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Writihg a book is an endrnidus ﬁx}dertakjng, and although the _aufhorfs name is the one
appearing on the cover, the book in your hands is the product of many people’s input,
I'd like to thank the following for their _ihvaluable input towards this book.

"Mr. Tukesiga David offered unwavering support towards the technical review of
.Chapter 2. David has a'very long history of teaching and examining chemistry at E

‘various levels of education, He is cuirrently teacfﬁng at Old Kampala S. 5., in addition to

“other responsibilities. T am really g{-ateful for his dedicated support and kind comments.

Mr. Baf<ebwa Nathan, another e:gSerienced teacher framf_Gay_aza High School. Nathan
has an over 15 years experiencg.bf chemistry teaching and examining. By the way,
Nathan skipped his Christmas Holiday to review of Chapter 6 of this book. Nathan, I
am specifically grateful for insightful feedback. L

This list would not be complete without acknowledging Hajj Kigozi Hassan, of
Kawempe Muslim S. S. T first met Hajj Kigozi, as a Cherr;iétry teacher, many years back
and have grown to know him as one the best teachers this country can offer. It is safe to -
say he has got a vast experience in examining this subject most especially paper two. I
am so proud for his acceptance to be part of this book specifically towards the review of
chapter 3, _

I'met Mr. Okwee David two years back and one of his traits that can’t g0 un-noticed is
his passion for research. He is a Chemistry teacher at St. Mary’s College Kisubi. I am so
proud for his, association with review of this work.

-

The listing would be biased without the input of a woman. Women have taught us to
feed, talk, and everything in between since childhood. I am so grateful to Ms Nalumansi
Irene for her technical review of a vast part of this book. Irene diligently turned my
often incoherent ramblings into a far more readable and palatable format. Irene is a
teacher at Kitante High School. :

Lastly, of course but not the least, I am so indebted to Mr. Ofwono Steven. Steven saved

-what's left of my sanity by helping out on late-stage chapter reviews, Mr. Ofwono

Steven is a teacher at Lubiri S. S,

Of course, a big thanks to all my readers, you have kept me moving over the years.

A sincere thank you is also in order for my family and friends just for being there, and
for dragging me away from the laptop on occasion. .

Any errors in this book are mine and mine alone.
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It s here; the long awalted ”Teach Yourself A-Level Inorgamc Chemistry” is now on’

the book shelves. I thank my readers thathave always called me. and pattenﬂy wa1ted
for thls book ever since I announced it back in 2012. T warlt to assure you all that it's
been worth the wait. '

Textbooks are often too detalled and complex to be understood by an average student;
~ pamphlets are too 51mp11ﬁed to the exduswn critical details. “Teach Yourself A-level

. Inorganic Chemistry” stands in the middle 'of the two non-overlapping worlds of -
textbooks and pamphlets. At the heart of this book’s presentation is the belief that
chemistry is for everyone. With straight forward illustrations and searnless integration
with “Concise Solutions to A-Level chemistry paper one and two — a book by the same
author”, T am convinced that this book will deliver the anticipated success to its readers.
This book presents an approach to inorganic chermstry where understanding from first
: principles and simplicity are front and central. My empirical analyses confirm that
learning from first principles is permanent and pleasant.

Nobody likes to wait, so we have made this book brief and straight to the point; you
will find explanations in this book simple and straight forward. Great effort has been
taken use examples and illustrations taken from the- local environment of the reader.
We understand that searchmg for information from cluttered text canbe a tad
inconveniencing and frustrating; while designing this book, we kept the ease of finding
information at the forefront. With features like tables of content, lists of figures and
tables, index, interlinks to various parts of the book, and a summary of objectives at the
beginning of each chapter, we are sure that your reading experience will be pleasurable.

Once again, thank you for choosing this book and enjoy using your book |

MNtanda Moses
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" Who should read this book?

This book is especiaily suitable for students preparing for Uganda. Advanced Certificate
of Education (UACE) eicaminat-i_ons. Because of its simplified explanations, the book is
suitable for both students starting their advanced level course in 55 as well as those
fina]izing'ﬂ-léir course'in 5.6. Explanations in this book can easily be understood
With_out external assistance. f; | | R
How this book is organised? /"J , L - : _
The chapteré in this book can be read independent of each other. Where knowledge
from another chapter is requj:e';i, it is always pointed ot through cross references.

However, we recommend reaﬁing Chapters 1 and 2 before reading other chapters.

‘These two first chapters contain several foundational principles. For beginners, we

recommend reading the book cover to cover. : .
&

Conventions used in the book
This book uses the following conventions:

Effort has been taken to include alternative explanations or equations where

appropriate. In cases, we use the convention “OR” to represent these two equivalent.
alternatives. B
Example:

Factors that affect ionisation energy include screening (or shielding) effect.... ‘
The above example illustrate that screening and shield are equivalent terms and you
choose only one of them wheh answering questions but not both.
References to other sections of the book are written in italics
Example: |

Melting point depends on number of valence électrons and metallic radius — Section
4.2.2 | o
The above example directs the reader to section 4.2.2 for a more detailed explanation on
factors that affect melting point. ' . |
Some references in the further section are written ag P1 2004 Q4 which medns go to
paper one 2004 question 4 in another book by this author called Concise solutions to

UACE Chemistry Paper One and Two.




Errata - .- . o . o
Although have taken every care to ensure the accuracy of cohteﬁts of this book,
mistakes do happen. If you find a mistake in this book—maybe a typing or technical
error—I would be grateful if you would report this to me. By doing this yo.‘u can save
other readers from ffuétraﬁonf and help to improve subsequent versions of this book. If o

* you find any errata, report them by visiting http://wWw.conciseb'ooks.info/ér_rata Once:

* your errata have been verified, your submission will be accepted and the errata

corrected in subsequent editions of this book. Existing' errata, if any, can be viewed by

visiting http://ww.eoncisebooks.info/ errataﬁriew.php
" S

Join our discussion forum ; _

Besides the usual social fads like Facebook""énd Twitter, there is need for a special forum
where serious scientific academic work can be discussed and ideas shared. 1 welcome
you to our forum where you get to share chemistry knowledge with experienced
chemistry scholars. At this forum, you get to ask questions and get answered by
experienced science teachers and students. Come sharé ideas at

http:/fwww .concisebooks.info/ forums/

We want to hear from you
As a reader of this book, you are our most important critic and commentator. We value
your opinion and want to Know what we're doing right, what we could do better, what

areas you'd like to see us publish in, and any other words of wisdom you're willing to

pass our way. Give us your feedback at http://www.concisebooks‘info/feedbac_k[

What a few others say about this book?

