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AREA OF STUDY 1
HOW CAN KNOWLEDGE OF ELEMENTS EXPLAIN THE PROPERTIES OF MATTER?

5 Quantifying atoms and
compounds

5.1 Overview
Numerous videos and interactivities are available just where you need them, at the point of learning, in
your digital formats, learnON and eBookPLUS at www.jacplus.com.au.

5.1.1 Introduction

FIGURE 5.1 From 6:02 am to 6:02 pm on 23 October is
International Mole Day, because the time and date represent
the number for the mole, or Avogadro’s constant — with the
time of 6.02, in the 10th month on the 23rd day (6.02 × 1023).

Atoms are extremely tiny. Even though the
air is full of oxygen and nitrogen molecules,
you cannot see them. We know a lot about
atoms and molecules, and this knowledge is
invaluable when explaining the properties
of substances. But, how do we measure
atoms? The scale of atomic size means that
chemists rarely deal with atoms one at a
time. What is needed is a convenient way to
compare and measure masses and amounts
of particles in elements and compounds.
The mole concept, which is central to most
chemical calculations, helps us to work with
the vast numbers of atoms that are present
in different types of substances.

5.1.2 What you will learn

KEY KNOWLEDGE
In topic, you will investigate:
• the relative isotopic masses of elements and their representation on the relative mass scale using the
carbon-12 isotope as the standard, and the reason for the selection of carbon-12 as the standard

• determination of the relative atomic mass of an element using mass spectrometry (details of instrument not
required)

• the mole concept, Avogadro constant, determination of the number of moles of atoms in a sample of
known mass, and calculation of the molar mass of ionic compounds

• experimental determination of the empirical formula of an ionic compound.

Source: VCE Chemistry Study Design (2016–2021) extracts © VCAA; reproduced by permission.

PRACTICAL WORK AND INVESTIGATIONS
Practical work is a central component of learning and assessment. Experiments and investigations, supported by
a Practical investigation logbook and Teacher-led videos, are included in this topic to provide opportunities to
undertake investigations and communicate findings.
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Digital documents Key science skills (doc-30903)

Key terms glossary — Topic 5 (doc-30938)

Practical investigation logbook (doc-30939)

To access key concept summaries and practice exam questions download and print the studyON: Revision and practice
exam question booklet (doc-30940).

5.2 Relative isotopic mass and the carbon-12 scale

KEY CONCEPTS
• The relative isotopic masses of elements and their representation on the relative mass scale using the
carbon-12 isotope as the standard, and the reason for the selection of carbon-12 as the standard

• Determination of the relative atomic mass of an element using mass spectrometry (details of instrument
not required)

5.2.1 Review of atomic number and mass number
Recall from topic 1 that atoms are composed of a nucleus containing both protons (positive charge) and
neutrons (no charge), which are significantly larger than the electrons (negative charge) that occur in shells
around the nucleus. All atoms of the same element have the same number of protons in their nucleus. This
is the atomic number (Z). Protons have approximately the same mass as neutrons, and because the mass of
electrons is so small, the mass number (A) of an element is the sum of the protons and neutrons. Hence an
element can be represented by the following:

Emass number→A
atomic number→Z

5.2.2 Relative isotopic mass
The mass of one hydrogen atom is 1.66 × 10–24 g. This incredibly small size is difficult to manipulate,
so a scale based on a multiple of the mass of a single atom of a carbon-12 (12C) isotope was devised. By
international agreement the mass of an atom of carbon-12 is given as 12 unified atomic mass units (u).
Therefore, 1 u is 1

12 th the mass of an atom of carbon-12. The carbon-12 isotope is very stable and abundant
on Earth.

For example, an atom of hydrogen has a relative mass of 1.0 because the mass of a hydrogen
atom (1.660539040 × 10–24 g) is 12 times less (11.999998187) than the mass of a single atom of 12C
(1.992646547 × 10–23 g). Mass calculations relative to carbon-12 are demonstrated in table 5.1.

Element Protons Neutrons Protons + neutrons Mass relative to carbon-12

H11 1 0 1 1

12
× 12 = 1

C12
6 6 6 12 12

12
× 12 = 12

C59
27 o* 27 32 59 59

12
× 12 = 59

* While cobalt, (Co), has 22 isotopes, there is only one naturally occurring isotope, C59 o.
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FIGURE 5.2 Many
isotopes that have a large
difference between the
number of protons and
neutrons are unstable and
radioactive. Promethium-
147 has 61 protons to 86
neutrons, and Thallium-
204 has 81 protons to 123
neutrons.

Isotopes are atoms of the same element that contain the same
number of protons but different numbers of neutrons. Individual
isotopes each have a relative isotopic mass. A few elements have
no variation in the number of neutrons and so have only one relative
isotopic mass. Here the relative isotopic mass is simply the mass
number of the element.

Two equivalent definitions can be used to define relative isotopic mass.

Relative isotopic mass can be defined as
• the mass of an atom of a single isotope relative to the mass of

an atom of a single isotope of carbon-12, which has a mass of
exactly 12 units

or
• the mass of an atom of a single isotope relative to 1

12 of the
mass of an atom of a single isotope of carbon-12.

Therefore,

Interactivity Relative isotopic mass (int-6353)

FINDING A REFERENCE FOR THE MASS OF ATOMS
FIGURE 5.3 Dalton’s table of
elemental symbols and atomic
weights.

