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Metals, non-metals and metalloids



Group names in the periodic table
Group 1 : Alkali metals (Li, Na, K, Rb, Cs, Fr)
Group 2 : Alkaline Earth metals (Be, Mg, Ca, Sr, Ba) 
Group 17 : Halogens (salt formers) (F, Cl, Br, I, At) 
Group 18 : Noble gases (Ne, He, K, Xe, Rn)
Groups 3 – 12 : Transition metals
La – Lu : Lanthanoids (lanthanides)
Ac – Lr : Actinoids (actinides)   





f-block 
elements 

p-block elements 

d-block elements 

s-block elements 



The block to which an element belongs indicates which    
sub-level is being filled with electrons.

s-block elements : 
s sub-level 
p-block elements : 
p sub-level 
d-block elements : 
d sub-level 
f-block elements : 
f sub-level 



Element Block Electron configuration

Na s-block 1s2 2s2 2p6 3s1

O p-block 1s2 2s2 2p4

Co d-block [Ar] 4s2 3d7 

Nd f-block [Xe] 6s² 4f⁴



Group number Block Valence electron 
configuration

Number of 
valence electrons

1 s ns1 1
2 s ns2 2

13 p ns2 np1 3
14 p ns2 np2 4

15 p ns2 np3 5

16 p ns2 np4 6

17 p ns2 np5 7

18 p ns2 np6 8



Lithium Z = 3
Electron configuration: 1s2 2s1

1s2 2s1

Highest occupied main energy 
level and period number 

Block (s)

Number of valence 
electrons (1)
Group 1



Phosphorus Z = 15
Electron configuration: [Ne] 3s2 3p3

[Ne] 3s2 3p3

Highest occupied main energy 
level and period number 

Block (p)

Number of valence 
electrons (5) 
Group 15 



Strontium Z = 38
Electron configuration: [Kr] 5s2

[Kr] 5s2

Highest occupied main energy 
level and period number 

Block (s)

Number of valence 
electrons (2) 
Group 2 



Fluorine Z = 9
Electron configuration: [He] 2s2 2p5

[He] 2s² 2p5

Highest occupied main energy 
level and period number 

Block (p)

Number of valence 
electrons (7) 
Group 17 



Krypton Z = 36
Electron configuration: [Ar] 3d¹⁰ 4s² 4p⁶

[Ar] 3d¹⁰ 4s² 4p⁶

Highest occupied main energy 
level and period number 

Block (p)

Number of valence 
electrons (8) 
Group 18 





Electron shielding occurs when 
the inner (shielding) electrons 
shield the outer (valence) 
electrons from the full 
attraction of the nucleus.
The valence electron(s) within 
an atom require less energy to 
remove than the inner 
electrons.  

Valence 
electron 

+

-

Shielding 
electrons 

+

Potassium 1s2 2s2 2p6 3s2 3p6 4s1



Electron shielding remains constant across a 
period (left to right). 

Electron 
shielding 
increases 
down a 
group.

Na   1s2 2s2 2p6 3s1

Mg  1s2 2s2 2p6 3s2

Al    1s2 2s2 2p6 3s2 3p1

Si    1s2 2s2 2p6 3s2 3p2

P     1s2 2s2 2p6 3s2 3p3

S      1s2 2s2 2p6 3s2 3p4

Cl     1s2 2s2 2p6 3s2 3p5

Ar 1s2 2s2 2p6 3s2 3p6



Electron shielding remains constant across a 
period (left to right). 

Electron 
shielding 
increases 
down a 
group.

Li    1s2 2s1

Na  1s2 2s2 2p6 3s1

K     1s2 2s2 2p6 3s2 3p6 4s1

Rb 1s2 2s2 2p6 3s2 3p6 4s2 3d10 4p6 5s1





Effective nuclear charge (Zeff) is the net positive 
charge experienced by valence electrons. 