The book discusses the detailed chemistry of group(IV) elements and is in line with
UACE syllabus. It's a work well-done and 1 highly recommend it — Nathan Bakebwa,
Gayaza High School. '

1 am confident sure that the book will help learners acqire the required skills of the
subject. Thank you for the great deal of work — Nalumansi Irene, Kitante High School.

I highly recommend this book — Tukesiga David, Old Kampala 5. S.

Thanks for the effort. I highly recommend this book — Kigozi Hassan, Kawempe Muslim

5.5.
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1 1 Introductmn

As a result of éarly experiments in physics and
!

chenustry, it is now known that an atom consists of .
three fundamental sub—atoxmc partlcles the electron,

i proton, and the neutron. Table 1.1 ‘summaries the

characteristics of these particles.

Subatomic particles

'?artide Mass Charge | Symbol
Proton 1um't +1 P
Electron o35 Unit (negligible) | -1 e
Neutron | 1 unit Neutral |n

The history of the discovery of the atom'’s structure is
interesting but outside the scope of this book.

However, evidence on which atomic theones are

based will be discussed in subsequent sections of this chapter.
1.2 Dalton’s Atomic theory

Dalton, in his atomic theory, proposed that;
~ All matter is composed of atoms.

‘Atoms cannot be created, divided, or destroyed.

All atoms of one element are alike and different from those of any other element.




o Chapterl Atorruc Structure '

Atoms cornbme together ina ratio of smallwhole nnrnbers, and the compounds

f.ormed are held together by forces of chemlcal affinity,

* However, Dalton’s atomic theory has since been modified to embrace new ﬁndmgs. The -

' rnod1f1cat10ns mclude, but are not llrruted to

— Atoms can be created divided, or destroyed in nuclear. changes but not in chemical - -

changes.. _
— All atoms of any one glement are not the same (as in the case of isotopes) but.are .

| different from atoms of any othe‘r element.
1.3 Dlscovery ofcathode rays. o | T,

Crookes chscovered that when a high voltage 18 apphed to a gas at a low pressure ina
discharge tube, lurmnous rays are observed to move from the cathode to the anode, it
did not matter what gas was used, giving a strong evidence that these rays/partlcles
were common to all elements He called these cathode rays since they move from the
cathode.

Cathode rays have the following properties;

—  When they fall on glass at the end of the discharge tube, they cause if to fluoresce
with green light. These rays also cause many other substances to fluoresce for
example zinc sulphtde coated in television tubes. _

— Whena solid obstacle is placed in their path, they cast a sharp shadow at .'the end of
fhe tube, showing that they travel in straight lmes | |

— They are deflected by electric fields towards the positive plate showmg that they are
negatwely charged. | '

- »They are deflected by magnetlc fields in a direction which would be exoected for

negatively charged particles.

ot
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' Chapter 1 Atom:lc Structure
A freely moving paddle wheel placed in the1r path, is set in IIlOthIl showmg that
they posses momentum

- They can penetrate thin sheets of metal such as alummlum showmg that they are

smaller than atoms.

_ Later, J.]J. Thompson Was able to detei'mine the Vélocity of these particles and their

maSs/chai'ge ratio usi;ng the apj::)ératu;é shown m figure 1.1.

It can therefore be concluded that gases are good conductors of electrlczty at low

' pressures Discharge tubes are commonly used in fluorescent lights and neon
- ,/ ‘

advert[smg signs. Y )
HIO1 N Thompson's apparatus_.for determining e/m for the electron !
‘ : - Fluoreseent
High woltage souree . . . Soean

Cathipds . Megative piste carrying
, _ . adjustable potential

Figure 1.2 shows neon advertising signs taken from Kampala city.

: 'Fi"gure 1..2‘ M Some neon advertising signs at Garden City, Communications house and Fairway Hotel

Electrons can be produced by other means,
et Desidles d15charge tubes. They are given off
when metal filaments are heated, when metals

~are exposed to light (for example in photoelectric

1oNS House

cells), and when two materials are rubbed

together. Production of electrons from so
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Chapter 1 Atomic Structure o '

many substances gives evidence that electrons are one of the basic constituents of -

- atoms. -

14 Discovery of protons and neutrons
Since atoms are electnca]ly neutral they must confain an equal amount of posﬂ:we
charges to counter the negahvely sharged electrons in an atom. For a long time, atoms

were thought to cons1st of eléctrons and protons. Later, it was found that when

beryllium i is bombarded with x-rays, particles were given off which had properties

quite different from those of protons and electrons. They weté not deflected by electric

fields or magnetic fields. They ﬂterefoi:e possessed no charge. Chadwick showed that
the new particles had almost the same mass as protons. They were named néutrons, T
since they were neutral. Later ekpe'riments showed that all atoms contained neutrons

[

except hydrogén.
1 5 Discovery of x-rays, a-particles, B-partlcles and y-rays

Rontgen (1895) dlscovered a penetrating radiation emitted from discharge tubes, whlch
appeared to originate from the anode. The radiation had the following properties;

— It blackened wrapped photographic film.

- It ionised gasés allowing tttem to conduct electricity.

— .. It made certain substances to fluoresce e.g. zhtc sulphide. .

— It had no charge. | .

This radiation was named x-ray, and is now known to be p_roduced whenever fast- |
moving electrons are stopped by impingihg on a target. The excess energy appears
mainl).z in form of x-radiation. | T
In 1886, Bacquerel found that a crystal of Uranium salt blackened a photographio plate,

even in complete darkness. This suggested that some rays were emitted by Uranium.
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| V_Ch'apt_er 1 ‘ Atontic Struéﬁrre
'J Later on, two new elements; Radium and Poloruurn were dlscovered to gwe off more
rays, thus more radioactive than Uramum .

