awarded pc-sl:humc:uslil,r (after death).

3.3 Chemical properties

3.3.1 Discuss the similarities and differences in the chemical properties of elements in the same group.

The alkali metals

The alkali metals are a group of very reactive metals. The first three members of the group

are lithium, sodium and potassium Their atomic and physical properties are summarized in
Table 3.18. The electrode potentials are a measure of reducing strength (Chapter 19). The
more negative the value, the greater the tendency for the atom to lose an electron (in aqueous
solution).
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Element Lithium Sodium Potassium
Electron arrangement 2.1 28,1 2,881
Electron configuration 15225! 15222 2pf3s! 1522522 pf3s23phds!
Chemical symbol Li Ma 4
First ionization energy/k] mol-! 519 494 418
Atomic radius/nm 0.152 0.186 0.231
Melting point/K 454 37 337
Boiling point/K 1600 1156 1047
an;’;ﬁ;;}'zr‘;ﬁ i:;‘”; Density/gcm- 0.53 0.97 0.86
three alkali metals ~ Standard electrode potential, E* M*(aq) | M(s)/V -3.03 -2.71 -2.92
Sodium
Sodium is a soft silvery-white metal and an combustion epoon ‘\"““--../’:]

excellent conductor of heat and electricity. It
rapidly corrodes in moist air, initially to form B

sodium oxide, Na;O. When placed in water TM |—,--j-=
sodium floats but immediately reacts with the
water (Figure 3.30) to form a solution of b ~————TRTa

sodium h',.rdmxide and hi,rc]mgen gas: \\

Figure 3.30 Reaction
between sodium and 2Nal(s) + 2H,O(1)

water

— INaOH(aq) + H;(g)
white emoke

The heat energy produced by this exothermic (sodium chloride) =
reaction {Chapter 5) is sufficient to melt the
sodium, but not usually to ignite the hydrogen
(unless the sodium is not allowed to move).
The sodium burns with a brilliant golden-
yellow flame.

Sodium hydroxide is a strong alkali w
(Chapter 8). It is completely ionized in water
and forms a strongly alkaline solution of

sodium burning ——_

sodium hydroxide with a high pH: & B Y

2Na(s) + ZH,O(1)
— 2Na*(aq) + 20H(aq) + Hi(g) Figure 3.31 Sodium burning in chlorine

This reaction is an example of a redox reaction (Chapter 9), in which the sodium acts as a
reducing agent.

When a piece of hot sodium is lowered into a gas jar of chlorine, the metal continues to burn,
forming a white smoke of sodium chloride (Figure 3.31). Similar reactions occur with bromine
and iodine to form sodium bromide and sodium iodide, but the reactions are slower and less heat
is released.

2Na(s) + Cl,(g) — 2NaCl(s)

Applications of Chemistry

Sodium is used as a coolant in some types of nuclear reactors because of its high thermal
conductivity. It carries heat away from the core to a steam generator, where water is
converted to steam to drive the turbines of an electrical generator. Another advantage
of using sodium, rather than water, is the lack of corrosion to the steel used in the
construction.
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Potassium and lithium

Potassium is a soft silvery metal that, like sodium, is a good conductor of heat and electricity. The
reactions of potassium are less vigorous than corresponding reactions of sodium (partly due to its
lower first ionization energy), but the reactions are otherwise identical. Its reaction with water

is sufficient to raise the temperature of the hydrogen to its ignition point; the metal burns with

a lilac {pale purple] flame. Lithium is a hard silver metal that has identical reactions to sodium,
but slower (partly due to its higher first ionization energy). Lithium and potassium also react with
chlorine: the reaction with potassium is faster and more exothermic {-:Dmpared to sodium ); the
reaction with lithium is slower and less exothermic (campared to sodium ).

History of Chemistry
Francium, atomic number 87, is the most unstable of the first 101 elements. The longest-lived isotope has a half-

life of 22 minutes. It is an alkali metal element situated at the bottom of group 1 just below caesium. In 1871 the
Russian chemist Mendeleev had predicted the existence of an alkali metal that he called eka-caesium. The element

was discovered in 1939 by the French chemist Marguerite Perey (1909-1975), a former assistant of Marie Curie,
working at the Curie Institute in Paris. She isolated francium from the radicactive element actinium. Small amounts
of francium were prepared by co-precipitation with caesium salts and by paper chromatography. Francium was the last
naturally occurring element to be discovered. Weighable amounts have not been prepared and it currently has no uses.
However, studies of francium atoms have confirmed some predictions of quantum theory.

Chemistry and Literature Last Wish  (Chernobyl 1986)

Mario Petrucci (1958— ) is an [talian living in London. e fmr}l e cte. Bury me
A graduate in physics from Cambridge University, e e I R
Petrucci is a freelance poet and essayist. His poem ‘Last cwith g Rl i s Bt

Wish’ was inspired by the Chernobyl disaster and is

informed by historical research and by the author’s You seal me in powder. Cut the hair
knowledge as a scientist. last. Then take the trimmings
and seal them in glass.

In April 1986, one of the reactors at the Chernobyl nuclear . .
power plant in Ukraine exploded. Further explosions and You wrap me in plastic. Wash me

fires spread radioactive debris over a wide area. m in foam. Weld the box airless
and ram the box home.

For each tomb that's hidden a green
soldier tums. None decomposes.

The halogens Nothing for worms.

The halogens are a group of very reactive non-metals. A buckle. A pencil. Break one thing
The first three members of the group are chlorine, I left. Give some small part of me
bromine and iodine. Their atomic and physical ordinary death.
properties are summarized in Table 3.19,
Element Chlorine Bromine lodine
Chemical formula cl, Br, l;
Structure Cl-Cl Br—Br H
Electron arrangement 2,87 2,8.18,7 2818187
Detailed outer shell arrangement 3523p° 524" 5525pt
State at room temperature and pressure Gas Liguid Solid
Colour Pale green Red-brown Black
Melting point/K 172 266 3B7; 458 (sublimes)
Table 3.19 The atomic  Beiling point/K 239 332
and physical properties of  standard electrode potential, E* 1.36 1.09 0.54

the halogens

X,(aq) | X{(aq)V
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Figure 3.32 Saturated bromine water and gaseous iodine

All the halogens have an outer or valence shell with seven
electrons. A full shell or noble gas configuration is obtained by
the addition of one extra electron (from a metal) to form a halide
ion, or by the sharing of electrons to form covalent bonds and
hence molecules.

All the halogens exist as diatomic molecules where two
halogen atoms are held together by a single covalent bond (a
shared pair of electrons). Diatomic molecules are present in all
three physical states.

All the halogens (Figure 3.32) are coloured, with the colour
becoming progressively darker as you move down the group. The
volatility of the halogens decreases down the group as boiling and
melting points increase. This decrease correlates with an increase
in the strength or extent of van der Waals' forces operating
between molecules (Chapter 4). These are weak attractive forces
that operate between neighbouring molecules in the liquid and
solid states.

B Extension: Properties of the halogens

ST ParyE

Biis
LTy

Solubility

Halogens are absorbed into organic solvents, such as tetrachloromethane
(‘carbon tetrachloride’) or hexane. In these non-polar solvents
chlorine is colourless, bromine is red and iodine is violet. In
polar organic solvents such as ethanol (‘alcohol’) and propanone
(‘acetone’), bromine and iodine give brownish solutions.
Chlorine is moderately soluble in water, forming a solution
known as chlorine water. It contains a mixture of hydrochloric
and chloric(1) acids in equilibrium with chlorine molecules.

Figure. 3.33 The reaction between blue litmus ~ The position of the equilibrium is pH dependent and a low pH
paper and chlorine gas  (acidic conditions) favours chlotine molecules (Chapter 7).

