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3.1 CLASSIFICATION OF ELEMENTS

At the end of the lesson, student should be able to

Teaching and learning outcomes

3.1 Classification of elements

a) Describe period, group, and block (s,p,d,f) (C1,
C2)

b) Deduce the position of elements in the periodic

table from its electronics configuration (C4)
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https://www.istockphoto.com/vector/periodic-table-of-the-elements-gm1161971314-318564497

CLASSIFICATION OF ELEMENTS

« In periodic table, elements are arranged in
order of increasing proton number (Z).

« A vertical column of elements is called a
group.

« A horizontal row is known as a period.
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GROUPS

] The group in the Periodic Table are numbered
from 1 to 18.

J Elements in the same group have the same
number of valence electron.

1 Example:
Sodium(Na) and potassium(K) are
both found in group 1 which means
that they both have 1 valence

unic
@ electron. 8



J Main group (Representative Group) in Periodic Table and
indicates valence electron:

GROUP Valence electron
configuration

Group 1 (alkali metals) nst

Group 2 (alkali earth metals) ns?

Group 3 - 12 (transition metals) ns?(n-1)d* to ns?(n -1)d*°
Group 13 ns? np?!

Group 14 ns? np?

Group 15 ns? np3

Group 16 (chalcogen) ns? np*

Group 17 (halogen) ns? np’

Group 18 (inert/ noble gases) ns? np®
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PERIOD

> Period are numbered 1 to 7

>

How to determine period ?
It can be determined by referring to the
valence electrons and its principal quantum
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EXAMPLE:

Sodium (;;Na)= 1s? 252 2p°® 3s?

Sodium is an element Iin period 3
because the valence electron is filled
the outermost shell (n=3)
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EXAMPLE:

Chlorine(;,Cl)= 1s2 2s? 2p® 352 3p°

Chlorine is an element in period 3
because the valence electron is filled
the outermost shell (n=3)
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BLOCKS

] All the elements in the Periodic Table can be
classified into 4 main blocks according to
their valence electrons configuration.

1 These main blocks are:

i s block (group 1 & 2)

ii. pblock (group 13 - 18)

iii. dblock (group 3-12)

iv. fblock (lanthanides and actinides series)
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s - BLOCK

Group 1 and 2

* The filling of valence electrons involve the
s orbital

* Configuration of the valence electrons :
ns! to ns?

EXAMPLE:
;Na: 1s?2s?2pb 3st
@“-_"ﬁ ,0Ca : 1s?2s?2p® 352 3pf 4s2
(s



p - BLOCK

Group 13 to 18

* The filling of valence electrons involve s and p
orbitals

* The configuration of valence electrons: ns? np* to
ns? np®

EXAMPLE:

;3Al :1s? 2s? 2p°® 3s? 3p?!

kst sp1€ @ 152 2s? 2p® 352 3p® 3d19 452 4p°
s 4d10 552 5p*



d - BLOCK

Group 3to 12

* Also known as a transition elements.
* The filling of valence electrons involve ns and
(n-1)d orbital
* Configuration of valence electron:
ns? (n-1)d?! to ns?(n-1)d*°
EXAMPLE:
3V ¢ 152252 2p®3s23p° 3d3 4s2
%, or

oFs [Ar] 3d® 4s? where [Ar] = 18 electrons



f - BLOCK

° Involve the elements in the series of
lanthanides (Ce to Lu) and actinides (Th to Lr)

* The filling of valence electrons happen in the
subshell of 4f and 5f

%
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1)
5 EXAMPLE:

(s

Without referring to the periodic table, classify
these elements according to their group, period
and block .

(a) K(Z=19)
(b) Cl(Z=17) ”
(C) Ti (Z - 22)
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L,,-:; Answer:

(@) K (Z=19)
Electron configuration: 1s? 2s? 2p® 3s2 3p°

Number of valence electron = 1

Group 1 Period 4 Blocks

(b) Cl(Z=17)

4st

Electron configuration: 1s? 2s? 2p®3s? 3p°

Number of valence electron = 7

Chemistly — 7, /

.§'“"" Group 17 Period 3 Block p




L/;:’ Answer:

c) Ti(Z=22)

Electron configuration: 1s? 2s2 2p® 3s2 3p°

Number of valence electron = 4

Group 4 Period 4 Blockd

%
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METALS, NON-METALS,
METALLOIDS

« Metals are located in the left side and in
the middle of the periodic table

 Nonmetals are located in the upper
right quarter of the table

= Metalloids (semi-metal) are
elements that lie along the line
., that separates metal from non-

\Uint
@ metal.



