
Topic 1
1.1 Particulate nature of matter and chemical change

Understand:

● atoms of different elements combine in fixed ratios to
form compounds. These compounds have different
properties from their component elements.

● mixtures retain their individual properties as they
contain more than one element and/or compound that
are not chemically bonded together.

● mixtures are either heterogeneous or homogeneous.

Apply their knowledge to:

● deduce chemical equations when the
reactants and products are specified.

● use the correct state symbols (s), (l), (g)
and (aq) in equations.

● explain observable changes in physical
properties and temperature during
changes of state.

1.2 The Mole

Understand:

● that a mole is a fixed number of particles and
refers to the amount, n of a substance.

● masses of atoms are compared on a relative
scale to 1/12 of 12C and are expressed as
relative atomic mass, Ar, and relative formula
or molecular mass, Mr.

● molar mass, M, has the units g mol-1.
● the empirical formula of a compound gives the

simplest whole ratio of the actual number of
atoms present in one molecule of the
compound whereas the molecular formula
gives the actual number of atoms present in
one molecule of the compound.

Apply their knowledge to:

● calculate the molar masses of atoms, ions,
molecules and formula units.

● solve problems involving the relationships
between the number of particles, the amount of
substance in mol and the mass in grams.

● determine the empirical formula of a compound
from its percentage composition by mass and
vice-versa.

● determine the molecular formula of a compound
from its empirical formula and its molar mass.

● obtain and use experimental data for
determining empirical formulas from reactions
involving mass changes.

★ Molecules vs Atoms
○ 1 molecule of water is made up of 2 Hydrogen atoms and 1 Oxygen atom
○ PRACTICE 1: The compound sucrose has a formula of C12H22O11.

Calculate the number of atoms of oxygen in 1 mole of sucrose.
■ 1 mole of sucrose there are 6.02 x 1023 molecule
■ 11 atoms of oxygen per molecule
■ 11 * Avogadro’s number = 6.02 x 1023 atoms of oxygen

○ PRACTICE 2: How many atoms are there in one molecule of ethanol?
■ C2H6O
■ 9 atoms in one molecule of ethanol

○ PRACTICE 3: How many atoms are present in 16.0 g of methane?
■ CH4

■ 5 atoms
■ 16 g (1 mole/16 g) = 1 mole x 6.02 x1023 * 5 = 3.01 x 1024 atoms in methane

★ Empirical and Molecular Formulas
○ PRACTICE 1: 100.0 g of salt contains 58.84g of barium, 13.74g of sulfur and 27.42g of oxygen.

Calculate the empirical formula of salt.
■ BaSO4



○ PRACTICE 2: An organic 6 compound has a molar mass of 62.08 and contains 38.69% carbon,
9.76% hydrogen and 51.55% oxygen by mass. Determine the empirical and molecular formulas
for the compound.

■ Emp Formula: CH3O
■ Molec Formula: C2H6O2

1.3 Reacting Masses and Volumes

Understand:

● reactants can be either limiting or
excess.

● The experimentally obtained yield
can be different from the theoretical
yield.

● Avogadro’s law enables the mole
ratio of reacting gases to be
determined from the measured
volumes of the gases.

● the molar volume of an ideal gas is a
constant at specified temperature
and pressure.

● the molar concentration of a solution
is determined by the amount of
solute and the volume of solution.

● a standard solution is one of known
concentration.

Apply their knowledge to:

● solve problems relating to reacting quantities, limiting and
excess reactants, theoretical, experimental and
percentage yields.

● calculate reacting volumes of gases using Avogadro’s law.
● obtain and use experimental values to calculate the molar

mass of a gas from the ideal gas equation.
● solve problems involving molar concentration, amount of

solute and volume of solution.

★ Calculating the amount or mass of a reactant or product
○ PRACTICE 1: Calculate the mass of carbon dioxide produced when 1.250g of calcium

carbonate reacts completely with excess hydrochloric acid.
■ Deduce the balanced equation:

● CaCO3 + 2HCl → CO2 + CaCl2 + H2O
■ Use conversion factor (molar ratio) to go from calcium carbonate to carbon dioxide.

