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Section 9 - The Reactivity Series and Metal Extraction
Some evidence about the relative reactivity of metals can be gained from how vigorously they react with oxygen, water and acids.

With oxygen - The more reactive metals burn when heated in oxygen, while most of the less reactive ones oxidise slowly (gold and platinum don’t react).


e.g. 
  2Mg
+    O2
(  2MgO
(burns brightly)



  2Cu
+    O2
(  2CuO
(turns black)

With water - The most reactive metals react violently with cold water: potassium melts, fizzes around the surface, catches fire and burns with a lilac flame; sodium melts to a silver ball, fizzes around the surface, giving hydrogen; calcium reacts by fizzing vigorously:


  2K
+    2H2O
(  2KOH
+   H2


  2Na
+    2H2O
(  2NaOH
+   H2


  Ca
+    2H2O
(  Ca(OH)2
+   H2

The other metals above hydrogen in the series react with steam, to form the metal oxide and hydrogen:
  Zn
+     H2O
(  ZnO
+    H2
With acids - Metals above hydrogen will react to form metal salts and hydrogen (K, Na and Ca are too reactive to test).



  Mg
+     2HCl
(  MgCl2
+   H2
Competition and Displacement reactions
While some evidence about the relative reactivity of metals can be gained from how vigorously they react with oxygen, water and acids, it is more reliable to compare them directly. There are two types of reaction which are suitable: competition and displacement.

In competition reactions one metal is heated with the oxide of another, to see if it can take the oxygen away (or “reduce” the second metal). Thus magnesium, when heated with copper(II) oxide, gives out much heat and forms copper metal:


         Mg(s)    +    CuO(s)  
(    MgO(s)    +     Cu(s)

This shows that magnesium is more reactive than copper. Clearly, if we tried heating copper and magnesium oxide, the reaction would not work. However, to make deductions it is important to find a reaction which does work, as there are several examples where no reaction seems to occur either way round. 
The two non-metals carbon and hydrogen are also reducing agents, and competition reactions can be used to put them into the reactivity series, even though they are non-metals.

In displacement reactions a metal is dipped into a solution of the salt of a second metal. If the first metal is able to displace the second, it is more reactive. We need to study the surface of the metal for a change in appearance to decide if the second metal is being deposited. 
For example iron wire dipped into copper sulphate solution becomes coated in reddish copper, while the blue colour fades, so iron is more reactive:


   Fe(s)    +     CuSO4(aq)
(   FeSO4(aq)   +   Cu(s)


  
       blue solution
                         pink/red coating

Redox reactions

The process of changing copper into copper oxide is called an oxidation. As far as the copper atoms are concerned, the process involves removing two electrons, to form copper ions:



Cu
(  Cu2+ +  2e–

The term oxidation is extended to include gain of oxygen or removal of electrons: in some circumstances it can also involve removal of hydrogen from a molecule. In electrolysis, the process which occurs at the anode always involves removal of electrons, and so is an oxidation.

Reduction is defined as the reverse of oxidation: loss of oxygen, gain of electrons or gain of hydrogen. In electrolysis the cathode process involves positive ions gaining electrons, and so is a reduction.

Oxidation and reduction always occur together in a chemical reaction: if one substance is oxidised, another must be reduced. Reactions involving oxidation and reduction are called redox reactions. 

In the examples below the underlined atom is being oxidised, while the one with a double underline is being reduced:


     2 Cu 
+     O2
(  2CuO   


(e.g. on heating copper in air)


        Zn 
+    CuSO4
(  ZnSO4
+  Cu
(displacement reaction)


       Mg 
+    2HCl
(  MgCl2
+  H2
(reactive metal + acid)


    2 NaBr 
+     Cl2
(  2NaCl
+  Br2
(chlorine displaces less reactive Br)

         Fe2O3
+    3CO
(  2Fe
+  3CO2
(blast furnace)


      2FeCl2
+     Cl2
(  2FeCl3


(chlorine oxidises iron(II) )

Note that redox reactions generally involve changing between an element and its compound, or changing the valency of an atom. 

An oxidising agent is a substance which causes another to be oxidised (and so is itself reduced) e.g. in the last equation Cl2 is the oxidising agent and FeCl2is the reducing agent.