‘Curies and Rutherford mvestrgated the rays grven off by Radmm and wete estabhshed |
.to be of f;hree kinds: These were labeled a; B, and y accordmg to thelr penetratwe power -
F1gure 1. 3 shows a dlagrammatrcal representatlon of the apparatus used in the

dlscovery of theserays. . -

| Mect of magnetic el on radiation emiited by radiam  *

0

£ —rays o B

Radlum salt

‘Lead hlock /
i

\\

a-rays
e These have the least penetrating power, They can be stop}ﬂed by’a sheet of paper.
~+ They are deflected in a direction expected for positively"charged pert;i'cleé .

o Theyarea hehum nucleus havrng a charge of +2 and a mass of 4 units i.e. jHe

B—partlcles

These are more penetratlve than cr-partlcles They can penetrate a thin sheet of
aluminum. o
« A maghetic field deflects them much more s-t'rongly'thar'l ra'-particles, Ashowir'lg
 that they are lighter than a-particlee. They are deflected in a direction e:cpeetec?l- R

for negative particles.




£

Chapter 1 Atomlc Structure

o Theyhavea charge of 1 and neghglble mass, thuS'they are identical to electrons
ie. _Je
Y- rays _
« Theseare the most penetratwe
s They are not deﬂected by a magnetic field, thus they are neutral

» They are extremely dangerous to living creatures.

1.6  Radioactivity

1. 6 1 Introduction : :

" Rutherford put forward a theory of radloacu\nty in which he suggesféd that

radioactivity is the disintegration (o7 decay) of heavy unstable atoms to form simpler
stable atoms with emission of radiationg. Types of radiations emitted during
radioactivity include o, B, and y rays. Examples of radioactive atoms include radium,

uranium, bismuth, and all other atoms of atomic mass higher than that of bismuth.

Examples
2077y ——— 20Pb +_Je 223pg —— §3Rn + 3He
214p; ——— 3f +2a+ “§3Pb

Note

— The above equations aré completed by ensuring that sum of ;a'tomi‘c fiumbers and
sum mass numbers on both sides of each equatlon balance. e.g. in the first equation
 atomic number on left hand side is 81 while sum of atomic numbers on right hand
side is also 81 (82 +71) |
_  An element is uniquely mden{:ified by atomic number but not atomic mass é.g. both

207pp and *35Pb represent the same element, which is lead.

e



. Chaptér 1 Atomic Structure
1.6.2 - Nuclear fissmn and nuclear fus:on .
. Nuclear Fission
This is a nuclear reaction in which the nucleus of an atom splits into hghter nuc1e1 with
emission of Iarge amount of energy'and radiations’ such as neutrons and pan'otons
Fission is usual]y ind uced bya neutron The composmon of the products of ﬁ551on is
usually unpredlctable, which dlsnngmshed it from reactions like. alpha-decay that |
produce the same products cons1stently An example is the fission of Uramum which
' may produce Banum and Krypton in one case or Xenon and Stronfium in another case,
Nuclear fission is accompamed by shooting out of two or more fresh neutrons; the fresh
neutrons may also induce another nuclear fission causing a cham react:on The equation
below shows fission of Uranium and its chain effect is shown in flg'LlI'E 1.4.

VBU I — 28U — 2y 4 ‘8iBa +3}n '

':"F'igu'r'e‘ 1.4, [P fission of Uranjum

Energy obtained from nuclear fission has been
applied in atomic bombs and atomic power plants.-
| The first atomic bomb dropped on Ja;laah in 1945
derived its energy from an extremely rapid chain
reaction of a few kilograms of Uranjum., At'omic
power plants produce tremendous quantity of

electricity
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erclear F trsibn |
This is the joining together of.two or more nuclei Eorferm a single heaﬁier nucleus, usually
eccompanied by absorpﬁon of energ.y'.

2D-+»3T ———>2He+un+ energy _
Fusion is the process that powers hydrogen bombs Smce nuclear fusron reqmres very
high temperatures to occur, it is often described as a thermonuclear reaction.
Thermonuclear reactions occur in the sun and other stars, producing very high

{

temperai:{ires. o . /
1.6.3 Stability of a nucleus . o

Nuc1e1 of radioactive atoms are unstable. Unstable nuclei have a tendency of emitting
radlatrons There are no concrete theones to explain why some nuclei are unstable
whereas others are stable. However, general observations Based on available stable
isotopes indicate that neutron to proton (n/p) ratio is a dominant factor in nuclear
stability.

Some nuclei are unstable because they have a higher neutron to proton ratio than
required for stability; others are unstable simply because they are too heavy for
stability. Figure 1.5. shows a plot of number of neutrons against number of protons for
known stable nuclei. All stable nuclei lie within a definite area called Zone of stability
(or stability belt) "

‘The figure indicates that nuclei with low atomic numbers are stable when their n/p ratio
is very close to 1. As atorni_c number increases,‘ the stability zone corresponds to a
 gradually increasing n/p ratio.

Gaining Stability

In an attempt by an unstable nucleus to reach a stable arrangement of its protons and
_neutrons, the nucleus spontaneously decomposes, to form different nuclei with emission

of particles. In the process, its number of neutrons or protons will change forming a




B Chépterl At_omic Structure
A'different.isotope or element respectively. This decomposition of the mlclé'if_i_s{_,lﬁnownj as

radicactive decay. Nuclei gain stability by beta decay, electron capfure or 'a.lpha decay.

g1 Neutron to proton ratio for nuclear stability

[

T
& a-d
hut a-deca . .
= . AN 7 ‘
g o i n/p=1
Y I . !
(] / : 1
R . / : H
g "f' . / . |I
/
: . 4
c electron capture e
. ‘ stability zone
B-decay : Y 5 '
\ : ! '
| ; ; s
! ' '
: : E !
*.= s i s‘
0 20 40 60 80 -
number of protons
Beta decay

An unstable isotope that lies to the left of the stability belt (position X) is neutron rich
and undergoes beta decay to gain stability. .

t

- Through beta decay, a neutron from the nucleus splits to convert into a ‘proton with

emission of a beta particle; the proton remains in the nucleus but the beta particlé

