
11 CHEMISTRY
Module 1: 

Revision



Properties of 
Matter



Physical Properties

Can include:

 Homogenous (the same) or heterogeneous (different) 
compositions

 Colour

 Magnetism (alloys containing iron, nickel or cobalt)

 Particle Size

 Melting Points (lowest temp, solid → liquid) 

 Boiling Points (volatile means easily converted to vapour)



Density

 Defined as the mass per unit of volume

 Typically expressed in Grams per Millilitre (g/mL) or 
kilograms per cubic metre (kg/m3)

 Calculated by:

𝑑𝑑𝑑𝑑𝑑𝑑𝑑𝑑𝑑𝑑𝑑𝑑𝑑𝑑 =
𝑚𝑚𝑚𝑚𝑚𝑚𝑚𝑚
𝑣𝑣𝑣𝑣𝑣𝑣𝑣𝑣𝑣𝑣𝑣𝑣



Methods of Separation:
Separation of a mixture can be performed by:
 Filtration– can be used to separate insoluble solids from liquids, 

based on particle size. Can be used to collect insoluble solid or 
filtrate

 Based on differing solubility– two solids can be separated if one 
is soluble in a solvent, and one is not

 Boiling Points –
 Evaporation (to dryness) – separating a dissolved solid (solute) from a 

solution
 Distillation – Boiling a mixture of liquids, where the solute is non-

volatile, and the volatile vapour is condensed and collected as 
distillate

 Fractional Distillation – Separation of two volatile liquids based on 
differing boiling points

 Density – Allowing sedimentation of heavier particles and 
collecting off the liquid through decantation (pouring off top 
liquid layer) 



Apparatus:
Filtration



Apparatus:
Evaporation 



Apparatus:
Distillation 



Apparatus:
Fractional Distillation



Apparatus:
Separating Funnel



Gravimetric Analysis

 Analysis of a mixture be separating the substances and 
weighing them

 Often expressed as a percentage

𝑃𝑃𝑃𝑃𝑃𝑃𝑃𝑃𝑃𝑃𝑃𝑃𝑃𝑃𝑃𝑃𝑃𝑃𝑃𝑃 𝐶𝐶𝐶𝐶𝐶𝐶𝐶𝐶𝐶𝐶𝐶𝐶𝐶𝐶𝐶𝐶𝐶𝐶𝐶𝐶𝐶𝐶 % =
𝐸𝐸𝐸𝐸𝐸𝐸𝐸𝐸𝐸𝐸𝐸𝐸𝐸𝐸𝐸𝐸𝐸𝐸𝐸𝐸𝐸𝐸𝐸𝐸 𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠𝑠
𝑇𝑇𝑇𝑇𝑇𝑇𝑇𝑇𝑇𝑇𝑇𝑇𝑇𝑇𝑇𝑇𝑇𝑇𝑇𝑇𝑇 𝑆𝑆𝑆𝑆𝑆𝑆𝑆𝑆𝑆𝑆𝑆𝑆

𝑥𝑥 100



The Periodic Table

 Metals are elements that: 
 Solids at room temperature

 Shiny appearance

 Good conductivity

 Malleable

 Most other elements are non-metals

 Columns = groups – same number of valence electrons in 
outside shells

 Rows = periods – same number of shells



Atomic 
Structure



Structure of an atom
 Subatomic Particles:

 Electrons (e) = -1 charge

 Protons (+ or p) = +1 charge

 Neutrons (n) = 0 charge

 Nucleus consists of protons 
(atomic number) and 
neutrons (atomic mass-
atomic number)

 Shells outside the atom 
hold electrons around the 
outside of the nucleus



Isotopes
 Defined as ‘atoms of the same element that have 

different numbers of neutrons in their nuclei’

 ‘Relative abundance’ of an isotope is the percentage of 
that isotope in naturally occurring elements

 Isotopes of the one element have the same chemical 
properties and very similar physical ones.

 Symbol follows format:

𝐴𝐴
𝑍𝑍
𝑀𝑀

where A = Atomic mass (protons + Neutrons), Z = Atomic 
Number (protons) and M is the elemental symbol



https://www.google.com.au/url?sa=i&rct=j&q=&esrc=s&source=images&cd=&cad=rja&uact=8&ved=2ahUKEwj91Jz3777dAhUEybwKHbOoAuoQjRx6BAgBEAU&url=https://www.saddlespace.org/whittakerm/science/cms_page/view/7795153&psig=AOvVaw0MhUTptjHgX39ox5jnxDWk&ust=1537164932302260


Unstable Isotopes
 Radioactivity is the 

spontaneous emission of 
radiation that occurs with 
certain isotopes and arises 
because some isotopes are 
unstable

 Three types of radiation are:
 Alpha (helium particle)

 Beta (electron)

 Gamma (similar properties to 
X-rays) 





Electron Configuration
 Electrons live in energy levels, which is a cloud of probability for the 

location of the electron

 The arrangement of the electrons into shells or energy levels is 
referred to as the electron configuration

 Rules of 2.8.8. applies, before putting 2 electrons into the fourth shell 
and then fill the third shell up to 18.

 This makes Titanium (22 electrons) have an electron configuration of 
2.8.9.2, and explains the arrangement and activities of the transition 
metals

 The driving force behind chemical reactivity is the force of the atom 
seeking to achieve ‘stable electron configurations’ ie a full outside 
shell

 The electrons in the outside shell (highest energy level) are called 
valence electrons. 



