
 
 

 

 

  



1.1 Formulae, Equations and Amounts 
of Substance 

1.1.1 write and balance equations for unfamiliar reactions when reactants and 

products are specified;  

1.1.2 write balanced equations (full and ionic) for all reactions studied;  

Valency- The combining power of an atom or an ion. For all compounds the valency must be 

determined for each atom or ion in the compound and then this is used to write the formula of the 

compound. 

Group Number Valency 

I 1 
II 2 
III 3 
IV 4 
V 3 
VI 2 
VII 1 
VIII - 

 

Ion Formula Ion Formula 

Sulfate SO4
2- Carbonate CO3

2- 

Nitrate NO3
- Hydrogencarbonate HCO3

- 

Nitrite NO2
- Sulfite SO3

2- 

Hydrogensulfate HSO4
- Hypochlorite OCl- 

Dichromate (VI) Cr2O7
2- Manganate (VII) MnO4

- 

Table 1- Molecular Ions 

There are three types of equations in Chemistry- 

 Molecular Equations- Ca (s) + 2H2O (l) → Ca(OH)2 (aq) + H2 (g) 

o The equation shows that one mole of calcium reacts with two moles of water to 

form one mole of calcium hydroxide and one mole of hydrogen gas. 

 Ionic Equations- Ba2+ (aq) + SO4
2- (aq) → BaSO4 (s) 

o This is an ionic equation showing the formation of a compound from its ions. Here 

one mole of barium ions in solution reacts with one mole of sulfate ions on solution 

to form one mole of barium sulfate, which is precipitated as a solid. 

 Ion-Electron Equations- Li (g) → Li+ (g) + e- 

o This is an ion-electron equation showing the ionisation of a lithium atom. The 

equation shows one mole of gaseous lithium atoms losing one mole of electrons to 

form one mole of lithium ions. This is sometimes called a half-equation.  

 



Balancing Equations-  
 Balancing is necessary in order to represent a reaction in which matter cannot be created or 

destroyed. 

 The equation must contain the same number of each type of atom on each side of the 

equation. 

 If the equation contains charged particles, the overall charge on each side of the equation 

must be the same. 

 



1.1.3 understand the concept of the mole in terms of Avogadro’s number and 

molar mass as the mass of one mole of a substance;  

1.1.4 understand the concept of Avogadro’s number (determination not 

required); 

Avogadro’s Number- the number of atoms in 12.000g of carbon-12. The amount of a substance that 

contains Avogadro’s Number, 6.02 x1023, of particles is called a mole of the substance. 

 

                      

                 
                   

                 
 

 

Percentage Composition-  
 From the formula of a compound, we can calculate the percentage by mass of each of the 

elements within the compound. This can also be applied to water of crystallisation. 

 

                            

  
                                        

               
 

 

Using Density- 
 Often when liquids are used the volume of a liquid is given rather than a mass. The density 

will be given along with this. 

 

                  
        

            
 

 

 

 

 



1.1.5 calculate reacting masses of substances including examples  in which 

some reactants are in excess;  

Limiting Reactant- the reactant in a chemical reaction that limits the amount of product that can be 

formed. The reaction will stop when all of the limiting reactant is consumed. 

Excess Reactant- the reactant in a chemical reaction that remains when a reaction stops because the 

limiting reactant has been completely consumed. The excess reactant remains because there is 

nothing with which it can react. 

 

1.1.6 understand the terms anhydrous, hydrated and water of cryst allisation 

and be able to calculate the moles of water of crystallisation present from 

experimental data;  

Many salts when they are solid are hydrated. If hydrated salts are heated to constant mass in an 

open container all of the water of crystallisation is removed to leave an anhydrous salt. 

Hydrated salts are written with the water of crystallisation- 

o CuSO4.5H2O 

o CoCl2.6H2O 

o Na2CO3.10H2O 

The number of moles of water of crystallisation attached to 1 mole of the salt is called the degree of 

hydration. Many hydrated salts effloresce when left in the open, meaning they gradually lose their 

water of crystallisation to the atmosphere. 

 

 

 

 

 

 

 

 

 

 

 

 

Mass of Anhydrous Salt Mass of Water Lost 

Moles of Anhydrous Salt Moles of Water Lost 

Ratio of anhydrous salt 

to water 

Degree of Hydration 

Divide by RFM Divide by RFM 

Divide each by moles 

of Anhydrous Salt 

Value for H2O is degree 

of hydration 



1.2 Atomic Structure 

1.2.1 describe the properties of electrons, protons and neutrons in terms of 

their location in the atom and their relative masses and charges;  

Subatomic Particle Relative Mass Relative Charge Location 

Proton 1 +1 Nucleus 
Neutron 1 0 Nucleus 
Electron 1/1840 -1 Shells 

 

1.2.2 explain the terms atomic number and mass number and use them  to 

deduce the numbers of protons, neutrons and electrons in an atom or ion;  

 1.2.3 define relative atomic mass and relative molecular mass and understand 

that they are measured relative to the carbon -12 standard;  

1.2.4 recall the meaning of the term isotope and the definition of relative 

isotopic mass;  

 The atomic number of an element is the same as the number of protons in the nucleus of 

the atom.  