(electron) is ejected. This increases the number of protons in the nucleus by 1 and

reduces the number of neutrons by 1 thus moving the isotope towards the stability

zone. In this case, scientists say that a new element has been formed and call this
transformation.

on— Je+ 1p
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Example B
32p ———? ble + 1 S

, Electron capture (also known as positron em:ssmn)

An unstable nucleus located at the nght of the stab111ty zone is proton rich and
| undergoes electron capmre to gain stabﬂ1ty '

By this process, the nucleus captures an electron from its innermost shell. The captured
- electron combines with a ‘proton to form a neutron This increases the number of
* neutrons by 1 and reduces the number of protons by 1 thus shifting the ISOtDpE towards
the stability zone. - N , -
P+ D ——n |

Example

i . .. "
Na+_16‘ —_— 10Ne - * 1

Note that equation * can alternatively be written as -

23Ng — Je + i3Ne
The particle %e 15 ealled a positron thus beta decay is also known as positron
-decay/emission. -
Note that a pdsitron is an antielectron having a charge of +1; it is usually represented as
et or 8*. -
A.'pha decay
Almost all isotopes with atomic number greater than 83 are unstable. Very heavy
isotopes gain stability by alpha decay. By alpha decay, atomic number of the isotope

reduces by 2 while atomic mass reduces by 4.

" Example

238U R 4He+234Th
‘Uses of radioactive isotopes

— Treatment of cancer

10




g ' penetratmg radlatlon _ from‘ phosphorous-B?. - l"

- -_Studymg metabohc pathways S an Lo
| . Radloactwe :sotopes are used to trace the uptake and metabohsm of vanous |
Ar- elements by animals and p!ants the metabohsm of phosphorous by plants can be
'.".:'T"Studled using a fertilizer contalmng phosphorous-32 Iodme-lSI has been used in -
l:he chagnosu-: and treal-ment of thyroid dlseases |
- - Determmahon of thlckness of gauges and empty packet detechon
o lThe radxatlon that goes through a matenal decreases as the matenal gets thlcker N
thus, the amount of penetratmg beta or gamma radlahon can be used to estlm,ate
the thlckness of various materials such as paper, metal or plashc ST
~ Carbon-14 dating |
: Living plants and animals have an}a_lmost‘constant amount of carbon-14._ On
death, carbon-14 of the plant or animal begins to decay. The remaining carbon-14
at any time can be used to calculate the age of the plant or animal. -
— Sterilisation of surgical 7irvlstrumeuts ' '
Radioactivity is morel effective than boiling in sterﬂising surgical .insf;'uments. :
~ Detection of leakages in underground fuel pipes and water plpES
Underground pipe leaks are detected by introducing a short—hved 1sotope into
the pipe. The level of radiation on the surface is monitored. A sudden mcrease of -

surface rad;oachwty shows the location of the leakage

1.6.4 Radioactive decay equation |
Suppose N, is the initial amount of a radioactive sample and let N, be the amount of the

sample remaining after time t.

11
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:The rate of rachoacnve decay is proportional to the amount of the sample rel'n'a_in-ing"at

any time. Mathematically, this is expressed as;
sign.

We integrate the above equation to y1e1d the radioactive decay equati‘on as shown

; %r_ x N % means the rate of change of N, with time t)

Note that since the amount is decreasmg (decay), we precede the rate by a negatlve ( )

We can ehmmate the proportlonahty s1gn by mtroducmg a constant, thus; .

- dcﬁt = kN where k is the decay ccmstant

below.
-] Kdt
+  InN,= —kt+c wherec is a constant of integration. - ‘ . .
Butatt =0, Ny =N, ~InNy = —kx0+c c=1nN,
o N, = —kt+InN, ' -

Equation ** is known as the radioactive decay equation.

Half life (tl) '
Thls is the time taken by half the original amount of a radioactive sample to decay. It is i

usually denoted by t1.

- amount

12 !
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Consider the rgdibactive decay _équatz'on below
InN, = —kt +inN,
At ti, Ny = IN,
z ‘ .. - ’ R .
“lnfe= Skty+lnp, -
ktr = lnN — ln—
ln Nyx = —an o
n(txg) -z

in2 /1
BT

f

(ST

¢
Examples | ' -
1. The initial count of a rachoachve nucleus was 680 per second After 350 seconds the '
count rate was-125 per second. Calculate the,
(a) decay constant '

(b) half life of the nucleus.

Solution
(a) Using InN; = —kt +1InN,,
‘N, =680, N, =125, t=350 thus

In125 = —350k+1In680; - k= L S = 4.839x 1073 per second
_ Iz _ o0em3 _ 2
(b) t% = % T iomexiol 1.432x10 secondsA

2, When a radioactive isotope was stored for 42 days, it retained s of its original

activity. Calculate the half life of the isotope.

Solution _
Using InN.= —kt+InN,; - Ne = oNy, t=42days
- InzN, = ~42k +InN,; k= Llnfxs =4.951x10"2 perday

In2 0.693

L= T w14 daysl

13
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1.7 R_ﬁthér-fb:d’s nﬁclear model of the atom

Rutherford found out that when alpha particleé are directed towards a very thin‘ sheet

of gpld, thé maj?'_rlity' of the particles passéd.t‘h_rough straight with no change in .

| direction. A few, however, wére deflected through angles as great as higher than 90°.
Figure 1.6 i]lﬁstrates Rutherford’s observations. | o
Rutherford made the follbvﬁng conclusions;

- Since alpha particles wefe posiﬁv_ely-ch'arged, the deflection ‘Could have been caused

bya positive charge in the atorﬁs of géld. ’ V |

— . Sincejusta few particles were deﬂe'&ted, the positive charge }6r:f\s the.smallest part

of the atom.

Flgurelﬁ RN s cattering of @ —particles by nuclei of metal

’fo explain the above conclusions, Rutherford suggested an atomic model in which all

protons were collected in a small central nucleus. Electrons were picﬂired to rotate

around the nucleus so as to make the atom neutral.

— Since most of the alpha particles were not deflected at all, Rutherford conclud.ed that
a vast part of the atom consisté of an empty space.

