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Scope and prerequisites
This handout teaches Structure 3.1, The periodic table: classification of elements, for
the course first assessed in 2025.
Prerequisites: electron configurations and ionization energy from Structure 1.3, and
ionic and covalent bonding from Structures 2.1 and 2.2. You will use the periodic
table, ionic radii and electronegativity values from the data booklet.

Organizing the periodic table
One table, many predictions

In 1869 Dmitri Mendeleev arranged the known elements in order of atomic mass and
left gaps where the pattern said an element should be. He predicted the properties
of “eka-silicon”, and germanium, found in 1886, matched them closely. The periodic
table works because the properties of elements repeat in a regular way:
periodicity .
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Group = shared outer-electron count → similar reactions down a group
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Rises across a period — dips at B and O
(new sublevel start; first paired p electron)

The table follows the order in which sublevels fill: s, p, d and f blocks

Periods, groups and blocks
The modern table orders the elements by atomic number Z.
• A period is a horizontal row. The period number is the number of the outer

energy level: sodium, [Ne] 3s1, is in period 3.
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• A group is a vertical column, numbered 1 to 18. Elements in a group have the
same number of outer electrons, so they react in similar ways. For groups 1 and 2
the number of valence electrons equals the group number; for groups 13 to 18 it is
the group number minus 10.

• A block is named after the sublevel being filled: s (groups 1 and 2), p (groups
13 to 18), d (groups 3 to 12) and f (the lanthanoids and actinoids).

Worked example: chlorine is 1s2 2s2 2p6 3s2 3p5. The outer level is n = 3, so period 3;
the last electron enters a p sublevel, so p block; seven outer electrons, so group 17.

Metals, metalloids and non-metals
Metals are on the left and in the middle of the table; non-metals are on the right. A
diagonal band of metalloids (B, Si, Ge, As, Sb, Te) separates them. Met-
alloids have some properties of both: silicon looks shiny but is brittle, and it is a
semiconductor.
Some groups have names: group 1 the alkali metals , group 2 the alkaline
earth metals, group 17 the halogens and group 18 the noble gases.

Periodic trends
Two ideas explain every trend

Every trend in this section comes from the balance of two effects on the outer electrons:
• nuclear charge : more protons pull the electrons more strongly;
• shielding : inner electrons repel the outer electrons and reduce the pull they

feel.
Across a period, the nuclear charge rises by one each time but the electrons go into
the same energy level, so shielding hardly changes. The outer electrons feel a stronger
pull. Down a group, each element has one more full inner level: the outer electrons
are further away and more shielded, so they feel a weaker pull, even though the nuclear
charge is larger.

Atomic radius

Na

+11

Mg

+12

Al

+13
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+14
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S
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Cl

+17

atomic radius decreases as nuclear charge increases

Across period 3 the growing nuclear charge pulls the same outer level closer
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• Across a period the atomic radius decreases: Na 186 pm to Cl 102 pm.
• Down a group the atomic radius increases: one extra occupied energy level each

time.

Ionic radius
• A cation is smaller than its atom: it has lost its whole outer level, and the re-

maining electrons are pulled in more strongly. Na 186 pm, Na+ 102 pm.
• An anion is larger than its atom: the extra electrons repel each other, and the

same nuclear charge holds more electrons. Cl 102 pm, Cl− 181 pm.
• For ions with the same electron configuration (isoelectronic ions), the radius

falls as the nuclear charge rises: N3− > O2− > F− > Na+ > Mg2+ > Al3+, all with
the configuration of neon.

Ionization energy, electron affinity and electronegativity

Property Meaning Across a
period

Down a group

first ionization
energy

energy to remove one
mole of electrons from
one mole of gaseous
atoms

generally
increases

decreases

electron
affinity

energy change when
one mole of gaseous
atoms each gain one
electron

generally
more negative
(more
released)

generally less
negative

electronegativity ability of an atom to
attract a shared pair of
electrons

increases decreases

All three follow from the same idea: a stronger pull on the outer electrons makes them
harder to remove and makes the atom attract extra electrons more strongly. The
first electron affinity is usually negative (exothermic), because the incoming electron
is attracted by the nucleus.
Fluorine is the most electronegative element (4.0); caesium and francium are the least.

Metallic and non-metallic character
Metals react by losing electrons. Metallic character therefore increases as ionization
energy decreases: down a group and to the left across a period. Non-metallic
character increases up and to the right. This is why the most reactive metals (Cs, Fr)
are at the bottom left and the most reactive non-metal (F) is at the top right.
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Group 1 and group 17
The alkali metals

Group 1 metals are soft, have low melting points and react quickly with water to give
a hydroxide and hydrogen:

2Na(s) + 2H2O(l) → 2NaOH(aq) + H2(g)

Reactivity increases down the group. The outer electron is further from the nucleus
and more shielded, so it is lost more easily. Lithium fizzes steadily; potassium melts,
catches fire and burns with a lilac flame.

The halogens
Halogens exist as diatomic molecules: F2 and Cl2 are gases, Br2 a liquid and I2 a
solid at room temperature (London forces increase down the group). Halogens react
by gaining an electron, so their reactivity decreases down the group: the incoming
electron is further from the nucleus and more shielded.
A more reactive halogen displaces a less reactive one from a solution of its halide
ions:

Cl2(aq) + 2Br−(aq) → 2Cl−(aq) + Br2(aq)

The solution turns orange-yellow as bromine forms. Bromine cannot displace chloride
ions, because chlorine is more reactive.