Zeff = Z – S 
Z is the atomic number
S is the number of shielding 
electrons 



Effective nuclear charge (Zeff) increases across a 
period (left to right). 
Na   1s2 2s2 2p6 3s1

Mg  1s2 2s2 2p6 3s2

Al    1s2 2s2 2p6 3s2 3p1

Si     1s2 2s2 2p6 3s2 3p2

P     1s2 2s2 2p6 3s2 3p3

S      1s2 2s2 2p6 3s2 3p4

Cl     1s2 2s2 2p6 3s2 3p5

Ar 1s2 2s2 2p6 3s2 3p6

Zeff (Na)  = 11 – 10 = +1
Zeff (Mg) = 12 – 10 = +2
Zeff (Al)   = 13 – 10 = +3
Zeff (Si)    = 14 – 10 = +4
Zeff (P)     = 15 – 10 = +5
Zeff (S)     = 16 – 10 = +6
Zeff (Cl)    = 17 – 10 = +7
Zeff (Ar)   = 18 – 10 = +8



Effective nuclear charge (Zeff) remains the same down 
a group.

Zeff (Li)   = 3 – 2 = +1
Zeff (Na) = 11 – 10 = +1
Zeff (K)    = 19 – 18 = +1
Zeff (Rb)  = 37 – 36 = +1

Li    1s2 2s1

Na  1s2 2s2 2p6 3s1

K     1s2 2s2 2p6 3s2 3p6 4s1

Rb 1s2 2s2 2p6 3s2 3p6 4s2 3d10 4p6 5s1



Electron shielding occurs when the inner shielding 
electrons shield the outer valence electrons from the 
full attraction of the nucleus.
Electron shielding remains the same across a period 
(left to right) and increases down a group.
Effective nuclear charge is the net positive charge felt 
by the valence electrons. 
It increases across a period (left to right) and remains 
the same down a group. 





Carbon dioxide strongly absorbs electromagnetic radiation 
with a wavelength of 1 × 10-5 m. 
This wavelength falls within the infrared (IR) region of the 
electromagnetic spectrum. 

Nuclear charge increases across a period.
Electron shielding remains constant across a period. 
The attraction between the nucleus and the outer electrons 
increases which results in a decreasing atomic radius.



Atomic radius 
increases down    
a group as the 
number of 
occupied energy 
levels increases.



Atomic radius decreases across a period (left to 
right) because of increasing nuclear charge and the 
same amount of electron shielding. 
Atomic radius increases down a group because of an 
increase in the number of occupied main energy 
levels. 





109
P

212 (3-)



[He]2s2 2p6

[Ne]3s2 3p6



Ion Atomic 
number

Electron 
configuration

Ionic radius
(× 10-12 m)

Na+ 11 1s2 2s2 2p6 102
Mg2+ 12 1s2 2s2 2p6 72
Al3+ 13 1s2 2s2 2p6 54

All three ions are isoelectronic (same electron configuration).
The number of protons increases but the number of electrons 
remains the same.
The attraction between the nucleus and electrons increases, 
which causes the ionic radius to decrease. 



Ion Atomic 
number

Electron 
configuration

Ionic radius
(× 10-12 m)

N3- 7 1s2 2s2 2p6 146
O2- 8 1s2 2s2 2p6 140
F- 9 1s2 2s2 2p6 133

All three ions are isoelectronic (same electron configuration).
The number of protons increases but the number of electrons 
remains the same.
The attraction between the nucleus and electrons increases, 
which causes the ionic radius to decrease. 



Ion Atomic 
number

Electron 
configuration

Ionic radius
(× 10-12 m)

N3- 7 1s2 2s2 2p6 146
O2- 8 1s2 2s2 2p6 140
F- 9 1s2 2s2 2p6 133

Na+ 11 1s2 2s2 2p6 102
Mg2+ 12 1s2 2s2 2p6 72
Al3+ 13 1s2 2s2 2p6 54



Positive ions lose 
electrons to obtain 
a full outer shell.
Positive ions are 
smaller than their 
parent atoms.

The ion has more protons than electrons, therefore, there is a 
stronger attraction between the nucleus and electrons. 

sodium atom (160 × 10-12 m) sodium ion (102 × 10-12 m) 

1s2 2s2 2p6 3s1 1s2 2s2 2p6



Negative ions gain 
electrons to obtain   
a full outer shell.
Negative ions are 
bigger than their 
parent atoms.

