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2.3 Shapes of molecules and ions
Shapes of ionic compounds
Although both ionic and covalent bonding depend on electrostatic attraction to hold particles
together, ionic bonding is very different from covalent bonding in that it is non-directional. The
ions in an ionic compound attract ions with the opposite charge no matter what direction they
are in. The structure of ionic compounds is simply the arrangement of ions in a lattice which
maximises the attractive forces between oppositely charged ions and minimises the repulsion
between similarly charged ions.

Shapes of covalent compounds
In contrast, covalent bonds are highly directional. Covalent compounds have a very definite
shape, in which the three-dimensional relationship between the atoms is constant. Electronpair repulsion theory can be used to interpret and predict the shapes of molecules.

1 VALENCE SHELL ELECTRON PAIR REPULSION THEORY (VSEPR)
The electron-pair repulsion theory is based on the repulsion of electron pairs in the outermost
shell of the central atom. The theory says that electron pairs in the outer shell of atoms and
ions repel each other and get as far as possible. The electron pairs repel each other to the
position of minimum repulsion which is also the position of the maximum separation. This
separation is otherwise known as a bond angle.
Bond angle: A bond angle is the angle between two covalent bonds in a molecule or giant
covalent structure.
The shape of a molecule or ion is caused by repulsion between the pairs of electrons, both
bond pairs and lone pairs, which surround the central atom.

2 PREDICTING THE SHAPES OF MOLECULES
Molecules with single bonds only
•
•

Count the number of bond pairs around the central atom. This is equal to the number of
bonds formed by the central atom.
Count the number of lone pairs on the central atom.
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Add these numbers together to get the total number of electrons pairs.
The shape depends on the position of the atoms around the central atom.
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Molecules and ions with multiple bonds
The shape of a covalent molecule with one or more double or triple bonds is determined by the
number of σ-bonds and lone pairs. Stereochemically, a double/triple bond is equivalent to a
single bond because they are between the same two atoms.

Shapes of molecules
•

Species with no lone pairs of electrons

Two σ-bond pairs: The two electron pairs repel each other to a position of minimum repulsion
(maximum separation and so take up a linear arrangement. The bond angle is 180°.
Three σ-bond pairs: The position of minimum repulsion caused by three pairs of electrons is a
planar triangle around the central atom, with bond angles of 120°. This arrangement is called
trigonal planar.
Four σ-bond pairs: The electron pairs are in a three-dimensional tetrahedral shape arrangement,
the internal angle of which is 109.5°.
Five σ-bond pairs: The position of maximum separation is a planar triangle with one atom
above and one below the plane. This shape is called trigonal bipyramidal. The bond angles are
90° and 120°.
Six σ-bond pairs: Six electron pairs repel and take up an octahedral arrangement with 90° bond
angles between the bonding atoms and the central atom.
•

Species with lone pairs of electrons

VSEPRà lone pair-lone pair > lone pair-bond pair > bond pair-bond pair
This is because lone pairs of electrons are located closer to nucleus.
Two σ-bond pairs and one lone pair: There are total of three electron pairs. The three electron
pairs are in a trigonal planar arrangement. However, the shape of the molecule is described by
the position of the atoms around the central atom. The molecule is said to be V-shaped or bent
with a bond angle of <120°.
Three σ-bond pairs and one lone pair: The four pairs of electrons are arranged tetrahedrally
around the central atom. However, the name of the shape is determined by the position of the
atoms. The shape is pyramidal. The repulsion between the lone pair and the bond pairs is
greater than the repulsion between bond pairs. This is because the electron density in a lone
pair is greater than that in a bond pair. This forces the bonds closer and reduces the bond angle
from 109.5° to 107°.
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Two σ-bond pairs and two lone pair: The four pairs of electrons are arranged tetrahedrally.
However, there are only two atoms bonded to the central atom, the molecule is V-shaped or
bent. The repulsion between the two lone pairs is greater than that between the bond pairs, so
the tetrahedral angle is further compressed to 104.5°.
Total
number of
electron
pairs

Number
of
bonding
pairs

Number
of lone
pairs

Arrangement of
electron pairs
(lone pairs in
red)

Shape of the
molecule

Bond angle

Examples

Summary: -> Work out the number of σ-bonds and lone pairs of electrons around the central
atom. This gives the arrangement. -> The shape of the molecule is this arrangement, modified
by any lone pairs. Repulsion of the bond pairs by any lone pairs reduced the bond angle.
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3 BOND LENGTH
X-ray diffraction studies enable chemists to investigate structures and to measure bond lengths
in covalent substances in the solid phase.
Bond length: Bond length is defined as the distance between the nuclei of two bonded atoms in
a molecule.
Bond length depends both on the size of the atoms involved and the number of electron pairs
shared. Larger atoms form longer bonds because larger atoms have more electrons which
shield the nuclei and reduce the attraction for the electron cloud.
Single bonds are longer than double bonds, which are longer than triple bonds. The nuclei can
remain closer together if the shared electron cloud contains more electrons to overcome the
repulsion of the nuclei. Note: The strength of a bond varies intensely with its length. A short
bond is stronger with a greater bond energy.

4 ALLOTROPES OF CARBON
Carbon can exist in different solid forms. These solid forms of carbon are known called
allotropes. Allotropes are different forms of the same element in the same physical state.

Diamond
In diamond, each carbon atom has four σ-bonds to four other carbon atoms, in a giant threedimensional tetrahedral arrangement. Diamond has an extremely high melting temperature
because each carbon atom is covalently bonded to four others. Millions of strong covalent
bonds have to be broken to melt it. Diamond is used in jewellery and cutters.

Graphite
Graphite has a layered structure. Each carbon atom is bonded to three others by σ-bonds,
forming interlocking hexagonal rings. The fourth electron is in a p-orbital, which forms a
delocalised cloud above and below the plane of the rings. The planar rings are weakly bonded
to ones above and below the plane of the rings, so they can slide over each other easily. The
delocalised electrons are the reason why graphite conducts electricity when solid.

Fullerenes
Fullerenes are fundamentally different from diamond and graphite because they are molecular
forms of carbon, rather than infinite giant covalent structures. Fullerenes have formulae like C32,
C50 and C240. C60 is called buckminsterfullerene. Fullerenes are black solids which are insoluble in
various solvents because of their molecular structure. C60 is therefore used in mascara and
printing ink.
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The bonding at each carbon atom in fullerenes resembles that in graphite. Three of the outer
shell electrons are combined in covalent bonds with other atoms, while the fourth electron is
delocalised over the whole molecule. Fullerenes, however, are insulators because delocalised
electrons cannot move between molecules. Metals in Groups 1 and 2 can react with C60 to form
superconducting systems which have zero resistance at low temperatures.

Carbon nanotubes
Chemists are now able to produce fullerenes in the form of tubes called carbon nanotubes.
These nanotubes are not only the narrowest tubes ever made, but also the strongest and
toughest weight for weight. These carbon nanotubes have enormous potential in diverse
applications, from the replacement of graphite fibres in golf clubs and fishing rods to their use
in medicine as vehicles for carrying drugs into specific body cells.

2.4 Intermediate bonding and bond polarity
1 ELECTRONEGATIVITY
Electronegativity is the ability of an atom to attract the bonding electrons in a covalent bond. In
a covalent bond between two atoms of the same element, the average position of the bonding
electrons is exactly halfway between the centres of the two atoms. This is because the bonding
atoms obviously have equal electronegativies.
When two covalently bonded elements have
different electronegativities, partial positive (δ+)
and partial negative (δ-) charges are present and
the bond is said to be polar. The bonding electrons
are drawn towards the more electronegative
element, making it δ-. The less electronegative
element becomes δ+.
This graph shows that ionic and covalent bonds are the ends of a continuum stretching from
purely ionic, to polar covalent and finally to pure (non-polar) covalent. An approximation can be
used to predict the type of bonding.
•
•
•

An electronegativity difference of more than 1.5 results in predominantly ionic bond.
A difference of less than this, results in a polar covalent bond and no difference results
in a non-polar covalent bond.
Polar covalent bonds can be regarded as being between two ideals.
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The Pauling scale
The Pauling scale of electronegativity is a relative scale which runs from 0 to 4 with fluorine
being the most electronegative element. The higher the number, the higher the
electronegativity.

Trends
•

•

Electronegativity increases across a period. The nuclear charge increases but the
number of shielding electrons remains constant, so the attraction for the shared
electron pair increases.
Electronegativity decreases down a group. Although the nuclear charge increases, there
is an increase in the number of shielding electrons and the shared electron pair is
further from the nucleus so is attracted less strongly.

2 SHAPE AND POLARITY
Polar molecules contain polar bonds which do not cancel each other out, so that the whole
molecule is polar. There are, however, molecules with polar bonds that are not polar overall.
For instance, CH3Cl is a polar molecule because the polarity of the C – Cl bond is not cancelled
out, whereas CCl4 molecule is not polar because the polarities of the four C – Cl bonds cancel
since the molecule is symmetrical.
Polar molecules are little electrical dipoles – they have a positive electric pole and a negative
electric pole. These two poles of opposite charge in a molecule are called dipoles. Dipoles tend
to line up in an electric field. The bigger the dipole, the bigger the twisting effect – or dipole
moment – on a molecule in an electric field.
Dipole moment is a measure of the overall polarity of a molecule. Mathematically, it is the
product of the magnitude of the charge multiplied by the distance between the charges. Where
a molecule has several polar bonds, the overall dipole moment is the vector addition of the
individual bond dipole moments, taking into account both their size and direction.

Predicting whether a substance is polar
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2.5 Intermolecular forces
1 INTERMOLECULAR FORCES
The covalent bonds linking the atoms in the molecules (intramolecular forces) are relatively
strong. Intermolecular forces are weak attractive forces which may exist between covalently
bonded molecules. These are of three types:
•
•
•

Permanent dipole forces exist between polar molecules.
Instantaneous induced dipole (London) forces exist between all molecules.
Hydrogen bonds exist between a δ+ hydrogen atom in one molecule and the lone pair of
electrons on a δ- oxygen, nitrogen and fluorine atom in another molecule.

