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Chemistry Foundation Revision

Definitions to learn:

· Atomic number 

The number of protons of an element (and electrons)

· Isotopes 

Atoms of the same elements with the same number of protons but different number of neutrons. To calculate the atomic mass of an isotope:

(Atomic no. x % abundance) +  (Atomic no. x % abundance)

                                                           100

· Electronic configuration 

Is the shorthand way of showing how many electrons occupy a sub-shell

1s2, 2s2, 2p6, 3s2, 3p6, 4s2, 3d10

· Ionisation energy 

Is the energy required to remove 1 mole of electrons from one mole of gaseous atoms to form I mole of positive ions

M (g)  (  M+ (g)   + e-

Factors affecting ionisation energy:

1. Atomic radius – the more distance between the nucleus and out electrons the less attraction there is.

2. Nuclear charge – the more protons there are n the nucleus the greater the attraction.

3. Shielding – the more orbitals there are the less attraction between the nucleus and outer electron

Trends

Across a period I.E increases due to increased nuclear charge as electrons are added to same shell.

Down a group the I.E decrease due to extra shells placing the electron being removed further from the nucleus.

· Relative atomic mass 

Is the average mass of an atom of a element compared with 1/12 of the mass of a carbon-12 atom

· Measuring relative atomic masses

A sample is placed in the mass spectrometer. The sample is bombarded with electrons to form positive ions. The (+) ions are accelerated using an electric field. The (+) ions are deflected using a magnetic field. The lighter isotopes are deflected more. This separates the isotopes. The ions are detected to create a mass spectrum 

MOLES

· Mole

Is the amount of substance that contains as many single particles as there are atoms in exactly 12g of the carbon-12-isotope

· Molar mass 

· Solids

Is the mass of one mole of a substance. The units of molar mass are g mol-1

Number of moles = mass (in grams)

               Molar mass

· Concentration 

Is the amount of solute, in mol, dissolved in 1dm3 (1000cm3) of solution

Moles = concentration x volume
                           1000

· Gases

At room temperature (25’C/298K) and pressure (100kPa) 1 mole of a gas occupies 24dm3 or 24000cm3

· Empirical formula

Is the simplest ratio of atoms of an element present in a compound.

Rules

1. Divide by atomic mass of element

2. Divide by smallest number

· Molecular formula 

Is the actual number of atoms of an element present in a compound.

Calculate the empirical mass then use this mass to divide the molecular mass by. Then multiply your answer by the empirical formula.

E.g. Empirical formula is CH4
Empirical mass is 12 + 1 + 1 + 1 + 1 = 16

Molecular mass is 32

32/16 = 2

2 x CH4 = molecular formula is C2H8
BONDING

· Ionic bonding 

Formed when a metal loses an electron to form a (+) ion and a non-metal gains an electron to form a (-). A giant lattice formed. This means each (+) ion is surrounded by (-) ions and vice versa. 

Structure and properties

There are strong electrostatic forces holding the ions in place. This explains why ionic compounds such as NaCl and MgO have high melting and boiling points. In solid form ionic compounds cannot conduct electricity, however when molten or in solution the ions become ‘free’ to move bout and carry a charge.

· Covalent bonding 

Formed when 2 non-metals share electron by overlapping their outer shells.

Structure and properties

Simple molecules such as H2, N2 and O2 form small molecules held together by weak intermolecular forces. They have low melting and boiling points. There are no ions so they are non-conductors.

Carbon (graphite and diamond) and silicon dioxide have a giant molecular structure. There are lots of atoms bonded together covalently. Again there are no ions to move about but due to their structure (giant molecular lattice) they have a high boiling and melting point.

· Non polar/ polar bonds

A bond is non-polar if electrons in a bond are shared equally. Usually the atoms are the same or have similar electronegativities (eg H2 or F2).

