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Achievement Standard 91390
 Demonstrate understanding of 
thermochemical principles and the 
properties of particles and substances

Electron confi gurations, bonding and periodic trends
The number of protons (p) determines the atomic number and determines what element an atom is.

Protons and neutrons (n) have both been given a defi ned mass of 1 (no units); the sum of p + n for an 
atom is its mass number. Atoms of the same element with different numbers of neutrons are isotopes. 
Electrons are considered to have no mass for the purpose of mass calculations.

One mole of an element contains 6.023 × 1023 atoms.

Electrons are arranged around the nucleus of an atom in orbitals within energy levels (electron shells):

• fi rst level has 1s orbital only • second level has 2s and 2p orbitals

• third level has 3s, 3p and 3d orbitals • fourth level has 4s, 4p, 4d and 4f orbitals.

Aufbau principle – ‘electrons fi ll orbitals from the lowest energy 
level (1s) fi rst and build fi lling each set of orbitals in turn’.

Example
The 15 electrons on a phosphorus atom fi ll the 1s orbital then 
the 2s, the three 2p orbitals, the 3s and fi nish up in the 3p
orbitals. Its notation is P: 1s2 2s2 2p6 3s2 3p3

Hund’s rule – ‘electrons will fi ll each orbital of a sublevel before 
pairing’. An atom can have a full energy level, a full orbital, or a 
half-full orbital (no paired electrons).

When an atom forms an ion, its subshell notation changes to 
show how its valence electrons are arranged.

Example
When a phosphorus atom gains 3 electrons to form a phosphide ion, it would have the notation 
P3–: 1s2 2s2 2p6 3s2 3p6

The fi rst ionisation energy of an element is the energy needed in kJ mol–1 to remove one electron from 
each atom in a mole of the element in its gas state.

• There is a decrease going down a group – the electron being lost is further away from the nucleus and 
has more shielding from the inner shells of electrons, so it is not held as strongly.

• There is an increase going across a period – the number of protons increases and thus electrons are 
added in the same energy level and the effective nuclear charge (e.n.c.) acting on the outermost 
electron is stronger.

• Filling an ‘s’ subshell orbital gives extra stability to elements He, Be, Mg, Ca, so their fi rst ionisation 
energy is above the expected trend.

• Half-fi lling a ‘p’ subshell gives extra stability to elements N and P, which thus have higher than expected 
values.

fill first

orbitals

5th shel l 5s2 5p6 5d10 5f14

4th shel l 4s2 4p6 4d10 4f14

3rd shel l 3s2 3p6 3d10

2nd shel l 2s2 2p6

1st shel l 1s2



Metals form metallic bonds, consisting of electrostatic attraction between the lattice of (positive) metal 
nuclei and the surrounding delocalised electrons (negative).

An increase in the number of valence electrons gives an increase in:

• strength of the metallic bond • hardness
• density • melting and boiling points.

Electrons are able to slide past the nuclei and one another to make metals malleable (‘can be bent’), 
ductile (‘can be drawn out into a wire’) and electrically conductive in the solid and liquid states.

Metals and non-metals react to form ionic bonds. Electrons are transferred from the metal and it forms 
a cation (positive ion); the non-metal that receives the electrons forms an anion (negative ion). A strong 
electrostatic force of attraction occurs between the oppositely charged ions within a giant three-
dimensional lattice of the ions in a fi xed ratio. Ionic compounds have the following properties:

• greater solubility in polar solvents
(e.g. water) than in non-polar solvents

• conductors of electricity when in solution or 
molten (liquid)

• hard but brittle salts • high melting and boiling points.

Non-metals form covalent bonds with each other by donating one (or more) electron(s) each to a shared 
bond pair of electrons that help make up a full valence electron shell.

The strong force of attraction of the positive nuclei to the shared bond pair is greater than the repelling 
effect of the two positive nuclei.

• Bond strength decreases down a group – the bond pair becomes further from the nucleus and 
shielding from inner electron shells increases.

• Double bonds are shorter and stronger than single bonds.

• Electrons in a covalent bond between different atoms will be shared unequally due to a difference 
in each atom’s electronegativity (measure of an atom’s attraction for a bond pair of electrons). 
The uneven distribution of the electrons creates a polar covalent bond between the atoms and a 
permanent dipole across the bond.