Cly(ag) + H;O(l) = HCl(ag) + HOCl(aq)
HCl(aq) — H*(aq) + Cl-(ag); HOCI(aq) = H*(aq) + OCl-(aq)

Chlorine gas turns moist blue litmus paper red and then
decolorizes it (Figure 3.33). The bleaching properties of
chlorine water are due to the presence of chlorate(1) ions.
Bromine undergoes a similar reaction to form bromine water.
lodine is slightly soluble in water, but readily soluble in ethanol
(Figure 3.34). This is an illustration of the ‘like dissolves like’

principle (Chapter 4): iodine is non-polar so is more soluble in

Figure 3.34 lodine added to ethanol (on the feﬁ:}l ethanol than water, due to the lower p-:rlarit? of ethanol.

and water (on the right)

Applications of Chemistry

Household ‘chlorine bleach’ is a dilute solution of sodium chlorate(1) (sodium hypochlorite). It is prepared by
absorbing chlorine gas into cold sodium hydroxide solution. More concentrated solutions are used to disinfect

drinking water and swimming pools. Bleach should never be mixed with other household cleaners. With bleach,

acid-based cleaners produce chlorine and ammonia-based products produce toxic chloramines, for example NH;ClL.
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M Extension: Standard electrode potential

The standard electrode potential (Chapter 19) is a measure of how much tendency a chemical
species in solution has to lose or gain electrons. Positive numbers indicate a chemical species
(molecule, ion or atom) which is an oxidizing agent — a species which has a high tendency
to accept electrons. Negative numbers indicate a chemical species (molecule, ion or atom)
which is a reducing agent — a species which has a high tendency to donate electrons.

The decrease in standard electrode potentials indicates that the halogens become
progressively less powerful as oxidizing agents as you move down the group, that is, they have a
decreasing tendency to accept electrons:

X;(aq) + 2e — 2X(aq)

Reactions of the halogens

Displacement reactions
When chlorine water is added to an aqueous solution of potassium bromide, KBr, the solution
becomes yellow-orange owing to the formation of bromine:

Cly(aq) + 2Br(aq) — Bry(ag) + 2Cl-(aq)
Chlorine also reacts with potassium iodide solution to form a brown solution of iodine:

Cly(aq) + 2I(aq) — Ly(aq) + 2Cl-(aq)
The two reactions shown above for chlorine are known as displacement reactions and involve a
more reactive halogen, chlorine, displacing or ‘pushing out’ a less reactive halogen from its salt.

These are redox reactions — the halogen acts as an oxidizing agent and the halide ion acts asa

reducing agent (Chapter 9). There is a transfer of electrons from the iodide ions and bromide ions
to the chlorine molecules. Going down group 7 the halogens become more weakly oxidizing and

the halide ions become more strongly reducing.
Bromine water will give a displacement reaction with a solution of an iodide:

Br,(ag) + 2I-(aq) — I;(aq) + 2Br(aq)

However, as bromine is less reactive than chlorine, it is unable to displace chloride ions and
no reaction occurs. lodine, being the most unreactive halogen, is unable to displace bromide or
chloride ions and no reaction occurs.

B Extension: Explaining trends in the behaviour of the halogens
The trends in oxidizing and reducing power for the halogens and the halide ions can be

easily explained in terms of the relative sizes of the halogen atoms and halide ions (Figure
3.35). A halide ion is oxidized by the removal of one of its outer eight electrons. In a large
halide ion, the outer electrons are more easily removed as they are further from the nucleus
and more effectively shielded from its attraction by the inner electrons. Small halide ions
have their outer electrons located closer to the nucleus and less effective shielding occurs,
hence their affinity for electrons is higher. A similar argument explains why a small halogen
atom can attract an extra electron with a greater affinity than a larger halogen atom.

20 oo
00 20
¢ ©®@ L e 8mE @ .8 @ §
& Q © S e © (5]
aa . a2
Figure 3.35 The reaction ee Qe
between a halide ion and
a halogen atom bromide ion chlarine bromine chloride ion
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Reactions of the halide ions

The term halide ions collectively refers to
fluoride, F-, chloride, Cl-, bromide, Br- and
iodide, I, ions which are present in metal salts,
for example, sodium chloride, NaCl [Na* Cl.
Halide ions are colourless, but the four halide
ions may be distinguished from each other in

solution by the use of silver nitrate solution
(acidified with nitric acid).

With a solution of a chloride salt, silver nitrate Figure 3.37 The colours of the silver halides — from
left to right, silver iodide, silver bromide, silver chloride

gives a white precipitate of silver chloride. For : ;
and silver uoride

EKEIIHPIE:

NaCl(ag) + AgNOs(aq) 3 4 X 7 Y 7
— NaNQO;(aq) + AgCl(s)

or icmicalli,r {Figure 3.36):

Cl-(aq) + Ag*(aq) — AgCl(s) Dl
NOs

The silver chloride rapidl',r turns purple in sunlight
due to photodecomposition: k(O

2AgCl(s) — 2Ag(s) + Cly(g) e
+ M +
Bromides and iodides give cream and yellow cr (P}J? i I
precipitates of silver bromide and silver iodide NO3
(Figure 3.37), respectively: Na® o AgCl
Cl
Br(aq) + Ag*(aq) — AgBr(s) Na* %gy’
IH(aq) + Ag*(aq) — Agl(s) Figure 3.36 The precipitation of silver chloride

(Fluorides do not give any precipitate with
acidified silver nitrate solution since silver fluoride is soluble.)

B Extension: The hydrogen halides

The hydrogen halides can be prepared by direct synthesis from the elements (in the presence of
ultraviolet light) or b',.r the action of concentrated sulfuric acid on a metal halide. For example:

Cly(g) + H,(g) — 2ZHCl(g)
NaCl(s) + H;SO,(1) - NaHSO,(s) + HCl(g)

The hydrogen halides are all colourless gases that fume in moist air. Boiling points rise from
hydrogen chloride to hydrogen iodide owing to the increase in van der Waals' forces of
attraction (Chapter 4). The boiling point of hydrogen fluoride is unexpectedly high owing to
the presence of hydrogen bonding.

The hydrogen halides are all soluble in water and form acidic solutions. For example,
hydrogen chloride reacts with water to form hydrochloric acid. It is a strong acid and ionization
is complete (Chapter 8).

HCl(g) + (aq) — H*(aq) + Cl-(aq)

Hydrogen fluoride reacts with water to form hydrofluoric acid. However, this is a reversible
reaction since it is a weak acid:

HF(g) + (aq) = H*(aq) + F-(aq)
One reason for the weak acid strength of hydrofluoric acid is the relatively high bond strength of
the H-F bond in the hydrogen fluoride molecule.
The presence of a hydrogen halide can be confirmed by reacting the gas with ammonia gas.
White fumes of the ammonium salt are formed, for example:

NHs(g) + HCl(g) — NH,ClI(s) [NH,* CL]
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B Extension: Astatine

Astatine (At) is a radioactive element and the least reactive of the halogens, Studies of astatine
are difficult since the most stable isotope has a half-life of only 8.3 hours. Astatine is expected to
be a black solid which can be displaced from its salts by all the other halogens. Astatine was first
synthesized in 1940 by Dale Corson, K. MacKenzie and Emilio Segré, who bombarded bismuth
with alpha particles. Astatine-211 is being investigated for use in radiotherapy to treat cancer.

3.3.2 Discuss the changes in nature, from ionic to covalent and from basic to acidic, of the oxides across
period 3.

Trends in properties of the oxides in period 3

Metallic oxides tend to be ionic and hence basic. The more reactive metals form oxides that react
with water to form alkaline solutions:

Na;O(s) + H;O(1) — 2NaOH(aq)
MegO(s) + H;O(1) — Mg(OH);(aq)
or  O¥(s) + H,O(l) —» 20H(aq)
Non-metallic oxides tend to be covalent and acidic. The more reactive non-metals (Figure 3.38)

Figure 3.38 Partially  form oxides that react with water to form acidic solutions.
hydrolysed phosphorusiy)

oxide, P,0,,

P4Oyo(s) + 6H;O(1) — 4H;POy(aq)
SD}(E) + HED{” —_ HgSDq,(EI.q}
or SO4(g) + H,O(1) — H;S0,(aq) = H*(aq) + HSO,(aq)

(A more detailed and camplete discussion about perioc] 3 oxides (and chlorides) can be found in
Chapter 13.)

Acid rain

Pure rain water is slightly acidic and has a pH of about 5.6. This acidity is caused by carbon
dioxide in the atmosphere reacting with rain droplets to form carbonic acid. Rain water with
a pH of less than 5.6 is termed acid rain. The main acids present in acid rain are sulfuric acid
{HESD,J and nitric acid (HNQO;).

