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1* Year Chemistry

Chapter 1
Periodic Table and
periodic Properties

Muhammad Akhtar Jamil
MS Chemistry

One of the most important turning points in the history of science
was the creation of the periodic table, which led to many
important innovations. It is accurate to refer to the periodic table
of elements as the “Symbol of Chemistry.” In the modern periodic
table, 118 elements are arranged in tabular form in the current
periodic table based on their atomic number.
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1.1 HISTORICAL BACKGRO =
Z8 BACKGR UNDO

* Many elements, such as Gold, Silver, Iron, Phosphorus,
Sulfur, Zinc, and Arsenic have been known since the
pre-historic era.

* However, the first classification was made in the 18" century.

Antoine Lavoisier work] Nonmetals

¢ He attempted to classify known elements

as metals and nonmetals.

Dobereiner workJ B
xamples =0 0~——————————
e In 1829, Dibereiner grouped the elements into SRempRs " L BNa YK

triads (a group of three) with similar properties, Such triads include

noting tht the atomic weight of the middle lithium, sodium, and (2+ e
element was roughly the average of the other two. | potassium (’Li, ®Na, *K). 2 =23
________________ ]
John Newlands work , Law of Octaves
/N
. Enslisk chemist John Newlands, in 1864, first time (g I
observed periedicity in the 62 known elements i Vs k) “F ? 6 ? 8
|

were arranged in increasing order of their Element
atomic masses. He classified the elements into

groups so that every eight elements resembled

the first element in Properties.

1864 @ Lothar Meyer work[ 5 i Meyer's curves
e In the same year, Lather Meyer developed his | e \/\/\/\ show periodic

8™ element resembles
the 15t element

famous curves by plotting a graph between the rise and fall in
atomic weight and atomic volumes of elements. | atomic volume.
These curves also showed periodicity. ey Weight

‘]869 Dmitri Mendeleev WOIH Mendeleev's Periodic Table (1869)
3 INTA Z 7 tln T [w v v [ [ v
o In 1869, Russian chemist Dmitri Mendeleev, s

considered the father of the Pericdic Table, -
g \ N L
arranged 63 elements by increasing atomic mass, :
aligning elements with similar properties into groups. Na|Mg | AL |Si| P |S |l -
KlC | = | Ti|C [M]|F [ChN
¢ The success of his table was hidden in leaving Tz = S | v o B =
gaps for undiscovered elements and predicting T Tl s in =
their atomic mass and properties, which proved [T T =
accurate when these elements were pmcﬁca(lg found.

@ Moseley work
¢ In 1913, Moscles determined the exact atomic X'”‘H m_F
G“a—:—/

—

Gaps left for und[scoterec{Te[emZnts

Frage | Mendeleev (1869) | Moseley (1913)

numbers of known elements using X-ray emission, T,pe ::Mﬂei\ i —_ A':"!l_ns;d bﬂ
resolving flaws and discrepancies in Mendeleev's ORuC gass oMig T aer
table by arranging the elements by atomic numbers (Flaws & (Correct Order)

Discrepancies)

instead of atomic masses. This significant breakthrough |
led Moseleg to mod[FH the Periodic Law to state - t
: oo Detector T g
that the properties of elements are periodic Modern Periodic Law
functions of their atomic numbers. The. properties of elements are
periodic functions of their atomic numbers.




9%-51.2 MODERN PERIODIC TABLE - MAIN FEATURES <

The classification of elements in the modern periodic table
helps in the easier understanding of their properties.

Nl

rFeatures of modern periodic tablﬂ

7 PERIODS (HORIZONTAL Rows)

+
Following are some of the main features of the 1 [H] PII
modern periodic table: 2 |Li BlcINIOIF|Ne
(_ 2 |Na Al|Si|P|S|Cl{Ar
@ Asaending order ) b ‘ |T G, Ge| As| Se|Br|kr| | 18
. 5 |Rb d-block In|Sn|Sb|Te| I |Xe| GROUPS
of atomic number . I Tt (vegTicaL
J n
COLUMNS)
Presently, 118 elements 7 |Fr Nh Fl |Me|Lv|Ts | 0
are 3rouped in the table DDDH s-block p-block
in ascending order of 15118
their respective atomic : = La | Ce | Pr [Nd[Pm|Sm| Eu|Gd| Tt | Dy| Ho | Er [ Tm| ¥b | Lu
numbers. (Atomic number) Ac| Th|Pa| U |Np| Pu [ Am| cm| Bk | cF | Es [ Fim [ Mo |
b, f-block
-
Periods and groups ~ ————> Periods
e {(Rours)
There are seven horizontal
rows called periods and Groups
eighteen vertical columns (Columns)
N called groups.
P =
Classification into sub-groups 3 8 Groups o
In older versions of the table, there I I T TV VWVI
were 8 vertical groups, divided into — A ~— 4
two types of groups: Eight A-Groups A-Groups B- Groups
and Ten B-Groups; sometimes. (8 Groups) (10 Groups)
&
@ Properties based on group number Example: ?}""’:‘P 17)
& " aogens
In the periodic table, elements within the same group Eant )
exhibit similar chemical properties because they have properties é
the same number of valence electrons. However, they Z

| show a 5mdual c.hange in physica! properties from
top to bottom in a group.

Physical properties
dmnse 3radua!fy

from top to bottom.
=

@ Properties based on period number Example: Period 3

Elements in a period show a gradual

[Na[mg| a]si] P

[s]c]ar]

change in properties moving from left
to right in periods. Atomic size gradually
decreases as we move from left to right.

Atomic size decreases

@@0@0@00

~

Fs

rd

N the properties of elements in a systematic way.

Y

Remember !

Down a group
—» change
Top to bottom

Across a period
- change
Left to right

The modern periodic table is a powerful tool that helps us understand and predict



Elements can be broadl5 classified as

metals, nonmetals and metalloids.

= = You 7 \
1. METALS G NON-METALS 3. METALLOIDS !
o Metals are elements e Non-metals are & “Thiemtalietde sl S
which tend to lose elements which tend | some properties of I
electrons to form to Sain electrons to I metals and some of
positive ions. form negative ions. I non-metals.”
fed oy Ll S SL R G L L i _____________
E_x@_n_Elfi M -.' | ® The metalloids separate

TIron, copper, the metals and nonmetals |

gold, silver, etc.

Chlorine, sulphur,
phosphorus, etc. é | ona periodic table.
. NG ),

STAIR-STEP LINE

1
@ Mostly pericdic tables have (7] <— Exception: Hgdmﬂen is
a "siair-s’cep line” on the table H s a nonmetal. 13 14 15 16 17 18

identifying the element groups. - . B L

@ The line begins at boron (B) ’—l Si |_

and extends down to polonium (Po) —-l
including Si, Ge, As, Sb and Te. | Ge
@ Elements to the left of the line —l Sh

are considered metals. -ITO_

(3) Elements just to the right of j Po
the line exhibit properties of ‘ L

both metals and nonmetals and |
are termed as metalloids or
semimetals.

Elements to the far right of
9

the periodic table are nonmetals. Metals [:I Metalloids ,-_—:’ Masmsaials

@ The exception is hydrogen, (Semimetals)
the first element on the |- J

periodic table.

T @ Metals tend to lose electrons and form positive ions.

~

SUMMARY @ Nonmetals tend to gain_electrons and form negative ions.

@ Metalloids show properties of both metals and nonmetals and
lie along the stair-step line on the periodic table.




{143 BLOCKS IN PERIODIC TABLE

Elements of periodic table are classified into four blocks on : é"‘

the basis of last electron present in the spec'ncic orbital.

@ s-block elements G
———— 'I‘O(.I.PS

The valence electrons of WA 7 13 1415 16 17 18
elements in the first two B siivall " e
groups are in the “s” (IS
subshells, placing these Li | Be BICINIOIF INe
elements in the s-block.