Polar covalent bonds in a molecule create a dipole across the entire molecule unless they cancel each other 
out because they are arranged symmetrically.

Intermolecular forces involve weak forces of attraction between molecules.

• Temporary dipole-dipole attractions or dispersion forces – temporary uneven distribution of electrons 
around an atom/molecule repel electrons in a nearby atom/molecule inducing a small dipole in both – 
more likely to occur in larger atoms/molecules that contain more electrons.

• Permanent dipole-dipole attractions – occur between the opposite ends of molecules with a 
permanent dipole across the molecule. The more polar the molecule, the stronger the attraction.

• Hydrogen bonds are the strongest attraction force (but are still only about 10% of the strength of a 
covalent bond). A molecule must contain a hydrogen atom bonded to a fl uorine, oxygen or nitrogen 
atom. This bond has a very large dipole that is attracted to the opposite end of the same bond on a 
nearby molecule (e.g. water has a much higher melting and boiling point than molecules of similar size 
and polarity).

The periodic table
• Atomic number increases across a period – number of protons increases.
• Atoms get smaller across a period – effective nuclear charge experienced by electrons in the same shell 

increases, pulling them in closer.
• Atoms get larger down a group – number of electron levels (shells) increases; effective nuclear charge is 

shielded from outer electrons by inner electrons.
• Ions formed by elements on the left are smaller than their atoms because they have lost electrons to 

empty an energy level (shell).
• Ions formed by elements on the right are larger than their atoms because they have gained electrons so 

there is increased repulsion between valence electrons.
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Questions:  Electron confi gurations, bonding and periodic trends

  Question One: Atomic properties, Lewis diagrams and shapes
a. i. Complete the following table.

Symbol Electron confi guration (use s, p, d notation)

Mn

As

Cu2+

ii. Explain why the radii of the Mg atom and the Mg2+ ion are different. Radius / pm

Mg atom 160

Mg2+ ion 72

b. i. Complete the table below.

BrF3 PCl6
–

Lewis structure

Name of shape

 ii. The Lewis structures and shape names for AsF3 and AsF5 are shown below.

F F

F

AS As

F

F

F

F

F

 Trigonal pyramidal Trigonal bipyramidal

  Compare and contrast the shapes and polarities of AsF3 and AsF5.

Year 2020
Ans. p. 119
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CHEMISTRY

 3.5
Externally assessed 5 credits

Achievement Standard 91391
 Demonstrate understanding of the 
properties of organic compounds

Chains, isomers and functional groups
A homologous series increases by –CH2– every step. A functional group is a specifi c arrangement of 
elements in a compound responsible for characteristic chemical reactions.

Alkanes
Alkanes (CnH2n+2) only contain carbon and hydrogen atoms (hydrocarbons) and only have single bonds 
(saturated with hydrogens).

Formula Ethane 2-methylpropane

Empirical
Simplest ratio of atoms 
present

CH3 C2H5

Molecular
Number of each type of 
atom present

C2H6 C4H10

Structural 
(Constitutional)

Arrangement of atoms 
and groups of atoms

CH3CH3 CH3CH(CH3)CH3

or
Two-dimensional 
arrangement

H H

H C C H

H H

H H H

H C C C H

H CH3 H

or
Structural formula 
showing stereochemistry

C

HHH

CH3

C

H

CH3

CH3CH3

Types of formulae

The carbon atom chain of the longest length in a compound determines the prefi x; the homologous series 
or functional group determines the suffi x. You need to know prefi x names for molecules containing up to 
8 carbon atoms.

Physical properties
Melting and boiling points are low and increase with the length of carbon chain. C1–C4 are gases, C5–C16

are oily liquids, C17+ are waxy solids. Alkanes are insoluble in water because they are non-polar, but they are 
soluble in non-polar solvents such as hexane or petrol. Alkanes do not conduct in any state as there are no 
free ions or electrons.

Structural isomers
Structural isomers have the same molecular formula but a different arrangement of atoms, have similar 
chemical properties but different physical properties (due to the shape and size of isomers, which weakens 
the intermolecular forces between molecules and lowers the melting and boiling points).

The numbering of a functional group on a parent chain has preference on the lowest number fi rst.