Atoms are extremely small but they still have mass. The problem
is to find a way of measuring that mass. In 1803, English chemist
John Dalton described matter as made up of particles that were
solid, indivisible and having weight. Dalton devised his own set of
symbols for the elements and prepared a table of atomic weights
by experimentally determining relative weights of elements in
compounds. He based his figures on hydrogen having a mass of 1.
We now use the term ‘mass’ instead of ‘weight’.
This reference standard was later changed from hydrogen to

oxygen, but this led to a disagreement between chemists, who
used natural oxygen as the standard, and physicists, who used the
oxygen-16 isotope only. Having two slightly different lists of atomic
masses caused many problems. An agreement was reached in 1961
to change the standard to carbon-12, and this settled the dispute; this
change had the added advantage that carbon-12 can be measured
very accurately because it is stable and abundant. The development
of an instrument called the mass spectrometer allowed scientists to
accurately compare the masses of all atoms.
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5.2.2 Relative atomic mass, Ar
Most elements consist of a mixture of isotopes. The relative atomic mass, Ar, of an element can also be
defined in two equivalent ways.

Relative atomic mass, Ar, can be defined as
• the weighted* average of a single atom of the masses of its isotopes on a scale on which a
carbon-12 atom has a mass of exactly 12 units

or
• the weighted* average of a single atom of the masses relative to 1

12 of the mass of an atom
of a single isotope of carbon-12.

Therefore,

Relative atomic mass = weighted average of a single atom of the masses of its isotopes
1
12 mass of a single carbon 12 atom

* Weighted average allows for the fact that isotopes of the same element have different natural percentage abundances. It is usual
practice to neglect the tiny contribution to atomic mass from electrons and take both the mass of a proton and a neutron as being
equal to 1 u.

Relative masses, Mr
Relative formula mass (Mr) uses the same symbol as relative molecular mass (Mr) and is equal to the sum
of the relative atomic masses of the atoms in a formula unit of the compound. For covalent compounds, it is
called the relative molecular mass; for ionic compounds, it is called the relative formula mass.

SAMPLE PROBLEM 1

Calculate theMr of the following compounds
a. SO2 b. Mg(OH)2 c. NH4NO3

Teacher-led video: SP1 (eles-3288)

THINK WRITE

a. Look up the relative atomic mass (Ar) of the
elements that make up SO2 using the periodic table.
SO2: 1 × S and 2 × O
Given that this is a covalent molecule, the term
relative molecular mass would be used. No units
are required.

1 × S and 2 × O
Mr = 32.0 + (2 × 16.0) = 64.0
Mr = 64.0

b. Look up the relative atomic mass of the elements
that make-up Mg(OH)2.
Mg(OH)2: 1 ×Mg and 2 × O and 2 × H
Remember that (OH)2 is the same as 2 × OH.
Given that this is a covalent molecule the term
relative molecular mass would be used. No units
are required.

1 ×Mg and 2 × O and 2 × H
Mr = 24.3 + (2 × 16.0) + (2 × 1.0)
Mr = 58.3
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c. Look up the relative atomic mass of the elements
that make-up NH4NO3.

NH4NO3: 2 × N and 4 × H and 3 × O
Given that this is a covalent molecule, the term
relative molecular mass would be used.

2 × N and 4 × H and 3 × O
Mr = (2 × 14.0) + (4 × 1.0) + (3 × 16.0)
Mr = 80.0

PRACTICE PROBLEM 1
Calculate theMr of the following compounds:
a. Ca3(PO4)2
b. WC
c. Na2Cr2O7

TIP: Using significant figures.
When adding and subtracting with decimal places, you should look to the right of the decimal point only. Round
your answer to the fewest significant digits to the right of the decimal; for example:

266.38 + 743.394 − 0.000357 = 1009.77
(2 decimal places) (3 decimal places) (6 decimal places) (2 decimal places)

When multiplying and dividing, you should retain as many significant figures as in the number with the fewest
significant digits; for example:

8950.23 × 39.8 ÷ 11.238 = 3.17 × 104

6 sig. figs 3 sig. figs 5 sig. figs 3 sig. figs.

The first non-zero digit, reading from left to right in a number, is the first significant figure.

5.2.3 Mass spectrometry
In 1913, Joseph John Thompson, an English physicist, discovered that some elements can have isotopes —
atoms of the same element with a different mass. Francis Aston, another English scientist, developed
Thompson’s equipment into a mass spectrometer. Francis Aston was later awarded the Nobel Prize for
identifying the 212 naturally occurring isotopes by comparing the relative masses of atoms.

Figure 5.4 shows the main features of a mass spectrometer. A sample of the element to be analysed
is injected as a gas into the ionisation chamber (1), where the atoms are ionised by bombardment with
electrons produced by the hot filament (2). The positive ions formed are accelerated through an electric
field (3) and deflected in a magnetic field that forces the ions to travel along different paths (4). The curved
paths of deflection depend on the mass-to-charge ratio of the ions. For a given charge (for example, singly
charged ions), the heavier ions are harder to deflect and so travel in a wider curve. Ions corresponding
to a fixed mass-to-charge ratio are picked up by the ion collector (5) and the ion current is amplified and
displayed (6). That is, the path of the lightest element is deflected the most. Similarly, it deflects the most
highly charged particle the furthest.

The mass spectrometer provides us with information about:
• the number of isotopes in a given sample of an element
• the relative isotopic mass of each isotope
• the percentage abundance of the isotopes.
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FIGURE 5.4 A mass spectrometer. Different types of atoms of the same element can be separated on the basis
of their mass:charge ratio.
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Weblink Mass spectrometry

FIGURE 5.5 The mass spectrum for neon
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Figure 5.5 shows the mass spectrum for neon.
The two peaks in the trace represent the two
isotopes of neon. Both isotopes of neon have an
atomic number of 10 (that is, the number of protons
is 10), but one isotope has a relative isotopic mass
of 20 and the other has a relative isotopic mass of
22. The atoms of neon-20 have 10 protons and 10
neutrons, and atoms of neon-22 have 10 protons
and 12 neutrons. The number of protons added
to the number of neutrons in an atom is called its
mass number.