_  He further suggested that electrons were prevented from falling into the oppositely

* charged nucleus by a centrifugal force.
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Later on, neutrons Were dlscovered It was necessary to mcorporate the neutrons in the

nucleus as well,

. 1.8 Electronic structure of an atom

'1.81 Introduction

So far, little has been dlscussed about the arrangement of electrons m an atom. This
sectlon will focus on the ev1dence for EXIStEI'lCE of energy levels within an atom.
Electrons occupy energy levels 1n atorns

Rutherford s model of the atom suggests that electrons. rotate around the nucleus. The
electrons are' prevented from. falhng into the nucleus bya centnfugal force. However,

since movmg particles ra\jlate energy, then we would expect the velocity of electrons to

decrease Decrease in veloc1ty would, decrease the centrifugal force, eventually drawmg

the electron to the nucleus. However, this does not happen thus the electron part of

Rutherford’s model was d15carded soon. The concept of the nucleus however remained.

'1.8.2 The emission spectrum of the hydrogen atom

The hydrogen spectrum is a series (or group) of lmes some in the visible region and
others in the invisible reg-ron. In each series, the spacing between the adjacent lines
decreases as the frequency of the waves giving the lines increases: (or as wavelength
decreases). The de_&ease in the spacing is caused by decreased nuclear attraction on the

electrons resulting into a continuum in each serijes,

| Figure 1.7 RIS hydragen spectrum

Increasing frequency {or decreasing wavelength) —_

™Continuum

Layman series Balmer series o Paschen series

15
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. Formatmn of the hydrogen spectrum |

When electncrty is passed I:hrough a dlscharge tube contauung hydrogen gas atTow

' pressure the molecules break up mto smgle hydrogen atoms. The smgle electron of the .

hydrogen atom absorbs energy and is promoted from ground state (energy level n—l)
hlgher energy Ievels Where it becomes tinstable. When the electron falls back to the .
ground state, energy is given out in form of radiations of particular wavelength This

_ gwes rise to the emission spectrum of hydrogen recorded on a photographic plate. .

The electron may fall back duecﬂy to ground state or it may fall in steps through

| different energy levels (n=2, n=3, etc). To,—each energy level the eléctron falle a different
series of line is forrned for example the halrner series are formed when the electron fall
back to energy level n=2. ‘V

The frequency of the radiation depends on t‘he energy emitted. Therefore the size of the
fall will determine the--f-requency of the radiation.

Figure 1.8 . Energy levels for the hydrogen atom and transitions giving rise to various series

n

Oy~

Pfund

A
Brackett

£ U

Paschen

A

Balmer

Layman
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: Chapter 1 Ator:nic Structur
The Balimer series was the ﬁrst to be drscovered smce it lies in the v151b1e Tegion. Later
on, Layman (in ulim v:olet region), Paschen Brackett and Pfund series > were also
discovered. | |

- The wavelength of the hnes and the senes to Wthh they belong are related by the |

'equanon

" Where A= wave length of a partxr:ular line
RH Rydberg ] constant (109678 crr 1)
n =energy level to which the electron has fallen K
m= energy lev‘el from which the electron has fallen

Table 1 2. shows the values of mand n for the different line series.

B Table 1.2. Emission line series and their regions

n m Regmn of the series
2 7 34,5 et V]Slble
4

A5G ete: TREATed:
5".6:.2{‘&? Infra red »

Brackett L E oo

Example

Find the wavelength of the line formed in the Balmer series when an electron falls from

the third energy level.

1

1= Ru(E-) = 1=109678(2- 1) ; A=0.00006565 cm
When an electron drops trom energy level Ez to energy level E,, the frequency of the
radiation emitted is related to the energy change by;

E=hy where E is the energy change (Ez — Ei)

h is Planck’s constant (6.6256 x 10 ]S)

i7 !
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- s frequency of the radrahon R
Note that v:u A e

', vardence"of exrstence of energy Ievels in atom

The hydrogen spectrurn prov1des an evrdence for extstence of energy levels w1thm an.' :
* atom. ’I'hls is because, PR | | 2 '
- Hydrogen has ‘one electron yet 1t produces a spectrurn contammg many lrnes
. .'I“here are several series of hnes e.g. Balmer senes Layman S serles, Pfund etc. Each -
..serles represents a parttcular energy level to which an electron returns. .
— The spacmg between ad]acent lmes in’ each series dlffers

.- There isa contmuurn in each serles of lmes fe

= -The: light glvmg each line is of defrmte energy or frequency

L 8 3 Bohr S explanatlon of the hydrogen spectrum
| The or1g1n of the hydrogen spectrum was explamed by Bohr applymg Planck’s

quantim theory

“The quantum theory postulates ghat matter cannot absorb or emit energy in continuous

amounts, but only in srnall d1screte unlts called quanta. |

Using the quantum theory, Bohr made the following suggesnons,

- The electron moves in an orbit around the central nucleus and only certain orblts are
| aIlowed | | 7' |

- No energy is radlated by the electron while it is rotating in a perrnissible orbit
V(energy level}. 'The energy levels were des1gnated using quanturn numbers 1, 2 3
etc. - |

- Under normal circumstances, the electron occupies the energy Jevel nearest to the

nucleus (n=1). It is then said to be in ground state.

18
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- When an atom is given energy in form of heat electric1ty or- hght the electron ]umps
o to one of the hlgher energy levels hence gethng exc1ted L
_ The exc1ted state is unstable and there is a strong tendency for the electron to return
._.togroundstate [ o e | | - o
- 'The retirmn may oceur m one step or in stages To whatever level the eIectron returns,
it.emits some or all of its surplus energy in form of radiatlons The frequency of the
- radiatton depends on the energy difference between the two energy levels ThlS is - |
- 111ustrated by ﬁgure 18. / | . o L
Since the discharge tube contams mﬂhons of hydrogen atoms the atoms ‘may be excited
to dlfferent extents. Therefore electron transitions of many Kinds may take place thus ,
the different series of lines i 1n the hydrogen spectrum ‘
The differences in energy levels become smaller w1th increasing distance of- the eriergy
levels from the nucleus. The convergence limit is reached when n = o0, a5 1llustrated by
figure 1 8, | | |
When'an electron jumps. from n = 1 to'n = e, the electron is said to be completely

removed from the atom. The atom is said to be ionised and the energy requlred for ’rhis

change is called lonlsatlon energy.

