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Section 8 - Periodic Table 1
History of the Periodic Table
Mendeléev first arranged the elements in a table according to their chemical properties and what he knew about their atomic masses. 
Nowadays the elements in the Periodic Table are put in order of increasing atomic number and arranged according to electronic structure. This is because, in three places in the table, an element with higher relative atomic mass has to be placed before one with a lower mass. 
For example, argon (atomic no. 18, relative atomic mass 39.9) comes before potassium (at.no.19, r.a.m. 39.1).
Properties of the Table

The chemical properties of elements depend on the number of electrons in the outer shell, so we place them in vertical groups which all have the same number of electrons in the outer shell:


e.g. Group 1

3Li
2.1







11Na
2.8.1







19K
2.8.8.1

After element 20 the electron arrangement becomes more complicated, but it is always true that elements in group 1 have one electron in their outer shell, so we can say that Rb, Cs and Fr will all have one electron in their outer shell. 
Similarly elements in group 3 always have three electrons, and elements in group 7 have seven electrons in their outer shell. 
The elements on the right of the table — labelled Group 0 — have full outer shells, normally with eight electrons in them (Ne is 2.8, Ar is 2.8.8 etc).
Hydrogen, element 1, is unique and is not normally placed in any of the main groups.

A horizontal row in the table is called a period. Elements across the same period are building up the same outer shell.

Patterns in the Periodic Table
If the elements are listed in order of atomic number, similar elements appear at regular intervals (although the intervals get longer later in the list). This is a periodic property. 
When the elements are laid out according to their electronic structures, as described above, we find that there is a regular pattern of properties across one period, and a similar pattern across the next period. 
The most obvious pattern is the change from reactive metals on the left (Group 1), through less reactive elements in the middle, to increasingly reactive non-metals in Group 7 — followed by the very unreactive gases in Group 0. Since soluble oxides of metals are alkaline, and soluble oxides of non-metals are acidic, there is also a pattern of alkaline oxides on the left giving way to increasingly acidic oxides across the period.

Within the same group elements are generally very similar, though they may show a regular trend in their properties. The similarity occurs because the atoms have the same number of electrons in their outer shell. You are expected to know about Group 1, Group 7, Group 0, and the Transition Metals.

Chemistry of selected groups

Group 1 – The Alkali Metals
Li (lithium), Na (sodium), K (potassium), Rb (rubidium), Cs (caesium)

They all have one electron in their outer shell. 

They are all reactive metals, with a valency (combining power) of 1.

Physical properties: 

· They are silver, shiny metals when freshly cut, though they tarnish rapidly and are kept under oil to protect them from air and water. 

· They have unusually low densities for metals (Li, Na and K will float on water). These densities increase down the group.

· They become softer going down the group: lithium is quite hard, sodium is as soft as cheese, and caesium is like putty.

· The melting points fall going down the group: from Li (180oC), Na (98oC), K (64oC), Rb (39oC) to Cs (25oC). You don’t need to know the values. These are all unusually low for metals.

Reaction with water (increasingly violent down the group):
· Lithium floats, reacts quite vigorously, and fizzes giving off hydrogen.

· Sodium melts to a ball, fizzes around the surface bubbling vigorously giving off hydrogen.

· Potassium reacts violently, melting to a silver ball, catching fire to burn with a mauve flame, and fizzing around.

· Caesium explodes. N.B. all give the metal hydroxide (not oxide) and hydrogen.

Example equation: 
 2Na(s)  +  2H2O(l)  (  2NaOH(aq)  +  H2(g)

As the group is descended:

· the atoms become larger as there are more electron shells.

· the outer shell electron is further from the nucleus.

· There is less attraction between the outer electron and the protons in the nucleus.

· Less energy is needed to lose the outer electron to form positive ions, and so the elements become more reactive. 

Hazards
Alkali metals must be kept away from water. They catch fire easily in air, so they must be kept away from air and sources of ignition. 

Normal precautions with alkali metals are: 

· store under oil.

· extinguish alkali metal fires with a powder extinguisher.
Group 7 – The Halogens
F (fluorine), Cl (chlorine), Br (bromine), I (iodine).

They all have seven electrons in their outer shells.

They are reactive non-metals, with a valency (combining power) of 1.

They all consist of molecules with two atoms: F2, Cl2, Br2, and I2.