If an ion appears on the mass spectrum, it must
have a positive charge; for example, 20Ne+ or 22Ne+.

Using data from the mass spectrum, one could
calculate the relative atomic mass for an element by
using the following method of calculation.

To calculate relative atomic mass

Ar =

(relative isotopic mass of first isotope × abundance) +
(relative isotopic mass of second isotope × abundance)+ ...

100
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For example, from the mass spectrum discussed for neon, the two isotopes, 20Ne and 22Ne, have relative
isotopic masses of 20.0 and 22.0 respectively. Their relative abundances are 90.0% and 10.0% respectively.

Ar (Ne) = (20.0 × 90.0)+ (22.0 × 10.0)
100

= 20.2 (no units because this is a relative value)

SAMPLE PROBLEM 2

Lithium consists of two isotopes. One isotope, 6Li has a relative isotopic mass of 6.02 and an
abundance of 7.42%. The other isotope, 7Li, has a relative isotopic mass of 7.02 and an
abundance of 92.58%.
a. Is the relative atomic mass closer to six or seven? Explain your answer.
b. Calculate the relative atomic mass of lithium.

Teacher-led video: SP2 (eles-3289)

THINK WRITE

a. Nearly 93% of all the isotopes of lithium have a
mass of seven, so when the masses are averaged it
will be much nearer to seven than six.

Closer to 7

b. 1. Recall the relative atomic mass formula given
above and substitute known values.

Ar(Li)=
(7.59× 6.02)+ (92.41× 7.02)

100

= 6.944
2. Round your answer to three significant figures

because this is the fewest number of significant
figures used in the question.
Rounded to three significant figures Ar = 6.94.
No units are required because this is a
relative value.

6.94

PRACTICE PROBLEM 2
Copper has two isotopes, 63Cu, which has the relative isotopic mass of 62.93, and 65Cu, which has the
relative isotopic mass of 64.92. The proportions of each isotope are 69.15% and 30.85% respectively.
Calculate the relative atomic mass, Ar, of copper.

5.2 EXERCISE
To answer questions online and to receive immediate feedback and sample responses for every question, go
to your learnON title at www.jacplus.com.au.
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1. Calculate Mr of each of the following compounds.
(a) CO2

(b) NaCl
(c) H2O2

(d) H2SO4

(e) C6H12O6

2. Three isotopes of magnesium and their relative abundances are
M24

12 g (78.8%), M25
12 g (10.2%) and M26

12 g (11.0%). The masses of each
isotope was measured to three significant figures: 24.0, 25.0 and
26.0 respectively.
(a) Sketch on a graph the mass spectrum for magnesium.
(b) Calculate the relative atomic mass of magnesium.

3. Gallium has two isotopes. One isotope is G69
31 a and has a relative

abundance of 60.50%. The relative atomic mass of gallium is
69.70. Find the relative isotopic mass of the other isotope.

4. The green colour of fireworks can be produced using the element boron.
Boron’s two isotopes are B10

5 and B11
5 . Use the mass spectrum provided

in the figure to calculate the relative atomic mass of boron.

To answer practice exam questions online and to receive immediate feedback and sample responses for every
question go to your learnON title at www.jacplus.com.au.

studyON: Practice exam questions

Fully worked solutions and sample responses are available in your digital formats.

5.3 The mole

KEY CONCEPT
• The mole concept, Avogadro constant, determination of the number of moles of atoms in a sample of
known mass, and calculation of the molar mass of ionic compounds

5.3.1 The mole concept
If one drop of water, H2O, has a mass of 0.0300 g then this would contain 1.00 × 1021 molecules of water.
Dealing with such large values would prove overly complicated, and ratios of masses of different substances
would be difficult to see. Clearly, in chemistry, we need a measurement unit that can manage these large
numbers of atoms and molecules. The mole concept helps us count atoms and is fundamental to chemical
calculations. The term mole simply represents a number. It is a unit of measurement, just as the ‘kilo’
represents 1000.

The Avogadro constant
The mole was recently redefined, with the new definition implemented on 20 May 2019. Prior to this date,
the mole was defined as the amount of substance that contains as many particles (atoms, ions or molecules)
as there are atoms in exactly 12 g of the 12C isotope. The number of carbon atoms in 12 g of 12C isotope has
been experimentally calculated to be 602 140 760 000 000 000 000 000, or 6.02 × 1023 mol–1.

However, in 2018 the General Conference on Weights and Measures determined that all SI (Système
international (d’unités)) will not be defined in terms of any physical objects but rather defined by constants
(due to their exact nature).
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FIGURE 5.6 One mole each of mercury, zinc, silicon, aluminium, sulfur and
bromine. The quantity of each of the substances shown contains 6.02 × 1023

particles.

The mole, abbreviation mol, symbol n, is the SI unit of amount of substance.
One mole contains exactly 6.022 140 76 × 1023 elementary entities.
This number is the fixed numerical value of the Avogadro constant, symbol NA or L, when expressed in

mol−1, and is called the Avogadro constant, NA, (or number). Therefore, the number of atoms in 1 mole of
a pure element is 6.02 × 1023 mol–1.

One mole contains exactly 6.022 140 76 × 1023 elementary entities.
It is typically rounded to three significant figures.
Avogadro’s constant, NA or L = 6.02 × 1023 mol–1

FIGURE 5.7 As well as being the basis for the
mole, purified carbon is used in air, gold and water
purification, decaffeination, metal extraction, poison
and sewage treatment, and in air filters in gas
masks.