Aldehydes and ketones
Aldehydes and ketones are known as carbonyl compounds as they contain the carbonyl group C=O.

Aldehydes have the C=O as the end C 
of a chain with an H as the other atom. 
They have the suffi x -al, and the carbon 
in the C=O must be numbered 1 and 
included in the parent chain of isomers.

Example
3-methylbutanal

H H H
| | |

H — C4 — C3 — C2 — C1 = O
| | | |
H CH3 H H

Ketones have the C=O not on the 
end of the chain. They have the suffi x 
-one, and the parent chain of an 
isomer must include the C=O with the 
smallest number possible.

Example
3-methylpentan-2-one

H H H O H
| | | || |

H — C5 — C4 — C3 — C2 — C1 — H
| | | |
H H CH3 H

The polarity of the carbonyl group ( +C=O –) increases the intermolecular van der Waals forces between 
the molecules. Methanal is a gas but most ketones and aldehydes are volatile liquids. Aldehydes have 
unpleasant pungent smells, ketones have pleasant sweet smells.

The lone pairs of electrons on the carbonyl forms hydrogen bonds with water molecules, making small 
aldehydes (C1–C3) and ketones (C3 and C4) soluble. Most are soluble in non-polar solvents and many 
ketones are used as solvents.

Oxidation and reduction
Aldehydes are made from the oxidation of primary alcohols. The aldehyde product is distilled out of the 
reaction mixture as it forms to prevent it oxidising further to a carboxylic acid.

Ketones are made from the oxidation of secondary alcohols. To ensure that all the alcohol has reacted, the 
mixture is refl uxed.

Both aldehydes and ketones can be reduced back to their appropriate alcohol with sodium borohydride, 
NaBH4

Tests for aldehydes vs ketones
Aldehydes are more reactive and react quickly, producing a colour change (whereas a ketone reacts very 
slowly or not at all).

Oxidising agent Colour change

Potassium dichromate (acidifi ed) Orange solution to green

Potassium permanganate (acidifi ed) Purple solution to colourless

Tollens’ reagent – ammoniacal silver nitrate Colourless solution forms silver precipitate or silver mirror

Fehling’s solution Blue solution forms orange / red precipitate

Benedict’s solution Blue solution forms orange / red precipitate

Colour changes associated with reduction of oxidising agents by aldehydes
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Questions: Chains, isomers and functional groups
 Question One: Reaction schemes and unknowns
a. i.  Complete the table below to show either the structural formula or the IUPAC (systematic) name for 

each organic molecule.

Compound IUPAC (systematic) name Structural formula

A 3-chloropropanamide

B
 O
 ||
CH3 — C — CH2 — CH2 — CH3

C
 O
 ||
CH3 — CH2 — C — O — CH3

D 2-methylbutanal

 ii.  Describe and explain a chemical test to distinguish between compounds B and D from the table in 
part i.

  Your answer should include:

  • reagents and conditions required

  • observations

  • the type of reaction occurring

  • structural formulae of any organic product(s).

Year 2020
Ans. p. 126
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CHEMISTRY

 3.6
Externally assessed 5 credits

Achievement Standard 91392
 Demonstrate understanding of 
equilibrium principles in aqueous 
systems

Solubility calculations
When an ionic salt dissolves (solute) into a solvent, it dissociates into a solution of the ions in that salt. 
The bonds within the solute and between the solvent particles are broken endothermically, and bonds form 
between the solute ions and the solvent particles exothermically. The overall change in energy is the enthalpy 
of solution ( solH) and dissolving will only occur if this is exothermic (negative) or very slightly endothermic.

A solution may have the following …

• Conductivity – a solution with free ions is called an electrolyte. A substance that dissociates completely 
releases lots of ions, so it is a strong electrolyte. Pure water is a poor electrolyte.

• pH – if the substance dissociating releases H+ ions, these react with H2O to form H3O
+ which lowers the 

pH. If OH– is released, the pH is raised. pH = 7 when the numbers of moles of H+ and OH– ions are equal 
at 1 × 10–7 mol L–1.

• Species in solution – a dissolving substance may react with the water molecules or just associate with 
them. A reaction with water is called a hydrolysis reaction.

