
Topic: Gases in the Atmosphere 



Oxygen Formula:  O2 
Bonding:  covalent 
 
 
 
 
 
Appearance: colourless gas 

Composition of air (dry) 

The two main gases making up 
99% of dry air are nitrogen 
and oxygen. 
 
Our air also contains varying 
amounts of water vapour, 
which we refer to as humidity. 

Composition of the atmosphere 



How can we measure the % 
of oxygen in air ? 

•  react the oxygen with another substance to remove it 
from the air 

•  measure the % by which the volume of air decreases 

•  the substance the oxygen is reacting with must be in 
excess so that all the oxygen reacts and is removed 



Using iron to measure % oxygen in air 

When moist, the oxygen reacts with the iron, oxidising it to 
hydrated iron(III) oxide (rust) and removing it from the 
air. 
 
e.g. Length of test tube before reaction:  150mm 
 
      Height of water in test tube after:   30 mm 
 
      % oxygen in the air:      = (30 ÷ 150) x 100 = 20% 

water level 
rises in tube 

water 

damp iron wool 
air Note: we can also do this 

experiment with phosphorus 
rather than iron, but 
phosphorus is quite dangerous 
to handle. 



Using copper to measure % oxygen in air 

When heated, the oxygen reacts with the copper, oxidising 
it to black copper(II) oxide and removing it from the air. 
 

 2 Cu(s) + O2(g) !  2 CuO(s) 
 
e.g. Volume of air before reaction:  100cm3 

 
      Volume of air after reaction:     81cm3 

 
       % oxygen in the air:   (100 – 81) = 19% 



Sources of error 
 

Even if all the measurements are made correctly and 
there are no errors in the calculation, it is possible to get 
anomalous results. 
 
Definition:   Anomaly – a result that doesn’t fit the pattern 
of other results.  
 

What would be the effect of: 
 - only heating the copper for a short time 

 

 - only using a small amount of iron (not in excess) 
 

 - doing the iron experiment at constant 40°C rather 
   than room temperature 

 

How can you tell if all the oxygen has been removed from 
the air during the experiment, or if some is still left? 



Oxidation and Reduction 

An oxidation reaction is one in which 
oxygen is added to a substance. 
 

Example: 
Methane is oxidised when it burns in air. Oxygen is added 
to the carbon in methane, forming carbon dioxide. Oxygen 
is also added to the hydrogen in methane, forming water. 
 
   CH4(g)  +  2 O2(g)  !      CO2(g)  +  2 H2O(l) 
    methane          oxygen           carbon dioxide      water 



A reduction reaction is one in which oxygen is removed 
from a substance. 
 
Example: 
Copper(II) oxide is reduced when it is heated and 
hydrogen passed over it, forming copper and water. 
 

 CuO(s)  +   H2(g)  !   Cu(s)  +  H2O(l) 

    copper oxide     hydrogen        copper        water 
 

 During the reaction the hydrogen is being oxidised.  



A redox reaction is one in which both oxidation and 
reduction take place.   
 
Redox reactions are very common. 
Example: 
 
        CuO(s)   +  Mg(s)  !   Cu(s) +   MgO(s) 
      copper(II)        magnesium             copper       magnesium 

 oxide                                                             oxide 
 

 

reduction oxidation 



Reactions of oxygen – forming oxides 

Oxygen will react with many 
elements, oxidising them to form 
oxides. 
 
Some react slowly e.g. iron rusting. 
 

iron + oxygen ! iron(III) oxide 
 

4Fe +   3O2   !    2Fe2O3 
 
Other reactions with oxygen are 
more rapid, releasing a lot of  
heat energy. This is what we  
mean by combustion, or burning.  
 

Burning is not just heating 
something up ! 



Combustion of magnesium: 
Magnesium burns with a bright white flame 
to produce solid white magnesium oxide, 
which is a base. 
 
    2 Mg(s)  +  O2(g)  !  2 MgO(s) 

If we add water to the magnesium oxide 
and test the pH, we see an alkaline 
solution, indicating that magnesium is a 
metallic element.  
 
    MgO(s)  +  H2O(l)  !  Mg(OH)2(aq) 

The alkaline nature of the solution is due to 
the presence of the hydroxide ions, OH-. 



Combustion of sulphur: 
Sulphur burns with a blue flame to produce 
colourless, poisonous sulphur dioxide gas. 
 