The sulfuric acid in acid rain is formed from sulfur dioxide in the atmosphere. Sulfur dioxide
is released from volcanoes, but the majority comes from the burning of sulfur-containing fuels,
primarily coal in power stations. Car exhaust emissions and the smelting of metals, such as zinc,
also contribute to sulfur dioxide pollution. The sulfur dioxide undergoes oxidation to form sulfur
trioxide which reacts with water to form sulfuric acid. Sulfur dioxide also reacts with water to
form sulfurous acid, H,SO,.

The nitric acid present in acid rain is formed from oxides of nitrogen, nitrogen monoxide, NO,
and nitrogen dioxide, NO;. These two oxides are produced during combustion processes,
especially those in car engines and in power stations. Nitrogen monoxide is rapidly oxidized by air
to nitrogen dioxide, which reacts with water in the presence of oxygen to form nitric acid.

Acid rain causes direct and indirect damage to the environment. In lakes it can directly kill a
variety of organisms, such as young fish and insect larvae. Acidic water releases aluminium ions
from rocks and soil which are washed into lakes. Aluminium ions are toxic and interfere with the
gills of fish, preventing them from extracting dissolved oxygen from the water.

Trees, especially, those at high altitudes, are prone to damage by both acid rain and gaseous
sulfur dioxide. The trees drop their leaves and can no longer photosynthesize. Ozone also plays a
Figure 3.39 Graegtc:nes role in damaging trees and in catalysing the formation of sulfur trioxide from sulfur dioxide.

eroded by carbonic acid Acid rain can also cause damage to building materials and historical monuments. This is
and acid rain  because the sulfuric acid in the rain chemically reacts with the calcium carbonate (Figure 3.39)
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in limestone or marble to create calcium sulfate, which then flakes off. Acid rain also reacts with
iron and promotes its oxidation.

CaCOx(s) + H;SO4(aq) — CaSO4(aq) + COyg) + HO(1)
Acid rain is a form of acid deposition (Chapter 25).

History of Chemistry

Robert Angus Smith (1817-1884) was a Scottish chemist who carried out research into a number of
environmental issues. He is especially famous for his work on air pollution, during the course of which he discovered
what he termed ‘acid rain’ (Figure 3.40). In 1852 Smith found acid rain in Manchester (centre of the Industrial
Revolution in England) and deduced the relationship between acid rain and sulfur-based atmospheric pollution.

He was trained to be a minister in the Church of Scotland, but left before graduating and spent two years studying

chemistry under Justus von Liebig (Chapter 8).
Figure 3.40 The effects of acid rain and acid gases

wiet deposition
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fur dioxid d and nitric acids with clouds or be washed
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deposition acid lakes are often
acid gases very clear because
- damage stonework acid rain may they lack m'rr?ute
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Use of the noble gases

The noble gases form the last group of the periodic table. They are all colourless, odourless and
unteactive gases. | he first noble gas compounds, XeF,, XeF, and XeFg, were formed in 1962.
The melting and boiling points of the elements increase down the group (Figure 3.41) owing
to an increase in van der Waals' forces of attraction (Chapter 4). Neon is used in advertising
signs (Chapter 2) and argon is used to fill light bulbs (Figure 3.42). Krypton and xenon are
used in lighthouse and projector bulbs. Helium is used to fill advertising airships (a trivial
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Figure 3.41 Melting points
of the noble gases
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SUMMARY OF
KNOWLEDGE

¥ In the periodic table, chemical elements are arranged in order of increasing atomic

(proton) number.

W Chemical elements with similar chemical properties are placed under each other in

groups. Members of a group all have the same number of electrons in their outer shells.

¥ Members of group 1 are the alkali metals, members of group 7 are the halogens and

members of group O are the noble gases. Groups 2 and 3 are separated by the transition

metals block.
The elements in the third period gradually change across the period from metallic to non-
metallic. Members of a period all have the same number of electron shells.

% The elements in the periodic table can be classified into four blocks based upon the

arrangement of the electrons in the outer sub-shell. There are four blocks: s, p, d and f.

! The first ionization energy of an atom is the energy required to remove completely a

mole of electrons from a mole of gaseous atoms: M(g) — M*+g) + e .

W The electronegativity of an atom is a measure of its ability to attract the electrons in a

covalent bond to itself. Electronegativity increases across a period (left to right) and up a
group (bottom to top).

Atomic radius is half the distance between the nuclei at the ends of a covalent bond.
Atoms get smaller across a period, as the nuclear charge pulls the electrons closer to the
nucleus.

W The oxides of the elements in the third period change across the period from being ionic

and unreactive towards water to being covalent and being hydrolysed by water.

The alkali metals

% The alkali metals (group 1) are soft metals of low density with a low melting point. They

all form M+ cations.

% They have relatively low first ionization energies and are therefore chemically reactive.

They are strong reducing agents and hence their ions are hard to reduce.

W Reactivity increases down the group and correlates with a decrease in first ionization

energy, due to increasing distance between the nucleus and the valence electron.

W Atomic and ionic radii increase and electronegativity and melting point decrease down

the group due to the presence of additional electron shells.

W Key reactions of group 1 metals:

— oxygen with heated metal: 2M(s) + —Dz{g) — M,0(s)
— halogen with heated group 1 metal: M(s) + ?}(zig} — MX(s)
— water with metal: M(s) + H,0(l) — MOH(aqg) + %Hz{g}

The halogens
M The ha!ogens X,, are a group of reactive non-metals in group 7. They all form X ions.
! Reactivity increases up the group. This correlates with an increase in first electron affinity

due to decreasing distance between the nucleus and the incoming electron.

W Key reactions of group 7 elements:

— displacement reactions: X;(aq) + 2Y (aq) — 2X (aq) + Y3(aq), where X represents a
more reactive halogen (more powerful oxidizing agent) than Y

— reaction with water: X;(aq) + H,O(l) = HOX(aq) + H*(aq) + X (aq)
— reaction with group 1 metals: %KE{Q} + M(s) — MX(s)
— precipitation reactions: X (ag) + Ag*(aq) — AgX(s)
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B Examination questions — a selection

Paper 1 1B questions and IB style questions

Q1

Q2

Q3

Q4

Q5

Q6

Q7

Which element shows chemical behaviour similar
to calcium?
A strontium
B chlorine

C sodium
D boron

The following are three statements concerning the
periodic table.
| The horizontal rows are called periods and
the vertical columns are called groups.
Il Electronegativity decreases down any group
and across a period from left to right.
Il Reactivity increases down all groups.

Which of the above is/are true?

A I lland C Il and lil only
B |andll only D lonly
Which is the correct trend (left to right) across

period 3 for the oxides?
A basic to acidic
B acidic to basic

C increasingly basic
D neutral to acidic

What happens when chlorine water is added to an

aqueous solution of potassium iodide?

A No reaction occurs because chlorine is less
reactive than iodine.

B Chlorine molecules are oxidized to chloride
ions.

C lodide ions are oxidized to iodine molecules.

D A purple precipitate of iodine is formed.

Which of the following determines the order in
which the elements are arranged in the modern
form of the periodic table?

A relative atomic mass

B mass number

C atomic number

D chemical reactivity

Which is a correct statement about the element
with an atomic number of 207

A Itisin group 4.

B Itisingroup 2.

C Itis a transition metal.

D Itisingroup 7 and is a halogen.

In general, atomic radii decrease:

A within a group from lower to higher atomic
number

B within a period from lower to higher atomic
number

C with an increase in the number of isotopes of
an element

D with an increase in the shielding of the nuclear
charge

Q8

Q9

Q10

Q11

Q12

Q13

Q14

When the elements are listed in order of increasing
reactivity with air, the correct order is:

A Na K, Cs

B Cs, K, Na

C Cs, Na, K

D K, Cs, Na

For which type of isoelectronic ions do ionic radii
decrease with increasing nuclear charge?

A positive ions only

B negative ions only

C neither positive or negative ions

D both positive and negative ions

Which properties are typical of most non-metals in
period 3 (Na to Ar)?
| They form ions by gaining one or more

electrons.
Il They are poor conductors of heat and
electricity.
Il They have high melting points.
A land Il only C 1l and lll only
B 1and Il only D I, Iland Il

Standard Level Paper 1, Nov 05, Q7

On the periodic table, groups of elements show

similarities in their chemical properties. This can be

best explained by the:

A differences in the number of protons in the
nucleus of the atoms

B similarities in the results of emission spectrum
analysis of gaseous samples of a group

C similarities in the electronic structures of the
atoms

D differences in the number of neutrons in the
nucleus of the atoms

Which atom has the smallest atomic radius?
A 3163 B znca C 355[ D 33&*]

Which one of the following series represents the
correct size order for the various iodine species?
Al<l<I* C Rolasl
B I<I*<I- D Ir<I<I*

Which one of the following will be observed as the

atomic number of the elements in a single group

of elements on the periodic table increases?