1.84° -‘Electron distribution in atomis

~ Within-an atom, electrons occupy energy levels. E'I'ectrons" occi:pying thelsame -energy

level are said to belong to the'same quantum shell. The energy levels are denoted by
numbers 1, 2, 3, etc or letters K, L, M etc. |
A graph of ionisation energy against number of electrons removed fr_orn an atom gives

evidence for existence of energy level.

~ Ionisation energy is the minimum amount of energy required to remove an electron

from a gaseous atom or gaseous cation to form a gaseous cation.

19
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If the electron removed is the first to be removed from that atom, then the. energy is -

referred to as. ﬁrst 1omsat10n energy. TF it is the second electron, then lt is second

'1omsat10n energy and.so on. Flgure 1.8 shows a plot of log 1omsatlon energy (I E)

agamst number of electrons removed from a gaseous atom of potassmm '

~ Figure 1.8 Graph of lomsatlon energles against number of electrons removed : !

It should be noted that; ~

e

A

log 1.E; /KIrnol™

—
L

number of electrons removed

the electron with the lowest ioru'sation energy‘is one which is far-most from the
nucleus.: Therefore the electron in energy level N is the outermost.

after removal of the first electron, there is a sudden very big mcrease‘m energy
required to remove the second electron. This shows that the second electron is bemg :
removed from a new inner energy level (shell). o

from the second up to the ninth electron, increase in ionisation is gradual. However,
the tenth ionisation energy is abnormally higher than the ninth. This shows that the
tenth electron is being removed from a new. shell.

from the 10" to the 17" electron, increase in jonisation energy is gradual However,
there is a steep increase in energy required to remove the 18" glectron showing that
th.e 18" electron is being removed from anew shell.

the atom has four energy levels, thus it belongs to period four.

the atom belongs to group one since the outermost shell has only one electron.

20 : :
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- the atomlc number IS 19 since a total of“l9 electrons have beerl removed

- Example '

The table below shows the 1omsatlon energles ( in KJmol ) of ﬁve elements lettered A,

.‘BCDandE

Element | ‘1*ionisation | 2 jonisation |- 3 ionisation 4% jonisation
o f" energy energy s energy energy

A 500 4 4600 6900 9500

B 740 -/ 1500 7700 10500

C 630 1600 " 3000 4800

D 900 -/ 1800 ~.14800 | 21000

E 589 / 1800 2700 11600 |

(a) Which one of these elernents is rnost likely to form an ion with a charge of
1?2 Give a reason for your answer,
(b) | To which group does B belong? Give a reason for your answer.
(c) ‘State two elements which belong to the same group in the Periodic Table
"and the group to which they belong.
Solution |
(a) A: The difference between the first and second ionisation energies is-very hlgh
compared to the dlfference between the second and third ionisation energies as

well as third and fourth ionisation energies.

- (b) B belongs to group II. This is because there is a very big difference between the 2nd

and 3" ionisation energy as compared to the difference between the 1t and 24
ionisation energy  as ‘well as to the 3+ and 4" ionisation energy

(c) B and D be]ong to the same group which is group I

The major energy levels are subdivided into sub energy levels S (or sub shells) and are
desigiiated as s, p, d, and £. The sub- -energy Tevels also differ in energy. The sub-energy

21
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.

- levels contam orbltals into which electrons are 1ocated Each orb1tal takes a maxlmum of

two electrons. 7

- The s sub- -energy level has one orbital and therefore takes a maxunum of two -
electrons.

. — Thep sub—energy level has 3 orb1tals and therefore takes a maxmlum of six.
electrons. S : :

- Thed sub~energy level has 5 orb1ta15 and takes ten elect'rons

= The f sub-energy level has seven orbltals and takes.a maximum of fourteen

~ electrons. ;
An orbital is that volume of space around the nucleus where there isa high probability

of finding electrons. | e
‘Energy level Sub-energy levels
I 1s
) 2s 2p \
3 3s 3p ad
4 T 4s 4p 4d 4
5 5s 5p 5d 5f

Rules governing electron distribution inatoms
Pauli’s exclusion principle

l"

This states that an orbital can take a maximum of two electrons only and only on
condition that tHe two electrons occupy it with opposite spins i.e.
Hund’s rule '

If electrons are present in a number of degenerate (equal energy) orbitals, they occupy
them singly with parallel spins before any pairing occurs.

Consider the nitrogen atom whose atomic number is seven (therefore it has seven

electrons). We use the above rules to write its configurations shown below;

~  We start by filling the first energy level which has only 1s sub-energy level.
Therefore the first shell will take only 2 electrons and is written as 1s

Diagrammatically, this is shown as

22
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- JAfter f111mg the first shell we remain wrth 5 electrons (7 -2) We then move on to the
| ‘second shell that has two sub -energy levels - 2s and 2p 2s is of lower energy than
?.p and is filled first. Smce S orbltals take a maxunum of 2 electrons, the 2s sub-
' s energy level will also take two electrons leavmg us w1th a balance of 3 electrons (5-
- 2) The electron conﬁguratlon is further written as 152252 Dlagrammahcally, this is
' shown as . . ; _ |
- Wenow ‘move on to the Zp s/rflb;energy level. The p sub—energy level has.three ..
orbitals which are of equal ’_,efnergy (degeherate)L It can take six electrons but we are
remaining with 3. Since these orbitals are degener;tiorf the electrons will occupy
them singly with parallel spins before any paring can oceur. The electromc
conﬁguratlon thus becomes 1s?282p® which is diagrammatically represented as
C
Similarly, we can come up with electronic configurations of the following elements,

Element Atomic no. Electronic configuration  Electronic configuration and
‘ {(in major energy levels) diagrammatic representation

Lithium , 3 2:1 1s2 2g!

il (1]

- Beryllium- 4 2:2 1s? 2g2

Carbon 6 2:4 , 1s? 282 2p2 |

[ [0 (AT

Nitrogen 7 2:5 1g? 2¢? 2p3

Oxygen 8 2:6 1s? 2s? 2p?

| |
Fluorine 9 2:'.;% “ | is® 22 2
| i T

23
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| Sub—energy levels are fllled in the order 15 25 2p 35 3p 45 3d 4p 55 4d 5p 6s 4f 5d 6p 7s - i "

_ efc.
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Note that after filling the 2nd energy level an overlap occurs between the de and g
‘energy level such that the 4s sub-energy level is filled before 3d. Similar overlaps occur - ] 4

as the electronic conﬁgurahon grows blgger The electronic configuration of scandlum, .

whose atomic number is 21, is thus 1522512pf'352:‘7pf'452£’;d1
The ﬂlustrahon below may be useful in memonzmg the order.