Na Mg AL|Si| P |S [CL|Ar

® p-block elements

The remaining elements in

K | Ca|Sc|Ti |V |Cr|Md|Fe|Cd |Ci[Zn| Ga |Ge | As | Se | Br | Kr

Last electron in

p subshell
(np' to np*)

grue o, o8, Sk Rb | Sr | Y 2 N|Mo T R AglCd{ Tn [Sn b | Te [ T |xe

the inert gases in the last

e e U ok Cs |Ba| |HF[Ta|W Re[0s|Tr PtjHy| TL|Pb |Bi | Po |At|Rn
AT 15
d-block elements Lt lckon |1 |Ra ]y s
Similarly, transition Sugshe
elements belong to (n-1)d" to —
the d-block. (n-1)d*)
@ f-block elements NS AT

The elements in the two £ subshell

series at the bottom of ((h-2)£* to

the table (known as (n-2)§1) \

Lanthanides and Actinides) “~—-— —

are categorized as Lanthanides ()4 | Ce| Pr [Nd |Pm |Sm|Eu [Gd |Tb Dy |Ho |Er [Tm|Yb|Lu

f-block elements. (4F series)

Actinides | 1A | Th|Pa | U [Np |Pu [Am|Cm Bk | CF |Es |Fm|Md(No |Lr
(5§ series)

e = e SRS g e e e RS e s e

i

Knowing which block an element beiongs to

N
reveals important information about its features,
Z ~  chemical re.o.c.ﬂvif‘\j, oxidation states, and other

oftributes such as electronegativity, ionization

energy, electron 3ci'llin3, etc.




> 1.5 FAMILIES IN PERIODIC TABLE <

# An element family is a set of elements sharing
common Pruperﬁes.

¥ Elements may be cafegorized according to element
families. There are five famous families of
elements in the periodic table :

°
O Alkali metals s
(@) Alkaline earth metals ® Chalcogens
(@) Transition elements (® Halogens
(&) Noble gases

I-A group elements
Alkali metals include elements of Lithium (5,Li),

Sodium (ulNa), Potassium (13K), Rubidium (:1Rb),
Cesium (s5Cs), and Francium (s Fr).

Although hydrogen is ot classified as an alkals

metal due to its lack of fypiml group properties,
it does share some properties with them.

.

= 0 ; i N
(i) ALKALI METALS arl | Periodic Table < (i) ALKALINE EARTH METALS
Definition % 18 | Definition L
TR of e 1 W E 1 (3 14 15 16 17— | Z0on L2

ef elepenes it LgTeuR ¢ 7 2 “Group 2 elements (Be, Mg, Ca, S,
periodic table (Li, Na, K, Rb, Cs, Fr) |1t Na. _E Ba, Ra) are called Alkaline 4 Be
except hydrogen are called as ak || 3-12 ea;th AR 12 Mg
Alkali metals.” o Rb i by
Properties ) Group 2 elements Ny
o They produce alkali in water. These include Beryllium (s Be), B

H : st Fr M i (l:zMg); Calcium (mfa), peiLe
o Alkali metals are characterized | | I .
by having one valence electron Strontium (s Sr), Barium (s, Ba), |38 Ra

) g one 3 S L Transition — and Radium (g Ra). s

o They are most reactive. A 5
General properties

EE[D]ID

Lanthanides | @ These metals are primnril found in
(#-block) the earth and form alkalis; hence
Actinides they are called alkaline earth metals.
(F-block) o These elements have two electrons

in their valence shell.
e They are less reactive than
alkali metals.

P
(iii) TRANSITION ELEMENTS

The transition metals make up the largest
family of elements in the middle of periodic table.
Example

They include four series of d-block elements,
as well as lanthanides and actinides (f-blocks
elements) found in the two rows below.
Examples include Cr, Fe, Co, Ni, Cu and Zn.,

ProEerties
¢ They exhibit variable oxidation states.

il

L1 | 8
[=——1m

LO They mostly form coloured compounds. o)

LY
%)

&

(iv) CHALCOGENS Grosp
Groups 16 consists (0, S, Se, Te, Po, Lv) ﬁ_
are called chalcogens. w8
Why called so? 3 Se |
The group 16 elements are called Chalcogens 52 Te |
because most ores of copper (Greek chalkos) &P '
are oxides or sulfides. 1 1l

v

Nature of elements
The chalcogens are composed of nonmetals 0, S,

metalloids Se, Te, Po and metals livermonium (Lv).
b B p e e A 09

@ Halogens can easily accept one electron to
complete their outermost shell.

i i

i —
() HALOGENS ool | (vi) NOBLE GASES =5
Elements in group 17 (F, Cl, Br, I, At, Ts), L i e 1
known as ha[o‘gens. 9 F Elements in group 18 ("iﬁ, Ne, Ar, Kr, Xe, Rn, Og) "
Why called so? 7 Cl are called noble gases 2 He
The term “halogen” means “salt-former” because |35 Br Emmglg 10 Ne
these elements easily react with alkali metals and i
alkaline earth metai{ to form stable halide salts. s 1 f::u;l;df:n, Argon, Kryp‘fonj Xenon 1 Ar
Examples 3 Kr
Fluorine, Chlorine, Bromine, Todine, General EmEerﬁes 54 Xe
Aglting) ol SRS ® The noble gases are & group of unreactive s4 Xe
General_properties elements present at the extreme right of
@ These are highly reactive nonmetals with the periodic table in Group 18. % Rn

high electron affinities. o Due fo their stable electron ccnﬂﬂurafl'an 3 03

(complete outermost shell), they are almost
entirely unreactive under normal conditions
and rarely form compounds with other elements.




PERIODIC ARRANGEMENT AND
ELECTRONIC CONFIGURATION

Unders{'andins the periodic arrangement of elements in the periodic
table offers valuable insight into their physical properties, such as Key Idea
their physical state and atomic radii, as well as their electronic Period — shells (n)

structure and chemical reactivity. Group — valence
electrons

@ Relationship between period number r

and principal quantum number
i T o An element X in the 3™ period has
The period number indicates the shell n, three electron shells, with its valence

representing the number of electron shells electrons located in the 3™ shell.
surrounding the nucleus.

o The specific subshell where the valence
electrons are found, depends on the

rd —_—
hell (n=
3 el s element’s block subshell.

2™ shell (n=2) )fdis in o If an element X in the 37 period is in
1% chell (n=1) 3" period the s-block, its valence electrons are
in the 3s subshell.
L )

@ Relationship between group number

and valence electrons
T e An element X in the 3™ period and group 2
has two valence electrons in its outermost

shell. Thus, the element X in the 3™ period

Additionally, the group number indicates

the number of valence electrons.

3 period —> 3 shells ) and group 2 (s-block) has two valence
Group 2 (s-block) electrons in the 3s subshell, which means
—— 2 valence electrons that X would be magnesium (Mg).
i Position : Peried 3, Group 2
© 3 Element : Magnesium (Mg)

Rela’cionship between period and group number

with electronic configuration | Group 13 |
e Here is another example to relate period number and group number I
] d ; . i ! : 3 valence
with electronic mnflsurnhcn and position of element in period table.
,,,,,,,,, VP N el B YL eiecii'ons

4
o In above example, the element X belongs
Valence e | Shells

‘ ‘ i

Element | Period ! Gmup | Block 1

32 3 | 3 valence electrons; and it is found in
|
|
[

‘ ‘ to group 13 of periodic table so it has
X | 3 1013 ok
|

period 3 so it has three shells around

E v
Electronic ConFigum{'ion of X its nueleus. Tt means that the 3-valence

2 2 3 2 1 | electron are in the 3™ shell.
502552 -s 3
L P 3 P The confiaumf:ion will be:

|

|

|

|

|

[

|

I

|

| |

| - ]

| Inner Valence electrons | Peried 3

| shells (in 3 shell) = 3 : FSI 251 pob 328 3t | —> 3 shells
et )

Unders{andina the periodic arrangement of elements provides an explanation

of an element’s electronic con-Fisuro:l:ion, which is essential for understanding
its chemical properties and behavior.




PERIODICITY OF PROPERTIES

* Modern Periodic Law

e Statement

We will studﬂ:

“The physical and chemical properties

of elements are periodic functions

of their atomic numbers.”

o Atomic Radius

e Ionization Enthalpy
Electron Affinity
Electronegativity

p Studying the variation in properties with
atomic numbers is important. We will study
the following properties of elements in the

periodic table.

Valency
Metallic Character

o G
,'Y Y%
%

ATOMIC RADIUS

P The atomic radius is a measure of the size of an atom.

Definition

“Tt is half of the distance between
two identical atoms bonded together.”