Oxides of the elements
From basic to acidic

Metal oxides are mostly ionic and basic : they react with acids, and those
that dissolve give alkaline solutions. Non-metal oxides are covalent and acidic

: they react with bases and dissolve to give acidic solutions.

Na2O MgO Al2O3 P4O10 SO3

basic amphoteric acidic

pH ≈ 14 pH ≈ 7 pH ≈ 0

metal oxides (left) are basic; non-metal oxides (right) are acidic

Across period 3 the oxides change from basic through amphoteric to acidic
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Oxide Bonding Reaction with water Character
Na2O ionic Na2O + H2O → 2NaOH basic
MgO ionic MgO + H2O → Mg(OH)2 (slightly soluble) basic
Al2O3 ionic

with
covalent
charac-
ter

insoluble amphoteric

SiO2 giant
covalent

insoluble acidic
(reacts
with hot
NaOH)

P4O10 molecular
covalent

P4O10 + 6H2O → 4H3PO4 acidic

SO3 molecular
covalent

SO3 + H2O → H2SO4 acidic

An amphoteric oxide reacts with both acids and bases:

Al2O3 + 6HCl → 2AlCl3 + 3H2O Al2O3 + 2NaOH + 3H2O → 2NaAl(OH)4

Acid deposition and ocean acidification
Non-metal oxides in the air make rain more acidic. Burning fuels that contain sulfur
forms SO2, and the high temperature in engines forms nitrogen oxides. In the air they
form sulfuric and nitric acid:

SO2 + H2O → H2SO3 4NO2 + O2 + 2H2O → 4HNO3

This acid deposition damages limestone buildings, forests and lakes. Carbon
dioxide dissolving in the oceans forms carbonic acid, CO2 + H2O ⇌ H2CO3, which
lowers the pH of seawater: ocean acidification . It makes it harder for
corals and shellfish to build calcium carbonate shells.

Oxidation states
Rules for assigning oxidation states

An oxidation state is the charge an atom would have if all its bonds were
ionic. It is written with the sign first: +2, −1.
1. An uncombined element is 0: Fe, O2, Cl2.
2. A simple ion has its charge: Na+ is +1, O2− is −2.
3. In a compound, oxygen is usually −2 (except in peroxides, −1, and with fluorine),

hydrogen is usually +1 (except in metal hydrides, −1), and fluorine is always −1.
4. The oxidation states add up to zero in a compound, and to the charge in an ion.
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Worked example: the oxidation state of Mn in MnO−
4 . Four oxygens give 4(−2) = −8.

The total must be −1, so Mn + (−8) = −1, and Mn is +7.

Naming with Roman numerals
When an element can have more than one oxidation state, the name shows it in Roman
numerals: iron(II) chloride is FeCl2, iron(III) chloride is FeCl3. Oxyanions are named
the same way: SO2−

4 is sulfate(VI) and SO2−
3 is sulfate(IV), commonly called sulfite;

NO−
3 is nitrate(V).

Practice
1. Without a periodic table, state the period, group and block of the element with

configuration 1s2 2s2 2p6 3s2 3p4.
2. Explain why the atomic radius decreases from sodium to chlorine.
3. Put these in order of increasing radius and explain: Mg2+, Na+, F−, O2−.
4. Explain why potassium reacts more vigorously with water than sodium.
5. Write an equation for the reaction of chlorine with aqueous potassium iodide, and

state what you would see.
6. Write equations to show the reaction of (a) sodium oxide and (b) sulfur trioxide

with water, and state the effect of each on the pH.
7. Deduce the oxidation state of: (a) Cr in Cr2O2−

7 , (b) S in Na2S2O3, (c) N in NH+
4 .

Answers.
1. Period 3 (outer level n = 3), group 16 (six outer electrons), p block. It is sulfur.
2. The nuclear charge increases from +11 to +17, but the outer electrons stay in the

same energy level, with about the same shielding. The outer electrons are pulled
closer to the nucleus.

3. Mg2+ < Na+ < F− < O2−. All four have the neon configuration (10 electrons).
The nuclear charges are 12, 11, 9 and 8; the larger the nuclear charge, the more
strongly the same electrons are pulled in.

4. Potassium’s outer electron is in the fourth energy level, further from the nucleus
and more shielded than sodium’s. It is held less strongly, so it is lost more easily.

5. Cl2(aq) + 2KI(aq) → 2KCl(aq) + I2(aq). The colourless solution turns brown as
iodine forms.

6. (a) Na2O + H2O → 2NaOH: the pH rises (alkaline, about 14). (b) SO3 + H2O →
H2SO4: the pH falls (strongly acidic, about 0 to 1).

7. (a) 2Cr + 7(−2) = −2, so Cr is +6. (b) 2(+1) + 2S + 3(−2) = 0, so S is +2. (c)
N + 4(+1) = +1, so N is −3.
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Exam tips
• Explain every trend with nuclear charge, shielding and distance; say what

happens to the attraction for the outer electrons.
• Across a period, electrons go into the same energy level; down a group, a new

level is added.
• Isoelectronic ions: compare nuclear charge only; the electron number is the same.
• Metal oxides are basic, non-metal oxides acidic, Al2O3 amphoteric; write equations

for both of its reactions.
• Write oxidation states with the sign first (+3), and charges with the sign last (3+).
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