Permanent dipole-dipole forces
Ø Polar molecules have a permanent dipole.
Ø Molecules with a permanent dipole can attract neighbouring molecules.
Ø The dipoles line up so that δ+ end of the molecule is next to the δ- end of another molecule.

Instantaneous induced dipole – induced dipole forces
Instantaneous induced dipole – induced dipole forces are normally called London forces.
London forces are the intermolecular forces that exist between all molecules. They arise from
the attractions between temporary instantaneous dipoles and fleeting dipoles they induce in
neighbouring molecules. When non-polar atoms meet, there are fleeting repulsions and
attractions between the nuclei of atoms and the surrounding clouds of electrons. Temporary
displacements lead to temporary dipoles. These temporary dipoles can induce dipoles in
neighbouring molecules.
The size of the London forces in a substance depends on the size of the electron clouds of the
particles that are interacting. Large electron clouds can easily be deformed because the
attraction on the outer electrons is weaker. This favours the existence of an instantaneous
dipole.

Hydrogen bonding
Hydrogen bond: A strong intermolecular force between a δ+ hydrogen atom covalently bonded
to fluorine, oxygen or nitrogen and a lone pair of electrons on the δ- fluorine, oxygen or
nitrogen (H-FON) of a nearby molecule.
Hydrogen bonding is an extreme type of dipole-dipole attraction between molecules. Hydrogen
bonding affects molecules in which hydrogen is covalently bonded to one of the three highly
electronegative elements (FON). The highly electronegative atom attracts electrons strongly
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away from hydrogen so the covalent bond between them is extremely polar and the hydrogen
atom is extremely electron-deficient or δ+. The H bonding then results between this δ+ H atom
and a lone pair of electrons on the δ- FON atom of a nearby molecule. According to VSEPR
theory, the bond angle between the covalent bond to the hydrogen and H bond is 180°.
Formation of hydrogen bonds
Hydrogen bonds form because of the special nature of the hydrogen atom, which has no inner
shell of electrons. As a result, the nucleus of the hydrogen atom in these molecules is left
unusually exposed by the shift in electron density within the bond, making it accessible for
strong permanent dipole – permanent dipole interactions to occur. This happens when the lone
pair of electrons in a molecule is attracted to the positive rump of the hydrogen.
Hydrogen bonding accounts for:
Ø The relatively high boiling temperatures of hydrides such as water and ammonia
Ø The solubility of simple alcohols in water

2 PHYSICAL PROPERTIES IN RELATION TO INTERMOLECULAR FORCES
Intermolecular forces are relatively weak forces of attraction between molecules, therefore
they do not influence the chemical properties of molecules, however, they affect the physical
properties of molecules greatly.
•

Increasing chain length and melting and boiling temperatures of alkanes

The melting and boiling temperatures of the alkanes increase as chain length increases. The
intermolecular forces are weak. They are induced dipole – induced dipole forces. However,
despite being weak they are important because they hold together the particles in organic
liquids and solids. These forces become larger as the length of the molecules increases because
there are more places where these forces can operate.
•

The effect of branching on the melting and boiling temperatures of alkanes

In very general terms, branching of the molecule lowers the boiling temperature, because the
side chains interfere with the packing together of molecules and reduce the formation of weak
intermolecular forces between induced dipoles.
•

Low volatility of alcohols compared to alkanes with a similar number of electrons

Volatility is a measure of how easily molecules escape from a liquid. A volatile liquid loses
molecules from the surface very easily so it will have a low boiling temperature.
In alkanes, the intermolecular forces are weak forces between induced dipoles. These are also
present in alcohols, however, alcohols can also form hydrogen bonds between its molecules.
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These form because an electronegative oxygen atom is bonded to a hydrogen atom, and this
positively polarized hydrogen attracts an oxygen in another molecule.
•

Trends in boiling temperatures of the hydrogen halides

You might expect a gradual increase in boiling
temperatures from hydrogen fluoride to hydrogen
iodide because of the increasing size and mass of the
molecules leading to increased London forces. This is
the case from hydrogen bromide to hydrogen iodide
but the boiling temperature of hydrogen chloride is
higher than expected and that of hydrogen fluoride
is very much higher. Hydrogen fluoride has
intermolecular hydrogen bonds. These are much
stronger than the London and dipole – dipole forces that exist between molecules of the other
group 7 hydrogen halides. HF has all the three types of intermolecular forces so its boiling
temperature is much higher.

3 SOLUBILITY
•
•

For a substance to dissolve, the solute particles must be separated from each other and
the individual solute particles become surrounded by solvent particles.
The forces between solute and solvent must be strong enough to overcome the solventsolvent and solute-solute forces.

Water is an excellent solvent and is therefore regarded as universal solvent and other solvents
are called non-aqueous solvents.

Patterns in solubility
•

•

•

Highly polar solids dissolve in water but
not in non-polar solvents such as
hexane.
Polar organic substances dissolve in
water but not in non-polar organic
solvents.

•
•
•

Non-polar solids do not dissolve in
water but dissolve in non-polar solvents.
Non-polar liquids are miscible.
Polar liquids are miscible.
A polar liquid and a non-polar liquid are
immiscible.

Dissolving an ionic solid in water
Many ionic solids dissolve in water. The energy required to
separate the ions in the solid is compensated for by the energy
released by the hydration of the ions.
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Hydration: The process where water molecules rearrange themselves around ions in solution.
•
•

The positive cations are surrounded by the δ- oxygen atoms of water molecules.
The negative anions are surrounded by the δ+ hydrogen atoms.

Hydration energy: Energy released when 1 mole of gaseous ions are dissolved in excess water.

The solubility of alcohols in water
Alcohols are soluble in water because they have polar –OH groups that can hydrogen-bond to
the –OH groups in water molecules. The solubility of alcohols in water decreases with
increasing carbon chain length of the alcohol. This is because a smaller proportion of the
molecule is polar.

The insolubility of compounds that cannot form hydrogen bonds with water
If a substance cannot form hydrogen bonds with water, it is likely to be insoluble whether or
not the molecule is polar. The forces between solute molecules are much weaker than the
hydrogen bonds between water molecules. Such solute molecules are unable to disrupt the
water structure. Even compounds such as halogenoalkanes which have polar molecules cannot
disrupt the water structure. There is insufficient polar character to disrupt the hydrogenbonded water structure.

Solubility in non-aqueous solvents
This depends on the similarities between the intermolecular forces of the solvent and the
solute. Thus, non-polar solvents tend to dissolve non-polar solutes and polar solvents dissolve
polar solutes. For liquids to mix, they should form permanent dipole-dipole interactions with
each other if they are polar and London forces if they are non-polar.
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2.6 Redox
1 OXIDATION AND REDUCTION
At first sight, chemistry appears to be a huge collection of reactions. To bring order out of this
chaos, chemical reactions are categorised. One such category includes oxidation, together with
its opposite reduction. Neither oxidation nor reduction can take place on its own. They both
take place in a redox reaction. Redox reactions involve electron transfer.
Oxidation occurs when a species loses one or more electrons. (OIL)
Reduction occurs when a species gains one or more electrons. (RIG)
In a redox reaction one, substance is oxidised and another is reduced. The substance which is
oxidised is the reducing agent (reductant) and the substance which is reduced is the oxidising
agent (oxidant).

The charges on common ions

2 OXIDATION NUMBERS
Redox reactions can also be described in terms of the oxidation numbers of the elements
concerned. Oxidation originally meant combination with oxygen, but the term now covers all
reactions in which atoms, molecules or ions lose electrons. The definition is extended to cover
molecules, as well as atoms and ions, by defining oxidation as a change which makes the
oxidation number of an element more positive, or less negative. Reduction originally meant
removal of oxygen or addition of hydrogen, but the term now covers all reactions in which
atoms, molecules or ions gain electrons. The definition extended to cover all molecules, as well
as atoms and ions, by defining reduction as a change which makes the oxidation number of an
element more negative, or less positive.
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Oxidation numbers and electron density
Oxidation numbers provide a way of following shifts in electron density. We first need to assign
oxidation numbers to the elements in the molecules involved. In doing this, we assign an
oxidation number of 0 to uncombined elements.
•

We assign oxidation numbers to elements in covalent compounds so that the oxidation
number of an atom is the charge it would have if the electrons in each of its bonds
belonged to the more electronegative element.

Example: The electrons in the O – H bond are not equally shared, because oxygen is more
electronegative than hydrogen. So during this reaction,
2H2 (g) + O2 (g) à 2H2O
the electron density around the atoms changes. The bond pair in water is assigned to the
oxygen atom. In this way, in water the hydrogen atoms are treated as though they had lost an
electron and the oxygen atom is treated as though it had gained two electrons. The oxidation
number of hydrogen in water is therefore +1, while that of oxygen is -2.

3 THE RULES FOR ASSIGNING OXIDATION NUMBERS
•
•
•
•
•
•
•

•

The oxidation number of any uncombined element is 0.
The oxidation number of an uncombined ion is the same as its charge.
The sum of all the oxidation numbers in a molecule is zero.
Fluorine always has an oxidation number of -1, since is the most electronegative
element.
Hydrogen always has an oxidation number of +1, except when in metal hydrides (when
its oxidation number is -1).
Oxygen always has an oxidation number of -2, except in peroxides (when it has an
oxidation number of -1), and when it combines with fluorine (when it is positive).
Chlorine always has an
oxidation number of -1,
except with oxygen and
fluorine when it is
positive.
Group 1 elements
always have an
oxidation number +1,
group 2 always have +2
and group 3 always
have +3.
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4 CHANGES IN OXIDATION NUMBERS
Oxidation occurs when the oxidation number of an element increases.
Reduction occurs when the oxidation number of an element decreases.