N.B. a precipitation reaction like the chloride test:  


NaCl(aq)  +  AgNO3(aq) 
(  NaNO3(aq)  +  AgCl(s)  is not a redox process.

Redox reactions involving ions are electron transfer processes: the atom which loses electrons is being oxidised, while the atom which gains is being reduced. 

For the reactions above, we can show the separate processes as ion/electron equations:


Cu
(  Cu2+
+  2e–  (Cu oxidised)
and  
O2
+   4e–
(2O2–(O2 reduced)


Zn
(  Zn2+
+  2e– 


and
Cu2+
+    2e– 
( Cu


Mg
(  Mg2+
+  2e–


and
2H+
+    2e–  
(  H2

2Br–
(  Br2
+  2e–


and
Cl2 
+   2e–  
( 2Cl–
   2CO +  O2–
( CO2
+ 2e–


and
Fe3+
+   3e–  
( Fe


Fe2+  
(  Fe3+
+ e–


and
Fe3+
+    e–  
( Fe2+
The Reactivity Series

You need to be able to interpret the results of reactivity series experiments rather than to learn a table, but for reference the order of the common metals (most reactive first) is:

K  Na  Ca  Mg  Al*  [C]  Zn  Fe  Pb  [H]  Cu  Ag

Al is protected by a coating of aluminium oxide, which makes it seem less reactive than it really is. 
Carbon will reduce the oxides of the less reactive metals, up to zinc, so is placed above zinc. Hydrogen will reduce copper oxide, but also oxides of lead and iron if heated strongly enough; however, it is placed below Fe and Pb because they will displace it from acids.

Extraction of metals
Only the least reactive of metals (e.g. gold) are found uncombined in their native form. The majority are found as compounds, only some of which are suitable sources for extracting the metal.

A mineral is a more-or-less pure sample of a chemical substance. Most are metal compounds. A rock is usually made up from several minerals, often with a mixture of substances in between (for example in granite crystals of different minerals can be seen).

An ore is a body of rock which contains minerals (metal compounds), or more rarely uncombined metals, in sufficient quantity for it to be economic to extract the metal.

The compounds from which metals are extracted are usually oxides. In some cases the minerals need to be roasted in air to be converted into the metal oxides. 
For metals up to zinc in the reactivity series, the most common method of extraction is by heating the oxide with carbon or carbon monoxide. Carbon is plentiful and cheap, in the form of coke or charcoal, and it forms a gaseous product (carbon dioxide) which is easy to remove. We shall illustrate this method with the blast furnace (next section). 
Metals above zinc are too reactive for their oxides to be reduced by carbon, and must be extracted by electrolysis, which is a more expensive method.

Extraction using metal displacement reactions
The Thermite Reaction (Extraction of Iron)

Iron can be extracted from iron(II) oxide using a potentially explosive mixture called Thermite. The reaction is only performed on a small scale and is still used today to weld railway tracks together.

In the reaction Aluminium metal is used to Displace iron from iron(III) oxide. The heat generated from the reaction is enough to melt the iron. 

Fe2O3  +  2Al  (  2Fe  +  Al2O3
The molten iron can then be placed between the railway tracks and when it cools and solidifies the tracks will be joined.
Extraction using Carbon Reduction - Iron and Steel

The Blast Furnace
[image: image1.bmp][image: image2.bmp]

Iron(III) oxide (haematite) is mixed with coke (almost pure carbon obtained by heating coal in the absence of air) and limestone (calcium carbonate). These enter the blast furnace from the top, and hot air is blown in at the bottom. Some of the carbon is oxidised, giving out much heat and taking the temperature up to 1200oC
2C       +    O2
(  2CO       (at 1 in the diagram)

Iron ore is reduced by both CO and C:

Fe2O3  +  3CO
(  2Fe  +  3CO2
Fe2O3  +    3C
(  2Fe  +  3CO                (at 3)
Slag formation occurs at 2:

CaCO3

(  CaO  +  CO2
CaO  +  SiO2
(  CaSiO3 (molten slag)

The molten iron runs to the bottom of the furnace, where it is tapped off from time to time. The limestone decomposes as shown, to give calcium oxide, and this reacts with impurities such as silicates to produce a molten slag, which floats on top of the iron and is itself removed periodically.