Physical Properties


F2
Cl2
Br2
I2

             State

gas
gas
liquid
solid


melting point (oC)
–220
–101
–7
114


boiling point (oC)
–188
–35
59
184

           colour

yellow
green/yellow
red
purple/black

With increasing atomic number (down the group):

· melting points and boiling points increase (because the attractive forces between the molecules increase as the molecules get larger). State at room temp: g – g –l –s

· they become darker. Solid iodine looks black, but its vapour is purple, and it is purple when dissolved in organic solvents like hexane.

Chemical Reactions of the elements

Since fluorine is extremely reactive, we shall consider the other three members.

(i) All will bleach dyes, like litmus, though chlorine is rapid, bromine slow, and iodine needs warming. 

(ii) All will react with most metals, on warming, to form salts:




2Na  +  Cl2
(  2NaCl
sodium chloride




Zn    +  I2 
(  ZnI2 
zinc iodide

(iii) Each will displace the ones below it in the group (i.e. the less reactive ones) from their salts. So chlorine will displace bromine from bromides, and iodine from iodides; bromine will displace iodine from iodides. 
We can show this with an ionic equation:



Cl2(g)  +  2Br–(aq) 
(  2Cl–(aq)  +  Br2(l)

[solution goes orange]



Cl2(g)  +  2I–(aq) 
(  2Cl–(aq)  + I2(s)

[solution goes brown]



Br2(g)  +  2I–(aq) 
(  2Br–(aq)  +  I2(s)   [solution goes darker orange]
Displacement reactions are examples of REDOX reactions. (One substance gains electrons whilst the other loses them).
Reactivity in Group 7
As the group is descended:

· the atoms become larger as there are more electron shells.

· the outer shell is further from the nucleus.

· The protons in the nucleus attract a new electron (to fill the outer shell) less strongly.

· Therefore the atoms become less reactive going down the group (opposite of Group 1).

Properties of halogen compounds (halides)

Sodium chloride, sodium bromide and sodium iodide: 
These are all white, crystalline solids (NaCl, NaBr and NaI) which are soluble in water. 
Solutions of these salts all react with silver nitrate solution to form a precipitate of the corresponding silver salt (which is insoluble):

AgNO3 (aq)  +   NaCl(aq)
(  AgCl(s)  +  NaNO3(aq)
white precipitate (AgCl)

Hydrogen halides (HCl, HBr and HI)
Hydrogen halides are prepared by direct combination between the halogen and hydrogen.


e.g.    H2(g)  +  Cl2(g)
(  2HCl(g)
Hydrogen chloride gas
Hydrogen halides are all colourless gases which are very soluble in water. They have a simple molecular structure (small molecules, e.g. HCl).
They dissolve in water to form strong acids (hydrochloric acid, HCl; hydrobromic acid, HBr; and hydriodic acid, HI).

e.g.    HCl(g)  (  HCl(aq)


Hydrochloric acid
Hydrogen chloride - HCl

In methyl benzene the hydrogen chloride HCl does not split into H+ ions - so hydrogen chloride is not acidic.

Hydrochloric Acid – HCl

Hydrochloric acid is only an acid if water is present. In water HCl dissociates (splits up) into H+ ions and Cl- ions. Acids are substances that dissociate into H+ ions, so hydrogen chloride is called hydrochloric acid when water is present.

Group 0 – The Inert (Noble) Gases
He (helium), Ne (neon), Ar (argon), Kr (krypton), Xe (xenon)

These are all unreactive gases that have full outer shells of electrons (2 for He, 8 for all the others), which is why they don’t react with other elements.

Physical  properties

They are all colourless gases at room temperature. Their boiling points and densities do show a trend down the group — they increase with atomic number:




He

Ne

Ar

Kr

Xe

density at 20oC
0.17
0.83
1.66
3.48
5.46

and 1atm (g/dm3)

boiling pt. (oC)
–269
–246
–186
–152
–108

Uses
· helium: 
airships and balloons

· neon:

gas discharge tubes (red advertising lights – “neon signs”) 

· argon:

light bulbs (filling “pearl” bulbs)

· krypton:
lasers

Oxygen and Oxides

Oxygen makes up 21% of the Earths Atmosphere. 


(Nitrogen makes up 78%, Argon 0.9% and Carbon dioxide 0.04%).
Finding the % oxygen in air

This can be shown by an experiment using two gas syringes:
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The one on the left starts with (say) 120 cm3 of air. The copper wire is heated, and the air is shunted back and forth through the combustion tube. The oxygen reacts with the copper:

2Cu  +  O2 
(  2CuO

When the apparatus has cooled back to room temperature the final volume of the gas is (say) 95 cm3, so the proportion of oxygen  is  
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= 21%.

(Similar experiments can also be done with Phosphorus or Iron in place of the copper).
Preparation of Oxygen

Oxygen is prepared industrially by the fractional distillation of liquid air.