 The mass number of a particular atom is the total number of protons and neutrons in the 

nucleus of the atom. 

 Relative Atomic Mass is the average mass of the isotopes of an atom balanced in the 

proportions in which they occur relative to one-twelfth the mass of an atom of carbon-12. 

 Relative Isotopic Mass is the mass of an isotope of an element relative to one-twelfth the 

mass of an atom of carbon-12. 

 Relative Molecular Mass is the mass of one molecule relative to one-twelfth the mass of an 

atom of carbon-12. 

 

 The relative atomic mass of an element can be calculated from the relative isotopic masses 

of the isotopes and the relative proportions in which they occur- 

 

     
                                        

                    
 

 

 

 



1.2.5 interpret mass spectra of elements by calculating relative atomic masse s 

and determining isotopic abundances (details of the workings of the mass 

spectrometer are not required);  

1.2.6 deduce relative molecular mass from a molecular ion peak (limited to 

ions with single charges);  

Mass Spectroscopy-  
A mass spectrometer is an analytical instrument used to determine the mass of atoms and 

molecules. A mass spectrometer atomises and ionises a sample, producing ions with a single positive 

charge. 

The data obtained can be for an element or a compound. If the data are for an element, the 

spectrum will show the masses and relative abundances for all the isotopes of the element. This can 

be showed in a mass spectrum. 

 

For a compound the mass spectrum is more complicated as the molecule breaks up during the 

process. The last major peak in the mass spectrum of a compound is called the molecular ion peak. 

The mass value for the molecular ion peak is the same as the RMM of the compound. 

The pattern seen below is called the fragmentation pattern and each peak is caused by a fragment if 

the molecule with a single positive charge. The tallest peak is called the base peak. 

 

 

 



1.2.7 deduce the electronic configuration of atoms and ions up to krypton in 

terms of main energy levels using the building up principle (s, p and d notation 

and electrons-in-boxes notation);  

1.2.8 describe the shape of s and p orbitals;  

Electrons are arranged in energy levels in which the energy of the electrons increases with increasing 

distance from the nucleus. The energy levels are labelled n=1 (closest to the nucleus) and so on.  

Energy levels are subdivided into subshells, which are made up of orbitals. Each orbital can be 

occupied by two electrons. 

 An S SUBSHELL is made up of ONE S ORBITAL 

 A P SUBSHELL is made up of THREE P ORBITALS 

 A D SUBSHELL is made up of FIVE D ORBITALS 

Type Shape Start at energy level Number of this type in a 
subshell 

Maximum number 
of electrons 

S 

 

1 1 2 

P 

 

2 3 6 

D - 3 5 10 
F - 4 7 14 

 

Determining Electronic Configuration of Atoms and Ions- 
 

Atoms 

(e.g. Iron)- 
 Atomic number of Iron is 26, so an iron atom has 26 protons 

 Atoms are electrically neutral, so an atom of iron has 26 electrons 

 Using order of filing, remembering that 4s must come before 3d, the configuration is- 1s2 2s2 

2p6 3s2 3p6 3d6 4s2  

Ions 

Iron (II) 
 The electronic configuration of the Iron atom is- 1s2 2s2 2p6 3s2 3p6 3d6 4s2  

 Transition metal atoms lose their 4s electrons first 

 An iron atoms loses two electrons to form a 2+ ion 

 So the electronic configuration is- 1s2 2s2 2p6 3s2 3p6 3d6 
Transition metal atoms 

lose their 4s electrons 

first. A common 

question is to ask for the 

electronic configuration 

of transition metal ions 



 

Bromide (Br-) 
 The electronic configuration of a bromine atom is determined first. 

 The atomic number of bromine is 35, so there are 35 electrons, therefore the configuration 

for a bromine atom is- 1s2 2s2 2p6 3s2 3p6 3d10 4s2 4p5  

 A bromine atom gains one electron to form a bromide ion, therefore the electronic 

configuration is- 1s2 2s2 2p6 3s2 3p6 3d10 4s2 4p6 

Exceptions for Chromium and Copper- 
 Cu and Cr are able to obtain a more stable electronic configuration when they take an 

electron from the 4s and add it to the 3d. When it does this it becomes either a half full shell 

(Cr) or a full shell (Cu), which results in a more stable compound with lower energy. 

 

 

 

 

 

 

Electron-in-box Diagrams 
 Electrons only pair when no other space is available in the subshell and when they pair they 

spin in opposite directions. 