Using oxidation number in naming compounds
Oxidation numbers are very useful tool for naming compounds. Some elements can exist with
more than one oxidation number, so there might be some confusion if we don’t use their
oxidation number in their names.
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5 DISPROPORTIONATION REACTIONS
Disproportionation is a redox reaction in which an element in a single species is simultaneously
oxidised and reduced. In such reactions, some of the element is oxidised while the rest of it is
reduced. To be involved in a disproportionation reaction, an element must have at least three
oxidation states – the initial one, one higher and one lower. One example is the decomposition
of hydrogen peroxide to oxygen and water.

Half of the oxygen in hydrogen peroxide is reduced from -1 to the -2 state in water, while the
other half is oxidised from the -1 to the 0 state in oxygen gas.
Reactions of this kind are important in the chemistry of halogens.

6 HALF-EQUATIONS
Oxidation reactions can be written as half-equations, which show the loss of electrons from a
single species and its oxidation product.
E.g: Zn (s) à Zn2+ + 2eReduction reactions can also be written as half-equations. When zinc is added to dilute
hydrochloric acid, hydrogen ions are reduced to hydrogen. The half-equation is:
E.g: 2H+ (aq) + 2e- à H2 (g)
Half-equations can be combined to give overall equation for the reaction.

7 BALANCING REDOX EQUATIONS USING HALF-EQUATIONS
Step 1: Write down the given information about the half-equations, then balance the atoms
being oxidised or reduced.
Step 2: Balance the hydrogen and oxygen atoms by adding H2O and/or H+ (in acid solution).
Step 3: Balance the electric charges by adding electrons.
Step 4: If necessary, multiply one half-equation so that the numbers of electrons in each are the
same, then add them, cancelling the electrons.
Step 5: If necessary, simplify the equation by cancelling molecules or ions that appear on both
sides of the equation.
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8 SOME USEFUL HALF-EQUATIONS
Common oxidising agents
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2.7 The periodic table – groups 2 and 7
1-) Properties down group 2
1 TRENDS IN GROUP 2

Ionisation Energy
The first ionisation energy is the energy required to remove one electron from each of one
mole of gaseous atoms. The first ionisation energy depends on:
•
•
•

The atomic radius
The effective nuclear charge
The shielding produced by inner electrons

In group 2, the trend is for less energy being required to remove electrons as the group is
descended. The extra number of protons is compensated for by the equivalent number of extra
inner shielding electrons (the effective nuclear charge is the same), but the outer s electrons
become further from the nucleus (greater atomic radius), making it easier to remove them.
In the same period, the first ionisation energy of the group 2 metal is larger than that of the
equivalent group 1 metal. This is because the group 2 atom has a smaller radius than the group
1 atom (same shielding, greater nuclear charge = greater effective nuclear charge).

2 REACTIONS OF THE GROUP 2 METALS
•
•

In all their compounds, the group 2 metals are in the 2+ oxidation state.
Apart from beryllium, they are all metals and react to form positive ions of charge 2+.
Their reactivity increases down the group because the sum of the first and second
ionisation energies decreases down the group, making it easier to remove the two outer
electrons. M à M2+ + 2e-
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Reaction with oxygen
Apart from beryllium, the Group 2 metals burn in oxygen on
heating to form white, ionic oxides. The general equation shows
the reaction:
2M(s) + O2(g) à 2MO(s)

Reaction with chlorine
All the metals, including beryllium, react with chlorine on heating to form white chlorides:
M(s) + Cl2(g) à MCl2(s)
Again the reactivity increases down the group, although this is not as clearly seen as in the
reaction with oxygen.

Reaction with water
The Group 2 metals react with water to form oxides or hydroxides. The reactivity increases
down the group.

Note: Beryllium is not a typical Group 2 element. The small size of the beryllium ion means that
it has a much higher polarising power than other Group 2 ions. The polarising power of the ions
of a metal determine to a large extent the type of bonding between the element and nonmetals and hence the chemical characteristics of the compounds.

3 REACTIONS OF THE GROUP 2 OXIDES AND HYDROXIDES
Group 2 oxides and hydroxides are not found naturally but the elements are usually found as
carbonates which decompose on heating to form the oxide.
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Reactions of the Group 2 oxides
Ø With water
• Beryllium oxide does not react with water.
• Magnesium oxide reacts only slightly.
• When cold water is added to calcium oxide, the mixture swells, and a fizzing sound is
heard and considerable amount of energy and water vapour are released.
• Strontium oxide and barium oxide react in a similar way to calcium oxide.
•

With dilute acid

The oxides of the group 2 metals are bases. Therefore, they react with acids to form salts and
water with a general equation:
MO(s) + 2H+(aq) à M2+(aq) + H2O(l)
Group 2 metal oxides react with dilute hydrochloric acid to form a chloride salt and water only.
Similarly, they react with dilute nitric acid to form a nitrate salt and water only.
Note: Beryllium oxide is amphoteric. This means that it reacts both as a base and as an acid.
As an acid: BeO(s) + 2H+(aq) à Be2+(aq) + H2O(l)
As a base: BeO(s) + 2OH-+ H2O(l) (aq) à Be(OH)42-(aq)

Reactions of the Group 2 hydroxides with dilute acid
The hydroxides of the group 2 metals are bases. Therefore, they react with acids to form salts
and water with a general equation:
M(OH)2(s) + 2H+(aq) à M2+(aq) + 2H2O(l)

4 SOLUBILITY COMPOUNDS OF GROUP 2 ELEMENTS
There are a few general trends in solubility in the compounds of Group 2 metals. All the Group
2 metal nitrates are soluble, and so are the metal chlorides.

Group 2 Hydroxides
The solubility of group 2 hydroxides increases down the group.
•
•
•

Magnesium hydroxide is very slightly soluble.
Calcium hydroxide is slightly soluble.
Strontium and barium hydroxides are more soluble.
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Group 2 Sulfates
•
•
•
•

Magnesium sulfate is very soluble.
Calcium sulfate is slightly soluble.
Strontium sulfate is very slightly soluble.
Barium sulfate is insoluble.

By comparison, the group 1 metals produce hydroxides, sulfates, chlorides, nitrates and
carbonates that are soluble in water. Because Group 2 compounds are more likely to contain 2+
and 2- ions, they are more likely to have higher lattice energies. Although hydration enthalpies
of Group 2 ions are generally larger, this does not compensate for the higher lattice energies.
Note: Barium ions in solution are highly poisonous, however, barium sulfate is so insoluble that
it passes unaffected through the alimentary canal. This has led to its use in hospitals as barium
meals since they show up really well on X-rays. Barium sulfate is so insoluble that when dilute
sulphuric acid is added to a piece of barium metal, the reaction stops almost at once. A layer of
insoluble barium sulfate forms on the surface of the metal which terminates the reaction.
Note: There is no simple explanation for the solubility of alkaline earth metal compounds down
the group. If negative ion is small (oxide and hydroxide), then its compounds of the metal with
the smallest ions are least soluble. If the negative ion is relatively large (sulfates and
carbonates), then the metal compounds of the metal with the largest ions are least soluble. In
other words, the rule of thumb is that these compounds tend to be insoluble if both ions are
small, or both ions are big.

5 THERMAL STABILITY OF THE NITRATES AND CARBONATES (GROUP 1&2)
Thermal stability is an indication of the ease with which compounds decompose on heating.
Compounds are stable if they do not tend to decompose into their elements or into other
compounds. Thermal stabilities depend on two factors:
•
•

The charge on the metal ions
The size of the metal ions

Thermal stability depends upon the polarising power of the cation, which is determined by its
charge density. The larger the charge and the smaller the radius, the greater its charge density.
Compounds containing cations that strongly polarise the anion are more easily decomposed
than those with less polarising cations.
This means that, in both group 1 and 2, the ease of decomposition decreases down the group.
This is because the ionic radius increases down the group, reducing the polarising power of the
cation.
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The ions of the group 2 elements have a charge of 2+, compared with a charge of 1+ for the
group 1 elements. The group 2 ions also have a smaller ionic radius than the group 1 ions.
Therefore, group 2 cations are considerably more polarising than group 1 cations and so group
2 compounds are less stable to heat and decompose more easily.

Nitrates
Ø Thermal stability of Group 1 nitrates
All group 1 nitrates decompose on strong heating. However, lithium nitrate decomposes in a
different way.
4LiNO3 à 2Li2O + 4NO2 + O2
•
•

The small radius of the lithium ion causes it to have a high charge density, which
polarises the O – N bonds in the nitrate ion sufficiently to break them and form an O2-.
The other group 1 cations are too large to polarise to this extent. Therefore, on heating,
their nitrates give nitrites and oxygen gas.

2NaNO3 à 2NaNO2 + O2
Ø Thermal stability of Group 2 nitrates
The nitrate ion in a Group 2 nitrate is sufficiently polarised by the 2+ cation to result in thermal
decomposition by the same pathway as lithium nitrate.
On heating, Group 2 nitrates decompose to the metal oxide, nitrogen dioxide and oxygen. The
temperature at which thermal decomposition occurs is lowest for beryllium nitrate and highest
for barium nitrate.

Carbonates
Ø Thermal stability of Group 1 carbonates
Only lithium carbonate decomposes when heated. This is because the Li+ cation is very small
and polarises the O – C bond in the CO32- ion sufficiently for it to break and form an O2- ion:
Li2CO3 à Li2O + CO2
The other group 1 cations have larger radii. Therefore, their polarising power is not sufficient to
cause decomposition of the anhydrous carbonates.
Ø Thermal stability of Group 2 carbonates
All the Group 2 carbonates decompose on heating. The ease of decomposition decreases from
Mg to Ba. Barium carbonate requires very strong heating before it is decomposed.
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6 FLAME TEST
• First the compound has to be converted into a chloride because
chlorides are more volatile than other types of compound.
• Take a platinum wire.
• Check that it is clean by dipping the wire in some concentrated
hydrochloric acid on a watch glass and then placing it in the hottest
part of a Bunsen flame. The flame should not be coloured.
• Once again, dip the wire in concentrated hydrochloric acid and
then into some of the solid under test.
• Place this in the hottest part of the flame and observe the
colour of the flame.
• The colour of the flame identifies the cation present.