While the definition of the mole has changed,
from the number of atoms in exactly 12 g of the
12C isotope, to a constant of the same value, the
new definition is fundamentally based on the 12C
isotope. You may have noticed that the definition
of relative isotopic mass is also based on the 12C
isotope. A good reason exists for this. The relative
isotopic scale allows us to deal with atoms ‘one
at a time’. The mole concept allows us to deal
with much larger groups ‘one mole at a time’. The
common reference to 12C means that, to find out the
mass of one mole (molar mass,M) of any element,
all you have to do is add ‘g’ to the relative atomic
mass.
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To find the mass of one mole of an element, simply add ‘g’ to the relative atomic mass of
that element.

Amedeo Avogadro is one of Italy’s
most famous modern scientists.
In this commemorative stamp,
celebrating 100 years since his
death, the text translates to ‘Equal
volumes of gas under the same
temperature and pressure conditions
contain the same number of
molecules’. This statement is known
as Avogadro’s law. In tribute to his
work on molecular theory, Avogadro’s
constant, NA or L, relates the molar
mass of a substance (molecule,
atom or ion) to the mass of a sample.
One mole of any sample will contain
exactly 6.022 140 76 × 1023 particles.
Avogadro’s constant is a recognised
SI unit.

5.3.2 Molar mass, M
The molar mass (M) of an element is defined as the mass of 1 mol of the element; that is, 6.02 × 1023 atoms
of the element. The unit is grams per mole (g mol−1). For example:

Molar mass of carbon atoms = mass of 1 mol of C atoms

= 12.0 g mol−1

∴ 12.0 g of carbon contains 6.02 × 1023 atoms of carbon.

Molar mass of oxygen atoms = mass of 1 mol of O atoms

= 16.0 g mol−1

∴ 16.0 g of oxygen contains 6.02 × 1023 atoms of oxygen.

Molar mass of oxygen molecules = 2 ×mass of 1 mol of O atoms

= 2 × 16.0 g mol−1

= 32.0 g mol−1

∴ 32.0 g of oxygen contains 6.02 × 1023 molecules of oxygen.

32.0 g of oxygen contains 1.20 × 1024 atoms of oxygen.

5.3.3 Calculating molar mass, M, of covalent (molecular) and ionic
compounds
The molar mass of a compound is defined as the mass of 1 mol of the compound expressed in grams per
mole (g mol–1).
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Covalent compounds

Molarmass ofwatermolecules = mass of 1.00mol ofH2O molecules

= 18.0 g mol−1

∴ 18.0 g of water contains 6.02 × 1023 molecules of water.
FIGURE 5.8 Whether a
substance is made up of
atoms, molecules or ions,
the same principle applies:
one mole of any substance
always contains 6.02 × 1023

particles.
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Molar mass of chlorine gas = mass of 1.00mol of Cl2 molecules

= 71.0 g mol−1

∴ 71.0 g of chlorine gas contains 6.02 × 1023 molecules of chlorine.

Ionic compounds
The Mr of an ionic compound is found by adding the Ar of each atom in
the formula of the compound. For example:

Mr (CuSO4) = Ar (Cu)+ Ar (Cu)+ (4 × Ar (O))
= 63.5+ 32.1+ (4 × 16.0)
= 159.6

The molar mass (M) of CuSO4 is 159.6 g mol−1.

M (CuSO4) = 159.6 g mol−1

SAMPLE PROBLEM 3

What is the molar mass,M, of calcium nitrate, Ca(NO3)2?
Teacher-led video: SP3 (eles-3290)

THINK WRITE

1. The Mr of an ionic compound is found by
adding the Ar of each atom in the formula of
the compound.
Brackets indicate the number of multiples;
e.g. (NO3)2 is the same as NO3 + NO3.

Atom Number Ar Total Ar

Ca 1 × 40.1 = 40.1

N 2 × 14.0 = 28.0

O 6 × 16.0 = 96.0

2. Add the total Ar to determine the Mr.

TIP:Molar mass must have units of g mol–1,
unlike relative masses which have no units.

Mr = 40.1 + 28.0 + 96.0
= 164.1

Mr(Ca(NO3)2 = 164.1 g mol–1

PRACTICE PROBLEM 3
What is the molar mass,M, of calcium perchlorate, Ca(ClO4)2?
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Interactivity The mole concept (int-6354)

Weblink What is mole day?

5.3.4 Calculating moles of atoms in a known mass
We have discussed a relationship between the number of particles and the mass of the substance. This
means that, when we measure the mass of a substance equal to its molar mass (e.g. 18.0 g of H2O), we are
also indirectly counting out 6.02 × 1023 particles of that substance (e.g. water molecules). If the molecule
or formula unit contains more than one kind of atom, we can also calculate the number of different atoms
present in one mole of the substance. For example:

1.00 mol of carbon dioxide molecules contains:
• 1.00 mol of CO2 molecules
• 6.02 × 1023 CO2 molecules
• 1.00 mol of C atoms
• 6.02 × 1023 C atoms
• 2.00 mol of O atoms
• 1.20 × 1024 O atoms.
The molar mass of CO2 is 44.0 g mol−1.
These observations suggest the following:

To calculate moles from a known mass:

n = m
M

where n = number of moles, m = mass,M = molar mass.

To calculate moles from a known number of particles:

n = number of particles

6.02 × 1023
= N

NA

where n = number of moles, N = number of particles,
NA = Avogadro’s constant.
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moles

number of particles (N) moles
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SAMPLE PROBLEM 4

A gas balloon contains 22 g of helium atoms. How many helium atoms are present in the balloon?

Teacher-led video: SP1 (eles-3291)

THINK WRITE

1. To determine the number of helium atoms, first use
the formula n = m

M
to first determine the number of

mole of helium atoms.

n(He) = m

M

= 22

4.0
= 5.5mol

2. To determine the number of helium atoms in the
calculated number of moles of helium rearrange the

formula n = N

NA

.