 When filling subshells it is important to start at the bottom and work up. For p and d 

subshells there should only be 1 electron in each orbital until each is half-filled and then 

start pairing electrons in orbitals. 

 

s block- as 

outer 

electrons 

are in the s 

subshell 

d block- as outer electrons are in the d subshell 

p block- as outer electrons are 

in the p subshell 



1.2.9 recall the definitions of first and successive ionisation energies in terms 

of one mole of gaseous atoms or ions;  

First Ionisation energy- the energy required to remove 1 mole of electrons from 1 mole of gaseous 

atoms to form 1 mole of gaseous ions with a single positive charge 

X (g) → X+ (g) + e- 

Second Ionisation energy- the energy required to remove 1 mole of electrons from 1 mole of 

gaseous ions with a single positive charge to form 1 mole of gaseous ions with a double positive 

charge. 

X+ (g) → X2+ (g) + e- 

1.2.10 explain the trend in ionisation energies of atoms down groups, and 

across periods in terms of nuclear charge, distance of outermost electron from 

the nucleus, shielding and stability of filled and half -filled shells;  

1.2.11 understand that graphs of first ionisation e nergies of elements up to 

krypton, and successive ionisation energies of an element provide evidence for 

the existence of the main energy levels and s, p and d orbitals;  

 

There are four main factors to explain trends in ionisation energies- 

1. Nuclear Charge 

2. Atomic Radius 

3. Shielding (by inner electrons) 

4. Stability of filled and half-filled subshells 

Trends in First Ionisation Energies 
 Across a Period- first ionisation energy generally increases 

 Down a Group- first ionisation energy decreases 

Elements in groups II, V and 0 exhibit higher than expected first ionisation energy values due to the 

stability of half-filled and filled subshells. 



Reasons for Increase in ionisation energy across a period 

 Increase in nuclear charge 

 Decrease in atomic radius 

 Shielding is not important as all atoms have the same number of inner electrons 

Reasons for Decrease in ionisation energy down a group 

 Increase in atomic radius 

 Increase in shielding 

Reasons for nitrogen having a higher first ionisation energy than oxygen 

 Nitrogen has a half filled 2p subshell, while oxygen is more than half-filled. The half-filled 

subshell is more stable 

1.2.12 understand how the spectrum of atomic hydrogen arises and how it 

gives evidence for discrete energy levels;  

1.2.13 understand the term ground state and appreciate that transitions 

to/from n=1 are in the ultra violet region and to/from n=2 are in the visible 

region of the spectrum;  

1.2.14 understand that the convergence of lines may be interpreted as 

convergence of energy levels leading to a value for the ionisation energy;  

1.2.15 use the equation       

Atomic spectroscopy examines gaseous atoms and shows evidence for the existence of discrete 

energy levels and also that energy levels get closer together moving out from the nucleus. 

Key points about the spectrum- 

 The spectrum is made up of discrete lines- it is not continuous 

 As energy/frequency increases within a series, the spectral lines get closer together 

Emission Spectroscopy examines the energy released when electrons fall back to lower energy 

levels. 

Absorption Spectroscopy examines the energy taken in when electrons are excited to higher energy 

levels. Ground State is used to describe an atom or ion where all the electrons are in the lowest 

possible energy levels. 

Excitation of electrons occurs when electrons are given energy and move to higher energy levels 

further from the nucleus. 

Transition is the term used to describe the movement of electrons between energy levels. 

Electron transitions and spectrum lines 
 Emission lines in the infrared region are caused by electron transitions from higher level to 

n=3,4,5,6  

 Emission lines the visible region are caused by electron transitions from higher levels to n=2 



 Emission lines in the ultraviolet region are caused by electron transition from higher levels to 

n=1 

Calculating energy changes from frequency and wavelength 
 
Frequency can be converted to energy using the expression-         

 E = Energy (Joules, j) 

 H= Planck’s Constant (6.63 x10-34 Js) 

 F= Frequency (Hertz, Hz) 
 

Frequency and wavelength are linked by-         

 Where c is the speed of light, 3 x108 ms-1  

 

Converting Convergence Limit to Ionisation Energy 
1. Use E=hf, so multiply frequency of the convergence limit by Planck’s constant to give energy 

in Joules. 

2. Multiply the answer by Avogadro’s constant to give energy in J/mol. 

3. Divide the answer by 1000 to give energy in kJmol-1. 

 

1.2.16 use flame colours to identify the metal ions Li + , Na+ , K+  (using blue glass), 

Ca2+ , Ba2+ and Cu2+;  understand that flame colours arise from electronic 

transitions within the cation;  

A flame test can identify metal ions present in an ionic compound. It is carried out using a flame test 

rod or piece of nichrome wire. 