The ion has more electrons than protons, therefore, there is a 
weaker attraction between the nucleus and electrons. 

chloride ion (181 × 10-12 m) chlorine atom (100 × 10-12 m) 

1s2 2s2 2p6 3s2 3p5
1s2 2s2 2p6 3s2 3p6





The first ionisation energy is the energy required to 
remove one mole of electrons from one mole of 
gaseous atoms to produce one mole of gaseous 1+ ions.

First ionisation energy values are endothermic as 
energy is required to overcome the attraction between 
the positively charged nucleus and the outer electrons. 





Ionisation energy increases across a period.
Nuclear charge increases and the atomic radius 
decreases across a period which means more energy is 
required to remove the outer electrons.
Ionisation energy decreases down a group.
The number of occupied energy levels increases down a 
group (increasing atomic radius) and increased electron 
shielding means less energy is required to remove the 
outer electrons. 





Electronegativity is a measure of the attraction of an 
atom for a bonding pair of electrons.



Electronegativity increases from left to right 
across a period for two reasons; the increase in 
nuclear charge and the decrease in atomic 
radius.
Electronegativity decreases down a group 
because of increasing atomic radius (bonding 
electrons are further from the attraction of the 
nucleus). 





The metallic character of an element can be defined 
as how easily an atom can lose electrons.
Metallic elements have low ionisation energies and 
tend to lose electrons to form positive ions.
Non-metal elements have higher ionisation energies 
and tend to gain electrons to form negative ions. 



nitrogen – gaseous non-metal (3- ions)

phosphorus – solid non-metal (3- ions)

arsenic – metalloid

antimony – metalloid (more metallic)

bismuth – metal (2+ ions)in
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Na, Mg and Al – metals 
that form positive ions 

Si – shiny 
metalloid

P – non-metal that 
forms 3- ions

S – non-metal 
that forms 2- ions

Cl – gaseous 
non-metal that 
forms 1- ions

decreasing metallic character



Metallic character increases down a group in the 
periodic table. 
Increasing atomic radius results in a weaker attraction 
between the nucleus and valence electrons. 
Metallic character decreases from left to right across a 
period in the periodic table.
Increasing nuclear charge (and decreasing atomic 
radius) results in a stronger attraction between the 
nucleus and valence electrons. 





Electronegativity is a measure of the attraction of an atom 
for a bonding pair of electrons. 
It increases across a period due to increasing nuclear charge, 
and decreases down a group as atomic radius increases.

Difference in electronegativity Type of bonding 

0−0.4 non-polar covalent 

0.5−1.7 polar covalent

≥1.8 ionic 



Ionic bonding takes place between metals and non-metals.
Covalent bonding takes place between non-metals. 



3.2 3.2 

non-polar covalent bond

2.2 3.2 

polar covalent bond

δ- δ+

0.9 3.2 

ionic bond

Na Cl

Cl Cl Cl H





Formula of 
oxide Na2O(s) MgO(s) Al2O3(s) SiO2(s)

P4O10(s)
P4O6(s)

SO3(l)
SO2(g)

Cl2O7(l)
Cl2O(g)

Structure ionic giant 
covalent molecular covalent 

Bonding changes from ionic to covalent across period 3. 
This change in bonding follows the decreasing difference    
in electronegativity between oxygen and the period 3 
element.
Na and O have a difference of 2.5 (ionic bond).
S and O have a difference of 0.8 (covalent bond).



Formula of 
oxide Na2O(s) MgO(s) Al2O3(s) SiO2(s)

P4O10(s)
P4O6(s)

SO3(l)
SO2(g)

Cl2O7(l)
Cl2O(g)

Acid-base 
properties basic amphoteric acidic

basic oxides acidic oxides







Be has the electron configuration 1s2 2s2

B has the electron configuration 1s2 2s2 2p1

Electrons in p orbitals are slightly higher in 
energy and further from the nucleus than 
electrons in s orbitals, therefore they require 
less energy to remove. 
A similar explanation can be applied for the 
decrease in ionisation energy from Mg to 
Al, except that the electron configurations 
are 1s2 2s2 2p6 3s2 and 1s2 2s2 2p63s2 3p1



N has the electron configuration 1s2 2s2 2p3

O has the electron configuration 1s2 2s2 2p4

In oxygen, the electron is removed from a 
doubly occupied p orbital. 
An electron in a doubly occupied orbital is 
repelled by the other electron and requires 
less energy to remove than an electron in a 
half-filled orbital. 