Steel
Pure iron is very soft, but the presence of a small amount of carbon (up to about 1%) makes it much stronger, and this mixture is called steel. 
The ‘pig-iron’ emerging from the blast furnace has about 4% of carbon: if cast, it is a strong material but is brittle. Instead, the molten iron is used directly for steel-making. 
Carbon is oxidised to carbon dioxide, and the level of C remaining is adjusted to about 0.15% (in mild steel). The reaction is very exothermic, and scrap iron is added to prevent the temperature from going too high, and to increase the amount of product.

Other metals may be added to give alloy steels, with special properties (e.g. manganese steel is very tough, tungsten steel is hard).

Rusting of Iron and Steel

Air is 21% oxygen, and oxygen is a highly reactive non-metal. 

Most metals tend to oxidise slowly if left out in the air, especially if the air is wet and if it contains salt. This type of corrosion is most important for iron and steels, when it is known as rusting. Rust is iron(III) oxide, Fe2O3.

Rusting can only occur if iron comes into contact with both air and water. It occurs more rapidly near the sea, and in winter when salt is put on the roads, because salt (sodium chloride) speeds up the reaction. 

We usually try to prevent rusting by keeping out both air and water. 
Various methods are possible:

· Painting: this is cheap, and covers the surface. But the paint may chip, and once surface is exposed rusting begins.

· Coating with oil or grease: as with painting. Less permanent, but easier to reach inaccessible areas. Keeps out water and air.
· Coating with zinc: (galvanising). This involves dipping the steel object into molten zinc. It forms a tougher coating than paint, and once scratched rusting is slow, because the zinc is more reactive than iron and oxidises in preference (a form of sacrificial protection). Used in corrugated iron, galvanised buckets etc.

· Sacrificial protection: fastening blocks of a more reactive metal such as magnesium to the steel, at intervals (e.g. to a steel mast on a yacht). The more reactive metal oxidises in preference to the iron – i.e. is sacrificed – and can be replaced.

· Alloying: stainless steel, with cobalt and nickel added, is very expensive, but is extremely resistant to corrosion. Can only be justified for valuable components. 

Extracting Metals using Electrolysis
Electrolysis is the passage of electricity through a liquid accompanied by a chemical change taking place at the electrodes

For a liquid electrolyte to be able to conduct electricity, it must contain electrically charged particles called ions. The ions must be free to move, which is why electrolysis can’t take place in solids. Ions that move towards the cathode (negative electrode) are called cations: they carry a positive charge. Ions that move towards the anode (positive electrode) are called anions: they carry a negative charge. 

When a positive ion reaches the cathode, it accepts enough electrons to make it neutral:



Na+  +  e–
(  Na(l);       

Al3+  +  3e–
(  Al(l)

At the anode, negative ions give up their extra electrons. Once neutral, they react to form the most stable molecule:



e.g. Br–  
(  Br + e–      then         2Br  
(  Br2(l)

overall:      2Br– 
(  Br2(l) +  2e–
Metals and hydrogen form positive ions, and are set free at the cathode.

Non-metals ( except hydrogen ) form negative ions and are set free at the anode.

Aluminium Extraction

Most of the more reactive metals are extracted by electrolysing their molten chlorides. However, aluminium is extracted from bauxite, which is mainly Al2O3. This is purified using sodium hydroxide. 
Aluminium oxide is not soluble in water, and its melting point is very high (2040oC). For electrolysis it has to be dissolved in a molten salt called cryolite (formula Na3AlF6) at 900oC.
At the cathode, aluminium ions each accept three electrons to change them to neutral aluminium atoms:

Al3+  +  3e–  (  Al(l)
At the anode, oxide ions each give up two electrons to form oxygen atoms. These combine in pairs to form oxygen molecules. 
In practice, a carbon anode is used, and the oxygen reacts with the carbon to form carbon dioxide. The heat given off helps to keep the electrolyte hot.
2O2–  
(  O2  +  4e–
                                       then:       C  +  O2  (  CO2

Overall
2Al2O3
  (  4Al  +  3O2


Aluminium will not corrode due to the protective layer of Al2O3. 
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