 Dip the end of a piece of nichrome wire into concentrated hydrochloric acid 

 Dip the end of the wire in the sample 

 Place the sample in a non-luminous Bunsen flame 

 Observe the flame colour 

The concentrated hydrochloric acid cleans the nichrome wire and also makes it wet so the sample 

will stick to the wire. If the ionic compound is not a chloride, the concentrated hydrochloric acid 

forms the chloride which is more volatile in a Bunsen flame.  

Flame Test Results- 

 Potassium- Lilac 

 Sodium- Yellow-Orange 

 Lithium- Crimson 

 Barium- Green 

 Calcium- Brick Red 

 Copper- Blue-Green 

 



1.3 Bonding and Structure 

1.3.1 understand that ionic bonding involves attraction bet ween oppositely 

charged ions formed by electron transfer;  

Ionic bonding is the electrostatic attraction of oppositely charged ions in a regular, ionic lattice. A 

lattice is a regular arrangement of particles, in this case positive and negative ions. 

The ions are formed by the transfer of electrons from metal atoms to non-metal atoms. It is only the 

outer electrons that are involved in ionic bonding. The charge depends on the number of electrons 

lost or gained. 

 Metal atoms lose electrons and form positive ions (cations) 

o Simple cations have the same name as the parent atom e.g. sodium ion, Na+. 

o Positive molecular ions end in –onium. 

 

 Non-metal atoms gain electrons and form negative ions (anions) 

o Simple anions have an –ide ending e.g. oxide, O2-. 

o Negative molecular ions end in –ate. Some end in –ite.  

1.3.2 describe, including the use of dot and cross diagrams, ionic bonding, 

restricted to elements in groups I, II, VI and VII, the ions of which have a noble 

gas structure;  

A dot and cross diagram can be used to show how the electrons are transferred- 

 Only outer electrons are shown on all atoms and ions 

 The correct number of each atom required must be shown, together with the correct 

number of each ion in the compound 

 Ions should be placed in square brackets with the transferred electrons shown in the ions 

and the charge on all the ions should be shown outside the brackets. 

1.3.3 describe in simple terms the lattice structure of sodium chloride;  

 



1.3.4 explain the characteristic physical properties of ionic comp ounds ie 

melting point, boiling point, electrical conductivity;  

Physical Property Explanation in terms of structure and bonding 

Crystalline Regular lattice of positive and negative ions. Regular 
arrangement creates crystal structure. 

High melting and boiling point Large amount of energy is required to break the bonds 
which are strong electrostatic attractions between 
ions of opposite charge. 

Non-conductor of electricity when solid Ions are not free to move and cannot carry charge. 
Good conductor of electricity when molten 
or aqueous  

Ions are free to move and can carry charge. 

 

1.3.5 describe, including the use of dot and cross diagrams, a covalent bond as 

a shared pair of electrons and understand that C2H4, N2 and CO2 have 

multiple bonds;  

Covalent bonding involves the sharing of a pair of electrons between two atoms. Normally each 

atom provides one electron, each having one unpaired electron. The atomic orbitals overlap and 

each electron is then attracted to the nuclei of both atoms. It is this attraction that holds the atoms 

together in a covalent bond. 

Covalent bonds exist between non-metal atoms (some exceptions occur such as Be in BeCl2 and Al in 

AlCl3) 

1.3.6 define the octet rule and state its limitations eg in BeCl2 and BF3;  

The octet rule states that when forming a compound, an atom tends to gain, lose or share 

electrons to achieve eight electrons in its outer shell.  

Some molecules have atoms that deviate from the octet rule. They are said to have contracted their 

octet (i.e. have fewer than right electrons in their outer shells) or expanded their octet (i.e. have 

more than eight electrons in their outer shell). 

Examples of Contraction- 

BeCl2      BF3 

Examples of Expansion- 

SF6 

 

 



1.3.7 explain the characteristic physical properties of molecular covalent 

crystals eg Iodine, to include melting point, boiling point, electrical 

conductivity. See also section 1.5.1;  

There are two main examples of molecular covalent crystals; sulfur and iodine. The forces of 

attraction between simple covalent molecules are usually so weak that they are gases, liquids or low 

melting point solids. When they are solid, many form molecular covalent crystals. 

Properties of molecular covalent crystals linked to bonding and structure- 

Molecular covalent crystals usually have low melting and boiling points due to weak intermolecular 

forces. They do not conduct electricity in any state as they have no free electrons or ions to carry 

charge.  

1.3.8 describe the coordinate bond as a special case of the covalent bond, eg as 

in the ammonium ion NH4+;  

A coordinate bond is a covalent bond where the shared pair of electrons are both donated from one 

atom. When a coordinate bond forms, a lone pair of electrons becomes a bonding pair of electrons. 

In a dot and cross diagram, the coordinate bond is shown with two crosses to show that the two 

electrons come from the one atom. It is also shown as an arrow in the bonding diagram, with the 

direction indicating where the two electrons came from. 

