OCR AS Level Chemistry   Summary Notes / Unit 1
C1.1.1 Atoms
	Subatomic Particle
	Relative Mass
	Relative Charge

	Proton
	1
	+1

	Neutron
	1
	0

	Electron
	1/2000
	-1


· The nucleus of an atom contains all of the positive charge

· The electrons are outside the nucleus and, therefore, so is the negative charge

· Atomic number            = number of protons in the nucleus

· Mass number 

= number of protons and neutrons in the nucleus

· Number of neutrons
= mass number – atomic number

· Number of electrons 
= number of protons (in a neutral atom)

24

Mass number = 24
Atomic number = 12

  
  Mg
12   
12 protons, 12 neutrons, 12 electrons

C1.1.2 Isotopes and Ions
. 
· Isotopes are atoms with the same number of protons but different numbers of neutrons (and different masses)

· For example, carbon has three isotopes 12C, 13C and 14C. Both have 6 protons but they have 6, 7 and 8 neutrons, respectively

· Isotopes of an element have the same chemical properties because they have the same electron arrangement

· Ions are formed when atoms gain or lose electrons. 

· As an atom Ca has 20 electrons. A Ca2+ ion has lost 2 electrons so it now has 18.

· As an atom Li has 3 electrons. A Li+ ion has lost one electron so it now has 2
C1.1.3.1 Relative Atomic Mass

· The weighted mean mass of an atom of an element compared with  1/12th  the mass of 12C.
· To calculate relative atomic mass, add together (mass number x percentage/100) for each isotope.
Example:

75% of C atoms have a mass number of 12

25% of C atoms have a mass number of 14

Average mass of a C atom 
= (mass no x percent/100) + (mass no x percent/100)





= (12 x 75/100) + (14 x 25/100)





= 12.5
C1.1.3.2 Relative Isotopic Mass

· The mass of an atom of an isotope compared with 1/12th the mass of 12C.

C1.1.4 Orbitals

· An orbital is a region that can hold up to two electrons with opposite spins

· Orbitals have different shapes called s, p, d, and f (but f orbitals are beyond our syllabus)

· S orbitals are spherical in shape and come in sets of one (which can hold up to 2 electrons)

[image: image7.png]Hode

3s

Nodes




· P orbitals are hour-glass or egg-timer shaped and come in sets of three (which can hold up to 6 electrons)
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D orbitals come in sets of five which can hold up to 10 electrons

C1.1.5 Energy Levels (shells)

· The first energy level (or shell) only contains an s orbital, labelled 1s

· The first shell can hold up to 2 electrons

· The second energy level contains an s orbital (labelled 2s) and three p orbitals  (labelled 2p)

· The second shell can hold up to 8 electrons

· The third energy level contains an s orbital, three p orbitals and five d orbitals

· The third shell can hold up to 18 electrons

· The order in which the orbitals are filled is as follows: 1s 2s 2p 3s 3p 4s 3d 4p

· Note that the 4s fills before the 3d

Some examples of electronic structures are shown below.

Hydrogen
1 electron
1s1
Nitrogen
7 electrons
1s2 2s2 2p3
Sodium
11 electrons
1s2 2s2 2p6 3s1
Sulphur
16 electrons
1s2 2s2 2p6 3s2 3p4

· In a Cl- ion, the 18 electrons are arranged 1s2 2s2 2p6 3s2 3p6
· In a Na+ ion, the 10 electrons are arranged 1s2 2s2 2p6 

· Transition metals, like iron, lose their 4s electrons first (before 3d). Fe3+, with 23 electrons, is 1s2 2s2 2p6 3s2 3p6 4s0 3d5
C1.1.6 Successive Ionisation Energies 

· Evidence that electrons are arranged in shells or energy levels can be obtained by measuring the successive ionisation energies of an element

· The first ionisation energy of an element is the energy needed to remove one mole of electrons from one mole of gaseous atoms i.e.
1st ionisation energy - X(g) ( X+(g) + e-
2nd ionisation energy – X+(g) ( X2+(g) + e-
· For an element, successive ionisation energies get bigger because the remaining electrons are held more tightly by the unchanged nuclear charge.