Units

The atomic radius is typically measured |
in picometers (pm) or Angstroms (A). |

kwm-mm L.A'-ﬂlwmj |

Variation of atomic radius

The atomic radius can vary depending on the type of bond
(covalent, metallic & van der Waals forces) and the state of
the atom. For example, the radius can be different in a

covalent bond compared to an ionic bond.

(a) Variation across the period

Generally, atomic radius decreases
across a period (from left to right)
in the periodic table due to
increasing nuclear charge, which
pulls the electron cloud closer.

3 4 5 6 7 8 9
Li Be B 5 N [o] F

©0o00o0 oo

Factors a.F{-’ed:ing the atomic radius
traiatlbdl ol el tpy P B i B bl T gt et
The factors affecﬁns the atomic radius are:
® Number of shells
Effective nuclear charge and
Shielding effect of inner electrons.
[ j
| @ Nuwber of shells (n): More shells o
=2 == means larger size because the outer @ Bty
electrons are farther from the nucleus.
Effective nuclear charge (Ze“): DN T % z.. 1
Higher Zogy pulls electrons closer, eff
so the atomic radius decreases. A Il *  radivs |
Shizldl'nj effect: More inner
electrons shield the outer \ Shieldin_gT
electrons from the nucleus, radius T
so radius increases.
K el
——————————— 7| PERIODIC TRENDS IN ATOMIC RADIUS ﬁ —
(b) Variation down the group
LR L s AR ‘| - @
Atomic radius increases down a growp | Li | |
(from top to bottom) because additional [ 44 | | @
electron shells are added, so more Na 4
shielding makes the atom larger despite [~ | Aomic
the increase in nuclear charge (which K + @ .md\us
10 is outweighed). : increases
Ne 7 | |
ol ©Q
55 ;
s

Atomic radius decreases

* Reason: T Nuclear charge —> pulls electrons
closer — smaller radius.

Kefi Takeawai: Atomic radius is not a fixed value; it changes sysfema.ﬁca”y in the periodic table due to
changes in number of shells, effective nuclear charge and shielding effect.

* Reason: T Number of shells & T_shieiding ‘
effect — farszr radius.



S

17.2 IONI

C RADIUS

—

v}

The ionic radius is a measure of

the size of an ion in a crﬂs’ca.l lattice. .

DEFINITION :ii)i

“It is defined as the

distance from the nucleus

It is measured in
picometers (pm)

——— e —— — — ——_—

/_

outermost
electron shell

nucleus

Tonic radius

\
I
|
I
|
[
[
[
|
|

rin{ﬂ Variation across the period

of an ion to the outermost or (f\'i?::: f:m
electron shell.” angstroms (A). outermest shell) |
N j O T O S e el e e S -
Vi . 3 = |
Smaller cationic radius I Larger anionic radius )
~ than parent atom I than parent atom
B | e Bt
When an atom loses one or more | ‘ Con‘tra.rl'lg when an atom sains one
electrons fo become a positive ion, it : | or more electrons to become an anion,
generally becomes smaller than the 1| it generally becomes larger than the
neutral atom. || neutral atom.
n
This is because the loss B e e tase e Cl atom 1.
of electrons reduces | | addition of electrons : . {
electronic repulsion = : @ 1| increases electronic B
and allows the remainin : repulsion, as a result
electrons to be pulled | f:\e t"‘“dm; pull on
| | electrons decreases
CIoser tu ‘thﬂ ﬂudeus- i::gL:r ! ‘ ﬂl’ld th(. eleth'Dﬂ
\ 55, i { cloud expands. anion
3 )

qariafion down the group ‘

® As you move across a period from
left to right, the ionic radius of
cations decreases due to the
increasing nuclear cha.rﬂe which pulls

CATIONS
Na* Mau AP st

Q000

|

I

I

I

|

|
the electrons closer. ket o\ il K* I

* For anions, the ionic radius also radius decreases leading o an increase in the O i O
decreases across a period because number of el@c*”"lShe“s- . | N
the increasing nuclear r,harge also ANIONS . &:ﬁg:&:ﬂg;nt:etﬁs{amim b::;lecn it o
pulls the electrons closer to the W R :
rucleus, even though anions are eawcihing e eFots of ! O
typically larger than the neutral O O @ ¢ || increased muclear charge. '
atoms from which ﬂw& are formed. T 3 ¢ The additional electron shells radius | radius
@ radius decreases k make the ions larger. increases | incrmsesj

¢ On the other hand, both
cations and anions increase
in size as we move down
a STULIP.

Na*

@)
|

This is because the principal

KEY TAKEAWAY | e Cations are smaller

¥ &L
=)

.

than their parent atoms.
¢ Tonic radius {; across a period (Ieft—»riﬂh't)
¢ Tonic radius T down a group (’cup - bo‘H:om)

and anions are [a.rser




‘1.'?.3' Tonization Eners\j £,
@ First ionization energy

“The energy needed +o remove one electron from each atom in
one mole of atoms of the element in the gaseous state to form

one mole of gaseous 1+ ions is known as 15* ionization energy (AHi,)." -

Naggy —> Na*egy + € AHi, = 494 k3 mol™" |
Cacgy —> Ca*igy + € AHi, = 590 kI mol™ |

@ Second ionization energy

The removal of a second electron from each ion in a mole of
gaseous 1+ ions is referred fo as the second ionization energy (AHi,).

A@, with calcium as an example:
T B g
LCa (e —> Ca (9) + € AHi, = 1150 kJ mol™! I

@ Third ionization enerqy

The removal of a third electron from each ion in a mole of
gaseous 2+ ions corresponds to the third ionization energy (AH@,).

We remove
the 2 electron

from a 1+ ion.

o~

Acﬂiﬂ, with calcium as an example: T
i PPN E—— (_/{ We remove \
_____ 7 rd
\ 2 e the 3™ electron
] Ca¥g) —> Ca¥(gy + € AHiz = 4940 kI mol™ |

Lfrom a 2+ ion.

A A

\
AY
- NOTE: An element can have several ionization energies ; the

exact number corresponds to its atomic number. 'ﬁ"



Factors aFFec{-Ing the ionization energy

P I i

The magnifude of the ionization energy of an element depends
upon the -Fo”owing factors :

Q)

(i)

(iii)

(a)

(b)

Nuclear charge & & ¢
Pl reater Z,pp
Greater the effective nuclear charge, ’ /O., :
reater is the electrostatic force ﬁc rl Y & S%ronjer Géraction
J 3 I : = more difficult to
attraction, more difficult is the removal \ ] bt ol
of an electron from the atom. For this R . 5 s Wl Mecafd,
reason, ionization energy increases with He=ss H{?E*E‘—_
an increase in the effective nuclear charge. ==Jd
Size of the atom or ion ' I Q
“1.F0 f \
In biﬂjer otoms force of attraction between I’f @ i & l\ @ i
the nucleus and the outermost electrons is \\ /’ \ ,I
= ~ -
weaker. Therefore, -Hne ;ov::o,h':n efle,rﬁi ekl L;‘r-e:—a;m
decreases as the size o e atom increases (s%mnger abbvictan) o S
and vice—versa. > J-nijher TE Ay

Electronic o.rmn_je.men{'

Tt is observed half-filled and comfaia{'efg—-ﬁiﬂed
orbitals are found #o be more stable. Therefore, Noble aas (“52"}")

the ionization energy is HJ& when an electron > com,:le,%ely-filled orbital
is 4o be removed from a ﬁuli‘:j filled or half- > higkesi‘ ionization energy
filled - subshell. in the period

Noble gases have hx’jhcsf ionization energies

2 2
in their resPec'l-fve periods. It is due to N: (ga‘:_ }f'[: r;
upshe

highly stable fully~filled orbital (ns*np®).