3.2 PERIODICITY

At the end of the lesson, student should be able to

Teaching and learning outcomes

3.2 Periodicity

a)

b)

Describe the variation in atomic radii : (C1, C2)
(i) across period
(ii) across the first row of transition element
(iii) down a group

Analyse the variation in atomic radii : (C4)
(i) across period

(ii) across the first row of transition element
(iii) down a group

Compare the atomic radius of an element and its
corresponding ionic radius (C2, C4)




3.2 PERIODICITY

Teaching and learning outcomes

At the end of the lesson, student should be able to

3.2 Periodicity

d) Define the terms isoelectronic (C1)
e) Compare the radius of isoelectronic species (C2, C4)

(f)  Analyse the variation in the ionic radii across period 2
and period 3 (C4)

g) Define the first and second ionization energy (C1)

h) Analyse the variations in the first ionisation energy across
period and down a group (C4)

i)  Explain the increase in the successive ionization energies
of an element (C2, C3)




3.2 PERIODICITY

Teaching and learning outcomes

At the end of the lesson, student should be able to

3.2 Periodicity

j)

Deduce the electronic configuration of an element and its
position in the periodic table based on successive
ionisation energy data (C4)

Define electronegativity (C1)

Explain the variation in electronegativity of elements
(C2, C3)

Explain the acids base character of oxides of elements in
period 3 (C2, C3)

*relate the acid-base character to the types of bonding (ionic or
covalent)




1 Number of protons 1, Z1

J Nucleus—electron attraction become
stronger



4 is the charge felt by the valence electrons
as aresults of shielding effect by other electrons

J Abbreviation : Z

d When Z_ Increases, the nucleus attraction
towards electrons become stronger

\ 4



1) Change in effective nuclear charge, Z;

* AsZ_ increase

e The positive charge “felt” by an e” increases
e Quter e are pulled closer to nucleus

- nucleus—electron attraction increases

@é-‘t e Atoms become smaller

31



EXAMPLE:

Sodium, Na(Z =11) = Group 1

Full e~ configuration:
Number of inner e = 10

Magnesium, Mg=12 = Group 2

Full e~ configuration:

Number of inner e- =

1s2 252 2pY 3st

152 252 2p°

Legp= +1

3s?

10 Zy=+2

So, magnesium smaller than sodium



2) Change in principle guantum number, n
or sheilding effect

e As nincrease, shielding effect also
increase

e Outer e spend more time farther from

nucleus
e OQuter e are less attracted to the nucleus
= nucleus—electron attraction decreases

e Atoms are larger

iscryA’/
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4 Ability of other e, especially inner e,
to lessen the nuclear attraction on an
outer e-

 Shielding effect occur between electrons of
Inner orbitals and the electrons occupying the
valence orbitals.

d Some shielding effect also occur between
electrons of the same orbital.



—— Quter
electron

Positively
charged

Inner nucleus

electrons

* Inner e  shield outer e more effectively
 Quter electron felt less attraction from nucleus

35



EXAMPLE:;
Li (Z = 19) Na(Z = 11)
[l 132 281 < 182 282 2p6 351

The outer 2s electron in Li atom is shielded effectively from the nucleus
by the two 1s electrons.