1.3.9 understand that metallic bonding involves a  lattice of positive ions 

surrounded by delocalised electrons;  

Metallic bonding involves layers of positive ions held together by a sea of delocalised electrons. 

These are outer shell electrons which do not occupy fixed positions but move freely in the structure. 

The structure is a metallic lattice. 

 

 

 

 



1.3.10 explain the typical physical properties associated with metals ie 

hardness, melting point, electrical conductivity;  

Physical Property Explanation of physical property 

Hardness Strong attraction between positive ions and negative electrons; and 
a regular structure. 

High Melting Point Large amount of energy is required to break the bonds, which are 
strong attractions between positive ions and negative electrons. 

Good Electrical Conductivity Delocalised electrons can move and carry charge through the metal. 
Malleability and Ductility Layers of positive ions can slide over each other without disrupting 

the bonding. 

 

1.3.11 describe the giant covalent structures of graphite and diamond;  

1.3.12 explain the characteristic physical properties of graphite and diamond 

ie electrical conductivity, hardness, melting point and boiling point;  

The two main examples of giant covalent crystals are carbon (graphite) and carbon (diamond). The 

strong covalent bonds between the atoms in these crystals mean that they are high melting point 

solids. The regular structure means they are crystalline. 

Diamond-  

 Each carbon is covalently bonded to four others in a tetrahedral arrangement.  

 The rigid three-dimensional structure of diamond combined with the strong covalent bonds 

mean that it is hard. 

 Diamond does not conduct electricity as there are no delocalised electrons to move and 

carry the charge. 

Graphite-  

 Each carbon is covalently bonded to three others in a layered hexagonal structure.  

 Between the layers there are delocalised electrons that can move and carry charge. 

Therefore graphite can conduct electricity.  

 Molten graphite does not conduct as the structure is disrupted. 

 Graphite can act as a lubricant, as the layers can slide over each other due to weak bonds 

between them. 

 



1.3.13 understand that electronegativity is the ability of an atom to attract the 

bonding electrons in a covalent bond;  

Electronegativity is the numerical value of the ability of an atom to attract the bonding electrons in a 

covalent bond. In a covalent bond the two atoms at either end of the bond have an electronegativity 

value. 

The bonding electrons are drawn closer to the atom with the higher electronegativity value. The 

atom with the higher value is represented by δ-, as it becomes slightly more negative. The atom with 

the lower value is represented by δ+. 

A polar bond is caused by both atoms in the bond having different electronegativity values which 

results in unequal sharing of the bonding electrons. 

1.3.14 recall the trend in electronegativity of simple elements across periods 

and down groups; 1.3.15 explain that bond polarity may arise when covalently 

bonded atoms have different electronegativities;  

 Going down the group, electronegativity decreases as bonded electrons are further from the 

attractive power of the nucleus. 

 Across a period from left to right, electronegativity increases as bonded electrons are closer 

to the attractive power of the nucleus. 

 The most electronegative element is fluorine. The least electronegative that forms a stable 

compound is caesium. 

1.3.16 understand that polar bonds may or may not give rise to a molecule 

with a permanent dipole, eg CO2, H2O;  

For compounds composed of two different elements, the difference in electronegativity between 

the atoms of the elements dictates the type of compound formed and, if the compound is covalent, 

also the polarity of the molecule. 

 No/very small difference in electronegativity gives a polar molecule e.g. I2, Br2. 

 Small difference in electronegativity gives a polar molecule e.g. HF, HCl. 

 Large difference in electronegativity = ionic compound e.g. NaCl, MgO. 

Simple covalent molecules can be polar or non-polar depending on whether or not they contain 

polar bonds, but also based on their shape. 

If a molecule contains equally polar bonds arranged symmetrically then the polarity of the bonds 

cancel each other out and the molecule is non-polar e.g. Carbon Dioxide which is a linear molecule. 

 
 
 



1.4 Shapes of Molecules and Ions 

1.4.1 explain, in terms of electron pair repulsion theory the shapes, and bond 

angles of molecules and ions containing up to six pairs of electrons around the 

central atom such as BeCl 2 , BF3 , CH4 ,  NH3 ,  H2O, CO2 , SF6 and NH4 + . (questions 

are not set on hybridisation of orbitals);  

Valence Shell Electron Pair Repulsion Theory- 
 The shape of a covalent molecule depends on the repulsion of the electrons around an 

atom. The electron pairs around an atom repel each other. There are two types of electron 

pair, a bonding pair and a lone pair of electrons. 

 Lone pairs are closer to the central atom so they have a great repulsion effect on the other 

pairs of electrons. 

  

 

 This means that lone pairs of electrons repel lone pairs of electrons more than they repel 

bonding pairs of electrons. The lowest level of repulsion is between bonding pairs of 

electrons. 