A an increase in atomic radius

B an increase in ionization energy and hence
decrease in reactivity

C a decrease in ionic radius

D an increase in electronegativities



94

Q15

Q16

Q17

Q18

Q19

Q20

PERIODICITY

Which of the following properties of the halogens
increase from F to I?

| atomic radius

Il melting point

lll electronegativity
A lonly C Iand Il only
B 1and Il only D I, llandlll

Standard Level Paper 1, Nov 03, Q7

In general, how do ionization energies vary as the

periodic table is crossed from left to right?

A They remain constant.

B They increase.

C They increase to a maximum and then
decrease.

D They decrease.

0.01 mol samples of the following oxides were
added to separate 1dm? portions of water. Which
will produce the most acidic solution?

A ALO,s) C Na;Of(s)

B SiOy(s) D SO.(g)

Which property increases with increasing atomic
number for both the alkali metals and the
halogens?

A melting points

B first ionization energies

C electronegativities

D atomic radii

Which one of the following elements has the
lowest first ionization energy?

A L CB B Na D Mg

Barium is an element in group 2 of the periodic

table (below strontium with atomic number 56).

Which of the following statements about barium is

not correct?

A Its first ionization energy is lower than that of
strontium.

B It has two electrons in its outermost energy
level.

C Its atomic radius is smaller than that of strontium.

D It forms a chloride with the formula BaCl,.

Paper 2 IB questions and IB style questions
(IB Chemistry data booklet required)

Q1

Q2

Q3

Q4

a i Define the term ionization energy. [2]
ii Write an equation, including state symbols,
for the process occurring when measuring
the first ionization energy of aluminium.
b Explain why the first ionization energy of
magnesium is greater than that of sodium.
¢ Lithium reacts with water. Write an equation
for the reaction and state two observations
that could be made during the reaction. [3]
Standard Level Paper 2, Nov 05, Q4

[1]

3]

a i Explain why the ionic radius of bromine is
less than that of selenium.

ii Explain what is meant by the term
electronegativity and explain why the
electronegativity of uorine is greater than
that of chlorine. [3]

b For each of the following reactions in aqueous
solution, state one observation that would be
made, and deduce the equation.

i The reaction between chlorine and
potassium iodide.

ii The reaction between silver ions and
bromide ions.

¢ Deduce whether or not each of the
reactions in b is a redox reaction, giving

a reason in each case.

[2]

[2]

[2]

[4]

a What factors determine the size of an atom
or ion?
b i Explain why the ionic radius of sodium is
much smaller than its atomic radius. [2]
ii Explain why the cations of group 1 increase

3]

in size with increasing atomic number.  [2]
¢ Explain why the ionic radius of Mg?* is
less than that of Na+. [2]

d Arrange the following species in order of
increasing size:
i N, N>
ii Fe, Fe* and Fe**

[1]
[1]

Describe and explain the variation in ionic radius
of the elements across period 3 from sodium to
chlorine.

[6]



Bonding

STARTING POINTS There are three types of chemical bonding: metallic, ionic and covalent bonding.
There are many examples of substances with bonding intermediate in nature.
Some substances contain both covalent and ionic bonding.
Each type of bonding results in the formation of substances with characteristic physical
properties.
The type of bond formed largely depends on the difference in electronegativity between
the atoms.
When atoms react to form chemical bonds, only the electrons in the outer or valence
shell are involved.
Noble gas configurations are important in the Lewis theory of chemical bonding.
The formation of chemical bonds is driven by the decrease in potential energy.
The electrons in the outer shells of atoms, ions and molecules are represented by Lewis
diagrams, which usually represent electrons as dots and crosses.
Covalent bonding usually occurs between non-metal atoms and involves the sharing of
pairs of electrons.
The directional nature of covalent bonds gives rise to small molecules having definite,
fixed shapes.
lonic bonding occurs between metals and non-metals and involves the complete transfer
of electrons from the metal to the non-metal.
Metallic bonding in metals involves delocalized valence electrons spread out within a
regular three-dimensional array of positive ions.
Various types of intermolecular forces of attraction occur between molecules.
Giant covalent and simple covalent substances have very different properties.

4.1 lonic bonding

4.1.1 Describe the ionic bond as the electrostatic attraction between oppositely charged ions.

Ionic bonding occurs when one or more electrons are transferred from the outer shell of one atom to
the outer shell of another atom. The atom losing an electron or electrons forms a positively charged
ion (cation) and the atom gaining an electron or electrons forms a negatively charged ion (anion).
An ionic bond is the electrostatic attraction between oppositely charged ions (Figure 4.1).

Ionic bonding is described as non-directional since each ion is attracted to every other ion of

opposite charge. In contrast, covalent bonding involves the sharing of electrons between atoms
and is directional.

a b
+ i
Figure 4.1 Electron
rearrangement during
a covalent bonding and

b ionic bonding soparate atoms moleculs iona

‘m Language of Chemistry

. [onic bonding is also referred to as electrovalent bonding. However, this is a less satistactory
term since it is a vague reference to electrical attraction. The prefix co- means sharing, so
covalent bonding refers to the sharing of pairs of electrons. m
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Figure 4.2 lonic bonding
in sodium chloride, NaC|
showing a all electrons
and b only the outer or
valence electrons.

The curved arrow
indicates the transfer

of an electron from the
sodium atom to the
chlorine atom

4.1.2 Describe how ions can be formed as a result of electron transfer.

Formation of ions by electron transfer

The formation of an ionic compound typically involves the reaction between a metal and a non-
metal. An example of ionic bond formation involves the reaction between sodium and chlorine
to form sodium chloride.

The electron arrangements of the sodium and chlorine atoms are:

2,8,1
28,7

sodium atom, Na
chlorine atom, Cl

The ionic bonding in sodium chloride occurs when the valence electron from the third shell of
the sodium atom is transferred to the chlorine atom.
The electron arrangements of the sodium and chloride ions are:

2,8
2,88

sodium ion, Na*

chloride ion, Cl-

These ions have stable noble gas electron arrangements: the sodium ion has the electron
arrangement of neon and the chloride ion has the electron arrangement of argon.

Lewis diagrams can be used to represent the transfer of electrons that occurs during the
formation of ionic bonds. For example, the reaction between sodium and chlorine atoms is

described in Figure 4.2 using Lewis diagrams.

a X/_\ a8 B 7+ i e -
XX [ ¥ ] x e
o L] X [ ]
o i ® 3 20 o 33
x ® - X .
o ae w wx oo
as - Il . e ]
sodium atom chlorine atom sodium ion chloride ion
(Na) (Cl) Na™) (ch
2,81 287 28 288
b e i
x \‘ ae e e —_
Na Lp) o - [Na]* g &
ae ae

The ions will be arranged into a regular
arrangement (Figure 4.3) known as a lattice
(page 102). Within the lattice oppositely
charged ions attract and ions of the same
charge repel each other. However, there
is an overall, or net, attractive force. The
strength of an ionic lattice is measured by
its lattice enthalpy. The lattice enthalpy
is the enerpy required to decompose one
mole of an ionic lattice into gaseous ions

(Chapter 15).

Figure 4.3 lonic lattice for sodium chloride
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Figure 4.4 shows the electron transfer that takes place during the formation of calcium fluoride.
A calcium atom (2,8,8,2) obtains a full outer shell by losing two electrons. These are transferred,
one to each of the fluorine atoms (2,7). A compound is formed containing two fluoride ions, F-,
for each calcium ion, Ca?*. The formula of the compound is CaF;. lonic compounds are always
electrically neutral.