The outer 3s electron in Na atom is shielded effectively from the nucleus
by the 2 electrons in 1s and 8 electrons in 2s & 2p. 36
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J Atomic radius generally:

(i) Across a period from left to right,
atomic radius decrease

(iif) Down a group from top to bottom,
atomic radius increase



Example :

Moving from Na to Al (period 3), the atomic
Size decreases

_ Why?
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(1) Across a Period , from left to right

e The atomic radius of elements decreases

| Reason: |

* Across the period, the proton number increases
* Effective nuclear charge increases
* Nucleus attraction towards valence (outer) electron increases

* Electrons are pulled closer to the nucleus

Thus, atomic radii decreases

@&



Example :

As we move down from Li to K (Group 1), the
atomic size increases

~ Why?
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(1) Down a Group , from top to bottom

e The atomic radius of elements increases

| Reason : |

* Going down a group, the number of shell (n) increase
due to the number of electrons increases

 Shielding effect increases

* The distance between valence electrons and nucleus
are farther

* Nucleus attraction towards valence (outer) electrons weaker

* Thus, atomic radii increases

Chemistfy — 7, /
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f oz

By referring to the electronic configuration,
arrange each set in order of increasing atomic
size. Explain.

(a) 3;Rb, 15K, 55Cs
(b) 1,Mg, 1K, 5oCa



(a) ;,Rb, K, .Cs

57;Rb : 152 252 2p® 352 3p® 452 3d104p® 5s'

10K 1 157 252 2p° 3s? 3p°© 4s*

ssCs : 152 252 2p® 3s? 3p° 452 3d194p® 552 4d105p° 6s'

K<Rb<Cs



« K, Rb and Cs are in the same group. Going down a
group, the number of shell (n) increases due to the
number of electrons increases. The shielding effect

also increases

* The distance between valence electrons and nucleus are
farther.

* Nucleus attraction towards valence (outer) electron
weaker

e Thus, atomic size increases from K to Cs.
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1,Mg : 1s? 252 2p® 3s?
WK 1152252 2p6 352 3p6 45! Both In period 4, but

effective nuclear
oCa 1152252 2p63s23pb4s2 | |charge are differ

Mg < Ca <K



Mg has the smallest atomic size because it has 3 shells
while K and Ca have 4 shells.

The outer electrons of Mg experience less shielding
effect than K and Ca.

Thus, the nucleus attraction towards valence electrons
of Mg become stronger.

« K and Ca are in the same period. Ca has more proton
number than K. So, the effective nuclear charge
Increases from K to Ca. The nucleus attraction towards
valence electrons of Ca become stronger.

Therefore, the atomic size of Ca is smaller than K.

Chemistly — 7,

unit
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| V |Cr Mn Fe |Co| Ni Cu Zn Ga|Ge As Se|Br
11621147/134/128/127/126(125/124 128 134 135(122/120 11 ) 114

N i

A Atomic radius (pm)

e Atomic size decreases at first but the remain
fairly constant

e The d electrons fill inner orbitals, so they shield
outer electrons from the increasing nuclear change
much more effectively. As a result, the outer 4s
electrons are not pulled closer




1 Compare to their parent atoms:

« Cations are smaller

« Anions are larger




Sodium, Na(Z = 11)

e- configuration: 1s? 2s2 2p® 3st

Na (Z = 11) . Nat

1s? 252 2p® 3s? 1s2 252 2p°

51



EXAMPLE:

Na Na*
Number of protons 11 11
Nuclear charge (2) +11 +11
Number of e 11 10

e When a cation forms, e- are removed from the outer shell
e The electron cloud will shrink

e Electron—electron repulsion decreases

e The attraction of nucleus towards the remaining electron
stronger

e The size of cation decreases

52




EXAMPLE:

F(Z=9)
1s2 252 2p°

53



EXAMPLE:

F F-
Number of protons 9 9
Nuclear charge (2) +9 +9
Number of e 9 10

When an anion forms, e” are added from the outer
shell

Electron—electron repulsion increases
Electron cloud expand

The attraction of nucleus towards outer electron weaker

The size of anion increases

54




Comparison of Atomic Radii with lonic Radii
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Sizes of atoms and their ions in pm

Group 1

Group 2 Group 13 Group 16

Group 17

Li™

Li

Be

B** B

A

41 82

F F-

119

AT Al

. ClI-

56




f cemvies

Write the electronic configuration for each species.
Choose the larger particle in each pair:

(a) .5Al or AP
(b) ;¢S orS*

o3 20 9?



L,:;;ﬁm

(a) Al or AR

Al :1s?2s22p® 3s? 3p?
Al 3*: 152 252 2p"
Size: Al atom is larger than Al3+.

(b) S orS*
16S 1 1s? 252 2p® 3s? 3p4

$2- : 1s? 252 2p®3s2 3p°

@,// Size: S~ atom is larger than S atom.