Explanation of flame colour
The flame colour is the result of the emission of coloured light. The heat energy of the flame is
absorbed and promotes an electron into an excited state. This means that the electron is not in
the lowest available orbital, but in a higher one. This excited state is not stable, so the electron
drops down to the ground state. The energy released is given off in the form of visible light. The
gaps between the energy levels in different cations are not the same, so the amount of energy,
and hence the colour of the light emitted, varies from element to element.

7 VOLUMETRIC ANALYSIS
The most accurate to find the concentration of an unknown solution in the lab is by carrying out
volumetric analysis.

Principles of volumetric analysis
In volumetric analysis you can find the accurate volumes or concentrations of reacting solutions.
The common method of volumetric analysis is called titration. In this method, the
concentration of an unknown solution can be found by reacting it with a standard solution.
Standard solution is one whose concentration is known and does not change with time.
Titration à If the volumes of two solutions which exactly react with each other are measured,
the concentration of one can be calculated if the concentration of the other one is known. One
solution is dropped onto another using a burette until an indicator indicates that neutralisation
has taken place. This is the end-point of the titration.
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Uncertainties
Every time an analyst carries out titration, there is some uncertainty in the result. These
uncertainties reduce the accuracy of the final result. Accuracy of data is determined by how
close a measured quantity is to the correct value.
Random errors in titrations
Every time an analyst carries out a titration, there are small differences in the results.
Unavoidable random errors arise in judging when the bottom of the meniscus is level with the
graduation on a pipette, in judging the colour change at the end-point and when taking the
reading from a burette scale. If these errors are small, then the results will be precise.
Measurements are precise if repeat measurements have values that are close together.
Systematic errors in titrations
Systematic errors mean that the results differ from the true value by the same amount each
time. Bias arises from systematic errors which affect all the measurements in the same way,
making them all higher or lower than the true value. Systematic errors do not average out.
Systematic errors can be allowed for by calibrating the measuring instruments.

Titration calculations
The following relationship is used in calculations:
8: × <: ':
=
8= × <= '=

2-) Inorganic chemistry of group 7
1 PHYSICAL PROPERTIES OF HALOGENS
The elements in group 7 are called halogens, which is derived from the Greek of salt maker.
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The melting and boiling temperatures of the halogens increase from fluorine to iodine. This is
because the number of electrons in the molecules increase causing the strength of the London
intermolecular forces to increase.

Colour of solutions
•
•

•

Chlorine and bromine are fairly soluble in water. Chlorine water is pale green and bromine
water is orange. They give the same colour in organic solvents.
Iodine is only very slightly soluble in water. Solutions are pale brown, unless potassium
iodide is present, in which case the solution is deep brown-red. This colour is due to the I3ion:
I2(aq) + I-(aq) à I3-(aq)
In organic solvents, they give purple colour.
All the halogens are more soluble in inert organic solvents than in water. This means that if
hexane is added to an aqueous solution containing a halogen, the coloured halogen is
concentrated in the organic layer.

2 OXIDATION REACTIONS OF THE HALOGENS
The halogens are all oxidising agents. The reactions of halogens show a clear trend in their
reactivity as oxidising agents down the group. Fluorine is the most powerful oxidising agent and
iodine the least powerful and iodine even sometimes acts as a powerful reducing agent (e.g KI).
Halogen atoms are highly electronegative, although the electronegativity decreases down the
group. They form ionic compounds or compounds with polar bonding.

Reactions of halogens with metals
The halogens react strongly with all of the more electropositive elements to form halides.
Halogen is in the -1 oxidation state in the halide.

Reactions of halogens with non-metals
In reaction with the non-metals, the halogens usually achieve a noble gas configuration through
covalent bonding.
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Reactions of halogens with iron(ll) chloride solution
When a halogen is added to pale green iron(II) chloride solution, the halogen oxidises the green
iron (II) ions to brown iron(II) ions, eg;

Note: Iodine is such a weak oxidising agent that it cannot oxidise iron(II) compounds. Iodide
ions would instead reduce iron(III) ions.

3 REACTIONS OF HALOGENS AND HALIDES
Disproportionation
With chlorine, bromine and iodine, the products of the reaction with alkali solutions depend on
the temperature at which it takes place.
•

In cold alkali, a mixture of halide, X- and halate(I), XO- ions is formed:

Example:
The reaction between chlorine and cold dilute sodium hydroxide solution is:
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NaClO (sometimes written as NaOCl) is sodium chlorate(I). The old name for this is sodium
hypochlorite - and the solution on the right-hand side of the equation is what is normally sold
as bleach.
Think about this in terms of oxidation states. Checking all the oxidation states shows:

One atom has been reduced because its oxidation state has fallen. The other has been oxidised.
This is a good example of a disproportionation reaction. A disproportionation reaction is one in
which a single substance is both oxidised and reduced.
•

In hot alkali, a mixture of halide, X- and halate(V), XO3- ions is formed:
3X2 + 6OH- à 5X- + XO3- + H2O

Example:
The reaction between chlorine and hot concentrated sodium hydroxide solution is:

The unfamiliar product this time is sodium chlorate(V) - NaClO3.
As before, check the oxidation states of everything in the equation. Once again, you will find
that the only thing to have changed is the chlorine. It goes from 0 in the chlorine molecules on
the left-hand side to -1 (in the NaCl) and +5 (in the NaClO3).
This is also a disproportionation reaction.

Reaction of hydrogen halides with water
The hydrogen halides are all soluble in water. This is because they react with the water to form
ions:
HCl(g) + H2O(l) à H3O+(aq) + Cl- (aq)
The solutions are acidic because H3O+ ions are formed.
The HX bond is broken by the water. This bond breaking requires energy – it is endothermic.
The energy is regained by the formation of dative covalent bond between oxygen in a water
molecule and a hydrogen ion, H+, to form the H3O+ ion. Hydrogen iodide is the strongest acid of
the hydrogen halides because the H – I bond is the weakest, so the removal of a hydrogen ion
from hydrogen iodide by water is a favourable reaction.
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Reaction of hydrogen halides with ammonia
Ammonia is a base and, therefore, reacts with the hydrogen halides. When gaseous hydrogen
chloride reacts with gaseous ammonia, white fumes of solid ammonium chloride are formed:
HCl(g) + NH3(g) à NH4Cl(s)
The same observation is made with the other hydrogen halides. This reaction is used to test for
gaseous HCl, HBr or HI, but it does not distinguish between them.

Reaction of potassium halides with halogens
The potassium halides indicate the oxidising powers of the halogens. Halogen displacement
reactions using potassium halides illustrate the increasing strength of oxidising power of the
halogen going up the group.

Reaction of halides with concentrated sulfuric acid
When concentrated sulfuric acid is added to potassium halides, the hydrogen halide is formed
first.
KCl(s) + H2SO4(aq) à HCl(g) + KHSO4(s)
The hydrogen halide produced might then reduce the concentrated acid.
•

•

With chlorides, steamy fumes of hydrogen chloride are produced. These turn blue litmus
red because hydrogen chloride is an acidic gas and give white fumes with gaseous ammonia.
The hydrogen chloride is not further oxidised by the concentrated sulfuric acid.
With bromides, steamy fumes of hydrogen bromide are produced together with some
orange gaseous bromine. Sulfur dioxide is also produced but it is not visible because it is a
colourless gas. The equations for the reaction with potassium bromide are:

KBr + H2SO4 à KBr + KHSO4
2HBr + H2SO4 à Br2 + SO2+ 2H2O
• With iodides, some or no steamy fumes of hydrogen iodide are
formed, but the most obvious observation is a cloud of violet
iodine vapour, mixed with some yellow sulfur. There is a smell of
rotten eggs because hydrogen sulfide is also produced:
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KI + H2SO4 à KI + KHSO4
6KI + H2SO4 à 3I2 + S + 4H2O
8KI + H2SO4 à 3I2 + S + 4H2O

These reactions of halide ions with sulfuric acid show that there is a trend in the strength of the
halide ions as reducing agents. The trend in the power of the halide ions to act as reducing
agents is I- > Br- > Cl-.
•

Chlorine is the strongest oxidising agent of these halogens, so it has the greatest tendency
to form negative ions. Conversely, chloride ions are reluctant to give up their electrons and
turn back into chlorine molecules. So the chloride ion is the weakest reducing agent.

• Iodine is the weakest oxidising agent, so it has the least tendency to form negative ions.
Conversely, the iodide ion is the strongest reducing agent, being most ready to give up
electrons and turn back into iodine molecules.

Silver halides
To test a substance to see if it contains chloride, bromide or iodide ions, the substance is
dissolved in water, acidified with dilute nitric acid, and then silver nitrate solution is added. A
precipitate of silver halide forms, and from its colour it is possible to identify the halide.
The effect of sunlight on the precipitate or addition of ammonia solution to the precipitate can
then be used to confirm the result.
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4 IODINE/THIOSULFATE TITRATION
In addition to acid-base titrations, another type of titration is a redox titration, in which the
reaction is not a neutralisation but a redox reaction. A common example is the reaction of
iodine and thiosulfate ions, which is carried out in similar way to acid-base titrations.

Finding the purity of potassium iodate(V)
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5 PROPERTIES OF FLUORINE AND ASTATINE
The trends in the physical and chemical properties of halogens are used to predict the
properties of fluorine and astatine.
•

•

Fluorine is a pale yellow gas consisting of diatomic molecules. It reacts explosively with
hydrogen under all conditions. It reacts with metals and non-metals. It is more reactive than
chlorine.
Astatine is intensely radioactive. The most stable isotope has a half-life of only 8.3 hours. It
is found only very rarely in certain uranium deposits and has no known significance outside
the research laboratory.