The first electron affinity is the energy released when one 
mole of electrons is added to one mole of gaseous atoms to 
form one mole of 1- ions.

The second electron affinity corresponds to the addition of 
one mole of electrons to one mole of gaseous 1- ions.



Electron affinity decreases (becomes less exothermic) 
down a group due to increasing atomic radius and 
increasing electron shielding. 



First electron affinity values are closely related to 
atomic radius and electron shielding. 
In general, the greater the atomic radius and the 
greater the electron shielding, the less energy is 
released when an electron is added. 
Second electron affinity values are positive due to 
the extra repulsion when adding negative electrons 
to an already negative ion. 





The group 1 metals (alkali metals) are found 
in group 1 of the periodic table. 

Element Symbol Electron configuration

Lithium Li [He] 2s1

Sodium Na [Ne] 3s1

Potassium K [Ar] 4s1

Rubidium Rb [Kr] 5s1

Caesium Cs [Xe] 6s1

Francium Fr [Rn] 7s1



Group 1 metals are soft shiny metals that can 
be easily cut.
The melting point decreases down the group as 
the metallic bond gets progressively weaker. 
Atomic and ionic radii increase down the group 
due to the increasing number of occupied 
energy levels. 
Lithium, sodium and potassium float on water 
due to their low densities (<1 g cm-3). 



Group 1 metals are stored in oil to prevent the 
reaction with oxygen in the air. 
The reactivity of the group 1 metals increases 
down the group.
They react vigorously with water to produce an 
alkaline solution and hydrogen gas.



Ionisation energy decreases down the 
group as atomic radius increases which 
results in a weaker attraction between the 
nucleus and valence electron. 
Metallic character increases down the 
group. 
Electronegativity decreases down the 
group due to increasing atomic radius. 



Group 1 metals react with group 17 elements 
(the halogens) to produce salts.

An ionic bond is formed between the elements 
in the compound.
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Melting point depends on the type of bonding (covalent, 
ionic or metallic) and structure (ionic lattice, molecular 
covalent, giant covalent, or metallic). 
Melting point increases for metals in periods 2 and 3 as 
the strength of the metallic bond increases.
Melting point reaches a peak at C and Si which have 
giant covalent structures.
Melting point then decreases for elements that have 
molecular covalent structures.





Group 17 elements (the halogens) are 
located in group 17 of the periodic table. 

Element Symbol Electron configuration

Fluorine F [He] 2s2 2p5

Chorine Cl [Ne] 3s2 3p5

Bromine Br [Ar] 4s2 4p5

Iodine I [Kr] 5s2 5p5

Astatine As [Xe] 6s2 6p5



The group 17 elements are coloured; 
fluorine is a pale yellow gas, chlorine a 
greenish-yellow gas, bromine a red liquid 
and iodine a purple solid.
They exist as diatomic molecules; F2, Cl2, 
Br2, I2 (two atoms bonded together). 



The melting points and boiling points increase 
down the group due to increasing molar mass 
which results in stronger London dispersion forces 
between the molecules.

Element Molar mass 
(g mol-1)

Melting point 
(oC)

Boiling point 
(oC)

F2 38.00 -220 -188
Cl2 70.90 -102 -34
Br2 159.80 -7.1 59
I2 253.80 114 184



Atomic and ionic radii increase down the 
group as the number of occupied energy 
levels increases.
Electronegativity decreases down the group 
as atomic radius increases. 
Ionisation energy decreases down the group.
Electron affinity becomes less exothermic 
down the group. 





Elements at the top of the group are 
stronger oxidising agents. 
An oxidising agent oxidises another 
species, it is reduced in the process.
The more reactive halogen displaces the 
ions of the less reactive halogen from 
solution.
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