 Sucrose dissolving in water is a physical process only:  C12H22O11(s)    C12H22O11(aq)

  Sulfur trioxide dissolves by a hydrolysis reaction with the water molecule and produces H+ ions from the 
water particles; SO3(g) + H2O( )    SO4

2–(aq) + 2H+(aq)

• Composition concentrations – water has the concentration of 55.55 mol L–1; the concentrations of 
all other species depend on the amount dissolved and the mole ratio of the ions (don’t forget the very 
small amount of H+ and OH– ions in a neutral solution).

When enough of a sparingly soluble salt is added to a solution so that no more will dissolve, it is saturated
and an equilibrium is established between the undissolved salt and the ions in solution.

• The solubility of the salt is the amount that has dissolved (in mol L–1 or g L–1).

• The ionic product (IP) or reaction quotient (Q) is the concentration of the ions, to the power of their 
mole ratios, multiplied together.

• The solubility constant or solubility product (Ks) is the equilibrium constant with no units.

Ks expressions for common ionic salts

AB type compound
• Cation : anion ratio 1 : 1

• Equilibrium expression AB(s)    A+(aq) + B–(aq)

• Ks expression Ks(AB) = [A+] [B–]

• Example CaSO4(s)    Ca2+(aq) + SO4
2–(aq)

       Ks(CaSO4) = [Ca2+] [SO4
2–]



• The mid-point of the buffer zone (only when one reactant is a weak acid or base) is found halfway to 
the equivalence point when equimolar amounts of the acid and conjugate base are present. The buffer 
equation reduces to pH = pKa for the Ka of the weak or conjugate acid.

• The buffer zone – this is ±1 pH unit from the buffer mid-point.

• The equivalence point – stoichiometric amounts of acid and base are mixed for exact neutralisation. 
If one of the products of the neutralisation reaction is a weak acid or base itself, the pH needs to be 
calculated using the appropriate equation (remember to calculate the volume of the solution correctly).

Adding the strong acid, HCl, from the
burette to the strong base, NaOH, in the flask

Volume (mL) of base added
(to 20.0 mL acid)

0

pH
7 equivalence point

pH = 7

14

Adding the strong base, NaOH, from the
burette to the strong acid, HCl, in the flask

40

Volume (mL) of acid added
(to 20.0 mL base)

0
0 10 20 30400 10 20 30

pH

7

14

equivalence point
pH = 7

• •

Strong acid-strong base titration: HCI and NaOH (concentrations identical)

Volume (mL) of acid added
(to 20.0 mL base)

0

pH

7

equivalence point
pH > 7

14

•

buffer
zone

pKa  of
weak acid

pKa  of
weak acid

initial
pH

buffer
zone

0 4010 20 30 0 4010 20 30

Volume (mL) of base added
(to 20.0 mL acid)

0

pH
7

equivalence point
pH > 7

14

•

initial
pH

Adding the strong base, NaOH, from
the burette to the weak acid,
CH3COOH, in the flask

Adding the weak acid, CH3COOH, 
from the burette to the strong base,
NaOH, in the flask

Weak acid-strong base titration: CH3COOH and NaOH (concentrations identical)

buffer
zone

0 4020 3010 0 4020 3010
Volume (mL) of base added

(to 20.0 mL acid)

0

pH

7

equivalence
point

pH < 7

14

initial
pH

Volume (mL) of acid added
(to 20.0 mL base)

0

pH

7

equivalence point
pH < 7

14

•

buffer
zone

pKa of
conjugate

acid of weak
base

pKa of
conjugate

acid of weak
base

Adding the strong acid, HCl, from the 
burette to the weak base, NH3, in the flask

Adding the weak base, NH3, from the
burette to the strong acid, HCl, in the flask

•

Strong acid-weak base titration: HCI and NH3 (concentrations identical)

The end-point of a titration is when the chosen indicator changes colour; this occurs at the pKa of the indicator. 
It is important to select an indicator that has a colour change (pKa) as close to the equivalence pH as is possible.
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Questions: Acid-base calculations

 Question One: Ammonium chloride
a. An aqueous solution containing a mixture of ammonium chloride, NH4Cl, and ammonia, NH3, can act 

as a buffer solution.