2.8 Kinetics
1 RATE OF REACTIONS
The rate of a reaction is the speed with which reactants disappear and products form for a
particular reaction. The study of rates of reaction is important because it helps chemists to
control reactions both in the laboratory and on a large scale in industry. The study of reaction
rates is called chemical kinetics which is important in many other fields.
The rate of reaction is found by measuring the rate of formation or removal of a reactant. The
usual procedure for finding the rate is to measure some property of a reaction mixture and to
see how this property varies with time.
,*6( "$ ,(*86+"' =

8ℎ*'1( +' 8"'8('6,*6+"'
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There are a number of ways in which the rate of a reaction can be determined.

Experimental methods to determine reaction rates
Production of a gas: Either measure the volume produced at different times collected over
water or in a gas syringe or the time to produce a fixed volume of gas. This is a suitable method
for most of the gas-producing reactions, such as the decomposition of hydrogen peroxide.
à Clock reactions: In a clock reaction, the reactants are mixed and the time taken to produce a
fixed amount of product is measured. This gives the initial rate of the reaction.
Production of a solid: The time taken to produce enough solid to hide a cross on a piece of
paper under the reaction apparatus or on the side of the apparatus can be measured. This
method is used to measure the decomposition of sodium thiosulfate by acid.
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Loss of mass: Measure the mass of the total reaction mixture as the reaction progresses, and
see how quickly it decreases. This is suitable when considering the rate of reaction between
calcium carbonate and hydrochloric acid, because as carbon dioxide escapes, mass decreases.
Colour change: The change in colour of either a reactant or a product is measured using a
colorimeter. A reaction that can be studied in this way is the reaction between iodine and
propanone. The decrease in the intensity of the colour of iodine can be measured with a
colorimeter as a function of time.
Conductivity: It involves measuring the conductivity changes in a reaction mixture over time.
These reflect the changes in the ions present in the solution.

Factors that influence the rate of reactions
•
•
•
•
•

Concentration
Pressure
Temperature
Surface area
Catalyst

2 COLLISION THEORY
The explanation of rates of reaction is based upon collision theory. According to this theory, for
reactions to proceed:
•
•

•

The molecules must collide. The rate of a reaction depends on the frequency of collision.
A collision will only be successful if the colliding molecules have kinetic energy equal to
or greater than the activation energy. A fast reaction has a great proportion of
successful collisions.
The molecules must collide with the correct orientation. In a reaction involving complex
molecules, fewer collisions will have the correct orientation than in a reaction between
simpler molecules.

Activation energy
The activation
energy in a reaction,
Ea, is the minimum
kinetic energy that
the colliding
molecules must
possess for the
collision to result in reaction.
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3 MAXWELL – BOLTZMANN DISTRIBUTION OF MOLECULAR ENERGIES
The Maxwell - Boltzmann distribution shows the spread of molecular kinetic energies for a gas
at a particular temperature. It shows that there is a wide spread of molecular energies and so
the molecules are moving at different speeds.

4 FACTORS AFFECTING REACTION RATES
Concentration
For reactions in solution, an increase in concentration causes an increase in reaction rate. The
frequency of collisions between solute molecules in solutions of greater concentration is
greater than that of lower concentration. The average kinetic energy is independent of the
concentration, so as the collision frequency is higher, the frequency of successful collisions is
also higher, so the reaction rate is faster.

Pressure
For gaseous reactions, an increase in pressure, at constant temperature, results in an increase
in reaction rate. Pressure can be increased at a given temperature by:
•
•

Reducing the volume of the container
Pumping more reactant gas into the container

The average kinetic energy of the particles remains the same, so the same proportion of
collisions will result in reaction. However, as there are more collisions per second, the rate
increases.
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Surface area
An increase in the surface area of reactants leads to an increase in the rate of the reaction. For
any reaction to happen, the particles of the reactants must be brought into contact with each
other. If the reactants are in the same phase their particles can intermingle freely, giving them
the maximum opportunity to react together. A homogeneous reaction is one that takes place in
a single phase.
A heterogeneous reaction is one in which the reactants are in two phases. In such reactions, if
one of the reactants is solid then the reacting particles can only meet at the surface of the solid.
If the surface area of the solid can be increased, then the rate will be increased.

Temperature
Collision theory says that particles have to collide with
a certain energy for a reaction to take place. If the
temperature is raised, the average kinetic energy of the
particles is increased. This means that more collisions
will have sufficient energy to result in a reaction, and so
the reaction will be faster at a higher temperature.

Catalyst
A catalyst speeds up a reaction by providing an alternative
path with a lower activation energy. Lowering the
activation energy increases the proportion of molecules
with enough energy to react, however, it does not alter the
average kinetic energy of the molecules.
A catalyst changes the mechanism of a reaction and makes a reaction more productive by
increasing the yield of the desired product and reducing waste. One of the ways in which a
catalyst can change the mechanism of a reaction is to combine with the reactants to form an
intermediate. The intermediate is a stage in the transition from reactants to products. It breaks
down to give the products and the catalyst is released. This frees the catalyst to interact with
further reactant molecules and the reaction continues.

Reaction profile diagrams
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Key terms
-A transition state: is the state of reacting atoms, molecules or ions when they are at the top of
the activation energy barrier for a reaction step.
-A reaction profile: is a graph which shows how the total enthalpy of the atoms, molecules or
ions changes during progress of a reaction from reactants to products.

2.9 Chemical Equilibria
1 DYNAMIC EQUILIBRIUM
Many reactions are equilibria because they are reversible – their reactants and products exist
together, rather than going to completion with all the reactants turning readily to products.
Position of equilibrium is the extent to which a reaction has moved to completion. Many of the
equilibria are dynamic.
Dynamic equilibrium: A situation with a reversible reaction where the rate of the forward
reaction is equal to the rate of the reverse reaction so there are no apparent changes in
concentration of reactants and products.
Another way of describing a dynamic equilibrium is to say that it has constant macroscopic
properties while at the same time microscopic processes.
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2 EFFECT OF CHANGING IN CONDITIONS ON POSITION OF EQUILIBRIUM
Predicting the direction of change
The position of equilibrium is not fixed for a reaction, but changes as you change the reaction
conditions. Le Chatelier’s principle is a qualitative guide to the effect of changes in
concentration, pressure or temperature on a system at equilibrium. The principle states that:
•

Whenever a system which is in dynamic equilibrium is disturbed, it tends to respond in
such a way as to oppose the disturbance and so restore equilibrium.

Three main factors affect the position of equilibrium or the ratio of reactants:products in the
equilibrium mixture:
•
•
•

Temperature
Pressure
Concentration

Temperature
Forward reaction à Exothermic
If you increase the temperature, the equilibrium responds to oppose the change – so to oppose
the rise in temperature, the reaction moves to the left (the endothermic direction), resulting in
less product and more reactants in the equilibrium mixture.
Forward reaction à Endothermic
The opposite is true. Increasing the temperature drives the reaction further to the right,
resulting in more products and less reactants in the mixture.

Pressure
This applies only to reactions involving gases. An increase in pressure drives the equilibrium to
the side with fewer gas molecules. If there is equal number of molecules on both sides, then
pressure does not have an effect on the equilibrium.

Concentration
This applies mainly to equilibrium reactions in solution. Increasing the concentration of the
reactants will drive the reaction to the right. Conversely, increasing the concentration of the
product drives the reaction to the left.
Example: Extraction of methane from methane hydrate
There are huge amounts of methane hydrate in ice structures deep in the oceans.
methane hydrate (s) ⇌ methane (g) + water (l)
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The forward reaction is endothermic.
According to Le Chatelier’s principle, if the Earth’s temperature rises, the equilibrium will move
to the right to oppose this change, releasing more methane into the atmosphere. It has been
suggested that the sudden release of large amounts of methane gas from methane hydrate
deposits could be a cause of past and future climate change.

3 SIMPLE EXPERIMENTS INVOLVING REVERSIBLE REACTIONS
Nitrogen dioxide and dinitrogen tetroxide – a steady state

This example shows how a dynamic equilibrium is established in a chemical process.
Concentrations change fairly rapidly at first, and then reach steady values. At this point the rate
of conversion of reactants into products exactly equals the rate of conversion of products into
reactants, and we have a steady state.

Iodine(I) chloride and iodine(III) chloride
If chlorine gas is passed through a U-tube containing solid iodine, a brown liquid, iodine(I)
chloride, ICl is formed with a brown vapour above it. The reaction is exothermic. If more
chlorine gas is passed through the U-tube a yellow solid, iodine(III) chloride, ICl3 is formed:
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2.10 Organic chemistry
1-) Alcohols
1 THE ALCOHOLS
Alcohols are extremely important organic compounds in industry.
This is because they are good solvents and also make suitable raw
materials for converting to other compounds.

The alcohol functional group
Alcohols have an alkyl group, which can be represented by R, along
with an – OH or hydroxyl functional group:
R–O–H
The naming of alcohols is relatively simple – the name of alkyl
group containing the largest number of carbon atoms is used with
the suffix –ol. A number may be used in front of the –ol to indicate
which carbon atom it is attached to.

Types of alcohols
Alcohols have one of three types of structure – they may be
primary, secondary or tertiary.
• Primary alcohols have the general structure RCH2OH. This
means there are two hydrogen atoms attracted to the carbon
joined to the –OH group.
• Secondary alcohols have two alkyl groups and one
hydrogen atom attracted to the carbon that is joined to the –OH
group, giving them the general structure RR1CHOH.
• Tertiary alcohols have three alkyl groups and no hydrogen
atoms attached to the carbon that is joined to the –OH group, so
they have the general structure RR1R2COH.