Oqugen has lower ionization energy than m'%rogen. s 2p
The electronic con-Fl;?um.‘Hon of oxggen and nitrogen amO! - (Not half-filled

A vy . less stable )
= 1s” 2s 2}3; 2}:5 2}:': (more stable) = 1403 kT mol™
0 = 1s* 2¢* 2p 2p, 2p.’ (less stable) = 1365 kT mol™'
Shieldfng CTC‘FGC{— it e More Shfﬂidfﬂj
¢ oo, :
Greater the sfm'e.fdl’n‘jvJ easier it is fo remove the valence electrons ',,' ?/ ‘q h{ » weakeir o.f*l'r:'mi;on
on valence électron
from an atom. La.rger the number of inner electrons, jreai'er is the I\ é:{ @ ,d ,rJ = easier to remove
screening effect, therefore, lower is the ionization energy. \\\ 0"0/14/\ = lower ionization
Ihﬂ&r s"’—e'rgj
electrons

(Sk:'eidl'ng)



(v) SPIN-PAIR REPULSION

)

When electrons are
spin-paired in the same
orbital, the repulsion
between them can lead to
a slislnﬂg lower ionization
energy compared to removing
an unpaired electron. This is
because the paired electrons
experience increased
repulsion, making it s[ighﬂg

. Manganese (Mn) has two spin-paired electrons in
its 4s orbital. The ionization energy to remove one
of these paired electrons is r‘elativelﬂ lower due to
the increased repulsion between the paired electrons.

mn (25) : [Ar] 3d$ 452 (more stable) ,

5 Two paired electrons
11, (11) in 4s orbital
—> more repulsion
—> lower ionization energy

DT

4s orbital :

¢ In contrast, Chromium (Cr) has one unpaired electron

easier to remove one of
the paired electrons.

; J

in its 4s orbital. Removin5 one of these unpaired
electrons requires more energy due to the absence

of spin-pairing repulsion.

(Cr (24) : [Ar] Wde (less stable) '

= One unpaired electron (1)
=> no spin-pair repulsion

————

45 orbital : T

- hiﬂhe.r ionization energy,

%—— PERIODIC TRENDS IN TONIZATION ENERGY

(a) Variation down the group = s s s 5

Small size

Gninﬂ down in a group,

|
|
|
|
|
|
energy |
|
|
|
|

ionization energy decreases o
From .tDP {O boﬂom d.ue, to Inmza{mn
increase in the atomic size AT A
and shieidinﬂ effect. @ down the
SFOHP
________________ oy b R

(b) Variation across the period
As you move from left to
right across a period, the
number of shells remains
unchanged while the effective
nuclear charge increases.
Therefore, ionization energy
increases from left to right.

Tonization energy

L

Atomic number (z) —-——,)

) =X =
rAlka.li metals Noble gases General trend

* Although the number of electrons
also increases across a period, the
shielding effect within the same
shell is same so not considered.

¢ The trend of ionization energies
of period (1-3) is shown in Fl's 1.5,

have the highest values of ionization
energy because due to complete

alkali metals have lowest values of
ionization energy.

The figure also reveals that Noble gases

outermost shell in them, the removal of
electron is extrzmel‘nf difficult, whereas

(Li, Na, K)

J

Lowest ionization
energy (one valence
electron, easy to
remove.)

(He, Ne, Ar)

y

Highest ionization
energy {complete
outermost shell,
very difficult to

. J

Lremove an electron)
-

Increases from
left to righ’c
across a period
due to increase in
effective nuclear
charge.

e B




1.7.4 Electron Affinity (AHes’)

First electron aFFini’cd

* “The first electron affinity, (AHeas), is the enthalpy change
involved when 1 mole of electrons is added to 1 mole of
gaseous atoms to form 1 mole of gaseous uni-—neao.tive ions

under standard conditions.”

Example
Electron affinity of chlorine atom,
Cleg) + e~ —> Cl7(q) AHeay = —348.8 kT mol ™
This is amount of energy released when 6.02 x 103 atoms of
chlorine in the gaseous state are converted into Cl7(g) ions.
Since, energy is released, so first electron affinity carries
negative sign.
Second electron affinity
The second electron affinity, AHea; is the amount of enerqy

required to add electrons to 1 mole of uni—negative gaseous ions
to form 1 mole of gaseous 2- ions under standard conditions.

Example
When first electron is added to a neutral oxygen atom,
141 kT mol™ energy is released.
O(g) + &= —> 07(g)  AHea; = —141 KT mol™?
But 798 k3T mol™? of energy is absorbed on adding second
electron to a uni-negative (07) ion.
O07(g) + e~ —> 0%7(3)  AHea; = +798 kT mol™*

Factors affecting electron affinity
Important factors affecting the magnitude of electron a-FFinitj
values of elements are as follows:

(i) Size of atom
For small sized atoms the attraction of the nucleus for the
incoming electron is stronger. Thus, smaller is the size of
the atom, greater is its electron affinity.

(i) Nuclear charge
Greater the magnitude of nuclear charge of an element
stronger is the attraction of its nucleus for the incoming
electron. Thus, with the increase in the magnitude of nuclear
charge, electron affinity also increases.




(iii) Electronic configuration of atom

The electron affinity is low when the electron is added to a half-filled sub-shell
than that for partially filled one.

half - filled p-subshells, being very stable, have very little
tendency to accept any extra electron to be added to them.

This can be explained by considering the following examples. i‘f N (2=7) E
1‘ 2s* 2p3 :

Electron affinity values of 'N' and ‘P’ group-15 (V-A), atoms are very low. i 2s 2p |

il A |

i |

0| | |
| P (Z=15) !

This is because of the presence of half-filled ‘np’ orbitals in |3l 3p* !
1 i

their valence shell (N = 2s* Zp!' o P TR 3P3), These I Bs 3p |

i |

{ |

i : |

I % |

1 I

Periodic trends in electron aﬂ-’ini’cg

(a) Variation down the group Group 17 Electron ﬂFFihifg
(Halagens) (kT mol™) (g P R

o As the atomic size increases down the Down the group

group, the larger electron cloud causes ct = 3 Atomic size

the incoming electron to experience F -328 increases

d i
A I
| ]
| |
| !
: |
less attraction from the nucleus. Br iyl ! Aibttien |
1 i £ |
. Consequenﬂg , electron aﬁ‘inifg decreases | ..@ onE lr::ommg :
I —295 down the : electron !

I

| |

f i

! |

| I

group decreases

generally decreases down the group.

o This trend is observed in the halogens At | - 270

N i i e e

Across a period (left — right)

(b) \itriafion across the period

More negative
electron a”ini’tﬂ
(greater tendency

to accept electron)

Li Be B ¢ N (0] F

® Generally, electron affinities become Sfe oM Lo eils s dade o
more negative as we move from . '
left to across a period. Electron affinity (kI mal™)

Factors responsible

1
|

i @ Nuclear cho.rgr. increases

| (More protons —> strenger

l oftraction for incoming

: electron)
|
i
I
|
|
i

This is firstly due to increase in the

nuclear charge, which attracts

additional electrons more strongly

and secondly due to decreasing

atomic radius. Atomic radius decreases

@ (Electrons are closer to @ =i @ = @
the nucleus)



17.5 Electronegativity

Defumtlon “ Electronegafi\’ffﬂ is a measure of an atom’s

attraction for attraction for bonding electrons in a molecule

b d' »
/ onding electrons relative to other atoms.

— 3 *" o Linus Pauling, an American chemist, developed a scale of

dimensionless efectronesafivi’cy values.

e on this scale, alkali metals have minimum electronegativity (0.8),
and halogens have maximum values (F=4.0],

0.8 4.0

= Il } | Il Il L, Il Il Il »
T T T T T T T T T T »

Mini Mot
(A[LT[T::tals) Po.uiéng Electronegativity Scale R

(dimensionless)

(Ha[ogens)

Factors Affecting Electronegativity

(i) Atomic size Atomic size increases

>
A larger atomic size will result in a lower
value of electronegativity. This is because

F Cl Br I
electrons being far away from the nucleus
will experience a weaker force of attraction. @ @
Example (Group 17 - Halogens)
3.2 2.8 25

The electronegativities of halogens Electronegativity 4.0

in group 17 are in the order
E[ec{ronega’cfvifb« decreases

BsiEl s B T —

It is due to the increase in the atomic size

from F to I in the group.

T Examp[e (Réniodi2ite—==—=— =

(ii) Effective nuclear Charge
Li Be B C N 0 F

A higher value of the effective nuclear charge
will result in a greater value of electro-
negativity, because an increase in nuclear |
charge causes greater attraction to the Electronegativity 10 15 20 25 30 35 4.0
bonded electrons. (Pauling scale)

Efec{rcnfu(-zgaf\vi’cgI increases

This is why the e(ec{:ranegn’civiéy in a period s T D S e
increases from left to right. ‘f Electronegativity ofllli'= 4.0 ]
Electronegativity of F = 4.0

|




_Periopic TRENDS IN ELECTRONEGATIVITY

Variation across the Pariod

e When we move from left fo riﬁh{' alonj
the period, the electronegativity increases.
This is due to increasinj nuclear charje

and dccrea_sinj size.