Orbitals
 Defined as ‘a volume of space surrounding the nucleus of an 

atom through which one or two electrons may randomly move’
 Each main energy level is made up of sublevels, called the s, p, 

d and f sublevels
 Each orbital can contain a maximum of 2 electrons

 s can hold 2 electrons

 p can hold 3 sets of 2 electrons

 d can hold 5 sets of 2 electrons

 f can hold 7 sets of 2 electrons

 Filling Order: We fill 1s, 2s, 2p, 3s, 3p, 4s, 3d, 4p, 5s, 4d
Example: Nitrogen
 Electron configuration 2.5. 
 Orbital Notation:1s2 2s2 2p3



Orbital Notation Diagram
(arrows in boxes)



Atomic Emission Spectroscopy (AES)
 Giving atoms extra energy (eg heating >1500°C) will cause 

electrons to jump up energy levels

 After a short time, the electrons fall back to their correct 
configuration, releasing the energy as emitted light –
visible, UV or IR.

 The energy released is the same as the amount of energy 
absorbed to reach the ‘excited state’

 The relationship between energy released and the 
wavelength is inversely proportional, related by Planck’s 
Constant

Δ𝐸𝐸 =
ℎ𝑐𝑐
λ

where h is Planck’s constant and c is the velocity of light



Emission Specta
 Specific to each element, similar to a fingerprint

 Wavelength released corresponds to the energy required to excite a 
particular electron in an atom to the excited state, and this is equal 
to the wavelength within the visible spectrum



Periodicity



Trends in the PT
Property Moving Down the Group Moving Right across the Period

Atomic Radius Increases Decreases

Ionisation Energy Decreases Increases

Reactivity with Water Increases Decreases

Electronegativity Decreases Increases

Metallic Character Increases Decreases



Atomic Radius



Reactivity



Electronegativity



Chemical 
Bonding



Ionic Bonding
 Atoms form ions – charged atoms formed by gaining or 

losing electrons

 Positive Cations, Negative Anions

 Ions have a valency – a charge calculated by the 
difference in protons and neutrons

 Opposite charges attract, sticking the atoms together in a 
lattice structure

 Ionic compounds are usually a metal and a non-metal, and 
are written as empirical formulas (indicating ratio)

 Naming ionic compounds follows the rule:

Metal Non-Metal-ide



Ionic Bonding



Polyatomic Ions
 The individual ion is made up of two or more atoms joined 

together

 Although made up of two or more atoms, each of these 
ions acts as a unified entity when forming compounds.



Covalent Bonding 

 Covalent bonds are formed when electrons are shared to 
fill the outer shell of the atoms involved

 Covalent compounds have a molecular formula, specifying 
how many atoms of each substance within a molecule

 The valency of an element defines how many bonds it will 
form - indicated by the group number on the PT

 Usually formed between two non-metals, as there is not 
enough difference in electronegativity to force the 
movement of electrons from one atom to another



Example: Oxygen (O2) molecule

 Oxygen’s ion is O2-, therefore it will form two bonds when 
bonding covalently to fill its outer shell



Properties of Ionic Substances
Electrostatic attraction between ions makes:
 Solids at room temperature
 High melting points
 Hard – lattice structure gives stability to each ion within it
 Do not conduct electricity as solids
 Brittle – distorting the crystal brings like chares together and 

the repel one another, causing the crystal to break



Properties of Covalent Substances
While bonding forces holding atoms 
together within covalent molecules are 
very strong, intermolecular forces (the 
forces between each molecule to 
another molecule) are much weaker. 

As a result, covalent substances are:

 Generally gases at room temperature

 Low melting points – less than 200°C

 Low boiling points – less than 400°C

 Soft solid forms

 Do not conduct electricity as solids or 
liquids



Covalent Network Solids
 Are solids where covalent 

bonding occurs indefinitely, 
hence have empirical formulae 
not molecular.

 Examples:
 Silica (SiO2) aka Quartz

 Diamond (carbon)

 When covalent lattices melt, it 
involves breaking many covalent 
bonds that are very strong. 

 This process requires a lot of 
energy, only occurring at very 
high temperatures (>1000°C)



Metallic Bonding
 Positive ions immersed in 

a sea of electrons

 Gives high conductivity as 
electrons can flow 
through the structure

 Mobile electrons are able 
to hold the positive ions 
of metals together even 
when the metal is 
distorted giving 
malleability ad ductility 
of metals



Intermolecular 
Forces

& Allotropy



Electronegativity and Polarity
 If the two elements forming a covalent bond have 

different electronegativity's, the electrons being shared 
will be dispersed unevenly

 The electrons are attracted to the more electronegative 
atom, making the space around that atom slightly 
negative (electrons have a negative charge)

 As a result, the other atom in the bond has more space 
around it without electrons present, and as a result 
become slightly positive



Dipole-Dipole

 Attractive forces that occur between polar molecules

 Opposite poles attract



Dispersion Forces
 Dispersion forces are weak 

attraction forces that are 
electrostatic attractions 
between instantaneous dipoles 
in neighbouring molecules

 Because electrons are always 
in motion, at any particular 
time the electron cloud may be 
unevenly distributed, creating 
a tiny pole, attracting one 
molecule to the next



Hydrogen Bonding
 Hydrogen is attracted to Oxygen, Nitrogen or Fluorine in 

another molecule, due to their high electronegativity. 

 Within a molecule, the O, N of F holds the electrons 
tightly, becoming negatively charged and the hydrogen 
becomes positively charged

 This means that when two adjacent molecules come 
together, they have a strong electrostatic attraction, 
forming a strong intermolecular force 



Allotropy
 Existence of two or more physically distinct forms of one element in 

the same physical state

 Allotropes show distinct differences in:

 Colour

 Density

 Hardness

 Electrical conductivity

 Differences in properties is resultant from the different structure or 
packing of atoms

 Typical allotropes include: 

 Phosphorous

 Sulfur

 Oxygen 



Allotropes of Carbon



MODULE 1 
COMPLETE!
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