» |Isoelectronic species are groups of atoms and
lons which have the same electronic
configuration.

= Within isoelectronic species:

LB The bigger the nuclear charge, the stronger the
attraction of nucleus towards the remaining
electrons. Thus, the smaller the species.



EXAMPLE :

Nat*, Mg?* Al3*and Si4*are isoelectronic :

Nat = 1s 22s2 2p®
Mg?* = 1s 22s? 2p°
Al3t = 1s 2252 2p°
Si4t = 1s 2252 2p°

&Mﬁi(
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> Isoelectronic species with electronic configuration
1s2 2s2 2p°® (10 electron)

Species | Number | Number
of of

electron | proton
Na* 10 11
Mg2+ | 10 12
Al3* 10 13
Si4* 10 14

>»When proton number
Increase,effective nuclear
charge increase.

> The attraction between
nucleus and remaining
electrons stronger.

> Therefore, the i1onic radii
decrease.

( The ionic radii of Na* > Mg?* > Al®* > Si#* J

61



> Isoelectronic species with electronic configuration
> 152 252 2p® 352 3p® (18 electron)

Species | Number | Number
of of

electron | proton
Ps- 18 15
S2- 18 16
Cl- 18 17

Chemistfy — 7 /

unit

0

> When proton number
Increase, effective nuclear
charge increase.

>» The attraction between
nucleus and remaining
electrons stronger.

> Therefore, the ionic
decrease.

radil

( The ionic radii of Cl- < S2- < P3- J

62



- @400

Size: N3~ > 0% > F~ > Na* > Mg%* > Al3*

\_'_I

Period 2 Period 3

= Allions have total 10 electrons (isoelectronic).

= When the proton number increase, the effective
nuclear charge increase.

= Attraction between nucleus and the remaining
electrons stronger.

= So, size of the ions decrease.

63




@ Example 4
-

Give the electron configurations of these ions,
and indicate which ones are isoelectronic.

e

(a) Ca?
(b) K*
(c) O%

Given ,,Ca , ;K , 3O

oy o097



(a) ,oCa: 1s?2s2 2p® 3s23p° 452

CaZ*: | 1s2 252 2p® 3s2 3p°®

(b) ,oK: 152 2s22p° 352 3pb 4s?
19

K*: | 152 252 2p® 352 3p°

(c) gO: 1s%22s%2p*

02~ | 152 252 2p®

/’ -
ehemistly — 7/ . .
F uﬁft K*and Ca2* are isoelectronic




e The ionic size decreases across a period but
increases significantly from cation
to anion



13

14

15

17

€

“ ~ :
Lit Be? B c No- 0 F-
0.060 0.031 0.020 0.015 0.171 0.140 0.136
¢« @@ ®
Na* Mg?* I\ Si#t B35 S Cl-
0.095 0.065 0.050 0.041 0.212 0.184 0.181

. o e i
Kq Ca2' Ga3+ Ge4+

0.133 0.099 0.062 0.053 0.222

e ¢ © | o

Rb* Sr2+ In3* Sn*

0.148 0.113 0.081 0.071

e  © IONIC SIZE DECREASES ACROSS
i A PERIOD BUT INCREASES

0.169 0.135

SIGNIFICANTLY FROM CATION TO
ANION

67




80

lonic radius { arbitrary

10 I 12 13 14 15 16 17 1§
Number of proton

1 They are isoelectronic : Na* to Si** (10 electrons) with
same electronic configuration : : 152 252 2p®

1 Moving from Na* to Si**, number of protons increase,
effective nuclear charge increase.

J So, nucleus—electrons attraction stronger

68

J Size of ions decreases




80

l[onic radius / arbitrary

10 11 12 13 14 15 16 17 18
Number of proton

« Great jump in size from Si* (10e-) to P3- (18 e )

« Electrons are added to 3p orbital to form P3- . So, the
principle quantum no. (n) increases.

« The completely-filled inner orbital electrons have effectively
shielded the outer electrons in P>~ from the attraction of the
nucleus attraction.