  Ka(NH4
+) = 5.75 × 10–10      pKa(NH4

+) = 9.24

 i. Give the pH range over which the solution will function as a buffer.

 ii.  Explain why the addition of a small volume of nitric acid, HNO3, to this buffer solution will not 
result in a signifi cant change in pH.

  Your answer should include relevant equation(s).

b. i.  Calculate the mass of NH4Cl that must be added to 200 mL of 0.0500 mol L–1 NH3 to give a buffer 
solution with a pH of 8.75.

  Assume there is no change in volume when the solid is added.

  M(NH4Cl) = 53.5 g mol–1

Year 2020
Ans. p. 136
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 ii.  Explain whether the buffer in part i. will be more effective at neutralising strong acid or strong base.

c. i. Solutions of equal concentration were prepared for each of the following:

   HBr           CH3NH2           NH4Cl

  Rank the solutions in order of decreasing pH in the box below:

Order of decreasing pH:

  Justify the order.

  Your answer should include:

  • relative concentrations of hydronium ions

  • relevant equation(s).

 ii. If the NH4Cl solution has a pH of 4.70, calculate its concentration.
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 Achievement Standard 91390 
(Chemistry 3.4): Demonstrate 
understanding of thermochemical 
principles and the properties of particles 
and substances
3.4 Electron confi gurations, bonding and 
periodic trends

 Question One: Atomic properties, Lewis diagrams 
and shapes

a. i. Symbol Electron confi guration (use s, p, d notation)

Mn 1s2 2s2 2p6 3s2 3p6 4s2 3d 5

As 1s2 2s2 2p6 3s2 3p6 4s2 3d 10 4p3

Cu2+ 1s2 2s2 2p6 3s2 3p6 4s0 3d 9

 ii. The Mg2+ ion has the same number of protons as the 
Mg atom but fewer electrons, and the outermost 
electrons are in a lower energy level, reducing the radii. 
There is also a greater nuclear attraction to these outer 
electrons, drawing them in closer and reducing the radii 
further. Compared with the Mg atom the outer electrons 
are in a higher energy level, which means they are 
further away from the nucleus and the attractions of the 
protons in the nucleus have less attractive pull on these 
electrons, allowing them to move further away. Thus, the 
Mg atom’s radii is greater than that of the Mg2+ ion.

b. i. BrF3 PCl6
–

Lewis 
structure

Br F

F

F

Cl

P

Cl

Cl

Cl

Cl

Cl

Name of 
shape

T-shaped octahedral

 ii. AsF3 has 4 regions of negative charge density surrounding 
the central As atom, which all repel in a 3D space to form 
a base tetrahedral shape. However, only 3 of these regions 
are bonded, so the shape seen is trigonal pyramidal. AsF5

has 5 regions of negative charge density surrounding the 
central As atom, which all repel in 3D to form a trigonal 
bipyramidal base shape. All 5 of these regions are bonded, 
so the shape seen is also trigonal bipyramidal.

The As–F bond is polar in both molecules due to the 
difference in electronegativity of the As and F atoms. 
In AsF3 the molecular is unsymmetrical, so these polar 
bonds cause the overall molecule to also be polar. 
However, in AsF5 the molecule is symmetrical in shape, 
so the effect of the bond dipoles is cancelled out and the 
overall molecule is non-polar.

p. 4

Answers and explanations

c. i. As(g)  As+(g) + e–

 ii. 1st ionisation energy is the energy required to remove 
1 mol of electrons from the atomised gas of an element.

N has the highest value because N is in the 2nd period of 
the periodic table, so its electrons are in the 2nd energy 
level, which is closer to the attractive force of the protons 
in the atoms’ nucleus. Therefore, more energy is required 
to remove these electrons.

In comparison, both K and As have their outer election 
in the 4th energy level, which is further away from the 
nucleus, and subject to electron shielding and repulsions 
from the inner energy level electrons. This means that 
for both K and As less energy is required to remove 
their outer electrons, so they have a lower 1st ionisation 
energy than N.

Although they are in the same period, As has a greater 
1st ionisation energy than K has, because As atoms have 
a greater number of protons acting on the same energy 
level electrons. This causes a greater attraction from 
the nucleus on the outer electrons compared with the 
K atom, and thus a greater amount of energy is needed 
to remove As’s electrons, making its 1st ionisation energy 
higher than that of K.

