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A .  Mas ses  of  atoms  a nd  mol e cu l es  

 Relative Atomic Mass (Ar) 

The relative atomic mass (Ar), is the weighted 

average mass of naturally occurring atoms of 

an element on a scale where an atom of 

carbon-12 has a mass of exactly 12 units.  

From this it follows that: 

Ar [element Y] = 
average mass of one atom of element Y x 12

mass of one atom of carbon−12
 

 

 Relative Isotopic Mass 

Isotopes are atoms that have the same 

number of protons but different numbers of 

neutrons.  

The term relative isotopic mass is used for the 

mass of a particular isotope of an element on 

a scale where an atom of carbon-12 has a 

mass of exactly 12 units. 

  

 Relative Molecular Mass (Mr) 

The relative molecular mass of a compound 

(Mr), is the relative mass of one molecule of 

the compound on a scale where the carbon-12 

isotope has a mass of exactly 12 units. We find 

the relative molecular mass by adding up the 

relative atomic masses of all the atoms 

present in the molecule. 

 

Example : 

Methane = CH4 

Atoms present 1 × C ; 4 × H 

Add Ar values (1 × Ar[C]) + (4 × Ar[H]) 

Mr of methane = (1 × 12) + (4 × 1) = 16 

 

 Relative Formula Mass 

For compounds containing ions we use the 

term relative formula mass. This is calculated 

in the same way as for relative molecular 

mass. It is also given the same symbol, Mr 

 

Example : 

Magnesium hydroxide = Mg(OH)2 

Ions present 1 × Mg2+ ; 2 × (OH–) 

Add Ar values  

(1 × Ar[Mg]) + (2 × (Ar[O] + Ar[H])) 

Mr of magnesium hydroxide 

= (1 × 24.3) + (2 × (16 + 1)) 

= 58.3 

 

 Mass Spectrometry 

A mass spectrometer can be used 

to measure the mass of each isotope present 

in an element. It also compares how much of 

each isotope is present – the relative 

abundance 

(isotopic abundance).  

 

We can use the data obtained from a mass 

spectrometer to calculate the relative atomic 

mass of an element very accurately.  

 

To calculate the relative atomic mass we 

follow this method : 

- Multiply each isotopic mass by its 

percentage abundance 

- Add the figures together 

- Divide by 100. 

We can use this method to calculate the 

relative atomic mass from its mass spectrum. 

Example : 

The mass spectrum of neon has three peaks: 

 

20Ne (90.9%), 21Ne (0.3%) and 22Ne (8.8%). 

Ar of neon =  

 

B .  AMOU NT  OF  SU BSTAN CE  

 The Mole 

One mole (mol) of a substance is the amount 

of that substance that has the same number of 

specific particles (atoms, molecules or ions) as 

there are atoms in exactly 12g of the carbon-

12 isotope. 

We often refer to the mass of a mole of 

substance as its molar mass (abbreviation M). 

The units of molar mass are g/mol. 

 

 The Avogadro Constant 

The Avogadro Constant is very large : 

6.02 × 1023 atoms. This number is also usually 

called the Avogadro number.  

The symbol for the Avogadro constant is L (the 

symbol NA may also be used). 

The Avogadro constant applies to atoms, 

molecules, ions and electrons.  
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 Moles and Mass 

The Système International (SI) base unit for 

mass is the kilogram. But this is a rather large 

mass to use for general laboratory work in 

chemistry.  

Chemists prefer to use the relative molecular 

mass or formula mass in grams (1000 g = 1 kg).  

 

 

c .  Mol e  cal cu l at i on s  

 Reacting Masses 

When reacting chemicals together we may 

need to know what mass of each reactant to 

use so that they react exactly and there is no 

waste. To calculate this we need to know 

the chemical equation.  

 

Example : 

Fe2O3 + 3CO    2Fe + 3CO2 

1 mole of iron(III) oxide reacts with 3 moles of 

carbonmonoxide to form 2 moles of iron and 3 

moles of carbon dioxide.  

The stoichiometry of the equation is ; 

1 : 3 : 2 : 3. 

The large numbers that are included in the 

equation (3, 2 and 3) are called stoichiometric 

numbers. 

 

In order to find the mass of products formed 

in a chemical reaction we use: 

- The mass of the reactants 

- The molar mass of the reactants 

- The balanced equation. 

 

 The Stoichiometry of a Reaction 

We can find the stoichiometry of a reaction if 

we know the amounts of each reactant that 

exactly react together and the amounts of 

each product formed. 

 

Example : 

If we react 4 g of hydrogen with 32 g of 

oxygen we get 36 g of water.  