● 0.550 g CO2

★ Limiting and Excess Reagents
○ PRACTICE 1: Calculate the maximum amount (in mol) of sodium chloride that can be produced

when 10.0g of sodium is reacted with 14.0g of chlorine
■ Deduce the balanced equation: 2Na + Cl2 → 2NaCl
■ Calculate the amount of moles of Na and Cl2 present

● Na = 0.435 mol / 2 (coeff) = 0.218 mol
● Cl2 = 0.197 mol / 1 (coeff) = 0.197 mol ← LR

■ Use limiting reagent and molar ratio/conversion factor to determine how much NaCl can
be produced.

● 0.197 mol (molar ratio 2/1) = 0.394 mol NaCl produced

○ PRACTICE 2: A student added 7.40 x 10 -2 moles of magnesium ribbon to 0.015 dm3 of 2.00
mol/dm3 hydrochloric acid. How many moles of H2 can be produced?

■ 0.0075 mol H2



Topic 2- 2.1 The Nuclear Atom

Understand:

● Atoms contain a dense positively charged
nucleus which (except for hydrogen) is
composed of protons and neutrons
(nucleons).

● The space outside the nucleus is occupied by
negatively charged electrons.

● The relative atomic mass of an element can
be determined using a mass spectrometer.

Apply their knowledge to:

● Deduce the number of protons, neutrons and
electrons in atoms and ions by using the nuclear
symbol:

●
● Perform calculations involving non-integer

relative atomic masses and abundance of
isotopes from given data, including mass spectra.

● PRACTICE 1: Find the relative atomic mass for lead by looking at the results from the mass spec.

●

● PRACTICE 2: The isotope 121Sb makes up 51.21% of naturally
occuring antimony. The only other naturally occurring is
isotope 123Sb. Deduce the relative atomic mass of antimony
according to this data.

(0.5121*121)+(.4879*123) = 121.98

Understand:

● When electrons that have been excited by gaining
energy return to a lower energy level in an atom they
emit photons and produce an emission spectrum.

● Evidence for the existence of electrons in discrete
energy levels comes from the line emission
spectrum of hydrogen, in which the lines converge at
higher energies.

● The main energy level (or shell) is identified by an

Apply their knowledge to:

● Describe the relationship between
colour, wavelength, frequency and
energy across the electromagnetic
spectrum.

● Distinguish between a continuous
spectrum and a line spectrum.

● Describe the emission spectrum of
the hydrogen atom, including the



integer number, n, and can hold a maximum number
of electrons equal to 2n2.

● The main energy levels can be split into s, p, d and f
sub-levels with successively higher energies.

● Sub-levels contain a fixed number of orbitals. An
orbital is a volume of space where there is a high
probability of finding an electron.

● Each orbital has a defined energy state for a given
electronic configuration and chemical environment.

● Each orbital can contain a maximum of two
electrons each with opposite spin.

relationships between the lines
and energy transitions to the first,
second and third energy levels.

● Recognize the shape of an s
atomic orbital and the px, py and pz

atomic orbitals.
● Apply the Aufbau principle, Hund’s

rule and the Pauli exclusion
principle to deduce electron
configurations for atoms and ions
up to Z = 36

● Exceptions for electron configurations: Cr and Cu
● Energy Level Diagram:



●

Topic 4

• Positive ions (cations) form by metals losing valence electrons.

• Negative ions (anions) form by non-metals gaining electrons.

• The number of electrons lost or gained is determined by the electron configuration of the atom.

• The ionic bond is due to electrostatic attraction between oppositely charged ions.

• A covalent bond is formed by the electrostatic attraction between a shared pair of electrons and the positively
charged nuclei.

• Single, double and triple covalent bonds involve one, two and three shared pairs of electrons respectively.

• Students should be familiar with the names of these polyatomic ions: NH4+, OH-, NO3-, HCO3-, CO32-,
SO42- and PO43-.