Combustion of alcohols
Alcohols burn in a plentiful supply of air or oxygen to produce carbon dioxide and water vapour
and release energy. Bioethanol is being produced by fermentation of plant material in large
quantities to be used as a motor fuel.
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Reaction with sodium
Sodium is less dense than water so it floats on water and reacts over the surface to produce
sodium hydroxide and release hydrogen gas. The water is acting as an acid and donating a
proton, H+. When a similar piece of sodium is put in ethanol it sinks – sodium is denser than
ethanol. A steady stream of hydrogen is then produced. A solution of sodium ethoxide is
formed with the evolution of heat. These two reactions are very similar, with ethanol acting as
an acid to. Since the latter reaction is less vigorous it is reasonable to assume that ethanol is a
weaker acid than water.

Substitution reactions to form halogenoalkanes
Alcohols react with phosphorus(V) chloride, PCl5 to produce a chloroalkane and hydrogen
chloride gas.

This reaction is used as a qualitative test for the presence of the –OH group – if you add
phosphorus(V) chloride to an unknown liquid, the evolution of hydrogen chloride gas is
evidence for the presence of the –OH group.

Oxidation of alcohols
Oxidation reactions of alcohols involve the interaction of both the carbon skeleton and the –OH
functional group. These are very useful for finding out whether an alcohol is primary, secondary
or tertiary because they give different reactions with common oxidising agents.
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Extracting the products of oxidation of alcohols (Distillation and Reflux)

2-) Halogenoalkanes
1 THE HALOGENOALKANES
Halogenoalkanes are a family of chemicals that are found relatively rarely in the natural world.
A halogenoalkane has a hydrocarbon skeleton with a halogen functional group. It is formed
when a halogen atom replaces a hydrogen atom in a hydrocarbon molecule. The properties of
an organic halogen are affected by three things:
•
•
•

The type of hydrocarbon skeleton
The halogen or halogens attached
The position of the halogen in the molecule

Changing the position of a halogen atom within a halogenoalkane makes a great difference to
the properties of the molecule.
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•

•

•

Primary halogenoalkanes have two
hydrogen atoms bonded to the carbon
atom carrying the halogen.
Secondary halogenoalkanes have one
hydrogen atom bonded to the carbon atom
carrying the halogen. The halogen-carrying
carbon is bonded to two other carbon
atoms.
Tertiary halogenoalkanes have no hydrogen
atoms bonded to the carbon carrying the
halogen. This carbon atom is bonded to
three other carbon atoms.

2 PHYSICAL PROPERTIES OF HALOGENOALKANES
Chloromethane, bromoethane and chloroethane are gases at room temperature. Iodomethane
and the rest of the homologous series are liquid. The boiling temperatures of halogenoalkanes
are higher than those of alkanes, primarily because halogenoalkanes contain more electrons
and so have stronger London forces. In addition, because the molecules are polar, there are
permanent dipole-dipole forces between the molecules which strengthen the intermolecular
forces and so increase the boiling temperature.
Even though they are polar molecules, they are insoluble in water because they cannot form
hydrogen bonds.

3 REACTIONS OF THE HALOGENOALKANES
The chemistry of the halogenoalkanes is largely based on two factors:
•
•

Which halogen atom is present
The position of the carbon-halogen bond within the molecule

Organic halogen compounds undergo substitution reactions, and also to a lesser extent
elimination reactions. These substitution reactions are nucleophilic.

Reaction with the hydroxide group (aqueous alkali)
This is a substitution reaction in which the –OH group substitutes for the halogen giving an
alcohol and a hydrogen halide.
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Chloroalkanes are expected to react more readily with hydroxyl groups because the C-Cl bond is
more polarised than C-Br and C-I bonds as a result of the greater electronegativity of the
chlorine atom. In fact, opposite is the case. This is because of the greater strength of the C-Cl
bond compared with C-Br and C-I bonds.
This makes the chloroalkanes less reactive
than bromoalkanes or iodoalkanes.
It is the bond strength that is the determining factor in the rate of reaction of the
halogenoalkanes rather than the bond polarity.

Reaction with alcoholic potassium hydroxide
Potassium hydroxide dissolves in ethanol as well as in water. Aqueous solutions and alcoholic
solutions give different products.
With alcoholic KOH:

Reaction with alcoholic ammonia
Ammonia acts as a nucleophile because of the lone pair of electrons on its nitrogen atom. This
means that it can easily replace a halogen atom in a halogenoalkane:

Reaction with water containing dissolved silver nitrate
A hydrolysis reaction occurs and the hydroxyl group substitutes the halogen producing an
alcohol and a hydrogen halide. Silver nitrate in water exists as ions and silver ions react with
halide ions to give insoluble precipitates with different colours unique to different halide ions.
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4 USES OF HALOGENOALKANES
more expensive than the Halon
extinguishers.

Refrigerants
Refrigerants are liquids which circulate
inside a refrigerator. A good refrigerant
should be a liquid that:
•

•
•

•

Anaesthesia
Surgery is impossible when working on a
conscious patient anaesthetised only by
alcohol and held down by straps. The
history of anaesthesia began with the
discovery of ethoxyethane as an
anaesthetic. Ethoxyethane is an effective
anaesthetic but it is highly flammable. Then
nitrous oxide was used for surgery and it
was not flammable or toxic but produced
only a very little anaesthesia. The superior
anaesthetic trichloromethane (chloroform)
was then discovered.

Changes state from gas to liquid and
back a temperature below the
temperature of the refrigerator
Has a high enthalpy of vaporisation
Has a moderate density in liquid form
and a relatively high density in vapour
form
Is not toxic, flammable or corrosive

Scientists developed chlorofluorocarbons
(CFCs) which meet all the criteria. CFCs are
compounds containing both C-F and C-Cl
bonds and based around methane and
ethane.

Fire retardants

Chloroform was found to cause liver
damage, so it is no longer used. The risks
outweigh the benefits and better
compounds have been developed.

Halogenoalkanes used to be used as fire
retardants in some types of fire extinguisher.
For example, they were used around
electrical equipment. The two problems
associated with this type of extinguisher
were:

Demand grew for compounds that could be
inhaled easily and that produced deep sleep
yet were non-toxic and non-flammable.
Chemists realised two important features of
organic compounds which helped them to
develop new anaesthesia:

•

•

•

It contributed to the depletion of the
ozone layer and so had to be replaced
following the Montreal Protocol.
Because of the narcotic effects of the
gas people sometimes stole the fire
extinguishers to inhale the gas.

These Halon-type fire extinguishers have
now been replaced by extinguishers
containing liquid carbon dioxide. Carbon
dioxide fire extinguishers are heavier and
Hasan Sayginel

•

HS

The substitution of chlorine atom into a
molecule of the alkane family results in
a compound with anaesthetic properties.
Increasing the number of chlorine
atoms in the compound increased the
depth of anaesthesia given, but also
made it more toxic.
Carbon-fluoride bonds are very stable
and so their presence in a compound
leads to non-flammable, non-toxic and
unreactive properties.
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5 THE EFFECT OF THE CARBON SKELETON ON REACTIVITY
The reaction rates of primary, secondary and tertiary halogenoalkanes differ. For example, you
could compare the reactivity of these compounds:
•
•

•

The tertiary halogenoalkane produces a precipitate
almost instantly.
The secondary halogenoalkane gives a slight
precipitate after a few seconds. The precipitate
thickens up with time.
The primary halogenoalkane may take considerably
longer to produce a precipitate.

The different reactivity of the halogenoalkanes reflects the change in the way that the halide
ion is produced as you go from primary to secondary to tertiary halogenoalkanes and is
explained in terms on reaction mechanisms.

2.11 Mechanisms
1 CLASSIFYING REACTIONS
Reactions are classified into the following:

Addition reactions
In an addition two or more substances react to form a single product only. Organic reactants
with double and triple bonds undergo this type of reaction where they produce a double bond
or a single bond.
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Elimination reactions
An elimination reaction is an organic reaction in which a small molecule is removed from a
larger molecule leaving a double bond in the larger molecule. Dehydration of alcohols are
examples of elimination reactions.

Condensation reactions
A condensation reaction involves an addition reaction followed by an elimination reaction. As a
result, two reactants combine to form a larger molecule with the elimination of a small
molecule such as water or hydrogen chloride. An example is the formation of an ester from a
carboxylic acid and an alcohol:

Substitution reactions
In a substitution reaction one atom or group of atoms is replaced by another atom or group of
atoms. For example,

Oxidation and reduction reactions
An example of an organic redox reaction is the conversion of a secondary alcohol to a ketone:

The alcohol is oxidised by an oxidising agent such as acidified potassium dichromate(VI). The
orange dichromate ion, Cr2O72- is reduced to dark green chromium(III), Cr3+.

Hydrolysis reactions
A hydrolysis reaction is the splitting up of a molecule by reaction with water. Organic
compounds are often refluxed with water to bring about the reaction. This is normally a small
process but is faster if a dilute nitric acid or alkali solution is used.

Polymerisation reactions
A polymerisation reaction involves the joining of small molecules together into a long chain.
There are two types of polymerisation. These are namely addition polymerisation and
condensation polymerisation.
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Addition polymerisation: A polymerisation reaction where double bonds in alkene monomer
units break and the molecules add on to each other giving the polymer as the only product.
There is a single monomer.
Condensation polymerisation: In condensation polymerisation two different monomers join
with the elimination of a small molecule such as water or hydrogen chloride.

2 BOND BREAKING
When a bond is broken during a chemical reaction there are two types in which the electrons
may be shared out leading to homolytic and heterolytic fission.

Homolytic fission
In homolytic fission bond is broken homolytically so that both X and Y take a single unpaired
electron.

and
are referred to as free radicals and a dot represents an unpaired electron. If X and Y
contain more than one atom, the dot is placed close to the atom with the unpaired electron.
Free radical: Atom or molecule with an unpaired electron.
Free radicals are extremely reactive and as a result short lived. They tend to react to gain an
electron from another species so that they no longer have an unpaired electron, and this
produces another free radical from the other species.

Heterolytic fission
In heterolytic fission bond is broken heterolytically so that both electrons go to one atom (X).