(Ar values: H = 1.0, O = 16.0) 

 

 

 

This ratio is the ratio of 

stoichiometric numbers in the 

equation. So the equation is :  

2H2 + O2    2H2O  

We can still deduce the 

stoichiometry of this reaction even if 

we do not know the mass of oxygen 

that reacted. 

The ratio of hydrogen to water is 1 : 

1. But there is only one atom of 

oxygen in a molecule of water – half 

the amount in an oxygen molecule.  

So the mole ratio of oxygen to water 

in the equation must be 1 : 2.  

 Significant Figures 

When we perform chemical 

calculations it is important that we 

give the answer to the number of 

significant figures that fits with the 

data provided.  

 

Example : 

The number 526.84 rounded up to 

varying numbers of significant 

figures.  

rounded to 4 significant figures = 

526.8 

rounded to 3 significant figures = 

527 

rounded to 2 significant figures = 

530  

 

 Percentage Composition by Mass 

We can use the formula of a 

compound and relative atomic 

masses to calculate the percentage 

by mass of a particular element in a 

compound.  

 

% by mass = 
atomic mass x number of moles of particular 

element in compound

molar mass of compound
 × 100 

 

 Empirical Formulae 

The empirical formula of a 

compound is the simplest whole 

number ratio of the elements 

present in one molecule or formula 

unit of the compound.  

 

The molecular formula of a 

compound shows the total number 

of atoms of each element present in 

a molecule.  

number of moles (mol) =  
mass of substance in grams (g)

molar mass (g mol¯1)
 

mass of substance (g)

= number of moles  (mol)x molar mass (g mol¯¹) 
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- The formula for an ionic compound is 

always its empirical formula. 

- The empirical formula and molecular 

formula for simple inorganic molecules 

are often the same. 

- Organic molecules often have different 

empirical and molecular formulae.  

The empirical formula can be found by 

determining the mass of each element 

present in a sample of the compound.  

For some compounds this can be done by 

combustion. An organic compound must 

be very pure in order to calculate its 

empirical formula. 

Example : 

The empirical formula for: 

a) Water = H2O 

b) Hydogen peroxide = HO 

c) Benzene = C6H6 

d) Ammonia = NH3 

 

 Molecular Formulae 

The molecular formula shows the actual 

number of each of the different atoms 

present in a molecule.  

The molecular formula is more useful 

than the empirical formula.  

The molecular formula may be calculated 

from the empirical formula if the relative 

molecular mass is known..  

The molecular formula is always a 

multiple of the empirical formula.  

 

Example : 

The molecular formula of ethane, C2H6 

is two times the empirical formula, CH3. 

 
d .  Exerc i se  

1) How many moles of sodium chloride are 

present in 117 g of sodium chloride, NaCl? 

2) Atomic nitrogen has a molar mass of 14 

g/mole. How many grams are in 1.5 moles of 

atomic nitrogen? 

3) Magnesium burns in oxygen to form 

magnesium oxide. 

2Mg + O2    2MgO 

A) Calculate the mass of oxygen needed to 

react with 1 mole of magnesium.  

B) Calculate the mass of magnesium oxide 

formed. 

4) A compound has the empirical formula CH2Br. 

Its relative molecular mass is 187.8. Deduce 

the molecular formula of this compound. 

(Ar values: Br = 79.9, C = 12.0, H = 1.0) 

 

e .  ans wer  

1) Molar mass of NaCl = 23 + 35.5 = 58.5 g/mol 

Number of moles  =  
𝑀𝑎𝑠𝑠

𝑀𝑜𝑙𝑎𝑟 𝑀𝑎𝑠𝑠
  = 

117

58,5
  = 2 mol 

 

2) (1,5 mole N) (
14 𝑔𝑟𝑎𝑚 𝑁

1 𝑚𝑜𝑙𝑒 𝑁
) = 21 gram N 

 

3) 2Mg           +          O2                    2MgO 

2 × 24.3g         1 × 32.0g         2 × (24.3g + 16.0g) 

48.6g                    32.0 g                    80.6g 

From this calculation we can deduce that: 

a) 32 g of oxygen are needed to react 

exactly with 48.6g of magnesium 

b) 80.6g of magnesium oxide are formed. 

If we burn 12.15g of magnesium (0.5mol) 

we get 20.15g of magnesium oxide.  

This is because the stoichiometry of the 

reaction shows us that for every mole of 

magnesium burnt we get the same number of 

moles of magnesium oxide. 

4) Step 1 , find the empirical formula mass: 

12.0 + (2 × 1.0) + 79.9 = 93.9 

Step 2 , divide the relative molecular mass by 

the empirical formula mass:  
187,8

93,9
 = 2 

Step 3 , multiply the number of atoms in the 

empirical formula by the number in step 2: 

2 × CH2Br 

 

So the molecular formula is C2H4Br2. 

 