. Normailj, metals beinj on the left side

of the Pe.riodl'c table,

possess lower

ele,cfroneja.ﬁvifj values than those of

non-metals.

Hence, metals are electropositive and

non-metals are e,lecfronejo.ffv&,

relaf:ive.lj.

1.7.6 VARIATION IN METALLIC CHARACTER

Variation down the group.

o In the groups, it decreases from
top to bottom. This is due to the
increase in size by the addition of

shells and increasinj shieldfnj effect.

® For example, in the halogen group,
the electronegativity value decreases
from fluorine (4.0) 4o iodine (2.5)

Fiju.re. l.6. Figure 1.6 (Part)

Group 17
{ Halujz.ns)

Electronegativity

-0

F  Fluorine 4.0

17| Cl Chlorine 3.2

35| Br Bromine 2.8

{
|
(
i
l
(
(
[
[
|
|
i
i
{
{
{
{
{
{
[ as shown in a part of the table in
{
|
[
(
(
i
i
i
i
I
I
]
1
1

53| I Ilodine 2.5

The metallic character of elements is '!'gPicaﬂj their %ende.nc:j to lose electrons.

( lose e~

1

Metal ;’
(fnrms + ion) !

Non-metal

(forms = ion)

gain e”

Eiec{mnggaﬁ' vifj
decreases
from top
to bottom.

o We find that elements on the left side of the perl’odic

‘L table have a grea{’cr fendcncy to lose their outermost
electrons to achieve a complete octet are metals and

@ produce positive ions.

tend to 9

e In contrast, elements on the right side of the table
ain electrons to complete their outermost

shell are non-metals and Produca ne.gm‘:'ve. jons.

Conclusion _

Hence one can conclude that the metallic character of an element

largely depends on its valence shell electronic configuraﬁon.

Variation acress the period

o Across the period (from left to n'ghf),
we find that the outermost shell remains
the same, but the number of protons
(positive chargc) in the nucleus increases.

® Consequently, the metallic character of
the elements decreases.

e In other words, the increase in nuclear
charge pulls the electron cloud closer
to the nucleus, making it more difficult
for the atom to lose electrons and fhmb_tj
de.cre,as:'ng its metallic character.

Variation down the group

atomic size (radius) increases.

1
i
|
(
(
(
(
{
(
!
|
{
{
: electrons to be held more laosely.
i

I

I

i

. Cnnfrarl'f.lj metallic character increases as
one moves down in a group of the periodic
table. This is due to the fact that the
electrons become easier to lose as the

o As the atomic size increases, the electrostatic
force of attraction decreases between the
nucleus and the electrons, causing the

¢ The increase in metallic character (ease of
losing electron) makes the element more

Thus, metallic character decreases s
across a period from left to right.
Cesium is far more reactive and electropesitive i & iNa = &8
Easier to

ﬁ Conclusion —

than sodium or lithium.

Metallic character
increases down the group.

[

lose electrons)




1.8 REACTIONS OF SODIUM AND MAGNESIUM

H.S.l With wa.'t‘e.rJ Hy 1

e Sodium is more reactive than magnesium fowards water. Vi
; : . |gorou$
Na reacts vigorously with water fo form sodium - P
hydroxide and hydrogen. with water:
/

(2Na) + 26,00 —> 2NoOHGg) + Hy(y) |

e Mg reacts more slowluj in -Forming magnesium
hydroxide and hydrogen. However, magnesium
reacts with steam more vigorousig to make

magnesium oxide and hadrogen gas.
H, M

ith
(Mg(s) + 2H,00) — Mﬂ(OH)Z(aq’) + Hy(9) “/‘a}m’rer

(Mg + 20,00 — M0 + My | <= ks, wre)
Vnﬂorous with steam.
r 1.5.2 With OxﬂﬂeJ Peroxide (in excess 0;)
e Sodium burns in oxygen with an Go\ﬁi:ﬁ 2Nas) + 0y(9) —>
olden yellow flame to produce a ﬂ;\ame 2Na, 0, (s)

white solid mixture of sodium oxide
and sodium peroxide. Sodium is kept
under kerosene oil to prevent its — L
reaction with air. It reaPr.+s vigorouslﬂ v selepigriga s uped-
with oxygen in open air fo form peroxide. ‘ Oxide (limited 0, / high temp.)
{ t\ 4Na(s) + 0,(9) —
' 2Na, 0(s)

Under special conditions like
limited 0, or high temperature,

. Magnesium burns in oxygen with an \
infense white flame to give white -\
solid magnesium oxide.

BMS}(S) + 02(3) —> 2M30(s) J

(1.8.3 With Chlorine |

e Chlorine reacts with both metals to give soluble salts.
It reacts exothermically with sedium, golden yellow
flame is seen and white solid, sodium chloride is formed.

(2Na) + Clyi — 2NaCles) ]

-Whi{'e solid
(NaCl)

. Maﬂnesium also reacts with chlorine to L r’f\

give white solid, magnesium chloride.

@3(5) + C|2(3) =2 MgCIl(s)J

White salid
(Mﬂcgz)




¥ | 29 | TRENDS IN BONDING IN OXIDES AND

CHLORIDES OF PERIOD 3

Oxides of period 3

® Oxides of group 1, 2 & 3
(e.g., Na,0) have more
ionic character. These
oxides exist as giant
ionic lattices with strong
electrostatic forces between
oppositely charged ions.

® Oxides of group 4, 5,6 &7
(e.g., SO,) are more covalent.
These oxides exist as
covalent molecules with weak
intermolecular forces between
molecules.

Period 3 elements

[ 4

Group 1 | Group 2 | Group 3 | Group 4 | Group 5 | Group 6 | Group 7
Na Mg Al Si P S Cl
More ionic i " More covalent
(character) e (fharac.ter)
i
e.g., Na,0 : e.g., SO,

Giant ionic lattice

Covalent molecules

:-@':;S):@r):

Weak intermolecular

i
|

® This transition is a result of g"f’ {,};E:-q 0 o> forces between molecules
the increasing electronegativity i — = 2 o ) B
and decreasing ionic character. (5._ _,.C';‘..,‘é’ % 0=0: ------ :0=0:

Chlorides of period 3 Period 3 elements —————————>

o Similar to oxides, chlorides of Group 1 | Group 2 | Group 3 | Group 4 | Group 5 | Group & | Group 7
group 1, 2 and 3 (e.g., NaCl) Na Mg Al Si P S Cl
are predominately ionic. — ; e ——

e Chlorides of elements from More. ionic i More covalent
group 4, 5, 6 and 7 (e.g., PCly) (character) £ A (character)
il 5 i i e.g., NaCl l e.g., PCl,

® The covalent character in chlorides Tonic lattice ! Covalent molecule
increases due to decrease in Cl
difference of electronegativity |
between the halogen and the other

: L& Cl — P — Cl
atom the higher electronegativity 3

of the central atom.

/\

- CLASSIFICATION OF OXIDES

(' Oxudes are binary compounds -Formed by the reaction of oxygen with other elements.
| S Oxygen is highly reactive in nature hence it reacts with metals and non-metals to form oxides.

¢ The classification of oxides is done into neutral, amphoteric and basic or acidic based on
=S L their acid-base characteristics. Along the period three nature of oxides will be explored. ‘

2
1. BASIC OXIDES

A bnsu: oxide is an oxide that when combmed wd:h water gives off an alkali.”

So[ubl'lity group 2

hydroxides increases

Example Properties
Na,0, Ca0, Bal etc. (i) Metals react with oxygen to give basic oxides.
These oxides are usually ionic in nature.
@ NOTE:

down the group so }
alkalinity also increases |
down the group. 1

! CaOys)

| NayO(s) + H,0(¢) — 2NaOH(ag)
+ H,0(@) — CA{OH)Z(N;}

L )

Basic oxide + Water

S +

Group 1 and 2 form basic oxides when react with oxygen. These Nigze l
compounds readily react with water but few exceptions are there.