 

 

 

 

Bonding Pair ↔ Bonding Pair 

      Lone Pair ↔ Bonding Pair  

Lone Pair ↔ Lone Pair 

Is greater than 

Is greater than 



1.4.2 explain the departure of the bond angles in NH 3 and H2O from the 

predicted tetrahedral, in terms of the increasing repulsion between bonding 

pair-bonding pair, lone pair-bonding pair and lone pair-lone pair electrons.  

Ammonia (NH3)-  

 Electron pairs repel each other. 

 Three bonding pairs of electrons and one lone pair of electrons. 

 Lone pair of electrons has a greater repulsion. 

 Molecule takes up shape to minimise repulsions. 

 

Water (H2O)-  

 Electron pairs repel each other. 

 Two bonding pairs of electrons and two lone pairs of electrons. 

 Lone pairs of electrons have a greater repulsion. 

 Molecule takes up shape to minimise repulsion.  

Shapes of Molecules and Bond Angles- 
 

Total number of 
electron pairs 

Number of 
bonding pairs 

Number of lone 
pairs 

Shape Bond Angle Example 

2 2 0 Linear 180 BeCl2 

3 3 0 Trigonal Planar 120 BF3 

4 4 0 Tetrahedral 109.5 CH4, NH4
+ 

4 3 1 Pyramidal 107 NH3 
4 2 2 Bent 104.5 H2O 
6 6 0 Octahedral 90 SF6 

Summary of Shapes of Molecules and Bond Angles 

 

 

 

 

 

 

 

 

 



1.5 Intermolecular Forces 

1.5.1 describe intermolecular forces as van der Waals forces (viewed as 

attractions between induced dipoles), permanent dipole attractions and 

hydrogen bonding (between molecules containing either or both of the O -H and 

N-H bonds);  

Van der Waals Forces-  
 Attractions between induced dipoles (temporary dipoles caused by random movement of 

electrons around atoms). 

 Van der Waals forces exist between all simple molecules and atoms in the liquid and solid 

states. There are no forces of attractions in gases. 

 Van der Waals forces are the only forces of attraction between non-polar molecules such as 

Iodine, Bromine and Sulfur. 

 The more electrons present, the greater the Van der Waals forces of attraction. This explains 

the increase in boiling point as the chain increases in length in alkanes and the increase in 

boiling point going down Group VII. 

 Molecules with similar RFM have similar Van der Waals Forces of attraction.  

Permanent Dipole Attractions- 
 When a simple covalent bond is polar, it is said to have a permanent dipole. The forces of 

attraction between polar molecules are Van der Waals forces and permanent dipole 

attractions. 

 Permanent dipole attraction is the attraction between the δ+ on one molecule and the δ- on 

another molecule.  

Hydrogen Bonding- 
 Intermolecular forces where the bond is formed between a δ+ H atom bonded to N, O or F 

with a δ- of a polar bond of another molecule. 

 The hydrogen bond is formed because of the attraction between a lone pair of electrons on 

the δ- atom and the δ+ hydrogen atom. 

 

 

 

 

 

 

 



1.5.2 understand the relationships between these attractive forces and 

physical properties, such as melting point, boiling point and solubility, of 

simple covalent molecular substances;  

Physical Property Explanation of Physical Property 

Miscibility of Liquids Liquids that are miscible are able to mix together in all proportions forming 
one layer. Liquids often mix with each other because of their ability to form 
the same intermolecular forces between the molecules. 

Water has higher than 
expected boiling point 

A large amount of energy is needed to break the hydrogen bonds between 
water molecules. 

Iodine has a higher boiling 
point that bromine 

Iodine has more electrons that Bromine, so there are more Van der Waals 
forces of attraction between the molecules of Iodine. 

Liquid alkanes increase in 
viscosity as carbon chain 
increases in length 

The number of electrons increases as he carbon chain increase so Van der 
Waals forces are stronger between molecules, making the alkane less fluid in 
the liquid state. 

Ethanol mixes with water Ethanol has OH groups that can form hydrogen bonds with water molecules. 
Bromine mixes with 
hexane; Sodium Chloride 
dissolves in water 

Bromine and hexane are both non-polar and like dissolves like. 
Sodium Chloride is an ionic substance and water is polar- like dissolves like. 

 

1.5.3 explain the low density of ice compared to water due to hydrogen 

bonding in ice (3D diagram not required);  

Ice has a lower density that liquid water, so ice floats. This is because the hydrogen bonds in ice are 

more order and the water molecules in ice are further apart leading to a more open structure and so 

a lower density. 

 



1.6 Redox 

Redox is oxidation and reduction occurring simultaneously in the same reaction. 