'ls.-‘- _. ‘ -' ) . f:‘j,"
!’ Zs"ﬂl 2p l j;
3 3pad . o
L:". : A-" - - ) _.. ‘

4d 48"
5d 5f'7 o
“ 65 6p _6d 6 -

s 7p 7d 7

45 4p

5 5p

L

1.8.5 Ionisation energy
Ionisation energy is the minimum amount of energy required to completely remove an

electron from égaseous atom or gaseous cation to form a gaseous cation e.g.
- M(g) — Mt(g)+e AH= 1% ionisation energy of M

Na(s) — Na*(g)+e AH = 1# ionization energy of sodium_

First ionisationenergy is the minimum amount of energy requir'éd to remove an

electron from a free gaseous atom to form a uni-positively charged gaseous catione.g. -

Mg(s) — Mg*(g)+e AH =1+ jonisation energy of magnesium.
Similarly, energy required to remove the second electron is called second ionisation
energy and so on.

M*t(g) — M*(g)+e AH = 2nd 1omsat10n energy of M

|||| o
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- The process of removmg an electron from an atom reqmres energy since the electron is -
‘being removed against the attracnve force of the nucleus Therefore the process is

endothern'uc

' Factors that affect the magmtude of iomsatton energy
IOI‘LISEithIl energy g1ves a measure of how fu'mly the nucleus of a gaseous atom or
gaseous ion holds on to 1ts outer elecl:rons The’ opp051tely charged nucleus attracts

* * electrons towards 1ts self The chargf//athacnon which a parncular electron feels frorn

-~ ~the nuclets is called effechve nuclear charge The effectlve nuclear charge is mﬂuenced,

by several factors and these factors also affect the Iomsatlon energy. They factors
include; - |

— The net charge. on the atom or ion,

~ The screening effect of inner electrons.

~ *Nuclear charge.

~ The penetratingpower of the valence electrons,

- Electronic configuration of the atom or ion

Before we can explain these factors, it is essential to understand that outermost

electrons (valence electrons) are removed first when i Iomsmg an atom.

Net charge on the atom or ion

Ionisation energy increase with increase in charge on the atom or ion. consequently,
ionisation energies increase in the order 1st <2M< 34 <4hand so on. .

As electrons are removed, the nuclear charge remains constant but the number of -
electrons reduce. The nucleus therefore attracts the remaining fewer electrons more
strongly thus i 1ncreas1ng the effective nuclear charge.

Examples

1. The I#, 2 and 3« ionisationrenergies (in KJmol') of aluminium are 577, 1816, .and—""* :

2745 respectively. Explain this trend.
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: ‘ fj"The 1omsat10n energres mcrease from the 15' to the 3"‘ through the 20 ThlS"lS
| because as electrons are removed the nuclear charge remams constant. Tl‘llS
. increases the effectlve nuclear charge thus the: outer electrons become more - ‘

' 'strongly attracted by the nucleus Iomsatmn energy therefore increases.

2. :The 1onlsatlon energles of N a+ M ,grz+ and Al3+ are in the order Na* <M g2+ < AF” '

Explam tlus observauon

-From'N a+ through M ,gr2+ to Al3f', nuclear charge mcreases (smce protons are 11, 12

and 13 respectwely) However the number electrons remam congtant (all the ions have ‘_ :

. 10 eléctrons). Therefore the nuclear attractlon for the electrons (effecuve nuclear B

e A i e e R A b T i e i L

" charge) increase-from N a* to M gz“f to Al3+ Th1s causes an increase in 1on1sat10n

energy 1n the same d1rectlon

The screenmg effect of the inner electrons ‘

Shleldlng (or screening) of outer electrons by inner electrons reduces the attrachon of
outer electrons by the nucleus Therefore increase in screenmg effect causes a decrease
Jin effectwe nuclear charge and thus a decrease in ionisation energy - S
Within a given shell, the screening efficiency of the inner electrons decreases in the . |
order s> p > d > f. Therefore s-electrons are more screening than p-electrons and‘ s0on.
NucIeai‘ charge’

Increase in nuclear charge causes:an 1ncrease in attraction of outer electrons by the
nucleus Therefore keeping other factors constant, increase in nuclear charge causes an

mcrease 1]'1 10111881?101’1 energy

_ Penetratmg power of valence electrons

Ina ngen shell the penetratmg power of electrons towards the nucleus decreases in the

order s > p >d>f; therefore the s-electrons are more penetrating and more firmly held

et .. e
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than P- electrons and SO on. Consequently ina glven shell, 1on15at10n energles mcrease o

mtheordel s>p>d>f

-Electromc configuration of the atom or ion

- Electronic conflguranons w1th halfilled sub energy levels or fully—fﬂled sub energy
iovelsa Iatlvely stable For example, flrst lonlsatlon energy of nitrogen. (1522522]33) is" -
| higher than that of oxygen (1 5225221:)“) although oxygen has a higher nuclear charge than

~ nitrogen. This i is because mtrogen has a half filled 2p3 sub -energy level Wthl‘l 1s more

stable than the parnally filled 2p sub energy level of oxygen Similarly, the first
lonisation energy of helium (w1th s fully filled 252 sub- energy level) is hlgher than that of

il thmm

The concept of ionisation energy is very essential in understénding the chemistry of

L

elements. Section 4.2.6 gives a detailed discussion of how the above factors affect

ionisation energy down groups and across periods. It also explains how ionisation - -

energies affect the chemistry of the groups and periods.