%2. ACIDIC OXIDES .

“ An acidic oxide is an oxide that when

3. AMPHOTERIC OXIDES

“ Amphoteric oxides are oxides that can react ‘

i i i id.
combined with water gives off an aci | S0, YRV I Po
PROPERTIES Tk TS sesp e o s |
@ Non-metals react with oxygen to form acidic PROPERTIES

oxides which are held together by covalent : ;

bonds. These compounds can also be called @ They have the ability to behave as either an acid

acid anhydrides. or a base, depending on the conditions.
Acidic oxides usually have a low melting ond ) k e el
boiling point except for oxides like Si0, which Iﬂ‘ﬂ_he'f"m\ ﬁ’-ffctwns, ey

is insoluble in water and have high melting acidic and basic substances.

RRG s e e This dual reactivity is a characteristic feature of
BAAPPLES amphoteric oxides, distinguishing them from other
kgl of aBJiG Qs if RS ot oxides that are typically either basic or acidic.

P,05, P,0s, S0;, SO,.
Si0,

+ Silicon dioxide is acidic oxide as it can
react with bases.

(giant molecule)

EXAMPLE

Aluminum oxide (Al,03) is insoluble in water but

REACTIONS WITH WATER
* P0y(5) + H0(8) = HyPO30aq)

+ P,0s(9) + Hy0(t) = HyPOylag)| | = Si0yts) + 2NaOH(aq) —

* 50,(9) + H0() — HyS030a8)| |« P,0,(5) + 6NaOH(ag) —

2NazP05(aq) + 3H,0

* S0,(s) + 2NaOH(aq) =
Na,505(sq) + Hy0 (1)

+ 503(g) + H,000) — H,50,(ag)

REACTIONS WITH BASES

Reactions of theses oxides
with bases are given below:

Na,5i03 (ag) + H,0(1)

reacts with hydrochloric acid to form aluminium
chloride and water, and with sodium hydroxide to
form sodium aluminate and water.

ALOy @ + 6HClag) — 2AICL 9 + 3H,0(0)

salt

acid

0]

Al,05() + ZNaOH(ag) = Na,Al,O4¢5) + H,0(8)
base base sodium aluminate

1.9.2 CLASSIFICATION OF CHLORIDES

“Chlorine is a highly reactive nonmetal that forms stable compounds known as chlorides
through chemical reactions with various elements.”

One common example is table salt, an ionic compound consisting of sodium and chloride.
These chlorides show characteristic behavior when we add them into water, resulting in

solutions that can be acidic or neutral.

1. NEUTRAL CHLORIDES

| “Neutral chlorides are salts .thnt, when |

2. Acipic CHLORIDES

| dissolved in water, produce a neutral

| solution with a pH close to 7.” )

SOLUBILITY IN WATER
At the start of period 3, chloride sodium and
magnesium do not react with water.

+ The polar water molecules are attracted
to the oppositely charged ions, dissolving
these chlorides by breaking down their
giant ionic lattices.

* The solutions formed contain the positive
metal ions and negative chloride ions
surrounded by water molecules. These
ions are now known as hydrated ions and

this process is known as hydration.

EXAMPLE

When sodium chloride (NaCl) is disselved in
water, it undergoes dissociation into its
constituent ions.

‘ ﬁ\lacl(s) — Nn*(nq) + Cl (aq) (pH=7—'

Ll

p 3 —
| MgClsy — Mg*?(ag) + 201Gy (pH =65))
OTE: Group 1 chlorides are all neutral chlorides
and group 2 chlorides are also neutral with |

few exceptions. i

“The chlorides react with water to ]
| make acidic solution with pH less |
| than 7 are called acidic chlorides.” |

® If we move in period 3, from aluminum
to sulphur all chlorides react with water
to make acidic solution with pH less
than 7 this process is called hydrolysis.

EXAMPLE
Aluminium chloride exist as dimer AlClg

which is covalently bonded. Once we add silicon acidic Si0,
water, dimer breaks and aluminium and | dioxide solution
| (precipitate) |

chloride ions in solution. AL ion is
hydrated and causes a water molecule to
lose an H* ion, this process is hydrolysis.
This turns the solution acidic.

The Fclluwing reactions shall occur:

[ AlClw + 3H,00) —

phosphorous acidic
Al(OH)3¢s) + 3HCl(ag) acid solution
s ! (precipitate)
aluminium acidic |
foylruside solution

(precipitate)

¢ Other exumplas of acidic chlorides

L

are given below.

|

SiCly(t) + 2H,0() —
Si0, + 4|'J|Cl(m‘)

&

PClLy(1) + 3H,0) —
HiPOsis) + 3HCl(ag)
+




[.10 VARIATION IN OXIDATION NUMBER IN OXIDES AND CHLORIDES

o The oxidation number oif an atom is the &mo.l dn.a_rﬂe on that atom

in a molecule or ion.

e The oxidation number is also referred to as the oxidation state.
e In ionic compounds the oxidation number of an atom is defined

as the cl-\arﬂe which appears on the ions.

————

——————————— ——— —

————————————————_—

————

(Le‘ts examine the oxidation numbers in oxides and chlorides c:f the third Per@

T e & SRS

Oxidation number of 2 period _elements

Oxidation state and group number

The oxidation number of an element of
3 pericd in its oxide or chloride
corresponds to the number of electrons
used :Fcrr bcmd.l'.nﬁ and is al.waﬂs
positive because oxygen and chlovine
are more electronegative than any of

electrons.

cFE S e BB L g e Ll SR S SRR o8 Sl e L ed

The maximum oxidation number matches the group
number, Y‘aftecﬁnﬂ the total number cf valence

Consider the following table (Table 1.2) for oxidation
states of various elements of the periodic table.

In the oxides, the maximum oxidation number

Hhesa eloments. increases from +1 in Na to +6 in S.
Element Na Mg Al Si P S el
(3 Period.) (qup 1) (Grou.P 2) (G‘YOU.P 13) (Group 14) (Group 15) (Group 16) (Greup 1F)
Oxide Na,0 Mq0O Al, 04 Si0, P,0O¢ S0, =
Maximum oxidation
number in oxides i, *+2 2 #4 5 +6 o
Chloride NaCl MaCll AlCL, SiCly PClg SCL, €l
Maximum oxidation
number in chlorides 1 +2 +3 #4 +5 +2 +1
(" Example
Oxidation state in chlorides Oxidation state in CZXOMPE
hosphorus and s + In S0,, has 0 =pSi= 0
T ellovidss, Bhe. wasinam Erost s et iﬁﬁ i 0 ? 0
oxidation number increases Phosphorus and sulfur exhibit because only four electrons 4
from +1 in Na to +5 in P. | several oxidation numbers are used for bonding. B
because they can expand their | « In SO,, sulfur has an g
Na Mg Al Si P octet by exciting electrons oxidation number of +6 RN
. . because all six electrons o 0.
+1 — +2 — +3 > +4 — +5 into emptt’ 3d orbitals. v -
e T are used for bonding. ¢
i




Y -~
-— —
- -~

(0-) Wh_y are the elements in G{roups land 2 ,~-=-=-=-=-=-=—=-—-"—-—--=--
known as s-block elements? s-orbital (s)

z . 3

Ans. Group 1 and 2 elements are called s-orbital is
s-block elements because outermost sPhe”Cal.‘Y
electrons of their atoms are in s-orbital. symmetric.

-_— e = = = = = = = = = = = = =

(b) Name the elements in the chalcogen family.
Give their two characteristics.

Ans. Groups 16 consists (0, S, Se, Te, Po, Lv) Group 16

are called chalcogens. = Chalcogens
Oxygen (0), Sulfur (S), Selenium (Se), Tellurium (Te),

Names
Polonium (Po), Livermonium (Lv).

Properties/ N TH h :
Characterisics| (i) They all have six valence electrons.
= ( Quick Check 1.2 ) =
___________ )

(@) X belongs to group 14 and period 2. If—Grroup 14 elements |
i. Write electronic configuration of the element X. I have 4 valence electrons |
|

ii. Idenfiﬁ; block of the element. Idenf;hcy this element IL (ns an) 3

(6 valence )

from periodic table.