C1.2.A.1 Formulae

Equations

· For most elements the formula is just the symbol e.g. Na for sodium, S for sulphur

· The exceptions are the seven diatomic elements – H2, N2, O2, F2, Cl2, Br2 and I2 
Ionic Compounds

· Compounds of a metal and a non-metal are made of ions

· Metal ions have a positive charge

· Ions of Group 1 elements have a +1 charge, ions of Group 2 elements have a +2 charge

· For transition elements, like copper and iron, the number after the name gives the charge on the ion e.g. copper(II) oxide contains Cu2+ ions, iron(III) oxide contains Fe3+ ions

· Non-metal ions have a negative charge

· Ions of Group 7 elements have a -1 charge, ions of Group 6 elements have a -2 charge

· You need to learn the formulas of five ions: nitrate, NO3-, carbonate, CO32-, sulphate, SO42-, hydroxide, OH-, and ammonium, NH4+
· To work out the formula of an ionic compound

· Write the formulae of the ions 

· Adjust the number of each ion so that there is no overall charge 

Covalent Compounds

· Some formulae for covalent compounds can be worked out from the name.

· The prefix mono- means one, di- means two and tri- means three.

· Therefore, carbon monoxide is CO, silicon dioxide is SiO2 and sulphur trioxide is SO3
· Other formulae have to be learnt e.g. ammonia is NH3 and methane is CH4
C1.2.A.2 Equations

To write a balanced symbol equation:
· Identify the reactants and products

· Write a word equation

· Write down the formula for each substance

· Balance the equation by putting numbers in front of formulae

· Add state symbols (s), (l), (g) or (aq)
Example – magnesium carbonate and hydrochloric acid

Reactants are magnesium carbonate and hydrochloric acid 

Products are magnesium chloride, carbon dioxide and water

Magnesium carbonate + hydrochloric acid ( Magnesium chloride + carbon dioxide + water

MgCO3 + HCl ( MgCl2 + CO2 + H2O

         R          P
Mg
  1          1

C
  1
 1

O
  3
 3

H
  1
 2

Cl
  1
 2

2 in front of HCl balances the equation     MgCO3 + 2HCl ( MgCl2 + CO2 + H2O

Adding state symbols     MgCO3(s) + 2HCl(aq) ( MgCl2(aq) + CO2(g) + H2O(l)

C1.2.A.3 Ionic Equations

· Ionic equations leave out ions that are unchanged in a reaction. They give a clearer picture of what is happening in a reaction

· To go from a symbol equation to an ionic equation:

· Split up anything that is (aq) and ionic (acids, alkalis and salts)

· Cancel ions that are on both sides

· HCl(aq) + NaOH(aq) ( NaCl(aq) + H2O(l)
· H+(aq) + Cl-(aq) + Na+(aq) + OH-(aq) ( Na+(aq) + Cl-(aq) + H2O(l)

· H+(aq) + OH-(aq) ( H2O(l)

C1.2.B.1 Acids

· Common acids are hydrochloric acid, HCl, sulphuric acid, H2SO4, and nitric acid, HNO3
· An acid releases H+ ions in aqueous solution

· An acid is a proton donor (or H+ donor)

Effect of solvent on acidity

· Hydrogen chloride, HCl, is a gas

· When dissolved in water in splits up into ions and becomes hydrochloric acid

HCl(g) + aq ( H+(aq) + Cl-(aq)

· It is the presence of H+(aq) ions that allows hydrochloric acid to behave as an acid

· Hydrogen chloride gas will also dissolve in organic solvents, such as hexane. It stays as HCl molecules in these solvents. It does not split up into ions and, so, does not behave as an acid e.g. does not release CO2 from a carbonate

C1.2.B.2 Bases

· Bases are metal oxides, metal hydroxides and ammonia solution. Bases destroy acidity in neutralisation reactions

· A base readily accepts H+ ions from an acid e.g. 

OH- + H+ ( H2O 

NH3 + H+ ( NH4+
· A base is a proton acceptor (or H+ acceptor)

C1.2.B.3 Alkalis

· An alkali is a soluble base. Alkalis releases OH- ions in aqueous solution

· Common alkalis are sodium hydroxide, NaOH, potassium hydroxide, KOH, and aqueous ammonia, NH3(aq)

· Alkalis are a sub-set of bases. Sodium hydroxide and sodium oxide are bases and alkalis because they both produce OH- ions when dissolved in water.