L N | | X ] -
F ® XEF*
/_\: " 5 y calcium flucride

X e L, 2+ - ok
Figure 4.4 Simplified g o = [Cal™ 2 He (GeF)
diagram of the ionic §—— > X e
bonding in calcium o F o . .
fluoride, CaF, *e | e |

'ﬁ\‘.} Language of Chemistry

""*‘t‘ Positive ions are often referred to as cations because the? move towards the cathode (negativa
electrode) when placed in an electric field. Negative ions move towards the anode (positive
electrode), so thenl,r are termed anions. m

History of Chemistry

All noble gas atoms (except helium) have eight valence electrons. In 1920 the American chemist Gilbert N. Lewis
(1875-1946) observed that atoms of the elements in groups 1 to 7 tended to lose, gain or share the appropriate
number of electrons in order to obtain a full outer shell of eight electrons. This tendency for atoms in compounds to
achieve a stable noble gas configuration with eight valence electrons is termed the octet rule. An octet is four pairs
of valence electrons in an atom. The octet rule applies to ionic and covalent compounds formed by the elements of

periods 2 and 3.

Lewis made many contributions to physical chemistry. In 1916 he proposed the idea that a covalent bond consisted
of a shared pair of electrons. In 1923 he formulated the electron pair theory of acid—base reactions, now known

as Lewis theory (Chapter 8). He also made contributions to thermodynamics and was the first scientist to prepare
‘heavy water’, {H;O.

B Extension: Why ionic compounds form

It should be emphasized that ionic bonding is not driven by the transfer of electrons in order for
ions to achieve stable noble gas confipurations. The removal of electrons from atoms and ions
requites energy, so ionization is always an endothermic process (Chapter 3). The driving force
for the formation of ionic compounds is that when ions are brought close together in an ionic
crystal the favourable electrostatic forces of attraction more than outweigh the energy changes

required for ion formation (in the gas phase) (see Chapter 15 for a discussion of lattice enthalpy
and the Born—Haber cycle).

Formation of ions by elements in groups 1, 2 and 3

4.1.3 Deduce which ions will be formed when elements in groups 1, 2 and 3 lose electrons.

The elements in groups 1, 2 and 3 have only 1, 2 or 3 electrons in their outer shell. These
elements at the beginning of a period lose electrons to form positive ions (cations). The resulting
simple ions obey the octet rule and have an electron arrangement like the noble gas at the end of
the previous period.

Examples: Na — Na* + e; Mg — Mg + 2e; Al = AP* + 3e; Na*, Mg?* and AP* all

hElVE! '[l'lE same E‘:l’EClTOl'liC structure as Ne.
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Formation of ions by elements in groups 5, 6 and 7

4.1.4 Deduce which ions will be formed when elements in groups 5, & and 7 gain electrons.

The elements in groups 5, 6 and 7 have 5, 6 or 7 electrons in their outer shell. These elements near
the end of the period gain electrons to form negative ions (anions). The resulting simple ions obey
the octet rule and have an electron arrangement like the noble gas at the end of the period.

Examples: P+ 3e-— P> P?-, S* and CI- all have
S+ 2e — 5 the same electronic
Cl+e —=Cl- structure as Ar

The elements in group O have full outer shells of electrons. This is a stable electron arrangement
and these elements c-nhr form compaunc]s with the most reactive elements, rthElblil,F fluorine. The
first two elements in group 4, carbon and silic»an, have outer shells which are half full. These
two elements ge:nerall? do not form simple ions but instead form covalent bonds (Section 4.2).

arrangements of the , ,
atoms and simple ions of (However, carbon reacts with metals to form a number of metal carbides.) Table 4.1 shows the
the elements in period 3 electron arrangements of the atoms and simple ions of the elements in period 3 of the periodic table.

Table 4.1 Electron

Group 1 2 3 4 5 6 7 0
Element Sodium Magnesium Aluminium  Silicon Phosphorus  Sulfur Chlorine Argon
Electron arrangement 2.8,1 2,82 2,83 2,84 2,85 2,86 2,87 2,8,8
Number of electrons in outer shell 1 2 3 4 5 5] 7 8
Common simple ion Ma* Mg Al - pa- 52 ck -
{phosphide)  (sulfide) (chloride)
Electron arrangement of ion 2,8 2,8 2,8 - 2,88 2,88 2,88
lons of the transition elements Naiiaf  Sirglds poittive
transition ions
4.1.5 State that transition elements can form more than one ion. metal
Silver Ag

The transition elements form more than one stable positive ion.

For example, copper forms copper(1), Cu*, and copper(11), Cu®*, iron Fe*, Fe™
and iron forms iron(n), Fe?*, and iron(111), Fe**. The Roman Copper Cur, Cu®
number indicates the oxidation number of the transition metal Manganese  Mn2, Mn® and
(Chapter 9). The charges on the simple positive ions must be M+
Ilearnl: and those most -:Dmmc?rfl'y &n-:m:mtered are summarized Shromom: B Pt
in Table 4.2. A charge of positive two is the most common staible inaif)

charge on a transition metal simple ion.
Table 4.2 Charges of selected

‘*ﬁ\ Language of Chemistry Tpansdion semer e
%, The formulas of ionic compounds are empirical tormulas (Chapter 1). For example, sodium

chloride consists of a lattice containing a large number of sodium and chloride ionsina1:1

ratio. Each sodium ion is attracted to every chloride ion; each chloride ion is attracted to every
sodium ion. However, no molecules are present and thus only an empirical formula, NaCl, can be
written. If the ionic nature is to be emphasized, then the formula may be written as [Na*Cl]. m

Applications of Chemistry

lonic compounds are usually solids at room temperature and pressure. They form crystals and melt at relatively high
temperatures. One of the first liquid ionic salts was synthesized when an organic salt, alkylpyridinium chloride,

was heated with aluminium chloride. A clear, coloutless, ionic liquid was formed. Ionic liquids have a number

of potentially useful ‘green’ properties. In particular, they are non-volatile and non-toxic. Chemists are now
investigating the possibility of using ionic liquids instead of the toxic and volatile organic solvents currently used in
many industrial processes.
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B Extension: Electron configurations of selected atoms and ions
Gallium is a group 3 metal with the following electron configuration:
15225 2p®3s23pf3d104s24p!
The gallium(III) ion is formed b? the loss of three valence electrons. The electron configu.ratiﬂn
of the gallium(m) ion, Ga*, is:
1522s*2pf3s23pf3d1°
A noble gas core with an outer d!° configuration is known as a pseudo-noble gas configuration.
A d'®cation is stable because the third shell is completely filled with 18 electrons, with 10
electrons in the d sub-shell.
The iron(i1) ion (Fe*) is unstable in solution, whereas the iron(i) ion (Fe?*) is stable.

[ron(1) compnunds are readil',r oxidized to iron(11) cumpuunds. In contrast, the manganese(ll}
ion (Mn?*) is stable, whereas the manganese{III:l ion (Mn?*) is unstable.

Fe?* 1s%2s'2p®3s?3pf3dS
Fe'* 1s%2s2p3s23pf3d’
Mn?* 1s?2s2p*3s23pf3d°
Mn** 1522s?2p%3s23pf3d¢

The iron(111) and manganese(II} ions are stable because of the special stabilit',r associated with
the half-filled 3d sub-shell (d° -:ﬂnfiguratinn) (Chapter 13).

ﬁ. Language of Chemistry
S A sodium atom and a sodium ion have very different properties. For example, sodium ions
dissolve in water without a chemical reaction. In contrast, sodium atoms react with water to
form sodium ions. These differences occur because the sodium ion is charged and has a stable
electron arrangement. A sodium ion has the same electron arrangement as an argon atom, but
they have different properties because the sodium ion is charged and has a different number of
protons in its nucleus. m

Predicting the type of bonding from electronegativity values

4.1.6 Predict whether a compound of two elements would be ionic from the position of the elements in the
periodic table or from their electronegativity values.

4.2.5 Predict whether a compound of two elements would be covalent from the position of the elements in the
periodic table, or from their electronegativity values.

[onic bonding between two elements typically occurs when a metal is chemically bonded with a
non-metal. Hence, the bonding in the compound barium fluoride, BaF,, is predicted to be ionic
since barium is a metal and fluorine a non-metal.

lonic bonding is favoured if the metal and non-metal elements are reactive. The reactivity
of metals and non-metals can be assessed using electronegativity values (Chapter 3). Ionic
bonding is most likely when there is a large difference in electronegativity values between the two
elements.

The electmnegativit? (Table 4.3) of an atom is the abilit? OF power of an atom in a covalent
bond to attract shared pairs of electrons to itself. The greater the electronegativity of an atom, the
greater its ability to attract shared pairs of electrons to itself. The most electronegative elements
are highly reactive non-metals and the least electronepative elements are the reactive metals.