(A – 3 of: 2 rows correct in a. i., any 2 of 4 boxes correct in b. i., correctly describes what causes 
shape or polarity for one molecule in b. ii., correct equation with states in c. i., correct reasons 
for the 1st ionisation energy of one element described in c. ii.; M – 2 of: correctly explains radii 
difference with minor omission in a. ii., either full explanation of shapes for both molecules or 
polarity for both molecules in b. ii., correctly explained difference in 1st ionisation energy between 
N and either K or As in c. ii.; E – M with: fully correct discussion of both shapes and polarity for 
both molecules in b. ii., and differences in 1st ionisation energy fully justifi ed between all three 
elements in c. ii.)

 Question Two: Element properties and Lewis 
diagrams

a. Symbol Electron confi guration (use s, p, d notation)
Cr 1s2 2s2 2p6 3s2 3p6 4s1 3d5  or  [Ar] 4s1 3d5

Fe3+ 1s2 2s2 2p6 3s2 3p6 4s0 3d5  or [Ar] 3d5

Ge 1s2 2s2 2p6 3s2 3p6 4s2 3d10 4p2  or  [Ar] 3d10 4s2 4p2

Take care with Cr and also Cu, which take a half-fi lled 4s
orbital for a small stability gain.

b. SF4 SF3
–

Lewis structure S
F

F

F

F
S F

F

F

Name of shape See-saw T-shaped

c. i. S2– ions have a greater radius than the S atoms. This is 
because the S2– ions have 2 additional electrons in the 
same energy level. Electrons repel each other, as they 
are negatively charged, so more in the same level have 
more repulsions. The attraction force from the positively 
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charged protons in the nucleus is unchanged, so the 
additional electron repulsions cause the outer electrons 
to move further away from the nucleus and thus increase 
the radii for the S2– ions relative to the S atom.

 ii. Electronegativity is a measure of an atom’s ability to 
attract and hold the electrons in a covalent bond. O has 
the highest electronegativity, as its outer shell bonding 
electrons are in the second energy level, compared with 
Na and S, which have them in the third energy level. Being 
closer to the nucleus means that O’s electrons experience 
the strongest attraction to the positive protons compared 
with those of Na and S, so O has the highest value.

Na has the lowest electronegativity because its outer 
energy level is the third one, and it only has a single 
electron in it. This electron experiences inner electron 
shielding of the attractive force in the nucleus and so 
experiences the smallest electronegativity of the three.

S is in the same period as Na and the same group as O. 
This means S has the same number of outer electrons as 
O, but they are in the third energy level, being further 
away from the attractive force of the protons in the 
nucleus. Thus, S has a lower electronegativity value than 
O has. However, S has an increased number of protons 
acting on this same energy level electrons as the Na, 
which increases the attractive force experienced by the 
electrons from the nucleus. Thus, the electronegativity of 
S is greater than that of Na, but less than that of O.

d. Shape is square pyramidal. This is because there are 6 regions 
of negative charge density surrounding the central atom 
that all repel each other in 3D space; 5 of these regions are 
bonded and one lone pair, so the shape that is observed 
is square pyramidal. The Cl–F bonds are polar due to the 
difference in electronegativity of the atoms causing the 
bonding electrons to be shared unequally. The molecule 
shape is unsymmetrical, so the effects of the polar bonds 
cause the overall molecule to be polar too.

(A – 3 of: 2 electron confi gurations correct in a., one correct diagram and shape in b., states 
more electrons so bigger radius in c. i., identifi es the electronegativity is due to attraction of 
protons to outermost electrons in c. ii., names the correct shape and polarity in d.; M – 2 of: 
explains electron repulsion increases radii without link to nuclear attraction in c. i., correctly 
explains the electronegativity difference between 2 of the elements in c. ii., explains molecule 
shape or molecule polarity in d.; E – M with: correct linking and justifi cation of difference in 
electronegativity for all 3 elements in c. ii., fully explains both shape and polarity in d.).