Oxidation is- 
 Loss of electrons 

 Gain of oxygen 

 Loss of hydrogen 

 Increase in oxidation number 

 

Reduction is- 
 Gain of electrons 

 Loss of oxygen 

 Gain of hydrogen 

 Decrease in oxidation number

1.6.1 calculate the oxidation state for an element in a compound or ion;  

1. The oxidation number of the atoms in an element is 0. 

a. Oxidation number of Na atoms in sodium metal is 0 

b. Oxidation number of all eight S atoms in S8 is 0 

2. Oxidation numbers are always written as positive or negative integers. 

3. Fractional oxidation number are possible but only as the average of several atoms in a 

compound. 

4. Oxygen has an oxidation number of -2 in almost all compounds. 

5. Hydrogen has an oxidation number of +1 in almost all compounds. 

6. Group I elements have an oxidation number of +1 in all compounds. 

7. Group II elements have an oxidation number of +2 in all compounds. 

8. The oxidation number of ions in a compound is equal to the charge on the ion. 

9. Total of the oxidation numbers for the atoms in a compound must equal 0. 

10. The total of the oxidation numbers of the atoms in a molecular ion must equal the charge on 

the ion.  

11. The oxidation numbers of the p and d block elements vary significantly. 

12. The maximum oxidation number of a p block element is “+ group number”. 

13. The minimum oxidation number of a p block element is “group number – 8”. 

14. The d block elements can vary up to +7. 

 

1.6.2 explain oxidation and reduction in terms of electron transfer and 

changes in oxidation state;  

When given an equation and told to work out what has been oxidised and what has been reduced it 

is important to first work out the oxidation number of all the reactants and products. It can then be 

worked out whether reduction or oxidation has taken place. 

1.6.3 write balanced redox equations from given half equations and for 

reactions where the reactants and products are specified (omitting spectator 

ions);  



1.7 The Periodic Table 

1.7.1 understand the organisation of elements in the Periodic Table according 

to their proton numbers and electronic structures and recall the meaning of 

the terms group and period;  

1.7.2 classify an element as belonging to the s, p or d block according to its 

position in the Periodic Table;  

              

1.7.3 explain the trends in physical properties across the period sodium to 

argon, limited to melting points, atomic radius, electrical conductivity and 

first ionisation energies;  

 

Melting Point Increases to Si and then decreases 
 From Na to Mg to Al the metallic bond increases in strength as there are more outer shell 

electrons that can be delocalised, giving a greater attraction between the electrons and the 

ions in the metallic structure. 

 Silicon has a giant covalent structure and so has the highest melting point in the period as a 

substantial amount of energy is needed to break the large numbers of strong covalent 

bonds. 

 Phosphorus, Sulfur and Chlorine are non-polar simple covalent molecules with low melting 

points. S8 has the most electrons and so the greatest Van der Waals forces of attraction 

between molecules. Argon is monatomic.  

Conductivity increases to aluminium and then decreases 
 The three metals conduct electricity and the conduction increases from Na to Al as there are 

more delocalised electrons that can move and carry the charge. 

First Ionisation energy increases, with Mg, P and Ar higher than expected 
 Across the period the nuclear charge increases and atomic radius decreases. Group II, V and  

VIII first ionisation energies are higher than expected due to stability of filled and half filled 

subshells.   

Atomic Radius decreases 
 Across the period the nuclear charge increases, which pulls the outer electrons closer to the 

nucleus. 

s block- as 

outer 

electrons 

are in the 

s subshell 

d block- as outer electrons are in the d 

subshell 

p block- as outer 

electrons are in the p 

subshell 



1.8 Group VII 

1.8.1 explain the trends within the group, limited to colour, physical state, 

melting and boiling points, first ionisation energies, electronegativities, 

atomic radius, bond energies of halogen molecules and of hydrogen halides;  

Property Fluorine Chlorine Bromine Iodine 

Colour/ Physical 
state at room temp 

Yellow Gas Yellow-Green Gas Red-Brown Liquid Grey-Black Solid 

Melting Point (°C) -220 -101 -7 114 

Boiling Point (°C) -188 -34 59 184 

Atomic Radius (nm) 0.057 0.01 0.115 0.140 

First Ionisation 
Energy (kjmol-1) 

1681 1251 1140 1008 

X2 Bond Enthalpy 
(kjmol-1) 

158 242 193 151 

HX Bond Enthalpy 
(kjmol-1) 

485 431 366 299 

Electronegativity 4.0 3.0 2.8 2.5 

 The decrease in the covalent bond enthalpy values is due to the increasing atomic size of the 

halogen atoms. With larger atoms, the bond length increases, and longer bonds are weaker. 

1.8.2 describe the solubility of the halogens in water and non -aqueous 

solvents, eg hexane;  

Halogen Solubility in Water Solubility in Hexane 

Chlorine Soluble, forming a pale green/colourless 
solution 

Soluble, forming a colourless solution 

Bromine Soluble, forming a yellow/orange/brown 
solution 

Soluble, forming a red solution 

Iodine Virtually insoluble, any solution is yellow-
brown 

Soluble, forming a purple solution 

 

1.8.3 describe the reactivity of the halogens with hydrogen, phosphorus and 

sodium;  

Halogens reacting with Hydrogen- 
H2 + X2 →2HX 

 

 Require initiation using light- a piece of burning magnesium can be used. 