« Electron- electron repulsion increases and
nucleus—electrons attraction weaker

69

« Size increases sharply




lonic radius / arbitrary

10 I 12 13 14 15 16 17 1§
Number of proton

* From P3- to Cl~

« They are isoelectronic (18e) , with same electronic
configuration: 1s2 2s2 2p® 3s2 3p°.

« From P3~ to Cl -, number of protons increase, leads
to increasing in effective nuclear charge .

« 50, electron held more tightly to the nucleus
« Size of ions decreases

70




DEFINITION

lonisation energy is minimum energy

required for complete removal of 1 mol of electron from 1
mol of gaseous atoms or gaseous ions.

FIRST IONISATION ENERGY (IE,)

SECOND IONISATION ENERGY (IE,)

Minimum energy required for
complete removal of 1 mol of
electron from 1 mol of gaseous
atomes.

Minimum energy required for
complete removal of 1 mol of
electron from 1 mol of gaseous
ions (charge +1).

Equation : Equation :
Atom(g) - ion*(g) + e AE=+ve |lon*(g) 2ion%**(g) + e AE =+ve
EXAMPLE: EXAMPLE:

Na(g)-> Na*(g) +e- AE=496 kJ/mol

Na*(g) = Na%**(g)+ e~ AE=4560kJ/mol

71




Down a group; IE, decreases

e Down a group, the atomic size increase because the
principal quantum number (n) and shielding effect increase

e The distance between nucleus to outer/ valence e increases

e The nucleus—electron attraction weaker, so easier to
remove outer / valence e

e Less energy needed to remove e

%, ~|E; decreases down the group

&= n



Across a period; IE, Increase

e Across a period, the atomic size decreases because
the proton number increases and Z_; increases

e The distance of nucleus to outer / valence e decreases

e Nucleus—electron attraction stronger, so difficult to
remove outer/valence e

e More energy needed to remove e

~|E, Increases across a period

@&



o camvies

Write the electronic configuration for each species.
Rank the elements in each of the following sets in
order of decreasing IE:

(a) 3¢Kr , ,He , GAr
(b) 16K ,0Ca , 5;Rb



L,:;;ﬁm

(a) 3Kr , ,He , ;cAr (they are in the same group)

36Kr : 152 252 2p° 352 3p® 452 3d104p°
,He :1s?

1gAr 1 152 252 2p° 352 3p®

In order of decreasing IE;: He > Ar > Kr



L,:;ﬂm

(b) 16K , 5oCa , 3;Rb
10K : 152 252 2p® 352 3p® 4s!
,0€a : 152 252 2p® 352 3p° 452

37Rb: 152 252 2p® 352 3p® 452 3d194p® 55t

In order of decreasing IE;: Ca>K >Rb

76



lonisation energy kJ mol’

9 10 11
proton number




1 Between Group 2 and 13: ﬁ,

Be(g) > Be*(g) + 1e- Blg) > B(g) + 1le

152252 152 251 152252 2p? 152 252

>|E, of B<Be because the the 2p subshell is at
higher energy than the 2s subshell. Thus less
energy Is required to remove a single 2p electron
in B than to remove an electron from 2s? of Be.

78




1 Between Group 15 and 16: ﬁ»

N(g) > Ni(g) + 1le O(g) - O*(g) + 1e
152252 2p3 1s2 252 2p*
(half-filled 2p orbital) ( partially-filled 2p orbital)

>N : electron is removed from the half filled 2p orbital,
which is more stable.
>0 : electron is removed the partially filled 2p orbital,
which is less stable.
> More energy required to removed an electron from more
stable 2p orbital of N than from less stable 2p orbital of O.




@ Example 6
(2

In general, ionisation energy increase from left to right
across a given period.

Aluminium and Magnesium are in same period however,
Aluminium (Al), has a lower first ionization energy than
magnesium (Mg).

Explain.



Mg(g) - Mg*(g) + 1le”

152 252 2pb 352 152 2s% 2p°3s!
Al(g) - Al*(g) + 1e
152252 2p® 3s2 3p! 152252 2p® 3s2

e Mg loses an electron from the completely filled 3s which is
more stable than an electron of the partially filled 3p orbital in
Al. Removing an electron from the completely filled orbital
needs more energy.