100 BONDING

Table 4.3
Electronegativity values
{Pauling scale)

Figure 4.5 The spectrum
of bonding from ionic

to covalent via polar
covalent. The delta
symbols shown for

polar covalent bonding
represent fractional
charges on the two atoms

Worked example

H He
2.1
Li | Be B|C|[N/|O/|F |Ne
1.0 | 1.5 20|25 (30|35 |40
Na |Mg Al |Si | P | S |C|Ar
09 | 1.2 15 | 1.8 |21 |25 | 30

K | CG|[Sc|Ti |V |C [Mn|Fe [Co|Ni |[Cu|Zn |Ga |Ge |As |Se | Br | Kr
08 10|13 |15 |16 |16 |15 |18 |18 |18 |19 |16 |16 |18 |20 |24 |28

Rb|Sr|Y |Zr (Nb|Mo|Tc |Ru ([Rh |Pd |[Ag|Cd |In |Sn [Sb |Te | | |Xe
08|10 (12|14 |16 |18 |19 |22 [22[22 |19 |17 |17 |18 |19 |21 |25

Cs |Ba|La |[Hf |[Ta|W |Re |Os | Ir | Pt |[Au(Hg | Tl |Pb | Bi |Po | At |Rn
0.7 |09 |11 |13 |15|17 |19 |22 |22|22|24 |19 |18 |18 |19 2022

Fr | Ra | Ac
0.7 |09 | 1.1

Electronegativity generally increases on passing across a period, owing to the increasing
nuclear charge and decreasing atomic radius. Electronegativity decreases on moving down a group
since the combined effects of increasing atomic size and the shielding effect outweigh the increase

in nuclear charge (Chapter 3).
There are some general rules for predicting the type of chemical bond based upon the

electronegativity differences.

m If the difference in electronegativity values is greater than 1.8, then the bond is ionic.

u If the difference in electronegativity values is 0, then the bond is non-polar covalent.

m If the difference in electronegativity values is greater than 0 but less than 1.8, then the bond is
polar covalent.

Polar covalent bonds are covalent bonds with ionic character [partial electron transfer). lonic
and covalent bonding are extremes forms of bonding: polar bonds are intermediate in nature. The
larger the difference in electronegativity between the atoms, the greater the polarity of the bond
and the greater the ionic character (Figure 4.5).

&+ fi=
H—CI
Na'Clr < » Cl—CI
lonic bonding: Polar covalent bonding: Covalent bonding:
electron tranafer from a between atoms with electrons evenly shared
reactive metal to a highly differant valuse for between two identical
slectronagative non-metal slectronegativity atoma

Using electronegativity values from Table 4.3, predict the type of bonding in fluorine molecules

(F,), hydrogen iodide (HI) and lithium fluoride (LiF).
Using the values in the table:

Fluorine, F; Difference in electronegativity = 4.0-4.0 =0
Non-polar covalent bond, F—F

Hydrogen iodide, HI Difference in electronegativity = 2.5 - 2.1 = 0.4
Polar covalent bond, ®*H—I%

Lithium fluoride, LiF Difference in electronegativity = 4.0— 1.0 = 3.0

lonic bond, Li*F-
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B Extension: Relationship between electronegativity difference and ionic character

Table 4.4 and Figure 4.6 show how the proportion of ionic character introduced into a covalent
bond depends on the difference in electronegativity between the two atoms. Where covalent bond
polarization occurs, then intermolecular forces of attraction will be generated. These forces affect

the compound’s physical properties, such as solubility, melting and boiling points (Section 4.3).

1004
Electronegativity Percentage of Tal?le s Perc:?rrtage of 5 00
difference lonie characterf% OTiC character in covalent T
bonds in relation to the @ 80
0 0 electronegativity difference .g 70+
between the two elements o B0
0.5 [ &
S 50
1.0 22 §’ 40
£ 304
15 a Figure 4.6 Graph of the g 20
2.0 63 relationship between & ‘IEI_
percentage of ionic character I
25 9 in a covalent bond and the Dﬂ 0’5 10 TE 70 7E 30
30 96 electronegativity difference I
between the two elements Electronegativity difference

VBT GRS €T3 ER Deduce the percentage ionic character in the O—H bond.

The difference in electronegativity is 1.4. Hence from Table 4.4 the percentage ionic character
is approximately 39%.

Polyatomic ions
4.1.7 State the formula of common polyatomic ions formed by non-metals in periods 2 and 3.

Many ions contain more than one atom. These types of ions are known as polyatomic ions. Table
4.5 summarizes the names, formulas and structures of commonly encountered polyatomic ions. A
number of these ions are stabilized by resonance (7 delocalization; see Chapter 14).

Name Formula Structure of Example of Name Formula Structure of Example of
of ion polyatomic ion compound of ion polyatomic ion compound
Ammonium NH [ H 1+ NH,CI, ammonium Mitrate MO, 02 AgNO,, silver nitrate
T chloride ”
H—N—H o N e
| oy
L] L]
H _
- - Phosphate  PO,* Hol K3PO,, potassium
Oxonium or H.C* H * H,0+Cl, ” phosphate
hydroxonium T hydrochloric acid 00— P — o
(Chapter 8) " e
H—O0—H -
E = A Ho H
Sulfate Sy s02 Mg50,, r;:agnesium Hydroxide OH- 0 H NaOH, sodium
s ” R suftate ‘oo hydroxide
=--_ S _E:
|| Carbonate  CO.* *0° Na,CO;, sodium
*0° ” carbonate
I : c
Hydrogencarbonate HCO; .-E- "ﬂ KHCO;, potassium ey MR s i
o e hydrogencarbonate o g o e
“i“ Table 4.5 Common polyatomic ions
H
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In compounds such as magnesium sulfate, MgSO, or [Mg?*SO,*], the bonding within the

sulfate ions is covalent, but it is ionic between the sulfate and magnesium ions.

Structures of giant ionic compounds

4.1.8 Describe the |attice structure of ionic compounds.

In an ionic substance, oppositely charged ions attract each other and
ions of the same charge repel each other. Hence, each cationina
lattice is surrounded by a number of anions as its closest neighbours,
and each anion is surrounded by a number of cations, Two cations,
or two anions, are never located next to each other. A single ionic
crystal contains a huge number of ions in regular repeating units,
known as unit cells. Hence, ionic solids are said to possess a giant

structure.

One of the simplest ionic lattices is the lattice adopted by
sodium chloride (Figure 4.7). It is a simple cubic lattice, also O Gl ion O Na'ion
referred to as the rock salt structure. Each sodium ion is surrounded Figuie 8.7 Kinie latice Tor
by six chloride ions; each chloride ion is surrounded by six sodium sadiumi chloride

ions. The structure of ionic lattices was established from X-ray
diffraction studies.

B Extension: Coordination number
The number of ions that surround another of the opposite charge

in an ionic lattice is called the coordination number. The
sodium chloride lattice is known as a 6:6 lattice since each ion
is surrounded by six oppositely charged ions (Figure 4.8). The
coordination number of an ionic lattice depends on the relative
sizes of the ions and their relative charges (Chapter 15).

Figure 4.8 The sodium chloride lattice £ _
showing the 6:6 coordination 0 Na™ ion O Gl ion

B Extension: Analysis of crystals by X-ray diffraction

The vast majority of solids are crystalline solids and consist of a regular three-dimensional
arrangement of atoms, molecules or ions, known as a lattice. The wavelengths of X-rays and
the distances between the particles in a crystal are of a similar size. Hence X-rays are diffracted
(scattered) if they strike the crystal lattice at a shallow angle (Figure 4.9).

Figure 4.9 Strong X-ray
reflections from a set
of crystal planes will

occur if the waves
arrive and leave in phase
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The X-ray diffraction pattern is photographed and computer software is used to calculate the
positions of the particles within the lattice. This can be used to generate an electron density
map (Figure 4.10) of the molecule in a molecular lattice. Each contour line connects points of
the same electron density. Bond lengths and bond angles of the molecule may be obtained from
the electron density map.