· Copper(II) oxide is a base but not an alkali because it is insoluble

C1.2.B.4 Salts

· A salt is formed when the H+ of an acid is replaced by a metal ion or NH4+
· Salts are formed when acids react with bases and carbonates

Acid + carbonate ( salt + water + carbon dioxide
 

e.g.
2HCl(aq) + MgCO3(s) ( MgCl2(aq) + H2O(l) + CO2(g)
Observations – effervescence (fizzing), carbonate          dissolves/disappear
C1.3.1 Intro to redox

· In redox reactions one element is reduced and another element is oxidised

· Oxidation loss of electrons, reduction is gain of electrons

· Reduction and oxidation must occur together because if one element loses electrons another element must gain them

C1.3.2 Oxidation states

· Oxidation states allow us to work out which elements have been oxidised and reduced in a reaction. Oxidation states are also known as oxidation numbers

· Oxidation states are “charges” assigned to each element in a reaction

· The rules for assigning oxidation states are:

· Elements are zero

· In compounds, H is +1 and O is -2

· In compounds, Group 1 elements are +1, Group 2 are +2, Group 6 are -2 and Group 7 are -1 (these are real charges)

· In a neutral compound the oxidation states add up to 0

· In an ion the oxidation states add up to the charge on the ion

Example 1

In NO3- the total oxidation state is -1

Each O has oxidation state -2, giving a total of -6

To make the total -1, N must have an oxidation state of +5

In NO2- the total oxidation state is -1

Each O has oxidation state -2, giving a total of -4

To make the total -1, N must have an oxidation state of +3

C1.3.3 Naming substances
· Similar substances can be distinguished using oxidation states as part of their names e.g.

	Formula


	Oxidation state of S
	Name

	SO2
	+4
	Sulphur (IV) oxide

	SO3
	+6
	Sulphur (VI) oxide

	SO32-
	+4
	Sulphate (IV) ion

	SO42-
	+6
	Sulphate (VI) ion

	H2SO3
	+4
	Sulphuric (IV) acid

	H2SO4
	+6
	Sulphuric (VI) acid


C1.3.4 Redox reactions

· As well as being loss of electrons, oxidation is also an increase in oxidation state 
· As well as being gain of electrons, reduction is also a decrease in oxidation state 

· In reactions, metals generally lose electrons to form positive ions with an increase in oxidation state

· In reactions, non-metals generally gain electrons to form negative ions with an decrease in oxidation state

· Metals undergo redox reactions with dilute hydrochloric and dilute sulphuric acids e.g.

· In both reactions, the metal dissolves and a gas is given off

Zn + 2HCl ( ZnCl2 + H2


Zn goes from oxidation state 0 to +2 

= oxidation

H goes from oxidation state +1 to 0 

= reduction

Zn ( Zn2+ + 2e-
loss of electrons 
= oxidation

2H+ + 2e- ( H2
gain of electrons 
= reduction

Mg + H2SO4 ( MgSO4 + H2
Mg goes from oxidation state 0 to +2 

= oxidation

H goes from oxidation state +1 to 0 

= reduction

Mg ( Mg2+ + 2e-
loss of electrons 
= oxidation

2H+ + 2e- ( H2
gain of electrons 
= reduction

C1.4.1 Relative molecular mass and relative formula mass

· In Topic 1 we met relative isotopic mass and relative atomic mass. Remember that relative means compared with 12C

· The relative mass of a simple covalent substance, like H2O or O2, is called its relative molecular mass

· The relative mass of a giant ionic or giant covalent substance, like NaCl or SiO2, is called its relative formula mass

· Relative masses do not have units

· Relative molecular masses and relative formula masses are calculated by adding up relative atomic masses 

Example – relative formula mass of sodium carbonate, Na2CO3
Na
2 x 23.0 
= 46.0

C
1 x 12.0 
= 12.0

O
3 x 16.0 
= 48.0



Total 


= 106.0 
C1.4.2 Empirical and molecular formulae

· The empirical formula is the simplest whole number ratio of the atoms of each element in a compound

· Write down mass or % of each element 

· Divide each one by the relative atomic mass of that element

· Find the ratio of the numbers (divide them all by the smallest one)

Example – Find the empirical formula of a compound which is found to contain 1.40g of nitrogen and 0.30g of hydrogen 





N

H

Composition 


1.40

0.30

Divide by r.a.m.