Water and CO2 are removed to avoid blocking the tubes, then air is cooled to –200oC and fractionally distilled. 

Nitrogen boils off first at –196oC, followed by argon at –186oC, then oxygen at –183oC.

In the laboratory oxygen is preparation from hydrogen peroxide.
2H2O2  (   O2  + 2H2O

MnO2 is added as a catalyst and the oxygen is collected by downward displacement of water.
Uses of Oxygen
Oxygen is used in steel manufacture (removal of carbon from molten iron), welding and  

cutting (e.g. oxy-acetylene torch), and breathing apparatus (e.g. subaqua).

Oxidation and Redox

The term oxidation is refers to include gain of oxygen by a molecule.

Reduction is defined as the reverse of oxidation: loss of oxygen.

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. 

Reactions of Oxygen

Reactions of with metals.

· Metals react with oxygen to form alkaline metal oxides.



2Ca  +  O2  (  2CaO(s)
Calcium oxide – used to neutralise acidic soils.
Reactions of with non-metals.

· Non-metals react with oxygen to form acidic non-metal oxides.



C  +  O2  (  CO2(g)


Carbon dioxide used in carbonating drinks and in fire extinguishers.
Reactions of with hydrocarbons.

· Hydrocarbons undergo complete and incomplete combustion when reacted with oxygen.


C3H8(g) +  5O2(g)  
(  3CO2(g)    +   4H2O(l)
Carbon Dioxide

Carbon dioxide is a colourless gas which is more dense than air. It is a very important gas as it is responsible for acid rain, the greenhouse effect and photosynthesis in plants.

Laboratory Preparation of Carbon Dioxide
Dilute hydrochloric acid is reacted with calcium carbonate. 

2HCl(aq)    +  CaCO3(s)  (  CaCl2(aq)  + H2O(l)   +   CO2(g)
If necessary the carbon dioxide gas can be dried by passing it through concentrated H2SO4.

[image: image3.png]carbon dioxide __|

will collect here

HCl(aq)
dilute hydrochloric
acid

-

— water

CaCOy
marble chips

The laboratory preparation
of carbon dioxide gas.




Reactions of Carbon dioxide

Carbon dioxide reacts with water to form carbonic acid (acid rain).

CO2(g)  +  H2O(l)  
 EMBED Word.Picture.8  

  H2CO3(aq)
Being a non-metal oxide carbon dioxide is acidic and so will react with alkalis to make salts (called carbonates).

CO2(g)  +  Ca(OH)2(aq)  (  CaCO3(s)    +    H2O(l)
Ca(OH)2 is commonly known as limewater. A cloudy precipitate of calcium carbonate is produced. This reaction is the test for carbon dioxide
Uses of carbon dioxide

Carbon dioxide is used in carbonated drinks (as it is only soluble in water when under pressure). Fire extinguishers (as it is non flammable). It is also used in its solid form ‘dry ice’ in theatres. (as it is very cold and sublimes).
Other Oxides

Sulphur dioxide


Pollutant formed from the combustion of sulphur impurities in Coal and petrol
Reaction with water  

SO2  +   H2O (  H2SO3  (Sulphurous  acid – Acid rain)
Nitrogen Dioxide – NO2
Formed in the internal combustion engine – from the combustion of nitrogen in air.

Causes acid rain and photochemical smog.

Hydrogen
Hydrogen: this is a unique element, since it has an atom with only one electron. 

It is a non-metal, forms H2 molecules, and is a gas at room temperature.

It has an unusual position in the periodic table as it is sometimes placed above Lithium in group 1. This is because although it is a non-metals it has one electron in its outer shell and so, like the alkalia metals, it can form ions with a charge of +1 (valency 1).

Laboratory preparation of hydrogen

Hydrogen is made by reacting zinc with dilute sulphuric acid and collected by upward delivery.

If dry hydrogen is needed, the gas is passed through a drying agent, silica gel or conc H2SO4
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Combustion of Hydrogen

Combustion of hydrogen with air or oxygen produces water as the only product.

2H2(g)  +  O2(g)  (  2H2O(l)
The reaction also gives out useful energy and hydrogen is often refered to as ‘the fuel of the future’ as water is the only combustion product.

Test for water

There are a number of tests for the presence of water.

i) Cobalt chloride paper


Turns from Blue to Pink.

ii) Anhydrous copper(II) sulphate
Turns from White to Blue.

The test for pure water is – Boils at 100oC and freezes at 0oC.






























_1056737657.unknown

_1059319157.unknown