Figure 4.10 The structure of the 4-methyl benzoic acid molecule superimposed on its electron density map

B Extension: Non-crystalline solids

Some solids are non-crystalline, or amorphous. In non-crystalline solids, the particles are not
arranged in a lattice (Figure 4.11). Many non-crystalline solids, for example glass (Figure 4.12),
are often called ‘supercooled liquids’. Glass is a compound of silicon, oxygen and sodium. There
is some order, but a lattice is not present. However, if the glass is shattered then the glass will
crystallize. A number of polymers, for example, nylon may have crystalline and amorphous
regions (Chapter 23).

O silicon atom ) oxygen atom @ cation

Figure 4.11 The structure of a

non-crystalline (amorphous) solid Figure 4.12 The structure of glass

4.2 Covalent bonding

4.2.1 Describe the covalent bond as the electrostatic attraction between a pair of electrons and positively
charged nudei.

The simplest covalently bonded molecule is the hydrogen molecule, H;. The two hydrogen atoms
are held together because their nuclei are both attracted to the electron pair which is shared
between them. Both the atoms are identical so the electrons are shared equally — a single non-
polar covalent bond is formed. This simple electrostatic model is summarized in Figure 4.13.
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However, very often the two atoms bonded will have different sizes. The smaller atom will
attract the shared pair(s) of electrons more strongly since its nucleus will be closer to the electrons
and will experience less shielding (Figure 4.14). The smaller atom is more electronegative. The
resulting covalent bond is a single polar covalent bond.

shared slectrons

\ :

@‘_'2‘_‘@ e‘_'ca

Both nuclei are attracted to the same pair of shared
electrona. Thie holde the nuclei together.

Figure 4.13 A simple electrostatic model ot the covalent bond in the Figure 4.14 The unequal sharing of electrons in a polar covalent bond
hydrogen molecule, H,

srmaller attraction larger attraction

B Extension: A simple model of covalent bonding

Consider the energy changes involved when a single covalent bond is formed from two
hydrogen atoms (Figure 4.15). As the two hydrogen atoms approach each other, each nucleus
starts to electrostatically attract the other atom’s electron. The covalent bond starts to form and
energy is released. However, if the two hydrogen atoms came too close together, there would
be considerable repulsion between the nuclei and the potential energy of the system would rise.
The covalent bond in the hydrogen molecule represents a position of equilibrium or balance in
which the forces of attraction between the nuclei and the bonding electrons exactly match the
repulsive forces between the two nuclei. This simple ‘spring model’ of covalent bonds is used in
infrared spectroscopy (Chapter 21). The distance between the two bonded hydrogen nuclei is
known as the bond length and the energy required to separate the atoms in the bond is known
as the bond dissociation enthalpy (Chapter 5).

A
To push the atoms closar together enargy is neaded
@ to overcome the repulsive forces between their nuclei
2
0
@
E 1‘_:,] is the energy of two
imclal rogen atoms
o lated hydrogen ato
Distance bebtwesn nuclei

E; -

436 kJ mol™

bond dissociation

enthaloy

\ As the atoms spproach, and attract
each other, energy is released
Figure 4.15 Variation in 0.074nm
ththiﬁﬂcﬁe;dﬁal Ener? of gﬁga \‘\ A covalent bond is formed when the energy is at & minimurm,
. : TOHEH s oI that is, the attractive and repulsive forces balance
as the distance between < >

them is varied
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Figure 4.16 Lewis
structures (electron
dot diagrams) for the
hydrogen molecule, H,

Figure 4.17 Lewis
structures (electron dot
diagrams) for the chlorine
molecule, Cl,

Figure 4.18 Lewis
structures (electron dot
diagrams) for oxygen and
nitrogen molecules

Figure 4.19 Lewis
structures (electron dot
diagrams) for a selection
of simple covalent
compounds

Formation of covalent bonds

4.2.2 Describe how the covalent bond is formed as a result of electron sharing.

Using Lewis structures to describe the formation of covalent bonds

In a single bond, each atom contributes one electron to the shared pair of electrons. Through the
sharing of a pair of electrons, each atom now achieves the configuration of a noble gas. When two
or more atoms are joined by covalent bonds, the particle or chemical species that results is known
as a molecule. Covalent compounds are composed of molecules and each molecule is a group of
bonded atoms held together by covalent bonds. Covalent bonds are usually formed between non-
metallic elements.

A diatomic molecule is a molecule that consists of two identical atoms joined together by
covalent bonds. For example, hydrogen gas exists as diatomic molecules, H;. The structure of a
hydrogen molecule, H;, can be shown by using a Lewis (electron dot diagram) structure (Figure
4.16). A pair of electrons can be represented by dots, crosses, a combination of dots and crosses or
by a line. Many chemists prefer to use a combination of dots and crosses so that it is clear which
atom contributed the electrons.

H:H H:H H:H H—H

Lewis structures (electron dot diagrams} are shown in Figure 4.17 for the chlorine molecule,
Cl;. Note that the lone (unshared) pairs of electrons must be represented and that CI—Cl is not a
Lewis structure since it does not display the lone pairs of the two chlorine atoms. Lewis structures
only include the outer or valence electrons since these are the electrons involved in bonding.

sCIZCIZ 3CIiCIS

aF XX s o9

IKXIKK
=
«ClLCl%

HE MM

IcI—Cl|

In the case of the elements oxygen and nitrogen, two and three pairs of electrons respectively
must be shared between the two atoms of their molecules to achieve a stable noble gas electron
arrangement. The oxygen molecule has a double bond and the nitrogen molecule has a triple

bond (Figure 4.18).
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Electron dot diagrams may also be drawn for molecules of compounds. Figure 4.19 gives the
electron dot diagrams for hydrogen chloride, methane, water, ammonia, ethane, ethene and
carbon dioxide molecules, All the diagrams represent molecules in which the bonded atoms have
achieved the electron arrangement of a noble gas.

H H H P L 1] .
9 #x ax H o 5{”1\ « H
H3 GigH H,C:C:H H
E X E b
H i, H ammonig, NH;
methane, CH, ethane, C.H, {one lone pair on nitrogen)
“0" Ak % ss
H, « .H Ht 'l 0.C.0, S IMEH
] X ] b ® e
+Ge Cy
H" “ "H water, H,O carbon dioxide, CO, tydrogen chloride, HCI
(2 lore pairs (2 lone paira (3 lone pairs on chloring)
ethene, C.H, on axygen) on each oxygen)
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Lewis structures (electron dot diagrams) may also be drawn to show the formation of ions in

ionic compounds (Figure 4.20).
Figure 4.20 Lewis x T+ [ ee]- o S |
structures (electron dot |:L,<' :| |} f- =:| |:"‘ T? "‘:| |:' ?-;;| |:" Ef "‘:|
diagrams) for lithium
flucride, LiF, and sodium lithiurm flucride L sodiumeulide —— |
sulfide, Na,5
The only difference between Lewis structures (electron dot diagrams) of polyatomic ions
(Figure 4.21) and molecules is that with ions you must consider the charge when counting
valence electrons. Since electrons are negative, ions with a negative charge have extra electrons
(sometimes denoted by a square); ions with a positive charge are short of electrons. A number of
polyatomic ions have dative bonds, where both electrons in the covalent bond are donated by one
of the two atoms that form the bond.

x%_ | = x - 0% &
Figure 4.21 Lewis |:H :ﬂ=j| |:=C §M=:| sxex
structures (electron o x o+ .+C.+ +
dot diagrams) for the hydroxide ion cyanide ion il g
hydroxide, cyanide and it

carbonate ions

Lewis structures may also be drawn with dots and crosses including Venn diagrams (Figure
4.22). This approach is used for complicated molecules, as it allows an easy check to be made of

exactly which bonds the electrons are in.

H H H
xe e 4 £ XX
L 1] [ § ]
Figure 4.22 Lewis HX C § € §H e FX P 3 H § 0 ¥ 0O =%
structures including Venn e - ee il b - -
diagrams for the ethane, e 3
phosphorus triflucride H H ¢ f_ y, H
and hydrogen peroxide
molecules ethane phosphorus trifluoride hydrogen peroxide

History of Chemistry

Valency is a measure of the number of chemical bonds formed
b',r the atoms of a given element. The concept of valern:?, or
‘combining power’, originated with the English chemist Edward
Frankland (1825-1899). The concept of valency is usually 4
applied to the formation of molecules (Figure 4.23) by non- '
metallic elements. Common valencies are: carbon, 4; nitrogen,
3; hydrogen, 1 and chlorine, 1. These valencies (Table 4.6) can
be related to the number of electrons in the outer shells of the
elements. For example, nitrogen has five electrons in its outer
shell and hence needs to share three more electrons to gain

an octet. Valency has largely been replaced by the concept of
oxidation number (Chapter 9).