Ans. i. Electronic con'Figuraf:ion of i: 2s 2p Period 2

1 25 257 | W T T

Boron | Carbon | Nitrogen| Oxygen | Fluorine| Neon

jii. X =itis an element of E-block which is carbon and

belongs to group 14 and period 2. Group 14

(b) Predict the electronic Configurafion of an element in period 4
and Group 17 without consulting the periodic table. Group 17

Ans. Gn'oup 17 elements are halogens having 7 valence electron (nsz, nps) = Halogens

(7 valence €7)

and period 4 means (n=4), so valence electron con-Figum{:ion
should be is_z, 4-P5 and final configuration will be

fi = 1% 252 ZPG 352 3P6 g 4 4P5 Q_,Valence shell (n=4)

35 [ 5 b g e 3 B T has 4s* 4P5
n=1 n=3 n=4 (% valence e”)
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(a) Which factors affect atomic and ionic radii ?
Ans.  There are factors which affects the atomic and ionic radii. Let us discuss them one

f Atomic / Tonic Radius

one.

(i) Effective nuclear changes

(i) Sh[eldinﬂ effects

electrons decreases which cause on increase in atomic and ionic radii.

(b) Using your knowledge of Period 3 elements, predict and explain the relative sizes of

i. The atomic radii of lithium and fluorine Period 3 elements

ii. A lithium atom and its ion, Li* Na Mﬂ Al TP e

iii. An oxygen atom and its ion, 0*

Al
| |
| |

b Lt B R I I
As the effective nuclear chanﬂe increases the force of attraction of nucleus | 1 :
increases on the valance shell electrons and size of atom and ion decreases. : :
| 0 |
| |
J

A Small Large

Atomic size decreases ——>

£

Ar

iv. A nitride ion, N7 and a fluoride ion, F~

Ans. 1. The atomic radius of Li is Sreo.f:er than F because when we move from left to n'jhf ki~ 3¢ F

the atomic size decreases.

it. The size of Li atom is greater than that of Li* because when the electron removed from Li Li+

Li to convert it into Li* the 2™ shell is removed so the size is decreased.

iii. 0% has greater size than oxygen atom because by gaining electron, the repulsions 02— >
between valence electron increases and size increases.

iv. N3 has Srea{er size than F~

NE_ and F~ are isoelectronic but NS_ has more -ve d'mrﬁe, on it and has maximum Ns- > F

electronic repulsion which increases its size.

A > {Quick Check 145

———— —

(a) Explain with reasoning -Following facts about ionization energy:

i. 1% ionization energy of Boron is lesser than Bery“ium. remove the most
ii. 1% ionization energy of Aluminium is lower than Magnesium. ( loasely bound electron
A from @ gaseous a.tom.J
i) T oA R

i. 1% ionization energy of boron is lesser than beryllium because of the electronic
con-FiSuraéion of Be. The Be has complete s-subshell due to which more energy is  E—
neq‘uirec[ to remove electron which B has partially filled p-subshell. |

be: 1626 6 1 22 2 [( [T ] Eeha

. increases.
ii. Al is present under B and Mg is present under Be. Mg also have completely \

filled s-subshell and Al has partially filled p-subshell so, that the 1% ionization |

energy of M& is Sreaf:er the Al. |‘ decreases.

(b) What trend is observed in ionization energy as you go down group 3? Give reason.
Group 3

B (2 shells)

Moving down the group the number of shells increases due to which atomic size | Al (3 shells)

increases, Zeps. decreases, shielding effect increases which cause decreases in Ga (4 shells)

ionizations energy as less amount o? energy s required to remove electron from the | In (5 shells)

atom, Tl (6 shells)

Ans. Trend in ionization energy

Rems A s s e e o s e e e e g e ] s o e i i e s e e il e e i s e oo ol oo

Tonization Eneer' (IE)
Energg required to

2

Reminder!

Down a groug l
IE 3ene§allgp l |‘

0

)

decreases
dﬂlllﬂ “’lﬁ
group

e



Explain with reasoning ‘Fgglﬁips facts about

®

Ans.

Quick Check 1.6

@

Ans.

&

Ans,

electron affinity :

15t electron a.f‘Finitﬂ of Oxygen is —141 kJ/mol but 0O (z2=8)
2nd electron G.H:fnitﬂ is +844.0 kJ/mol. i 15t o
27 electron affinity of oxygen is lesser than the 1 i::i‘fsi:\s
because as the 1%t electron enters in the valance shell 4 increase
it causes repulsions to increase between valance shell d,],
electrons now the second entering electron face more 4e” ‘an e
difficulty to enter in the valance shell hence electron ﬁ;;ﬁ?
inity d :

i i EA decreases
Which of nitrogen and phosphorus has the higher I'f(;ro-u_l_b‘“. (+ve value)
electron affinity ? Justify with reason. ST ; iy

| 4 I
Nitrogen has greater electron offinity as comparand to | p I affinity
phosphorus because P is present under N in the same | ﬁts . i::e‘“‘:\sa
group. We know that from top to down the electron 'II Sb : group
affinity decreases generally. W B

F has lower electron a.-FFinify than Cl although

=
its size is smaller. Explain whg? >
F has very small size and dense electronic cloud

Small size

S0 in comi.—-s electron is repelled consequently
Dense e cloud

F has less electron affinity than that of Cl.

Larger size

i Less dense e cloud
More repulsion

Less repulsion
Why noble gases (group-18) have positive 1=t E :
electron affinities ? Explain in terms of electronic ESuppve NP

Complete octet

C,on-Fi 9 uration 8e- (very 'Lsta.bl.e)
Nobel gases have completely filled valance shell 10p Adding e~
so adding an electron makes them less stable 1o E stobiliyy

and energy is reriuired to add an electron. Energy required

2e = EA is +ve

Tllustrate how does the metallic character vary in group 14.

In group 14 elements, metallic character increases as you move down the group.
This trend is due to increasing atomic size and decreasing ionization energy, making
it easier for elements to remove electrons and form positive ions.

- =il ¥ Metallic
! Group 14 L Non-metal =C Trend down the group: chordeter
: i ! J-L + Atomic size T increases
! Si : i~ Metalloid = Si and Ge * Tonization energy ¥ down the
: Ge : S * Electrons are lost more easily group

. g: ! }- Metals = Sn and Pb s Metallic character T

Iderd:;f‘nj semi metals in groups 14, 15 and 16. Nhj flmeﬂ are semi metals?

Ge in 14 Group, As, Sb in 15-Group and Te in 16-Group are semi-metals and are called
so because they have properties between metals and non-metals.

|

T‘ngs have intermediate
properties between
metals and nen-metals.

Group 14 Group 15 Group 16

Semi - metal Semi-metals Semi-metal

L Ge (Germanium) As (Arsenic) Sk {Anﬁm@v\a) Te (Tellurium)




~ [ QUICK CHECK 1.7 |

6) What is the nature of oxides and hydroxides of Na and Mg?
Ans.  Oxides of Na and Mg

i HE 4
Na,0 and MqO are basic in nature, these oxides | Na,0 + H,0 — 2NaOH { (Na;0 and Mg0 K

}
| .
produce alkalies when dissolved in H.0. :* B Pt
issolved in H, - Mg0 + H,0 - Mg(OH), i ( ionic in nature. |

______________________ |
N

N

TR e

(b) What could you predict about the reactivity of Ca, a group 2 element,
when reacted with water and oxygen?

Ans.  Calcium reacts with oxygen slowly in air -Forming protective layer of Q&Q

Note:

at room temperature when initialed calcium burns visorously formin& A o

red flame and CaO (Quick time).

reactive than

Mg but less

t2 By 02(5) (E:)_C_aff’ ﬁ rez.cﬁve than

When Ca metals reacts with H,0 it produces Ca(OH), and H,.
The reaction is slow.

group 1 metals.