 Question Three: Periodic trends and fl uorine 
compounds

a. Symbol Electron confi guration (use s, p, d notation)
V 1s2 2s2 2p6 3s2 3p6 4s2 3d3 

Cu+ 1s2 2s2 2p6 3s2 3p6 4s0 3d10 

Br– 1s2 2s2 2p6 3s2 3p6 4s2 3d10 4p6 

Remember that 4s electrons are lost before 3d electrons 
when transition metals ionise.

b. The trend across the 2nd period is an increase in 1st 
ionisation energy and a decrease in atomic radius.
Moving across the periodic table, the number of (positive) 
protons in the nucleus increases. The number of electrons 
(negative) also increases, but these electrons are being added 
to the same energy level. The effect is an increased charge 
attraction from the nucleus (effective nuclear charge) acting 
on the same energy level outer electrons.
The increasing attraction force draws the outer electrons 
closer to the nucleus, which decreases the atomic radii of the 
elements moving across the periodic table.
The increasing attraction also means that more energy is 
required to remove the outmost electrons, and so the 1st 
ionisation energy increases moving across the period.
The trend of decreasing atomic radii has an additional effect 

p. 8

on the 1st ionisation energy of the elements because, as the 
radii decrease, the outer electrons move closer to the nucleus. 
The electrons then experience even greater attraction from 
the nuclear charge. This means that even more energy is 
required to remove the outer electrons, causing a further 
increase of 1st ionisation energy moving towards the end of 
the period as the radii decrease.

c. i. AsF5 BrF5

Lewis diagram

F

As F

FF

F

F

Br F

FF

F

Name of shape
Trigonal 

bipyramidal
Square

pyramidal

 ii. The molecular shape is due to the number of regions of 
negative electron charge density repelling each other 
in 3-D. XeF4 has 6 regions of electrons, 2 lone pairs and 
4 bonded pairs. The 2 lone pairs occupy space around 
the central Xe atom but are ‘unseen’. Thus the 4 electron 
pairs with bonding are seen as the square planar shape.
XeF4 is non-polar. The electronegativity difference 
between Xe and F atoms causes the bonding electrons 
to be shared unequally – making the internal bonds 
of the molecule polar. However, the molecule shape is 
symmetrical, which causes the effect of the polar bonds 
to be cancelled, leaving the overall molecule non-polar.

Take care to explain that it is the effect of the polar 
bonds cancelling, rather than the bonds themselves, 
that have resulted in a non-polar molecule.

(A – 3 of: 2 electron confi gurations correct in a., states the correct trend for radii or 1st I.E. in 
b., one correct diagram and shape in c. i., identifi es 6 regions and 4 bonded in c. ii., or states 
non polar in c. ii.; M – 2 of: fully explains radii trend or 1st I.E. trend correctly in b., all of c. i.
correct, correctly links shape to 3-D repulsion or polarity to symmetry in c. ii.; E – M with correct 
linking of 1st I.E. and radii trend explained in b., and both shape and polarity fully explained, 
including the initial polar bonding in c. ii.)

 Question Four: Electron attractions

a. Symbol Electron confi guration Charge
Atomic 
number

Cl 1s2 2s2 2p6 3s2 3p5 0 17
Ca2+ 1s2 2s2 2p6 3s2 3p6 4s0 +2 20
Mn2+ 1s2 2s2 2p6 3s2 3p6 4s0 3d5 +2 25

 4s may be omitted when the electron count is 0. 

b. i. Electronegativity is a measure of the attraction from an 
atom’s nucleus to a covalently bonded pair of electrons.

 ii. Chlorine is to the right of phosphorus in the same period. 
Moving across a period the electronegativity increases 
due to an increasing number of positive protons in the 
nucleus having an increased positive charge. However, 
the outer bonding electrons are in the same energy 
level and so experience a greater attraction towards the 
nucleus, i.e. increased electronegativity.

The defi nition of electronegativity along with the 
trends moving across a period or down a group need 
to be known.

c. i. Ca(g)  Ca+(g) + e–

 ii. The trend shown is a decrease in fi rst ionisation energy 
(1st I.E.) moving down group 2 elements. 1st I.E. is the 
minimum amount of energy required to remove 1 mol 
of the outer electrons from 1 mole of gaseous atoms. 
The 1st I.E. is decreasing because the outer electron is in 
a higher energy level which is further from the positive 
protons’ attractive pull in the nucleus. In addition to 
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