TIP: Avogadro’s constant, NA, can be found in
Table 4 of the VCE Chemistry Data book.

n = N

NA

N(He) = n × NA

= 5.5 × 6.02 × 1023

= 3.3 × 1024

3.3 × 1024 atoms of helium are in
22 g of helium.

PRACTICE PROBLEM 4
How many atoms of oxygen are in 66.05 g of ammonium sulfate, (NH4)2SO4?

Weblink How big is a mole?

5.3 EXERCISE
To answer questions online and to receive immediate feedback and sample responses for every question, go
to your learnON title at www.jacplus.com.au.

1. Calculate the molar masses of the following.
(a) Ozone, O3

(b) Iodine, I2
(c) Calcium oxide, CaO
(d) Hydrogen chloride, HCl

2. What is the mass of each of the following?
(a) 5.25 × 1024 molecules of glucose, C6H12O6

(b) 1.83 × 1021 molecules of nitrogen dioxide, NO2

(c) 3.56 × 1014 molecules of carbon dioxide, CO2

(d) 4.13 × 1028 molecules of carbon disulfide, CS2

(e) 3.62 × 1024 molecules of dinitrogen tetraoxide, N2O4

3. Which of the following substances has the greatest mass?
(a) 200 g of magnesium
(b) 5.00 mol of sulfur
(c) 1.2 × 1024 atoms of helium
(d) 3.5 × 1022 molecules of alanine, C3H7O2N
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4. Use a spreadsheet program to produce a spreadsheet that converts amounts of substances to moles. Set
up your spreadsheet according to the following template, and then complete the table. Use a formula and
then the ‘fill’ function.

Conversion of amounts of substances to moles

A B C D E F G

Substance
Amount

(g)

Molar
mass
(M)

Number
of

atoms
in the

molecule

Number
of moles
(n) of

substance

Number
of

molecules

Total
number
of atoms

1 Water, H2O 3.2

2 Methane, CH4 2.7

3 Ammonia, NH3 0.056

4 Ethanoic acid, CH3COOH 27.3

5 Benzene, C6H6 0.56

6 Octane, C8H18 2.34

7 Ethanol, CH3CH2OH 6.0 × 1024

8 Ozone, O3 1.27 × 1021

9 Sulfuric acid, H2SO4 3.0 × 1026

10 Carbon dioxide, CO2 7.5 × 1025

To answer practice exam questions online and to receive immediate feedback and sample responses for every
question go to your learnON title at www.jacplus.com.au.

studyON: Practice exam questions

Fully worked solutions and sample responses are available in your digital formats.

5.4 Determination of the empirical formula

KEY CONCEPT
• Experimental determination of the empirical formula of an ionic compound

5.4.1 Steps to determine the empirical formula
The empirical formula of a compound gives the simplest whole number ratio of the atoms or ions present
in the compound. For ionic compounds, their formulas are already in the simplest ratio of elements (as it
represents the ratio of elements in the lattice structure) and so an ionic compounds formula is its empirical
formula.

Empirical formulas can only be found experimentally by determining the mass of each element present in
the total mass of the compound. This ratio of elements by mass must be converted to a ratio of elements by
numbers. This is done by calculating the number of moles of each element.

Pdf_Folio:120

UN
CO
RR
EC
TE
D
PA
GE
PR
OO
FS

UN
CO
RR
EC
TE
D
PA
GE
PR
OO
FS



“c05QuantifyingAtomsAndCompounds_print” — 2019/6/21 — 6:49 — page 121 — #15

The steps involved in finding an empirical formula are:
1. Write down the symbols of the elements present.
2. Assume that the mass of the sample is 100 g and all percentages become grams.
3. Convert masses to moles.
4. Find the simplest whole number ratio of the atoms by dividing all numbers of moles by the smallest

number of moles.
5. If necessary, multiply by a factor to convert all numbers to whole numbers.
Empirical formulas can also be calculated when experiments reveal the actual mass of each element that

is present in a sample of a compound. In this situation, the masses involved are simply written in at step 2 in
the preceding sequence of steps.

Digital document Experiment 5.1 Empirical formula of magnesium oxide (doc-30846)

Teacher-led video Experiment 5.1 Empirical formula of magnesium oxide (eles-3219)

Empirical formula of hydrated compounds
Some ionic compounds crystallise from an aqueous solution to form a hydrated ionic compound. In these
compounds, water molecules are included in the crystal lattice structure. This water is called water of
crystallisation. Hydrated copper(II) sulfate, for example, appears as a blue crystalline solid and has the
formula CuSO4·5H2O (see figure 5.9 (a)). This means that, for each Cu2+ ion and SO4

2− ion in the crystal
lattice structure, five water molecules are also included. Heating the copper(II) sulfate crystals removes the
water molecules to leave a white powder known as anhydrous copper(II) sulfate. The formula of anhydrous
copper(II) sulfate is CuSO4 (figure 5.9 (b)). The mass of the water of crystallisation, and its percentage
contribution to the mass of the ionic compound, can be calculated when the masses of both the hydrated
and anhydrous compound are known or if the degree of hydration is shown in the formula.

FIGURE 5.9 (a) Hydrated copper(II) sulfate, CuSO4·5H2O, is also called copper(II) sulfate pentahydrate.
(b) Dehydrated (anhydrous) copper (II) sulfate, CuSO4, is white in colour. When water is added, it turns the
characteristic blue colour of hydrated copper sulfate, CuSO4·5H2O.
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SAMPLE PROBLEM 5

A compound of sulfur contains 2.4% hydrogen, 39.0% sulfur and 58.6% oxygen. Find the
empirical formula of the compound.