In this case, X has a negative charge. An organic ion like this is called a carbanion and a positive
organic ion such as Y is called a carbocation.
The curly arrow notation shown here is useful when depicting reaction mechanisms. The fullheaded arrow shows the movement of a pair of electrons, while half-arrow heads show single
electrons moving in homolytic fission.
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3 CLASSIFYING REAGENTS
When thinking about how organic reactions take place, chemists devise a reaction mechanism.
A reaction often occurs in stages and involves species classified as electrophiles, nucleophiles or
free radicals.
An electrophile is an atom that is attracted to an electron-rich centre, or an atom where it
accepts a pair of electrons to form a new covalent bond. Electrophiles either have a positive
charge or are electron deficient.
A nucleophile is an atom that is attracted to an electron-deficient centre, or an atom where it
donates a pair of electrons to form a new covalent bond. Nucleophiles either have a negative
charge or are electron-rich, having a lone pair of electrons.
Whether a centre in a molecule is likely to be electron rich or deficient will depend on the
polarity in bonds within the molecule.

4 MECHANISMS AND THE PHARMACEUTICAL INDUSTRY
Knowing the exact way in which a drug works can be of help to chemists synthesising new
compounds. Understanding reaction mechanism of one drug can often suggest the chemical
groupings which could be introduced into another molecule to improve the pharmaceutical
action and set in motion the development of a new medicine.
Determining the reaction mechanism of a number of drugs has enabled scientists to develop
computer programmes which can model new molecules and predict how they will interact with
compounds in the human body or in the structure of disease-causing microbes. So
understanding reaction mechanisms is helping us develop better drugs.

5 BOND TYPE AND REACTION MECHANISM
The nature of bond present in a compound will determine what type of mechanism takes place
in a reaction.
A halogenoalkane, for example, will have a polar bond because of the electronegativity of the
halogen. This leaves the carbon bonded to the halogen with a partial positive charge. This
makes the carbon with the partial positive charge susceptible to nucleophilic attack.
Alkenes have a double bond which has a high electron density. The high electron density
creates a region of higher negative charge and so invites electrophilic attack.
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6 REACTION MECHANISMS
Reaction mechanisms to recall from Unit 1 are:
•
•
•

Free radical substitution of chlorine to methane
The electrophilic addition of bromine and hydrogen bromide to ethane (symmetrical
alkene)
The electrophilic addition of hydrogen bromide to propene (unsymmetrical alkene)

Unsymmetrical alkene: Recall Markovnikov’s Rule:
ü When HX adds across an asymmetric double bond, the major product formed is the
molecule in which hydrogen adds to the carbon atom in the double bond with the
greater number of hydrogen atoms already attached to it.
ü Major product is formed from the most stable carbocation that forms.
In the reaction of propene with hydrogen bromide:
The carbocation leading to the formation of 2-bromopropane is more stable than its alternative
because the two methyl groups donate electron density and stabilise the positive charge. So
the major product is 2-bromopropane, in line with Markovnikov’s rule.

Nucleophilic substitution reactions of halogenoalkanes
Halogens are electronegative and draw electrons away from the carbon atom leaving it with a
partial positive charge. This is susceptible to attack by a nucleophile. There are two different
nucleophilic substitution mechanisms.
Primary halogenoalkanes
•
•
•
•
•
•

The halogen in the halogenoalkane is electronegative so draws the bonding electron pair
towards itself and creating a partial positive charge on the carbon.
The partial positive charge on the carbon invites attack of nucleophiles such as a hydroxide
ion.
The two electrons from the nucleophile (hydroxide ion) form a covalent bond with the
central carbon atom.
The carbon-halogen bond breaks as the two shared electrons in the C-X bond move towards
the halogen atom.
Halogen atom leaves as the halide ion.
The breaking of this bond is an example of heterolytic fission.

The reaction involves two species in the bond breaking step and is designated SN2 because the
reaction is a substitution (S), the attacking reagent is a nucleophile (N) and there are two
species involved in the first step.
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Example: Nucleophilic substitution to 1-iodopropane

Secondary and tertiary halogenoalkanes
With secondary and tertiary halogenoalkanes, the carbon groups around the carbon with the
halogen attached stabilise the ion, allowing the ion to form. Once the ion has been formed the
hydroxide ion can join in place of the halogen. The intermediate formed, the carbocation, is
planar, so the hydroxide ion can arrack from either side.
In these reactions, the slow step is the
breaking off of the halogen and this
involves only the halogenoalkane, that is
one species, and it is designated SN1.

7 CHEMISTRY IN THE OZONE LAYER
Ozone is produced by the action of UV radiation from the Sun acting on oxygen molecules. This
splits oxygen molecules into oxygen free radicals which combine with other oxygen molecules
to form ozone.

Ozone is also found in the lower atmosphere, but here it is produced as a result of air pollution.
However the highest concentration of the ozone in the atmosphere is in the upper atmosphere
and it is this that is known as the ozone layer. Ozone layer absorbs short wavelength ultraviolet
radiation strongly, protecting life at the surface from its harmful effects. Without this layer
there would be more cases of skin cancer and eye cataracts.

Depletion of ozone layer by oxides of nitrogen
Certain man-made substances upset the ozone layer. This includes oxides of nitrogen which are
released from aeroplane engines. Hot engines cause nitrogen and oxygen in the air to react and
give oxides of nitrogen. The nitric oxide, NO, reacts with ozone: NO + O3 à NO2 + O2
The nitrogen(IV) oxide produced then reacts with oxygen radicals to form nitric oxide, which
can then destroy the ozone more: NO2 + O à NO + O2
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2.11 Mass spectra and IR
1 THE MASS SPECTROMETER
The mass spectrometer can be used to identify different isotopes in an element, and to find the
relative atomic mass of an element and the relative molecular mass of a compound. The steps
in the mass spectrometer are as follows:
•
•
•
•
•

Vaporisation
Ionisation (Bombardment with high-energy electrons)
Acceleration (Electric field)
Deflection (Magnetic field)
Detection

Fragmentation of the molecular ion
The ionisation process causes the molecular ion
to be in a high-energy state. Many of these ions
break down into two fragments – a radical and a
positive ion. Various functional groups cause
molecules to break apart in characteristic ways.
Ketones, for example, tend to break up where
the C=O group bonds to one of the alkyl groups.
Only cation fragments are detected by the instrument – anions and radicals are not detected.
Example: - Butane

Mass spectrum
The first thing to look for in a mass spectrum is the peak due to the molecular ion (M+). This is
normally the peak with the highest m/z value. However, sometimes there is a peak with an m/z
value 1 more than that of the molecular ion peak – M + 1 peak. This is caused by the presence
of the carbon-13 isotope.
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The mass spectra of propanal and propanone
Propanal and propanone are functional isomers, that is, they have the same molecular formula,
yet different structural formulae with different functional groups. Propanal is an aldehyde
whereas propanone is a ketone. Although these molecules have the same relative molecular
mass, their mass spectra show differences.

2 INFRARED SPECTROSCOPY
If a substance is irradiated with IR radiation, its molecules will absorb some of this radiation.
This absorbed energy causes the bonds in the molecule to vibrate by either stretching or
bending. Different bonds require different amounts of energy to make them vibrate. The
frequency of the energy required depends on:
•
•
•

The bond strength
The bond length
The mass of each atom involved in the bond

Infrared spectrometer
An infrared spectrometer measures the amount of radiation absorbed. In the double-beam
spectrometer, one beam of IR radiation passes through a solution of the sample dissolved in a
solvent, and the other passes through the pure solvent in a reference cell. The instrument
subtracts the effect of the solvent and reflects the infrared absorption of the substance.
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Organic molecules absorb infra-red light. The reason for this is that the electromagnetic
radiation in the infra-red region causes bonds to vibrate. Each bond vibrates at a particular
frequency and absorbs the light at that frequency. This means that by looking at which
frequencies are absorbed, it is possible to determine which bonds are present. The frequency is
usually expressed as the wavenumber which is the reciprocal of the wavelength in units of cm-1.
Wavenumber is the number of waves in 1 cm. Different functional groups vibrate at different
frequencies:

Note: Hydrogen bonding broadens the absorption peaks of –OH groups in alcohols, and even
more so in carboxylic acids, where the O – H absorption also overlaps with the C –H absorption.

Oxidation of ethanol
Ethanol is a primary alcohol which can be oxidised to first give an aldehyde and then an acid.
Ethanal is the aldehyde and ethanoic acid is the acid.
Ethanol: 1-) Broad O–H peak 2-)
Strong C–H peak at 2950 cm-1. 3) Sharp C–O peak at 1050 cm-1.
Ethanal: Ethanal has no broad
peak at around 3350 cm-1
because it has no O–H group and
hence no hydrogen bonding. It
has major C=O peak at 16801750 cm-1. Peaks of C–H in the
area 2800-3000 cm-1.
Ethanoic acid: Broad peak at 2500-3300 cm-1 (presence of hydrogen bonds). Strong sharp peak
at 1680-1720 cm-1 suggests a C=O group in a carboxylic acid.
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3 INFRARED ABSORPTION
Not all molecules absorb infrared and give an IR spectrum. For a molecule to absorb in the
infrared, the vibration must involve a change in the dipole moment of the molecule. Molecules
with non-polar bonds, such as nitrogen and oxygen do not absorb infrared radiation. This is why
they are not greenhouse gases.

Non-polar molecules
Non-polar molecules that have polar bonds absorb in the infrared. These include carbon dioxide
and methane.
•

Carbon dioxide

The dipoles on carbon dioxide cancel since it is a linear molecule. There are three ways in which
the molecule can vibrate and that interferes with the dipoles.
The symmetrical stretching does not cause
a change in dipole moment and so does
not absorb infrared radiation. The other
two modes cause a change in dipole
moment. Carbon dioxide, therefore,
absorbs IR radiation and is a greenhouse gas.
•

Methane

Methane contains polar bonds, yet the overall molecule is non-polar due to its tetrahedral
shape. Therefore, asymmetrical stretching or bending causes the molecule to have a dipole
moment. Therefore, methane absorbs infrared radiation.