 The reactions of hydrogen with chlorine and fluorine are explosive; the reaction with 
iodine is slow. 

 Observations- Misty fumes of the hydrogen halide, HX, are formed. 
 

 

Halogens reacting with Sodium- 
2Na + X2 → 2NaX 



 

 All sodium halides, NaX, are white solids. 
 

Halogens reacting with Phosphorus-  
 

 F2, Cl2 and Br2 form PX3 and then PX5 if the halogen is present in excess. I2 only forms Pl3. 

 The halogens oxidising ability decreasing down the group which is why I2 only forms Pl3. 
 

PF3- Colourless Gas PF5- Colourless Gas 

PCl3- Colourless Liquids PCl5- Off-White Solid 

PBr3- Colourless Liquids PBr5- Yellow Solid 

PI3- Red Solid  
 

 

1.8.4 describe the reaction of the halogens with cold, dilute and hot 

concentrated aqueous sodium hydroxide and be able to explain the 

disproportionation in these reactions;  

Reaction of Halogens with cold, dilute Sodium Hydroxide- 
 

2NaOH + Cl2 → NaCl + NaClO + H2O 
 

 NaClO is called sodium hypochlorite. 

Reaction of Halogens with hot, concentrated Sodium Hydroxide- 
 

3Cl2 + 6NaOH → 5NaCl + NaClO3 + 3H2O 
 

 NaClO3 is called Sodium Chlorate (v). 

 Iodine only reacts with hot concentrated NaOH to form an Iodate (v) compound. 

 In these reactions chlorine undergoes disproportionation as it is both oxidised and 
reduced.   

 

1.8.5 recall the reaction of chlorine with water;  

Cl2 + H2O → HOCl + HCl 

 This is an example of disproportionation where one element is oxidised and one is reduced. 

1.8.6 describe the displacement reactions of the halogens with other halides in 

solution;  

 A more reaction halogen will displace a less reactive one from a solution of the halide ions. 

Cl2 + 2Br- → 2Cl- + Br2 

The yellow-green gas dissolves and the solution changes from colourless to orange. 

Cl2 + 2I- → 2Cl- + I2 

The yellow-green gas dissolves and the solution changes from colourless to brown. 

Br2 + 2I- → 2Br- + I2 

The solution changes from yellow-orange to brown. 



1.8.7 recall the reactions of the halogens with iron (II) and iron (III) ions as 

appropriate;  

Halogens with Iron- 

 With fluorine, chlorine and bromine, iron is oxidised to +3. With iodine, iron is oxidised to 
only 2+. 

2Fe + 3Cl2 → 2FeCl3 

2Fe + 3Br2 → 2FeBr3 

Fe + I2 → FeI2 

Halogens with Iron (ii) ions in solution- 

 Fluorine, chlorine and bromine will oxidise iron (ii) ions in solution to iron (iii) ions. 
2Fe2+ Cl2 → 2Fe3+ + 2Cl- 

 The colour of the solution changes from pale green to yellow-orange. 

 

1.8.8 understand the trend in thermal stability of hydrogen halides related to 

bond enthalpies;  

1.8.9 recall the relative strengths of the acids, HF, HCl, HBr and HI;  

1.8.10 understand the reactions of solid halides with concentrated sulfuric 

acid in relation to the relative reducing abi lity of the hydrogen halides/halide 

ions;  

1.8.11 use of Ag+ ions to distinguish between Cl -, Br -  and I -  (followed by aqueous 

ammonia);  

1.8.12 have an appreciation of the debate between public health policy and 

practice and the rights of the individual in  relation to the effects of 

fluoridation of public water supplies on dental health;  

 

 

 

 

 

 

 

 

 

 

 



 

 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 

 

 

 

 

 



 
 
 
 
 
 
 
 
 
 
 
 
 
1.9 Titrations 

1.9.1 carry out experimentally acid-base titrations involving strong 

acid/strong base, strong acid/weak base and weak acid/strong base, eg 

determination of the degree of hydration in a sample of sodium carbonate, 

analysis of vinegar;  

1.9.2 recall the names and colour changes of suitable indicators for these 

titrations;  

1.9.3 understand the method of back titration, eg to determine the purity of a 

Group II metal, oxide or carbonate;  

1.9.4 calculate concentrations and volumes for reactions in solutions for 

structured titration calculations;  

1.9.5 be familiar with the units of concentration eg mol dm -3  or mole l -1  

referred to as molarity, and g dm -3 .  



 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



 

  



 

  



 

  



 

  



 

  



 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



 

  



 

  



 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



 

  



 

  



 