Teacher-led video: SP5 (eles-3292)

THINK WRITE

1. Follow the steps outlined at the start
of section 5.4.1.
TIP: Always organise the grid of
elements in the order that they
appear in the question and if you
get a ratio of, say, exactly 2.5 to 3,
double it so both are whole
numbers; e.g. 2.5 to 3 becomes
5 to 6.

Step 1 Symbols H S O

Step 2 Masses 2.4 g 39.0 g 58.6 g

Step 3 Moles
2.4
1.0

= 2.4

39.0
32.1

= 1.2

58.6
16.0

= 3.7

Step 4 Ratio/divide
by
smallest

2.4
1.2

= 2.0

1.2
1.2

= 1.0

3.7
1.2

= 3.1

2. The empirical formula can be
written directly from the ratios
in the table — in this case,
2 hydrogen, 1 sulfur and 3 oxygen.

H2SO3

PRACTICE PROBLEM 5
Washing soda crystals may be used to bleach linen. When crystallised
from water, washing soda (sodium carbonate, Na2CO3) forms crystals of
a hydrated ionic compound.
When 5.00 g of washing soda crystals were dried in a desiccator, 1.85 g

of sodium carbonate remained. Calculate the empirical formula of the
hydrated compound.

122 Jacaranda Chemistry 1 VCE Units 1 & 2 Second Edition

Molecular formula
The molecular formula of a compound represents the actual composition of a compound that is made up
of molecules. A molecular formula is either the same as its experimentally determined empirical formula,
such as in ionic compounds, or is a whole-number multiple of it. For example, acetylene is a gas that is used
in welder’s torches, whereas benzene is a highly flammable liquid that is a recognised carcinogen. Although
both compounds have the same empirical formula, CH, the molecular formula of acetylene is C2H2, and the
molecular formula of benzene is C6H6. Determination of molecular formulas is discussed in topic 8.
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Digital documents Experiment 5.2 Stoichiometry of a reaction (doc-30901)

Experiment 5.3 The empirical formula of a hydrated salt (doc-30902)

Teacher-led videos Experiment 5.2 Stoichiometry of a reaction (eles-3275)

Experiment 5.3 The empirical formula of a hydrated salt (eles-3276)

5.4 EXERCISE
To answer questions online and to receive immediate feedback and sample responses for every question,
go to your learnON title at www.jacplus.com.au.

1. Aspirin is a drug used extensively for pain relief. Chemical analysis of an aspirin tablet determined that it was
composed of 57.7% carbon, 37.5% oxygen and 4.8% hydrogen. Calculate the empirical formula of aspirin.

2. Hydroquinone is a liquid that is used as a photographic developer. Determine the empirical formula of
hydroquinone given that it contains 65.4% carbon and 29.1% oxygen with the remainder being hydrogen.

3. A 1.124 g sample of CaSO4 crystals was heated to drive off the water of crystallisation. When completely
dry, a residue of 0.889 g was obtained. Determine the empirical formula of the hydrated compound.

4. A 0.942 g sample of MgSO4 crystals was heated to drive off the water of crystallisation. When completely
dry, a residue of 0.461 g was obtained. Determine the empirical formula of the hydrated compound.

5. Borax is a naturally occurring compound that is used in the manufacture of optical glasses. Analysis of
borax shows that it is made up of three elements: sodium (22.8%), boron (21.5%) and oxygen.
Determine the empirical formula of borax.

To answer practice exam questions online and to receive immediate feedback and sample responses for every
question go to your learnON title at www.jacplus.com.au.

studyON: Practice exam questions

Fully worked solutions and sample responses are available in your digital formats.

5.5 Review
5.5.1 Summary
Relative isotopic mass and the carbon-12 scale

• The relative atomic mass (Ar) of elements shown in the periodic table is calculated using the weighted
mean of the relative isotopic masses:

Ar =

(relative isotopic mass of first isotope × abundance) +
(relative isotopic mass of second isotope × abundance)+ ...

100

where Ar is the relative atomic mass.
• Relative isotopic masses are determined using a mass spectrometer and are masses compared with the

carbon-12 isotope.
• The carbon-12 isotope is defined as having a mass of 12 g exactly. It is used as a standard because it is

a stable and abundant isotope, which means that its mass can be determined accurately.
• The mass spectrometer is an instrument that can separate isotopes of an element based on their

mass-to-charge ratio.
• A mass spectrum of an element shows the number of isotopes present in an element, their relative

isotopic masses and their proportions.
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The mole

• The mole concept is an important chemical idea, enabling us to ‘count’ particles present in a quantity
of a substance.
• The unit that measures the amount of a substance is the mole (mol).
• A mole of any substance is composed of Avogadro’s number (6.02 × 1023) of representative

particles.
• The molar mass (M) of an element or compound is the mass of 1 mole of the substance (numerically

equal to the relative molecular mass (Mr)) and is expressed in g mol−1.
• The number of particles in a sample of substance may be determined by the formula:

number of particles = number of moles of substance × Avogadro’s number

Determination of the empirical formula

• Formulas for compounds take two forms:
• An empirical formula is the simplest whole-number ratio of atoms of the elements in the compound

and is determined experimentally.
• A molecular formula is the same as, or some simple multiple of, an empirical formula and specifies

the exact number of each type of atom in a molecule of the compound.