Polar molecules
All polar molecules are infrared active.
•

Water

It absorbs infrared radiation in all its bending and stretching modes. It is the major greenhouse
gas in the atmosphere.
•

Oxides of nitrogen

Nitric oxide is a diatomic polar molecule and nitrogen dioxide is a V-shaped molecule. Therefore,
both oxides absorb infrared radiation and are greenhouse gases.
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2.12 Green chemistry
1 SUSTAINABILITY AT THE CHEMICAL INDUSTRY
Changing to renewable sources
The chemical industry used vast quantities of raw materials. These have become much more
expensive, encouraging the companies to reduce the amounts they use and look for other raw
materials, especially materials that are renewable. The processes in the industry are being
reinvented to make them more sustainable. Research is being on using fossil fuels efficiently
and recycling end-products.
•

Bio oil from wheat

Wheat is converted into a fuel by pyrolysis. In pyrolysis, wheat is heated in absence of oxygen
so that doesn’t burn. Bio oil is obtained which can be used as an alternative to fuel oil made
from crude oil. Other products of this process include char (mostly carbon solids) and a mixture
of gases which can be used as fuels on the factory side.
•

Ethanol from organic waste

Ethanol can be produced by fermentation of plant material. Fermentation with yeast does not
convert all the sugars to ethanol. A genetically modified bacterium converts all sugars into
ethanol. The advantage of using these bacteria to produce ethanol rather than using yeast is
that a wider range of sugars can be processed. This enables biomass waste which would
otherwise be thrown away, such as corn stalks to be used for ethanol production.
Some people oppose cropping plants for ethanol production as those areas could instead be
used to grow food for the increasing world population.
•

Starch

Starch and cellulose can be used raw materials in the chemical industry. The increasing price of
crude oil and the realization that starch is renewable is making starch based products more
acceptable. Starch, for example, can be used to make biodegradable bags. Cellulose has been
used to produce polymers such as acetate (used for fibres in fabrics) and rayon (substitute for
silk). A new polymer of cellulose called lyocell has been invented which is now used in a wide
range of clothing and household textiles. Lyocell is biodegradable and can be recycled.
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Finding alternatives to very hazardous chemicals
This involves replacing dangerous chemicals used in a process with less harmful chemicals
which can do the same job. It includes changing processes so that less risky reagents are used
or less destructive intermediates are formed. It also includes using less damaging solvents for a
process.

Catalysts
A catalyst is used in the chemical industry to speed up the manufacturing process. Using
catalysts allows industries to use lower temperatures and so save energy.
Atom economy is an important concept in the chemical industry as it describes the percentage
of raw material being valued. More efficient catalysts create fewer by-products and so reduce
waste.
*6"5 (8"'"5?(%) =
•

5*-- "$ *6"5- +' 0(-+,(0 ),"0486 × 100%
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Production of ethanoic acid

Ethanoic acid could be produced by oxidation of ethanol, however this has a low atom
economy. A better method is to react methanol with carbon monoxide:
CH3OH + CO àCH3COOH
This process has an atom economy of 100%. There are no waste products.
Initially, cobalt was used as a catalyst for this process. However, this catalyst required a lot of
energy input to achieve and the process can be hazardous at high temperatures. Cobalt was
later replaced with rhodium, which operated at milder condition of lower temperatures and
pressure. Rhodium, however, had some disadvantages.
•
•
•

Rhodium is very expensive.
More water is used in the process.
Rhodium also catalyses side reactions.

Iridium was suggested as an alternative to rhodium. The switch from rhodium to cheaper
iridium allows the use of less water in the reaction mixture and decreases the formation of byproducts, thus increasing the atom economy. Furthermore, this catalyst produces purer
ethanoic acid and so reduces the energy required for the purification.
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Making more efficient use of energy
The chemical industry uses a lot of energy. Energy is used in the factory for:
•
•
•
•
•

Raising the temperature of reactants so that a reaction begins or proceeds
Producing electrical energy for electrolysis
Distillation to separate and purify or concentrate desired products
Heating to dry product material
Waste treatment

Much of the energy used in the chemical comes from the combustion of fossil fuels. Electricity
in particular may come from hydroelectric power or electricity purchased from a supplier. Some
of the electricity may be generated by other renewable sources.
Reducing energy demand
Various methods are used to reduce use of energy for both financial and environmental reasons.
Example:
•

Microwaves in the pharmaceutical industry

Microwaves are used for heating reactions. Using a microwave oven allow a process to end
much quicker. Reactions that would need a heavy metal catalyst can proceed quickly even
without the catalyst. This has environmental benefits of not using a toxic metal. Modern
industrial microwave ovens are much more powerful than domestic microwave ovens.
Microwaves create an electric field which causes polar molecules such as water to swivel round
and line up. The microwave energy is effectively converted into thermal energy. The polar
molecules then heat up the molecules around them.

Reducing waste and pollution of the environment
Today factories are designed and built to be greener – to use fewer finite resources and less
energy and to produce less pollution.
•

Disposing of solid waste

Two ways of dealing with solid waste is by recycling and disposing it to landfill sites. Recycling
saves the Earth’s natural resources and reduces energy requirements. Material that cannot be
recycled has to be disposed of either by incineration or in landfill sites. Incineration produces
carbon dioxide, but also gives out energy which can be used in energy-recovery. Incineration
aims to reduce the production of toxins at the same time. Disposing waste at landfill sites
causes methane to be released because bacteria break down waste. Methane can be burned
and this not only prevents pollution but also generates valuable energy for power supplies.
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•

Disposing of waste water

Water containing pollutants cannot legally be discharged into rivers and streams so it has to
treated.
•

Disposing of waste gases

Industrial waste gases include sulfur dioxide, which can cause acid rain and is also a greenhouse
gas. Acidic gases are removed by reacting the gas mixture with bases such as calcium carbonate.
Carbon dioxide, which is a greenhouse gas is captured by carbon capture.
Carbon capture
One suggestion to solve the problem of rising levels of carbon dioxide in the atmosphere is to
liquefy the gas and pump it into old gas wells. The gas will then be stored where the natural gas
used to be.

2 EFFECTS OF GREENHOUSE GASES AND GLOBAL WARMING
Greenhouse gases are atmospheric gases which reduce the loss of heat by absorbing reflected
IR radiation from the surface of the Earth contributing to the greenhouse effect. The effect of
different greenhouse gases is different.
The relative greenhouse factor compares the effect that different gases have in absorbing
infrared radiation compared with carbon dioxide, which is the most often mentioned
greenhouse gas. The value for carbon dioxide is 1.
Global warming potential (GWP) is a measure of how much a given mass of a greenhouse gas is
estimated to contribute to global warming. It is determined by:
•
•

Their ability to absorb infrared radiation.
Their half-life in the atmosphere – a measure of how long they last in the atmosphere
before reacting and being broken down.

3 ANTHROPOGENIC AND NATURAL CLIMATE CHANGE
Anthropogenic climate change is climate change that is due to the activities of human beings
while natural climate change is due to natural processes occurring on the Earth, such as
dissolving of CO2 in sea water and formation of carbonic acid.
The most significant of the greenhouse gases are CO2, CH4 and dinitrogen oxide (N2O). The
atmosphere naturally contains a certain level of carbon dioxide, but human activity increases
these levels. The effects of human activity are called anthropogenic effects. Such activities
include burning fossil fuels and deforestation. Scientists are able to use computer projections to
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plot the expected climate based on there being no anthropogenic carbon dioxide. When these
projections are compared with plots of global temperatures, they show clearly that it is the
anthropogenic carbon dioxide that is responsible for climate change.
Another method involves comparing relative concentrations of isotopes. When the
temperature falls water molecules containing heavier isotopes will condense faster than normal
water molecules. The relative concentrations of the heavier isotopes in the ice cores can be
used in a model to reconstruct a picture of the local temperature changes.

4 CARBON NEUTRALITY AND CARBON FOOTPRINT
Carbon neutrality
A fuel is carbon neutral if the amount of CO2 absorbed when the raw material is grown, or the
fuel is formed, equals the amount of CO2 produced when it is manufactured and then burned.
For example, trees are carbon neutral. Petrol is definitely not carbon neutral, since microorganisms cannot reform carbon-containing petrol at the same pace as they are being used. So,
the CO2 absorbed cannot be set against the CO2 produced within a reasonable time span. Biofuels, such as bio-ethanol produced from maize are also not carbon neutral. Although the maize
absorbs CO2 when it grows the stages in the production of bio-ethanol require energy. Burning
hydrogen as a fuel should be carbon neutral, since it burns to form only water and no CO2.

Carbon footprint
A carbon footprint is a measure of the impact that human activities have on the environment in
terms of the amount of greenhouse gases produced, measured in unit mass of CO2. A carbon
footprint measures the global warming effect of different greenhouse gases over the same time
span. An alternative definition of a carbon footprint is the total amount of CO2 that results from
the actions of an individual over a period of one year. Although China is the leading country in
terms of CO2 emissions, carbon footprint per capita is low compared to other HICs.
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5 CFCS AND THEIR EFFECT ON THE OZONE LAYER
CFCs do not occur naturally. CFCs persist in the upper atmosphere and destroy the protective
ozone, contributing to holes in the ozone layer. This increases the levels of harmful UV that
reach the Earth’s surface.
Because of their unreactivity, CFCs released into the atmosphere do not decay, and rise to the
upper atmosphere. When they react the ozone layer, two reactions happen:

Notice that the chlorine atom is not used up in this reaction, so one CFC molecule can destroy
literally thousands of ozone molecules.
An international treaty called Montreal Protocol set out plans for a reduction in the use of CFCs.
Many countries have now agreed. The effect of CFCs was not easily proven nor accepted. It was
ratified as evidence built from more and more scientists in different countries and different
fields of science. Politicians have finally begun to realise that action needs to be taken. Science
is changing society again.
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