14.0 = 0.1
1.0 = 0.3

Divide by smallest

1

3


Empirical formula 
                       NH3
· The molecular formula is the actual number of atoms of each element in a compound

· Molecular formula is a multiple of empirical formula
Example – Find the molecular formula of the compound whose empirical formula is CH2O and whose relative molecular mass is 60.0

Mass of empirical formula = (1 x 12.0) + (2 x 1.0) + (1 x 16.0) = 30.0

60/30 = 2 so molecular formula = 2 x empirical formula = C2H4O2 
C1.4.3 The mole

· In Chemistry amounts of substance are measured in moles

· A mole contains 6.02 x 1023 particles (atoms, molecules, ions or electrons)

· There are 4 ways of calculating a number of moles

· For a number of particles, moles = number of particles/6.02 x 1023
· Given a mass (in grams), moles = mass/molar mass

· Given a gas volume, moles = volume in dm3/24 or moles = volume in cm3/24000

· For a solution, moles = concentration x volume/1000 (volume in cm3)

C1.4.4 Molar mass

· Molar mass is the mass of one mole of a substance

· Its units are g mol-1
· For an atom, the molar mass is the relative atomic mass expressed in g mol-1 e.g. 23.0 g mol-1 for Na

· For a simple molecule, the molar mass is the relative molecular mass expressed in g mol-1 e.g. (2 x 16.0) = 32.0 g mol-1 for O2
· For a giant ionic or giant covalent substance, the molar mass is the relative formula mass expressed in g mol-1 e.g. (23.0 x 35.5) = 58.5 g mol-1 for NaCl

C1.4.5 Reacting mass calculations

Step 1 - Find the number of moles of the thing you are told about  

Step 2 – Use the equation to find out the moles of the thing you are asked about.

Step 3 – Find the mass of the thing you are asked about.

Work out the mass of HCl formed from 6 g of hydrogen


H2 + Cl2 ( 2HCl

Step 1:
Moles H2 = 6 (2.0 = 3



(mass ( molar mass)

Step 2:
Moles HCl = 3 x 2 (from equation) = 6

Step 3:
Mass HCl = 6 x molar mass = 6 x 36.5 = 219g
(moles x molar mass)

C1.4.6 Gas volume calculations

First 2 steps same as reacting mass calculations but in step 3 use 24 dm3 per mole of gas.

Work out the volume of CO2 formed from 3.99 kg of iron (III) oxide


Fe2O3 + 3CO ( 2Fe + 3CO2
Step 1:
Moles Fe2O3 = 3990 ( 159.6 = 25

(mass ( molar mass)

Step 2:
Moles CO2 = 25 x 3 (from equation) = 75

Step 3:
Volume CO2 = 75 x 24 = 1800 dm3

(moles x 24)

C1.4.7 Titration calculations

Step 1 - Find the number of moles of the thing you know the concentration and volume of.

Step 2 – Use the equation to find out the moles of the thing you are asked about.

Step 3 – Find the unknown concentration or molar mass 

25 cm3 of NaOH needed 21.5 cm3 of 0.1 mol dm-3 H2SO4 for neutralisation. Calculate the concentration of the NaOH solution.


H2SO4 + 2NaOH ( 2NaCl + 2H2O

Step 1:
Moles H2SO4 = 0.1 x 21.5 ( 1000 = 2.15 x 10-3
(conc x vol ( 1000)


Step 2:
Moles NaOH = 2.15 x 10-3 x 2 (from equation) = 4.30 x 10-3

Step 3: Conc NaOH = 4.30 x 10-3 / (25/1000)    = 0.172 mol dm-3 (moles/volume increase)

C1.4.8 Water of crystallisation

· Hydrated salts, like copper (II) sulphate crystals, contain water of crystallisation as part of their structure (they are not damp!) 

· The water of crystallisation is shown in the formula by . which effectively means + e.g. CuSO4.5H2O

· The water of crystallisation can be driven off by strong heating to leave an anhydrous salt e.g.