/7 [ QUICK CHECK 1.8

IS

(a)  ZnO reacts with HCl to give ZnCl, | (b) Why AICl; is an acidic halide,

and with NaOH to give Na,Zn0. i but NaCl not?
Give equations and also predict R D iy B O hcsi
the type of this oxide? | - o AlCl; is acidic halide because when Acidic
Ans =% it dissolves in water it produces
{ Zn0 + 2HCl — ZnCl, + H,0 J strong acid and causes a decrease
— * Neutral

= in pH.
lr O 2 in P
L S50, MagH =7 NBZRT wHap J ® NaCl is a neutral halide when it

g e T S ) . s g . ;
/Gn() is amphoteric in nature dissolves in water it doesn't 14 Basic
change the pH of water.

because it acts as acid as well - pH scale
as base. ~
- - 2 —+ = S e s
(¢)  Predict whether the chlorides PCls, (d)  Would SO, and P,0; react with
NCl; would be acidic or basic, give reason. HCl and H,50, or with NaOH?
Ans. o PCly is acidic in nature because Ans. o S0, has no reaction wiﬂ;n HCI 502
it reacts with water and produce and H,50,4. It reacts with NaOH
HCl and H;PO,. Showing acidic property. and thus, it is acidic in nature.
[jas +4H,0 — H;PO, + 5HCI | S0, + 2NaOH — Na,SO, + H,0 |
; ® P,0s reacts as oxidizing agent ' P, 05 ‘jl
* NCl; is weakly basic in nature because when reacts with HCl and as g
on hydrolysis it yields NH; and HOCL. dehydrating agent when reacts
Since HOCl is a weak acid and NH, with H,50,.

is relatively strong base so it is | P05 + 12HCI — 2POCI, + 6H,0 ‘ (Oxidizing

base in nature. W 2% et } | “algenTt)r
K NH, + 3HOCL P.Os + 3H,S0, — 2H,P0, + 350, | U;ily;y)wﬂj




MULTIPLE CHOICE QUESTIONS

m Choose the correct one from the given options.

@ Which scientist first time observed the periodicity in the elements?

(A) J. Newlands

(A) J. Newlands (B) L. Meyer
(C) J.W. Ddbereiner (D) D.Mendeleev

Answer: J

@ Recognize the element if it has 3 electron shells, belongs to “s” block
and has 2 electrons in its outer most shell.

(A) Calcium (8) Sodium { Answer: ’
A) Calcium
(C) Magnesium (D) Potassium W
@ Which one do you think is correct about metallic character?
(A) It decreases from top to bottom in a group. Answer:
(B) Itincreases from top to bottom in a group. (B) Itincreases from
(C) It remains constant from left to right in a period. i batiemy
a group.

(D) It increases from left to right in a period.

@ Which property increases as you go down a group in the periodic table?

(A) Atomic radius (B) Electron Affinity Answer:
(A) Atomic radius

(C) Electronegativity (D) lonization energy

@ Which set of the following conditions results in higher ionization energy?

(A) Smaller atom and greater nuclear charge. Answer:

(B) Smaller atom and smaller nuclear charge. (A) Smaller atom and

(C) larger atom and greater nuclear charge. greater nuclear
charge.

(D) larger atom and the smaller nuclear charge.

-@- Note: The answers are based on fundamental concepts of the Periodic Table.




SHORT QUESTIONS

Q.2 Answer the following short questions.

What is 1 ionization energy? Give an example.
Ans. First ionization energy

“The energy needed to remove one electron from each atom in one mole
of atoms of the element in the gaseous state to form one mole of gaseous
1+ ions is known as 1%t ionization energy (AH;;).”

Na(g) — Na*(g) + e AH;, = 494 kJ mol™
Calg) — Ca'(g) + e AH;; = 590 kJmol™

@ Explain why sulfur has a lower first ionization energy than phosphorus.
Ans. Lower 1%t ionization energy of S than P
5P = 182, 252, ZPE, 352, 3P3
16S = 1s?, 2s?, 2p8, 3s?, 3p*
In case of phosphorous 3p subshell is half filled due to stability of half-filled S (3p%)

orbitals removal of electron is difficult and |.E is greater. In case of sulphur 3p

subshell contain four electrons so, Sulphur’s less stable electron configuration
compared to phosphorous reduces its L.E.

@ Why the elements in Group 13 to 17 are called p-block elements? & WA
Ans. p-block elements [ | | [
Elements in the periodic table can be classified based on the subshells

containing their valence electrons the element in group 13 to 17 are called

p-block elements because the valance electrons of these elements are in CyPeek Piock
the "p” subshells.
@ What are the factors that affect electronegativity?
Ans. Factors affecting electronegativity
i. Atomic size
ii. Effective nuclear charge
iii. Shielding effect
@ What factors are responsible for the the increasing reactivity of Li AL
‘ alkali metals as you move down the group? Na increases
Ans. Factors responsible for increasing reactivity K |.E decreases
Moving down the group size of alkali metals increase and tendency of Rb Reactivity
removal of electron increase due to their decrease in L.E that's why reactivity Cs .

of alkali metals increases down the group.

@ Why some of the elements show variable oxidation numbers while others do not?

Ans. Reason for variable oxidation numbers @ —
Some element shows variable oxidation number due to d/f-orbital

participation, inert pair effect and expanded octet.

@ Identify the element which is in period 5 and group 15?7 51
Ans. Sb (Antimony) Anﬁew
@r Why oxides of sodium and magnesium are more ionic than the Na,0 N,Og
oxides of nitrogen and phosphorous? @ @ 0= I*li— o] —I‘|~l =0
Ans. Reason for ionic nature o] o]
Oxides of sodium and magnesium are more ionic than the oxides of MgO POy
nitrogen and phosphorous because sodium and magnesium have large size @ @ZD 0= ||°- O I? =0
and law |.E and more electropositive nature and have low electronegativity 4 0 0

than nitrogen and phosphorous. Mbrelionic B inhic




Give reason for the different chemical reactivities of Na and Mg

¥ Na Mg
toward oxygen and chlorine. s - ibe
- N LN
Ans. Reason for different reactivity /i @ 1) A2y
I 1 [ 1
Sodium is more reactive than Mg due to its lower ionization energy i / W\ /)
and more electropositive character and has greater tendency to lose g b\..:://
its valance electron than Mg. sodium has single valence electron but ;
Mg has two electrons it must lose two electrons requiring more energy. Ceprabe pis Higher L.E P
More electropositive  Less electropositive
More reactive Less reactive

Why the ionization energy of lithium is much lower than that of helium
despite the fact that the nuclear charge of lithium is +3 and that of

helium is +2.
Electron in Liis

Ans. Reason for lower ionization of energy oD (o T
oHe = 1s2, sLi = 1s2, 257 nucleus, so it is
. F easier to remove.
| L.E of lithium is much lower than that helium :
| i 4R ; Hence, L.E of Li
because size of lithium is greater than helium N

removal of electron from 2nd shell is much 1 shell B than He.
easier as compared to 1% shell the outer (Elosen ssrﬁa“er) (fa rtherslaerger)
electron of lithium is farther.
e =
@ The ionization energy of Be (atomic no. 4) is higher than that of
B (atomic no. 5), despite the fact that the nuclear charge of Be
is +4 and that of B is +5. Be (Z= 4) ' B(Z= 5)
1
Ans. Reason for higher ionization of energy 152 | IsgN 257l
1] I [ Y [t
]
“Be” has higher |.E than “B” because its 2s? |
electron is more tightly bound (stable full Ts | 1s 2s
subshell) in other “B” has 2p' electron which ( 252 :stable full | d 2p1 : more shielded.
is more shielded and feel less nuclear subshell (more tightly less nuclear attraction
attraction and easily removed. | bound) — higher LE — lower L.E
=& _ = p—
.
What is common in Na*, Mg?*, AI3*, Ne® and F~? Arrange them in
increasing order of sizes. Shaciss No. of | Nuclear charge
Ans. Common thing ey Melectrons (+2)
Ten electrons are common in all given species. E L &
Ne© 10 10 As nuclear
Increasing order of sizes Na* 10 n charge
2 increases,
F- > Ne® > Na* > Mg?* > AP h:lgs: :g :; size decreases.

@ Consider the chlorides of sodium, magnesium, and phosphorus: NaCl, MgCl,, and PCls
(i) Classify each of these chlorides as acidic, basic, or neutral.

Ans. Nature of chlorides NaCl

NaCl Neutral chloride

MgCl, Neutral chloride

PClg Acidic chloride

No hydralysis No hydrolysis

{neutral) (neutral) PClg + H,0 — POCIy + 2HCI
(forms H* in water)

(ii) For each chloride, briefly explain the reason for your classification, g/
— acidic

referring to their behaviour when dissolved in water.
Ans. (For answer to this question, see article 1.9.2).
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