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Imaging metal corrosion 
 

AIM 

To observe the corrosion of different metals, and understand the electrochemical processes at play 

 

YOU WILL NEED 

 

 Glass beakers and stirring rod 

 Hot plate / water bath 

 NaCl (s) 

 agar 

 universal indicator 

 plastic petri dishes 

 heat protective gloves 

 plastic pipettes 

 raw steel (steel nail) 

 copper (sheet or wire) 

 zinc foil  

 fine sand paper 

 

PROCEDURE 

Sand down any metal samples with fine sandpaper, and wash and dry before using. Decide on 
which metal samples you wish to look at in each petri dish. It is a good idea to compare 1) copper, 
2) steel, 3) steel wrapped in copper, and 4) steel wrapped in zinc. You can then choose what you 
wish to put in your remaining dishes. Prepare these samples and place them in the petri dishes. 

Dissolve 6 g of salt in 200 mL tap water, and bring the solution to the boil. Slowly add 3 g of agar to 
the solution, whilst stirring. Heat with constant stirring until the agar has all dissolved. To test if the 
agar will set, pipette a small amount into a beaker, and make sure it forms a gel. Add 3-4 mL of 
universal indicator to the agar, and stir. Pour agar into 5-6 petri dishes, on top of the metal samples. 
Allow the dishes to cool and set without lids on (otherwise they will cover in condensation) and then 
put the lids on and label the samples. 

Leave the samples for 1-2 days, and then observed what has happened. 

QUESTIONS 

1. Draw what has happened to each of your samples, marking areas of blue/purple agar 
associated with reduction sites (cathode). Compare the steel sample to the copper sample – 
which reduces oxygen more easily? 

2. At the anode sites of the steel nail, oxidation of iron is occurring, initially to form Fe(II) ions. 
What happens to the agar at these sites? If you leave the dishes for several days you can 
see an orange/brown solid forming, what is this product? 

3. Compare the effect that copper and zinc have on the corrosion of the steel nail. Does the 
section of steel nail wrapped in copper/zinc corrode more or less in each case? How is this 
method used to protect metals from rusting? 

4. Why do you think we add salt to the agar to speed up the corrosion? (hint – what needs to 
move from the anode to the cathode?) 
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The electrochemistry at play: 

The corrosion process occurs due to the metal oxidising, and forming ions in solution, but what is 
accepting the electrons and reducing?  

 

Water cannot reduce to form hydrogen gas, unless the metal which is oxidising has a standard 
electrode potential (for the reduction of its ion to give the metal) that is more negative than -0.83 V.  

The species which is reducing in all of these systems is oxygen, which is dissolved in the water/agar 
gel. The oxygen reduces to form hydroxide ions, in the presence of copper, iron and zinc. Zinc is 
more reactive than iron, which is more reactive than copper, because zinc gives up its electrons to 
form Zn2+ more readily, and hence the standard reduction potential for Zn2+/Zn is more negative. 

For the single steel nail embedded in agar, the agar starts to go blue/purple where the reduction is 
occurring, due to the formation of OH–, and this is the cathode (positive charge). At different sites on 
the nail, iron is oxidising to form Fe2+ and Fe3+, which form acidic complexes in water, and the agar 
will start to go orange/red. This indicates the anode sites.  

Zinc gives up its electrons more easily than iron, so it preferentially gives electrons to the oxygen, 
and also pushes electrons towards the iron, making the iron less likely to corrode. Copper, however, 
gives up its electrons less readily than iron, so it pulls electrons away from the iron, making it more 
likely to oxidise (corrode  