CuSO4.5H2O ( 
CuSO4 + 5H2O





Blue (hydrated)

white (anhydrous)

C1.5.1 Intro to bonding and structure

· Atoms form bonds to get a full outer shell of electrons 

· There are three types of bonding: ionic, covalent and metallic

· The structures produced by forming bonds are either giant or simple

· The possible combinations of structure and bonding are giant ionic, simple covalent, giant covalent and giant metallic 

· Simple covalent is sometimes called simple molecular

· Giant covalent is sometimes called giant molecular or macromolecular

· To melt a substance the forces holding the particles together need to be broken
· To conduct electricity there must something charged that can move (ions or electrons). Technically this is called a mobile charged species

· To dissolve in a particular solvent the substance must interact with the solvent
C1.5.2 Types of bonding

· Ionic bonding – metals transfer electrons to non-metals producing positive metal ions and negative non-metal ions. An ionic bond is an electrostatic attraction between oppositely charged ions. Dot-cross diagrams show outer electrons only e.g. NaCl
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· Covalent bonding – A covalent bond is a shared pair of electrons. Only non-metals can get a full shell by sharing electrons. The bond is the attraction of the shared electrons for the two nuclei. Dot-cross diagrams show outer electrons only e.g. Cl2
[image: image3.png]



· In dative covalent bonds, one atom provides both of the shared pair of electrons e.g. formation of an ammonium ion, NH4+, from ammonia, NH3, and H+
[image: image4.png]dative covalent bond




· Metallic bonding – metals lose their outer shell electrons to produce a lattice of positive metal ions surrounded by delocalised (free) electrons. 
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C1.5.3 Types of structure

a)
Giant ionic lattices e.g. sodium chloride

· Lattice of oppositely charged ions. 

· High melting and boiling points (strong forces of attraction between ions need to be broken). 

· Do not conduct when solid (ions not free to move). 

· Conduct when molten or dissolved in water (ions then free to move).

· Most are soluble in polar solvents like water. The ions interact with the dipoles in the solvent molecules 

· Tend not to dissolve in non-polar organic solvents like cyclohexane. The ions do not interact with non-polar solvents

           b)
Simple covalent lattices e.g. iodine and ice

· Consists of molecules held together by weak intermolecular forces (see section 5 below)

· Low melting and boiling points (weak forces of attraction between molecules are easily broken)

· Do not conduct (no mobile charge carriers)

· Most are insoluble in polar solvents, like water, because they do not interact with the dipoles in the solvent. Alcohols, however, can hydrogen bond to water molecules 

· Tend to dissolve in non-polar organic solvents, like cyclohexane, because the solvent can interact with the simple covalent substance 

c)
Giant metallic lattices e.g. magnesium, copper

· Lattice of metal ions surrounded by delocalised electrons.

· High melting and boiling points usually (strong forces of attraction between metal ions and free electrons need to be broken). 

· Conduct when solid (free electrons). 

· Insoluble in all solvents (some react with water)
d)
Giant covalent lattices e.g. diamond, graphite

· Lattice of non-metal atoms joined by strong covalent bonds

· Very high melting and boiling points usually (many strong covalent bonds to be broken) 

· Diamond doesn’t conduct (no mobile charge carriers). Graphite is the only non-metal that conducts as a solid (structure contains delocalised electrons)

· Insoluble in polar solvents, like water, because they do not interact with the dipoles in the solvent in water

C1.5.4 Electronegativity and bond polarity

· Electronegativity is the ability of an atom to attract the electrons in a covalent bond. 

· If there is a big difference in electronegativity between the atoms at either end of a covalent bond the electrons will be pulled towards the more electronegative atom creating a polar covalent bond (the bond has a permanent dipole)

· For example, chlorine is more electronegative than hydrogen so the H-Cl bond is polar

δ+   δ-

H(Cl

· Polar molecules have permanent dipoles that don’t cancel out (e.g. H2O) because the dipoles are at an angle

· Non-polar molecules either have no dipoles (e.g. Cl2) or dipoles that cancel out (e.g. CO2) because the dipoles are at 180(
C1.5.5 Intermolecular forces
a)
Van der Waal’s 

· Arise from temporary dipole (uneven distribution of electrons) in one molecule that induces dipole in another molecule.

· The more electrons, the stronger the van der Waal’s forces

· Occur in all simple covalent substances

b)
Dipole-dipole

· Attraction between molecules with permanent dipoles

· δ+ ends attracted to δ- ends

      c)
Hydrogen bonds

· Need H attached to N/O/F (highly electronegative elements).