A covalent bond is polar is there are different atoms with different electronegativities. (eg H2O or HCl)

· Dative covalent bonds 

Formed when 1 atoms provides both electrons to form a covalent bond

· Van der waals 

Are weak forces of attraction between molecules

· Dipoles

Are the (+) and (-) charges which are created within an electronegative bond

· Hydrogen bonds 

Found in molecules containing hydrogen (which is electron deficient) and a highly electronegative atom (containing a lone pair of electrons, e.g. F, N or O). Hydrogen bonds are formed between molecules due to the attraction between dipole charges on different molecules. In water hydrogen bonds explain why the boiling point of water if high and why ice is less dense than water

· Electronegativity 

The ability of an atom to attract electrons towards itself. Reactive non-metals have greater electronegativity than reactive metals. Similar electronegativities tend towards covalent bonding. Different electronegativities tend towards ionic bonds.

· Metallic bonding 

Formed when a metal loses electrons. There is electrostatic attraction between the (+) metal ion and the delocalised electrons. This means electrons move around in the metal forming a ‘cloud’

Structure and properties

The strong electrostatic forces between (+) ions and electrons form a giant metallic lattice structure. Due to the movement of the electrons both heat and electricity can be conducted. Due to their structure metals have high melting and boiling points.

PERIODIC TABLE

· Trends in atomic radii 

Across a period the atomic radii decreases because:

1. The nuclear charge increases (+1 to –1)

2. Extra electrons are being added to the same shell

3. Nuclear and outer shell electron attraction increases

Down a group the atomic radii increases because:

1. Extra shielding from the nucleus

2. Less attraction between outer shell electrons and nucleus

3. The outer shell electrons are further from the shell due to the extra shielding.

· Redox reactions 

Oxidation is loss of electrons and the gain of oxygen. 

Ca ( Ca+2 + 2e-
Reduction is the gain of electrons and loss of oxygen.

O2  +  2 e-  ( 2O-2
 Reduction and oxidation MUST take place together. 

An oxidising agent will oxidise another element but is itself reduced. 

A reducing agent will reduce another element but is itself oxidised.

GROUPS

· Group 1

Have 1 electron in their outer shell

Lose 1 electron to form +1 ions

They are soft metals with low melting and boiling points

Flame tests:  Li-red, Na-orange K- lilac

Reactivity increases down the group – more shielding so easier to lose electrons

Reactions with O2
Li + O2  (  Li2O

Na also forms peroxides Na + O2 ( Na2O2
K forms K2O. K2O2 and KO2
Reactions with H2O

M + H2O ( MOH + H2
· Group 2

Have 2 electrons in their outer shell

Lose 2 electrons to form +2 ions

They have relatively high melting and boiling points

Flame tests:  Ca-brick red, Ba-green, Sr- red

Reactivity increases down the group – more shielding so easier to lose electrons

Reactions with O2
M + O2 ( MO

Reactions with H2O

Mg makes Mg(OH)2 with water but MgO with steam

· Group 7 

Have 7 electrons in their outer shell

Gain 1 electron to form -1 ions

Reactivity increases up the group- easier to gain 1 electron if more nuclear attraction.

Test for halides

Silver nitrate will produce a coloured precipiate 

Cl- is white, Br- is cream and I- is yellow

Ag+   +     X-   (  AgX

SHAPES

	Shape
	Bond-angle
	Example

	Linear
	180’
	Beryllium chloride                BeCl2

	Trigonal planar
	120’
	Boron fluoride                      BF3

	Tetrahedral
	109.5’
	Methane                               CH4

	Pyramidal
	107
	Ammonia                               NH3

	Non-linear
	104.5
	Water                                   H20

	Trigonal bipyramidal
	120’/90’
	Phosphorus pentachloride     PCl5

	Octahedral
	90’
	Silicon fluoride                     SF6


Oxidation numbers

	Species
	Oxidation number
	Example

	Uncombined element
	0
	C, Na, O2

	With oxygen (O)
	-2
	H2O, CaO

	With hydrogen (H)
	+1
	NH3, H2S

	Simple ion
	Charge on ion
	Na+1=+1

	With fluorine (F)
	-1
	NaF, CaF2
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