To access key concept summaries and practice exam questions download and print the studyON: Revision and practice
exam question booklet

5.5.2 Key terms

anhydrous without water in the chemical structure
Avogadro’s constant, NA the number of elementary particles (atoms) in exactly 12 g of carbon-12. This number

is equal to 6.02 × 1023.
empirical formula formula that shows the simplest numerical ratio in which atoms are combined
hydrated containing water molecules within the structure
isotopes forms of an element with the same number of protons but different numbers of neutrons in the nucleus,

resulting in elements with different masses
mass number total number of protons and neutrons in the nucleus of a particular isotope of an element
mass spectrometer analytical instrument that determines the relative isotopic masses of the different isotopes of

an element and abundance
molar mass mass of one mole of a compound expressed in grams per mol
mole 6.02 × 1023 particles of a substance
molecular formula actual number of atoms of each element in a molecule of a substance
relative atomic mass, Ar mean mass of the naturally occurring mixture of the isotopes of an element on the

relative atomic mass scale, on which the masses of particles are compared with the mass of the carbon-12
isotope

relative isotopic mass mass of an individual isotope of an element on the relative atomic mass scale, on which
the masses of particles are compared with the mass of the carbon-12 isotope

unified atomic mass units; u standard unit of mass based on the mass of the C-12 isotope, where mass of an
atom of C-12 equals 12 u; it is approximately equal to one nucleon (proton or neutron)

water of crystallisation water molecules included in a crystal lattice structure

Digital document Key terms glossary — Topic 5 (doc-30938)
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5.5.3 Practical investigations

Experiment 5.1
Empirical formula of magnesium oxide
Aim: To deduce the empirical formula of magnesium oxide
Digital document: doc-30846
Teacher-led video: eles-3219

Experiment 5.2
Stoichiometry of a reaction
Aim: To investigate quantitatively the reaction between iron and copper(II) sulfate pentahydrate
Digital document: doc-30901
Teacher-led video: eles-3275

Experiment 5.3
The empirical formula of a hydrated salt
Aim: To determine the empirical formula of a hydrated salt
Digital document: doc-30902
Teacher-led video: eles-3276

5.5 Exercises
To answer questions online and to receive immediate feedback and sample responses for every question
go to your learnON title at www.jacplus.com.au.

5.5 Exercise 1: Multiple choice questions
1. What are the particles in a mass spectrometer deflected according to?

A. Their abundance
B. Their mass only
C. Their charge only
D. Their mass and charge

2. Rubidium has two stable isotopes. Rubidium-85 has an abundance of 72% and rubidium-87 has an
abundance of 28%. The mass spectrum of rubidium has
A. 2 peaks: a smaller peak at relative isotopic mass 85 and a larger peak at relative isotopic mass 87.
B. 2 peaks: a smaller peak at relative isotopic mass 87 and a larger peak at relative isotopic mass 85.
C. 1 peak at about relative isotopic mass 85.5.
D. 1 peak at about relative isotopic mass 86.

3. When the element fluorine, F2, is passed through the mass spectrometer, what particles are detected?
A. F2 ions B. F ions C. F− and F+ ions D. F+ ions

4. A certain element has two isotopes of relative isotopic mass 203 and 205. Given that its Ar value is
204.4, which of the following is the most likely percentage abundance of the heavier isotope?
A. 7% B. 30% C. 50% D. 70%

5. The difference between the relative molecular mass (Mr) of carbon dioxide and the molar mass of
carbon dioxide is that the relative molecular mass and the molar mass of carbon dioxide are,
respectively
A. 44.0 g and 1 mol.
B. 44.0 and 44.0 g mol−1.
C. 44.0 g and 44.0 g mol−1.
D. 44.0 and 44.0 g.

6. What is the number of moles of oxygen atoms in 143 g of sodium carbonate decahydrate,
Na2CO3·10H2O?
A. 0.50 B. 1.5 C. 2.0 D. 6.5
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7. What would the smallest number of molecules be contained in?
A. 1.0 g of N2

B. 1.0 g of O2

C. 1.0 g of NO
D. 1.0 g of NO2

8. Where would the largest number of oxygen atoms be found in?
A. 300 g of water, H2O
B. 3.2 mol of hydrated copper(II) sulfate, CuSO4·5H2O
C. 3 kg of a fat having the molecular formula C57H110O6

D. 7.35 × 1024 molecules of nitrogen dioxide, NO2

9. Polymers may be made from the three monomers acrylic acid, C3H4O2, methyl acrylite, C4H6O2, and
acrylonitrile, C3H3N. What is the order of increasing percentage of carbon content of these monomers?
A. Acrylic acid, methyl acrylite, acrylonitrile
B. Acrylic acid, acrylonitrile, methyl acrylite
C. Acrylonitrile, acrylic acid, methyl acrylite
D. Acrylonitrile, methyl acrylite, acrylic acid

10. Which of the following lists of substances shows only empirical formulas?
A. H2O, CH3COOH, HCl, Na2Cr2O7

B. H2SO4, H2O, Al(NO3)2, Al2(SO4)3
C. HCl, C6H12O6, NH3, Al(NO3)2
D. Al2(SO4)3, O2, HCl, H2SO4

11. A substance, on analysis, was found to contain 27.3% carbon and 72.7% oxygen. Which of the
following is the empirical formula of the substance?
A. CO2

B. CO3

C. C2O4

D. C3O7

12. The mass spectrum of magnesium is shown in the figure. Which of
the following statements is true?

24 25 26
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A. Three isotopes are shown with masses in the ratio 24:25:26 and
relative abundances of about 8%, 1% and 1%.

B. The three isotopes have the same mass number but different
atomic numbers.

C. Isotopes 25 and 26 have relative abundances of about 10%.
D. Isotope 24 has a relative abundance of about 10%.

5.5 Exercise 2: Short answer questions
1. Silicon-containing ores have three isotopes: 92% silicon-28,

5% silicon-29 and 3% silicon-30.
a. Draw the mass spectrum for silicon.
b. What is the atomic number of silicon?
c. What are the relative isotopic masses of the three silicon isotopes?
d. What is the relative atomic mass of silicon?

2. Silver is an unreactive metal that is used to produce jewellery. Its relative atomic mass is 107.9, and it
consists of two naturally occurring isotopes: silver-107 and silver-109. Calculate the abundance of the
lighter isotope.