· Exposed H nucleus is strongly attracted to lone pair on N/O/F

· Diagram must show lone pairs, dipoles and H-bond shown by dotted line e.g. water
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d)
Anomalous properties of water

· Water has some unusual properties due to the presence of hydrogen bonding

· Ice is less dense than water because ice has an open structure caused by hydrogen bonding

· Water has a higher melting and boiling point than expected due to the strength of hydrogen bonds that have to be broken

C1.5.6 Shapes of molecules

· Draw a dot-cross diagram

· Count number of electron pairs round the central atom

· Pairs of electrons repel each other and get as far apart as possible

· Lone pairs repel more than bonding pairs so bonds are pushed closer together e.g. 107( in ammonia compared with the tetrahedral bond angle of 109.5( in methane 

	Number of pairs
	Examples


	Name of shape
	Bond angle

	3 bonding pairs

(repel equally)
	BF3


	Trigonal planar
	120(

	4 bonding pairs

(repel equally)
	CH4, NH4+


	Tetrahedral
	109.5(

	6 bonding pairs

(repel equally)
	SF6

	Octahedral
	90(

	3 bonding, 1 lone

(lone pair repels more than bonds)
	NH3

	Pyramidal
	107(

	2 bonding , 2 lone

(lone pair repels more than bonds)
	H2O


	Non-linear
	104.5(

	2 double bonds

(repel equally)
	CO2


	Linear
	180(


C1.6.1 The periodic table

· In the Periodic Table the elements are arranged in order of increasing atomic number

· The elements in a period (row) show trends in physical and chemical properties that are repeated across other periods

· Repeating patterns across different rows is called periodicity

· The elements in a group (column) have similar physical and chemical properties

· The similarity in properties of elements is a group is due to them having the same number of outer shell electrons 

C1.6.2 Trends across periods 2 and 3

Electron configuration
Across the period successive elements have one more outer shell electron

Atomic radius

             Describe – it decreases

Explain – bigger nuclear charge, same shielding, nuclear attraction increases

1st ionisation energy

Describe – general increase 

Explain – bigger nuclear charge, same shielding, nuclear attraction increases

Melting & boiling

Na, Mg and Al have metallic bonding.

points
Attraction of positive ions free electrons is strong so melting points are high.

Melting point increases from Na to Mg to Al because metal ion has greater charge and there are more free electrons per atom so metallic bonding is stronger.

Si has very high melting point. Giant covalent structure has many strong covalent bonds to be broken.

P4, S8 and Cl2 have low melting points. These are simple covalent molecules held together by weak van der Waal’s forces. Van der Waal’s forces increase with molecular mass so S8 has highest melting point, then P4 then Cl2
Ar has simple atomic structure. Fewest electrons, weakest van der Waal’s forces

C1.6.3 Trends down groups

Atomic radius
Describe – it increases

Explain – extra electron shell, outer electron further from nucleus and more shielded. Increased nuclear 
charge outweighed by greater shielding and distance

1st ionisation energy
Describe – it decreases

                                         Explain – extra electron shell, outer electron further 
                                         from nucleus and more shielded. Increased nuclear

                                         charge outweighed by greater shielding and distance

C1.6.4 Redox reactions of group 2 metals

· Group 2 elements undergo redox reactions with water and oxygen

a)
Water

· Fizzing/effervescence will be seen

· The group 2 element will dissolve/disappear



Ca(s) + 2H2O(l) ( Ca(OH)2(aq) + H2(g)

Ca:
0 to +2 = oxidation



H:
+1 to 0 = reduction

· The overall equation can be split into half-equations, one for the oxidation and one for the reduction:



Ca ( Ca2+ + 2e-

oxidation (loss of electrons)



2H2O +2e- ( 2OH- + H2
reduction (gain of electrons)
· Mg reacts slowly with water but the reaction with steam is much more vigorous. With steam, the oxide is produced rather than the hydroxide



Mg(s) + H2O(g) ( MgO(s) + H2(g)

b)
Oxygen

· Mg burns with a bright white flame

· A white powder will be produced



2Mg + O2 ( 2MgO

Mg:
0 to +2 = oxidation



O:
0 to -2 = reduction

· The overall equation can be split into half-equations, one for the oxidation and one for the reduction:



Mg ( Mg2+ + 2e-

oxidation (loss of electrons)



O2 +4e- ( 2O2-

reduction (gain of electrons)