Figure 4.23 Models of molecules of nitrous acid (HONO),
chlorid)) acid, HOC| and hydrogen cyanide, HCN
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Table 4.6 Some common
valencies of selected
alements

B Extension:

XM = = M
xCl x Be x CI%
E. ] oK
beryllium chloride

Figure 4.24 Lewis
diagram of the
beryllium chloride
molecule

:F_I « Al

it t S

alurninium trichloride

Figure 4.25 Lewis
diagram of the
aluminium trichloride
maolecule

Figure 4.26 Lewis
structures (electron

dot diagrams} of sulfur
hexaflucride, SF;,
phosphorus pentaflucride,
FFs and PCl; .

Group
;12 3 4 5 7
, | Li |Be H B|C|N|O
1| 2 1 3 |« | 2 |Z |3
3 |Na (Mg Al [Si | P |S |d
3 ol - 3 | 4 |35 246 1
g 4 | K|C|Sc|Ti |V |C |Mn|Fe|Co|Ni|Cu|Zn Br
1 |2 |3 |4 345(36 (24723 2 | 2 |12] 2 1
s |Rb | Sr Ag Sn |
1 | 2 1 2,4 1
6 | Cs | Ba Pb
1] 2 2,4

Molecules that do not obey the octet rule

There are a number of molecules that do not obey the octet rule. There are three types of
exceptions:

= molecules in which a central atom has an inccmplete octet

s molecules in which a central atom has an expanded octet

= molecules with an odd number of electrons.

Incomplete octet

In the l::eri,rllium chloride molecule {BECIZ( g] }, the ber',rllium atom has Gnl',.r four electrons in its
valence shell (Figure 4.24). The molecule is described as electron deficient.

Another example of an electron-deficient molecule is aluminium trichloride, AICl;. The
aluminium atom has only six electrons in its valence shell (Figure 4.25).

Expanded octet

Molecules with an expanded octet have a central atom which has more than eight electrons

in its valence shell (Figure 4.26). Examples are phosphorus pentafluoride, PF; (Chapter 13)
and sulfur hexafluoride, SFg (Chapter 14). In phosphorus pentafluoride, there are five covalent
bonds (that is, 10 electrons around the phosphorus atom) and in sulfur hexafluoride, SFg, there

are six covalent bonds (that is, 12 electrons around the sulfur atom).

'll. o .li- =
aFa ® s+Cle

E e e R Cl'e ** Tl

. s o *xF e 2 F2 sy *a®
S Xy ¥ P oo g%

-‘-F '+ -’Pﬁ. Fig '+ .+ T :&'I-F -.c].

-" s} "i‘ :-F"" +FI . 1."": l'-'
I3 S ol

sulfur hexafluoride phoephorus pentaflucride phosphorus hexachloride ion
8k, PF. PCI~

The outer shells of the elements phosphotus and sulfur in period 3 of the periodic table can
hold up to 18 electrons. The elements in period 2 do not form compounds with more than

eight electrons in the outer shell because the second shell can only hold up to eight electrons.
Hence, nitrogen trifluoride, NF;, is a stable species but nitrogen pentafluoride, NF;, is unknown.
However, phosphorus trifluoride, PF;, and phosphorus pentafluoride, PF;, are both stable

mﬂlecules.
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nitrogen monoxide
L ]

+ % l+-
fos *\0"
nitrogen dioxide

Figure 4.27 Lewis
structures (electron dot
diagrams) of nitrogen
monoxide and nitrogen
dioxide molecules
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carbon monoxide

Figure 4.28 Lewis
structure for the carbon
monoxide molecule, CO

l-.I:: +1-|
tF: B« N H
. +
F. “H

boron trifuoride
ammonia

Figure 4.29 Lewis
structure for the boron
trifluoride ammaonia,
BF;.NH; molecule

Figure 4.30 Formation
of the a ammonium and
b tetrafluoroborate ions;

¢ structure of the
nitrate ion

Odd electron molecules

In most stable molecules, the number of electrons is even and complete pairing of electrons
occurs. However, a small number of molecules and ions contain an odd number of valence
electrons. Most odd electron molecules have a central atom from an odd-numbered group, such
as nitrogen and chlorine. Nitrogen monoxide, *NO, and nitrogen dioxide, *NO,, are examples
of odd electron molecules (Figure 4.27). The oxy-chlorine radical *OCI is an intermediate
formed during the destruction of ozone by chlorofluorocarbons (Chapter 25). Molecules and
ions with an unpaired electron are known as free radicals; their existence can be explained by
the molecular orbital (MO) theory of bonding (Chapter 14). Both molecules exist as resonance
hybrids of two Lewis structures.

Coordinate (dative) bonding

In some molecules and polyatomic ions, both electrons to be shared come from the same atom.
The covalent bond formed is known as a coordinate or dative covalent bond. In Lewis structures
(electron dot diagrams), a coordinate or dative bond is often denoted by an arrow pointing from
the atom which donates the lone pair to the atom which receives it.

For example, the carbon monoxide molecule, CO (Figure 4.28), contains one dative bond.
Once formed, the dative bond is indistinguishable from the other two single covalent bonds.

Dative bonding may also be found in molecular addition compounds (or adducts), such as
boron trifluoride ammonia, BF;.NH, (Figure 4.29).

The boron atom in boron trifluoride has only six electrons in its outer shell and so can accept
an additional two electrons to fill the shell and obey the octet rule. The nitrogen atom on
the ammonia molecule donates its lone pair of electrons to form the dative bond between the
nitrogen and the boron atom.

The formation of dative bonds between a pair of reacting chemical species is the basis of a
theory of acidity known as Lewis theory (Chapter 8). Dative bonds are also involved in the
formation of transition metal complex ions (Chapter 13). Dative bond formation is often part of
organic reaction mechanisms (Chapter 20). Aqueous solutions of acids contain the oxonium ion,
H,0%, a datively bonded species (Chapter 8).

Dative bonding is also present in some common polyatomic ions. Three examples are shown in
Figure 4.30. Ammonia and hydrogen chloride react together rapidly to form ammonium chloride.
This is a white ionic solid with the formula NH,Cl [NH,* Cl]. When a fluoride ion shares a lone
pair with the boron atom in boron trifluoride, a tetrafluoroborate ion, BF,, is formed. In the
nitrate ion, NO;~, the nitrogen atom achieves an octet by forming a dative bond with one of the
OoXygen atoms.

y H [ H +
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o (from HCI) -
H - H
b F r F -
ks e = i s
F:B + +Fs — FiB=<' F:| tetraflucroborate ion
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B Extension:

1 electron in

Bonding and electron orbitals

The Lewis model (electron dot model) is a very useful but simplistic approach to chemical
bonding. However, a deeper understanding of chemical bonding and chemical reactions is
obtained if atomic orbitals are considered (Chapter 12). Covalent bonds are formed when
orbitals overlap to form molecular orbitals (Chapter 14). In hydrogen the two 1s atomic orbitals
overlap and merge to form a G (sigma) bond (Figure 4.31). All single bonds are ¢ bonds. The
second bond of a double bond, known as a 7t (pi) bond (Figure 4.32), is formed by the sideways
overlap of p orbitals. The t bond is weaker than the single bond. This explains why ethene,
which has a carbon—carbon double bond, is relativeli,r reactive {Chapter 20).

1 electron in

a 1a orbital a 1s orbital o bond a bond n bond
@ O H H H H
H H C C B C C
H SH H H
O )
H, \ . /
p orbitale

Figure 4.31 The formation of a covalent bond Figure 4.32 The formation of the first bond (o bond) and
by the overlap of 1s atomic orbitals the second bond (x bend) in the ethene molecule

Worked example

Drawing Lewis structures for molecules and ions
4.2.3 Deduce the Lewis {electron dot) structures of molecules and ions for up to four electron pairs on each atom.

In general the fc:llc:wing steps are followed when writing Lewis structures for molecules and ions:

m Calculate the total number of valence electrons for all the atoms in the molecule or ion. The
number of valence electrons is deduced from its group in the periodic table.

s Arrange all the atoms surrounding the central atom by using a pair of electrons per bond. The
central atom is most often the