3. In 2.0 moles of (NH4)3PO4 (fertiliser) are
a. _____ moles of nitrogen atoms.
b. _____ moles of hydrogen atoms.
c. _____ moles of oxygen atoms.
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d. _____ moles of phosphorus atoms.
e. _____ (total number) nitrogen atoms.
f. _____ grams of phosphate ions.
g. _____ grams of nitrogen atoms.

4. Complete the table below.

5. Find the number of moles and the number of atoms present in the following samples.
a. 14.6 g acetylene (ethyne), C2H2

b. 0.48 g propane, C3H8

c. 485 g ethanol, C2H5OH
d. 8.6 g carbon dioxide, CO2

e. 67 g iodine, I2
6. Calculate the mass of each of the following.

a. 160 mol Fe
b. 0.075 mol silicon dioxide
c. 4.23 mol NO2

7. Sodium fluoride is thought to reduce tooth decay, especially in children. It is, therefore, added to some
brands of toothpaste. If a tube of toothpaste contains 0.013 g of sodium fluoride, answer the following.
a. How many moles of sodium fluoride does this represent?
b. How many fluoride ions does this represent?

8. To prevent a gum disease called scurvy, the minimum daily requirement of vitamin C, C6H8O6, is 60 mg.
a. How many moles of vitamin C is this?
b. How many molecules is this?
c. If 10 g of spinach is found to contain 1.2 × 10−5 g of vitamin C, how much spinach must be eaten to

attain the minimum daily requirement?
9. A typical vitamin C tablet contains 500.0 mg of ascorbic acid. (The molecular formula of vitamin C is

C6H8O6.)
a. How many moles of vitamin C does a typical vitamin C tablet contain?
b. How many molecules of vitamin C does a typical vitamin C tablet contain?

10. Too much cholesterol, C27H46O, is associated with heart disease, although the body produces its own
cholesterol in the liver. A 250 g sample of cholesterol was removed from the arteries of a patient.
a. How many moles of cholesterol are present in this sample?
b. How many moles of carbon atoms does this represent?
c. How many grams of carbon atoms are present in the sample?
d. How many grams of oxygen atoms are present in the sample?

11. Diamond is a naturally occurring form of pure carbon. The mass of a diamond is measured in a unit
called a carat, where 1.00 carat = 0.200 g. How many atoms of carbon are in the following?
a. A 1.00-carat diamond
b. A 3.15-carat diamond

12. Coffee contains the stimulant caffeine. Analysis shows it consists of 49.48% carbon, 28.85% nitrogen,
16.48% oxygen and 5.19% hydrogen, by mass. Calculate the empirical formula of caffeine.
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Name Formula
Molar

mass (M)
Mole
(n) Mass (m)

Sodium hydroxide NaOH 3.41 g

CCl4 1.40 mol

Sodium carbonate 106 g mol−1 1.00 mol

KCl 0.25 mol

Ammonium phosphate 8.46 g
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13. The amino acid cysteine contains the elements carbon, hydrogen, nitrogen, oxygen and sulfur. Analysis
of a 1.210 g sample of cysteine shows it to contain 0.0704 g of hydrogen, 1.80 × 1022 carbon atoms,
0.0100 mol of nitrogen and equal masses of sulfur and oxygen. Determine the empirical formula
of cysteine.

14. Methanol is an alternative fuel to petrol that has been used in experimental cars. Determine the
empirical formula of methanol, given that it is composed of 49.9% oxygen, 37.5% carbon and
12.6% hydrogen.

5.5 Exercise 3: Exam Practice Questions
1. Octane, C8H18, is a major component of petrol. 6 marks

a. What is the Mr of octane? 1 mark
b. What is the mass of 3.20 mol of octane? 1 mark
c. How many molecules are in 2.5 g of octane? 1 mark
d. How many individual atoms are in 5.0 g of octane? 1 mark
e. What is the percentage of hydrogen in octane? 1 mark
f. What mass of carbon would be present in 150 g of octane? 1 mark

2. The odour of rancid butter is caused by butyric acid, which contains 54.5% carbon and 9.1%
hydrogen, the rest being oxygen. Given that theMr of butyric acid is 88.0, calculate the
empirical formulas of the acid. 2 marks

3. An oxide of copper is heated in a stream of hydrogen until only the copper remains, according to the
equation:

CuxO (s)+ H2 (g) → xCu (s)+ H2O (l)

The data for the experiment is given in the following table. Calculate the empirical formula of the oxide
of copper. 3 marks

Item Mass (g)

Crucible 27.002

Crucible plus contents before heating 27.128

Crucible plus contents after heating 27.114

4. 4.6 g of anhydrous zinc sulfate with an M of 161.5 g mol−1 was obtained by evaporating the water from
8.2 g of the crystalline hydrated salt with empirical formula ZnSO4·xH2O. Calculate the
value of x. 2 marks

5. Insects of a particular species can identify their mate by using special chemicals called pheromones that
transmit chemical messages. The pheromone that serves as a sex attractant for gypsy moths is called
disparlure and contains the elements C, H and O. Analysis of disparlure shows that 0.282 g contains
16.00 × 10−3 g of O atoms and 0.228 g of C atoms. TheMr of disparlure is 282 g mol−1. Determine the
empirical formula of disparlure. 2 marks

6. Use examples to explain the difference between the terms ‘mass number’, ‘relative atomic mass’ and
‘molar mass’. 6 marks

5.5 Exercise 4: studyON Topic Test
Fully worked solutions and sample responses are available in your digital formats.

Test maker
Create unique tests and exams from our extensive range of questions, including practice exam questions.
Access the assignments section in learnON to begin creating and assigning assessments to students.
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