    S(s)  +  O2(g)  !  SO2(g) 

Like most non-metal oxides, sulphur 
dioxide dissolves in water, to produce an 
acidic solution of sulphurous acid. This 
shows that sulphur is a non-metallic 
element. 
 
    SO2(g)  +  H2O(l)  !  H2SO3(aq) 

The acidic nature is due to the presence 
of H+ ions in the solution.   



Combustion of hydrogen: 
 

Hydrogen burns with to produce water (vapour) as the only 
product. 
 
 2 H2(g)  +  O2(g)  !  2 H2O(g) 

This makes hydrogen a 
valuable fuel for the future 
since there are no polluting 
products made… 
 
… but there is also no 
readily available source of 
hydrogen. 



Corrosion and Rusting 
 
Many metals react when 
exposed to the atmosphere. 
Only the most unreactive 
metals remain unaffected. 
 
The term for this is corrosion. 

Iron is corroded when it reacts 
with oxygen and water (both 
present in the atmosphere), to 
make hydrated iron(III) oxide, 
which we know as rust. 
 
The iron is oxidised in this 
reaction. 



Preventing rusting  
 

The simplest method is to make a barrier between the iron 
and the air.  
  - by painting the iron 
  - by coating the iron with oil or grease 
  - by coating the iron with plastic 
  - by coating the iron with a less reactive metal e.g. tin 
 
 
 
 
 
 
 
 
 

If the barrier breaks down (how?), the iron rusts.   



An different method is galvanizing.  This uses a more 
reactive metal, zinc to protect the iron. 
 
 
 
 
 
 
 
 
Galvanised iron is coated with zinc. Even if the zinc layer is 
scratched through, the iron doesn’t rust.  Zinc is more 
reactive than iron, so it is the zinc that reacts first, rather 
than the iron. 



Sacrificial protection (for objects too large to coat in a 
more reactive metal) 
 
Metal hulls and keels of boats, have blocks of zinc attached 
that work in the same way. These are called sacrificial 
anodes.   
 
 
 
 
 
 
 
 
 
 

Magnesium is used to do the same job at intervals along 
underground pipelines. 

zinc blocks 
sacrificial 
anode (Mg) 

water 
main pipe 



How might these metal objects be protected from 
rusting/corrosion - give a reason for your choice: 
 
•  Bicycle gears 
•  A garden gate 
•  A fizzy drinks can 
•  A car body panel 
•  An aircraft’s jet engine 
 



Carbon Dioxide 
Formula:  CO2 
Bonding:  covalent 
 
 
 
 
 
 
Appearance:  colourless, odourless gas 
Density:   denser than air (sinks) 

Carbon dioxide levels in the atmosphere are currently 
around 0.04% - but they were only 0.03% a few hundred 
years ago.  This is due to our use of fossil fuels 

dry ice is frozen carbon dioxide 



Environmental impact of greenhouse gases 

Carbon dioxide is a 
greenhouse gas, 
absorbing infrared 
energy from the Earth 
that would otherwise be 
lost into space. 
 
This absorbed heat 
energy warms the whole 
atmosphere, making our 
climate warmer. This is 
climate change. 

atmospheric 
CO2 



Carbon dioxide from carbonates 

Many metals form compounds which are carbonates 
e.g. 

 sodium carbonate   Na2CO3 

 magnesium carbonate  MgCO3 

 zinc carbonate   ZnCO3 

Limestone is composed mainly of calcium carbonate, 
CaCO3 

Limestone – calcium carbonate 

These carbonates thermally 
decompose to produce the metal 
oxide and carbon dioxide when 
heated. 



This can happen when 
limestone in the crust is 
forced deep underground 
to be heated by the magma 
in the mantle. 

As a result, carbon 
dioxide is one of the 
main gases released 
into the atmosphere 
by volcanoes. 



In general: 
      metal carbonate !  metal oxide + carbon dioxide 
 

Examples: 
 

 ZnCO3(s) !  ZnO(s)  +  CO2(g) 

 
 CuCO3(s)  !  CuO(s)  +  CO2(g)   

Note:  You can tell a thermal decomposition reaction 
because there will only be one reactant (before the arrow).  



Example question: 
 
A sample of calcium carbonate weighing 2.50g was placed 
in a crucible and was heated strongly. It was then weighed 
again. 
 
After heating the sample weighed 2.15g.  
 
i) Why did the sample weigh less ? 
 
ii) What mass of carbon dioxide was given off ? 
 
iii)  Write a balanced chemical equation, including state  
      symbols, for the reaction that took place. 