 The electron in 3p orbital of Al is higher in energy, hence less
stable and is easier to be removed

* Therefore, the first ionization energy Al is less than Mg.




1. We can deduce the electronic configuration of
an element and its position in the periodic table
based on successive ionisation energy.

2. IE always increase in the following order:

IE, < IE, < IE; < IE; < IE; <IE,

- :Be (Z :)15[2 252% IE, = 900 kJ/mol

IE, = 1760 kJ/mol

14850 kJ/mol

IE,

21910 kJ/mo

82



IE; < IE, < IE; < IE; < IE; <IE;...........

1 Successive ionisation energies (IE,, IE,, and so on) of a
a given element increase because each electron is
removed away from an ion with a progressively
higher positive charge

] A careful examination of the successive ionisation
energy value will lead us to notify the sudden increase
(drastic increase).
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EXAMPLE:

Firct 6 removed Be(g) — Be*(g) + e IE;,= 900 kJ/mol

from 2s 1s2 2s2 1s2 2s?

‘ Be*(g) — Be?*(g) + e IE,= 1 760 kJ/mol
Third e removed Be?*(g)— Be3*(g) + e |IE;= 14 850 kJ/mol
from 1s (inner 152 1sl

Second e-
removed from 2s  1s? 2s? 152 l There is sudden
shell)

|

increase of IE
Fourthe'removed  Be3*(g)—Be*’(g) +e IE,= 21 910 kJ/mol
from 1s 151 o




Electronic First Second | Third Fourth | Sixth First
configuration

LI 2 91 520 7297 810 - - -
152 2s f«\

Be 152 22 900 1760 148;9“%10 - -

B | 1522522p1| 800 | 2430 | 3659 |25020 32810 | -

For Li : sudden increase is between IE, to IE, because the second
electron is removed from 1s orbital, inner shell.

For Be : sudden increase is between IE, to IE; because the third

electron is removed from 1s orbital, inner shell.

For B : sudden increase is between IE; to IE, because the fourth

electron is removed from 1s orbital, inner shell.

|
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1 Analysing the data of successive ionisation energy,
will enable us to figure out the position of element in
the Periodic Table by looking for the sudden increase.

J A very large increase in IE indicates the removal of a
particular electron involves an electron from an inner
shell, which has a stable noble gas electron
configuration

%

NGt
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From the data, we can deduce:
G

C
« Number of valence e-

« Group number of the element




EXAMPLE:
. &

Si (Z = 14)
[786 kJ/mol J IE,: 15 e removed from 3p subshell
11580 kd/mol IE,: 2"4 e~ removed from 3p subshell
/3230 kJ/mol \ IE;: 3" e removed from 3s subshell
/4360 kJ/mol \ >y IE,: 4*" e removed from 3s subshell

Sudden increase

[16100 kJ/mol J/ IE.: 5t e removed from 2p subshell ,inner shell




~EAAMELE:,
Si (Z=14) 15?2 252 2p® 3s23p?

» Sudden increase in ionisation energy from
IE, to IE.

> The 5t electron is removed from the inner
shell which has a stable noble gas electron
configuration and closer to nucleus

> Much greater energy needed to remove the e

> Valencee =4 Group =14

ehemistéy — 7/

unit

.§' > Valence e configuration = 3s%3p?
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@ Example 7
-

Deduce the group number of the element with
the following ionisation energies (in kJ/mol)
and write its valence electron configuration.

E, | IE, | IE; | IE, | IEs | IE,
1012 | 1903 | 2910 | 4956 | 6278 |22,230

oy £ 9?



E, | IE, | IE, | IE, | IEs | IE,
1012 | 1903 | 2910 | 4956 | 6278 |22,230

e Sudden increase in ionisation energy from IE; to IE..

e The 6'" electron is removed from the inner shell which
has a stable noble gas electron configuration and
closer to nucleus.

e Much greater energy needed to remove the electron.
e Valence electrons=5 Group =15

'§' e Valence electrons configuration = ns? np3
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- Electronegativity is a relative ability of a

bonded atom to attract the shared electrons toward
itself in a chemical bond.