Trend in reactivity

· Reactivity increases down the group

· The elements lose 2 outer electrons in these reactions

· Down the group the outer electrons are further from nucleus and more shielded

· Nuclear attraction is reduced and so electrons are lost more easily

· Increased nuclear charge outweighed by greater shielding and distance

C1.6.5 Reactions of group 2 compounds

Oxides

· Adding water dropwise to CaO produces calcium hydroxide, Ca(OH)2(s)

CaO(s) + H2O(l) ( Ca(OH)2(s)

· In excess water, calcium hydroxide dissolves to make limewater Ca(OH)2(aq) whose pH is about 12

b)
Carbonates

· Group 2 carbonates decompose when heated e.g. 

MgCO3(s) ( MgO(s) + CO2(g)

· Going down the Group, the carbonates become harder to decompose (i.e. they become more stable)

c)
Hydroxides

· Group 2 hydroxides are alkaline and can be used to neutralise acids.

· Calcium hydroxide, Ca(OH)2, can be used to reduce soil acidity in agriculture.

· Magnesium hydroxide, Mg(OH)2, is found in milk of magnesia. This is used to treat indigestion by neutralising excess HCl in the stomach (the Mg(OH)2 acts as an antacid).

C1.6.6 Boiling points of the halogens

· At room temperature, Cl2 is a pale green gas, Br2 is a brown liquid, I2 is a blue-black solid.

· In Group 7, melting and boiling points increase down the group because the molecules have more electrons and, therefore, stronger van der Waal’s forces. 

C1.6.7 Redox reactions of halogens and their compounds

Displacement reactions

· Reactivity decreases down the group

· This can be shown by halogen displacement reactions where elements higher up the group will displace elements further down the group

· This can be done with chlorine dissolved in water or by bubbling chlorine gas through NaBr(aq) or NaI(aq)

Cl2 + 2NaBr ( 2NaCl + Br2           Yellow solution/orange in hexane

Cl2 + 2NaI ( 2NaCl + I2                  Brown solution/purple in hexane
Br2 + 2NaI ( 2NaBr + I2 
          Brown solution/purple in hexane

· These equations can also be written in ionic form

Cl2 + 2Br- ( 2Cl- + Br2 

Cl2 + 2I- ( 2Cl- + I2
Br2 + 2I-  ( 2Br- + I2
· The Group 7 elements gain an electron when they react

· Down the group the outer shell is further from nucleus and more shielded

· Nuclear attraction is reduced so an electron is gained less easily
Disproportionation reactions

· Chlorine undergoes a redox reaction with water

Cl2(g) + H2O(l) ( HCl(aq) + HOCl(aq)


· This reaction is used in water purification to kill bacteria (stopping cholera and typhus)

· There are risks associated with chlorination such as handling toxic chlorine gas and possible risks from the formation of chlorinated hydrocarbons in drinking water

· The benefits from killing bacteria far outweigh the risks involved (in my humble opinion)

· Chlorine also undergoes a redox reaction with cold, dilute sodium hydroxide solution 

· This reaction is used to make bleach.

Cl2(g) + 2NaOH(aq) ( NaCl(aq) + NaOCl(aq) +H2O(l)

· In both of these reactions the oxidation state of Cl changes from 0 in Cl2 to –1 in Cl- and +1 in OCl-
· Cl is simultaneously oxidised and reduced. This is an example of disproportionation
C1.6.8 Reactions of halide ions (Cl-, Br- and I-)

· Chloride ions, bromide ions and iodide ions produce coloured precipitates with silver nitrate solution, AgNO3(aq)

Ag+(aq) + Cl-(aq) (
AgCl(s) 
white precipitate

Ag+(aq) + Br-(aq) (
AgBr(s) 
cream precipitate

Ag+(aq) + I-(aq) (
AgI(s) 

yellow precipitate
· The difference in colour of the precipitates can be used as a test to show which halide ion is present

· AgCl(s) dissolves in dilute ammonia solution, NH3(aq)

· AgBr(s) dissolves in concentrated ammonia solution but not in dilute ammonia.

· AgI(s) does not dissolve, even in concentrated ammonia solution

Equations to remember
Number of moles = mass of substance / molecular mass

Number of molecules = number of moles x Avogadro’s constant

Concentration = number of moles x volume (dm3)

Volume of gas produced = number of moles x 24.0 (dm3)