HeH HoF




o6+ O-
H-F

He F HF
J The e spend more time closer to F
J Fis more electronegative than H

1 Cause F ends of the bond partially
negative and H end partially positive

@n{" 1 H-F = polar bond
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e Across a period, nuclear charge 4, atomic size {,
so ability of an atom to attract the shared electrons
toward itself increase , thus electronegativity 1

e Down a group, no. of shell (n)1* or shielding effect 1",
atomic size, so ability of an atom to attract the shared
electrons toward itself decrease, thus electronegativity J,

e Nonmetals are more electronegative than metal

/’ -

@-ﬁig  Highest EN value (4.0) assigned to F
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- EXAMPLE: Note: ( ) = electronegativity scale

e Period 2:

Li Be B C N o) F
(1.0) (1.5) (2.00 (2.5) (3.00) (3.5) (4.0)

11111111 IIIIIIIIIII’ electronegativity

increase

e Period 3:

Na Mg Al Si P S cl
(09) (1.2) (1.5 (1.8) (2.1) (2.5 (3.0)

L1 \IIIIIIIIIIII» electronegativity

increase %




(BAPIE)  Note: ()

e Group 17:

@&

(4.0)

Cl
(3.0)

Br
(2.8)

(2.5)

{IIIIIIIIIIIIIII

Down a group

electronegativity decrease
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Increasing Metallic Character

I Nonmetals
I Alkali metals
Alkaline earth metals

N

A
Transition metals

3 4 5 6 7

B IVB VB

;Us I_u 5 =
BEHE

C

Increasing Metallic Character

Lanthanides
series

Actinides
series

I Metalloids
I Halogens

I Noble gases
B Unassigned

9 10

i .

ViB ViiB I— ViiB —I 1B 1B

18

VIIIA

Blic | [o [N
Ajsil e ['s [l ar
GafceAs . [Be k-
[n [SnfsbfTe [ [xe
™ [Po]ei fPo it n
o i e (] 75 | 00

13 14 15 16 17
VA

VIA VIIA

B oo [we[onfsn]o[co[ o oy ] fimfv L
BT 7 [ P oo [ e e




Element Na Mg Al Si P S Cl
Formula of
oxides Na,0 | MgO Al,O, SiO, P,0. SO, Cl,0,
Types of Giant
compounds lonic Compounds Network Molecular covalent
structure compounds
Chemical Basic oxides | Amphoteric Acidic
properties
Interparticles | During melting and boiling The To boil or melt, the
forces process, the substances| substance |substance need to
need to overcome the need to overcome the
strong ionic bond overcome | intermolecular forces
the infinite | (weak van der Waals
number of | forces)
strong
covalent

bonds
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Main—group metal oxides %

= When react with oxygen, Na and Mg form
basic oxide

* These oxides are ionic compounds

* Na,O react with water to form base NaOH
Na,O(s) + H,O(l) > 2NaOH(aq)

e MgO is insoluble in water, however, it does
react with acids to produce salt and water

MgO(s) + 2HCl(ag) > MgCl,(ag) + H,O(l)
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Main—group metal oxides %

= When react with oxygen, Al form amphotheric
(act as base and acid) oxide

* Al,O; is an ionic compounds

* Al,O; act as acid :

Al,O5(s) + 2NaOH(aq) + 3H,0(l) » 2NaAl(OH),(aq)

* Al,O; act as base :
Al,O5(s) + 6HCI(aq) » 2AICIl;(aq) + 3H,0(l)

9y

NGt
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Metalloid oxides %

= When burn in oxygen, Si form acidic oxide, SiO,

* Si0, has a giant network structure which contain
infinite number of strong covalent bonds.

* SiO, is insoluble in water, however, it does
react with bases to produce salt and water

SiO, (s) + NaOH (aq) -» Na,SiO5(aq) + H,O(l)

oL

ehamisily = 2/
unit



. A=
Nonmetal oxides )f%‘?

= When burn in oxygen, P, S and Cl form
acidic oxide

 These oxides are covalent compounds

* In water, they acts as acids, producing H*
and reacts with bases

SO4g) + H,O() - H,SO0,(aq)
P,O,(s) + 6H,0() - 4H,PO,(aq)

‘i CLO,(I) + H,O() > 2HCIO,(aq)

&=



Thanks! .

For Attention

See You The Next Chapter