1.9Summary

~ This chapter has focused on the structure of an atom and the Idiscovery of sub-atomic

particles. Knowledge gained from this discussion is essential in understanding material

covered in the subsequent chapters.

1.10 Suggested further reading on chapter 1

G. F. Liptrot, Modern Inorganic Chemistry, Mills & Boon Lt_d, Fourth Edition, 1984.

E. N. Ramsden, Calculations For A-leve] Chemistry, Nelson Tnornes,-Fourth Edition 2001.
H. L. Heys, Physical Chemistry, Nelson Thornes, Fourth Edition 1985.

C. H. Graham and J. S. Holman, Chemisty in Context, Thomas Nelson and Sons Ltd, 4.
Edition 1995.

W. R. Kneen, Chemistry, Facts, Patterns and Principles, Addison-Wesley Pub (5d), 1972
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1 11 Questlons on chapter one

- (a) Denve the expressron for half life of a ﬁrst order reactlon, 2 303 log (

: where a,, is the uutlal concentratlon of the reactant and (a,J e x) 1s the
- concentrauon after trme o _ R |
(b) The half hfe of a first order reactron is 100 5..
@ Calculate the rate constant.
(ii) Deterrnme the percentage of the reactant that reacted after 250 S.
| (Hmt All rad10act1ve decay reactrons are first order reactlons Rate constant is |
 similar to decay constant) ‘ |
2. (a) Complete the fbllouring eu.uatidn'for radioactive decay of bismuth. |

2148[—"—" -13 + ' . 4

(b) The half life of bismuth is 19.7 minutes. Determine the time taken for 43% by
mass of bismuth to décay. |
. 3. The activity of i%‘é’l‘h was reduced to 25% in 50 days. Determine the half hfe of
_ 23"’?‘ .
- 4, - The table below shows the activity ¢ of krypton with time. Plot a smtable graph and -

use it to find the half life and hence decay constant for krypton. |

"~ Time/minutes 0 1| 20 1 a0 | e0 | 8 | 100 | 120 |
Activity/counts per 100 | 92 85| 78 | 72 | 66 61
| second ' :

5. Actinium Bhasa half life of 36.0 min. What fraction of the original quantity of
actinium B remains after; ' .

(a) 180.0 miin () 1080.0min




2.1 I'ntroduction

\qf'hy afoms combine?

.,Atoms ‘combine with others-in ofder to compléte their
octet. Completion its ectet enables an atom to acquire
a noble gas electronic configuration, which is highly
stable. Atoms complete their octet by either transfer
or sharing of electrons. Loss and gain (transfer)’of
electrons by atoms results into ionic bonds; sharing of -
electrons between atoms results into covalent bonds,
~ Besides ionic and covalent bonds, other bond types
exist which include metallic and hydrogen bonds.
These bond types are discussed, in details, in the

following section.

2.2  Typesof Bonds

2.2.1 lonic bonding

An ionic bond is formed as a result of transfer of one or more electrons from one atom

.to another. It is also known as an electrovalent bond.

On losing an electron, an atom acqujres a positive charge and becomes a cation.
The atom that gains the electron acquires a negative charge and becomes an anion.

Strong electrostatic attractions exist between oppositely charged positive and negative
' | 29




Chapter 2 Bondmg and Structure
jons thus an ionic bond Examples of ionic compounds include Na*CI' Zn2+02‘

L Cu?*502~ and many more. The ﬁgures below illustrate _formahon of sodium chloride

and calmum chloride through ionic bondjng;

2:8:1 2:8:7 2:8

Calcium has two electrons in its valence cell and therefore requires two chlorine atoms

2:5:8: 2:8:7 38 . 288
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2.2.2 Covalentbonding

' Chapter 2 Bonding and Strﬁctu:e

A covalent bond is formed as a result of sharing one or more electron pairs between two

atoms. The diagrams below illustrate the formation of water, ammonia, and carbon

dioxide through covalent bon'djng.' o

It's worth noﬁiﬂig that; _
— After bonding, all the atoms acquire a fully filled valency (outermost) shell. Each
of the atoms acquires the configuration of the closest noble gas.
— Any electron pair on the central atom not being used for bonding is called a lone
pair.
— A covalent bond is represented by adash ( — ) which indicates a pair of electrons
being shared. Therefore water, ammonia, and carbon dioxide molecules can be

represented as;

) ' e ,
L AN S ‘i’\ O=C=0D
H H H H H
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2. 2. 2. 1 Comparlson of properties of ionic compounds and covalent compounds N

- Iomc compounds are usually solids at room temperature as opposed to Covalent
' compounds that are normally hqmds or gases at room temperature |
The ionsin 1omc compounds are held by very strong electrostattc attractions thus
resultmg mto solids. However, the molecules of most covalent compounds are held o
by Wea_k Van der Waals thus resultmg into liquids or gases. It is important to note ”
that not all covalen’dy bonded compounds are hqmds or gases, as will be discussed ‘
in subsequent sections. ' E |

— lonic compounds have very high meltmg points and boiling pomts as opposed to
covalent compounds whose boiling points and melting pomts are usually low.

This can still be attributed to mE'sﬁong electrostatic forces binding the ions in ionic
compounds in comparisdn to the weak Van der Waals forces binding molecules.of
covalent compounds

— Tonic compounds contain mobile ions when dissolved or molten and therefore they
are good conductors of electricity both in molten and dissolved state. However,
covalent compounds contain ne jons and thus don’t conduct electricity.

_ Tonic compounds are soluble in polar solvents such as water and are insoluble in
organic solvents such as benzene and chloroform. Covalent compounds are
insoluble in polar solvents but soluble in organic solx}ents.

Solubility of an ionic compound involves two major energy changes; separation of
the ionic lattice into constituent gaseous ions (energy required is called lattice
energy) and surrounding of the separated gaseous ions by water m.olecules (this
gives out energy called hydration energy). A compound.wi]l dissolve only if the

magnjtude of hydration energy is high enough'to offset lattice energy.
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_.Iomc compounds are soluble in water because the hydratlon energy released when |
" the separated ions are surrounded by the polar water molecules recoups the latt{ce
energy requlred to break up the 1on1c lattlce o
_‘ However some 1on1c compounds such as barlum suiphate are v1rtually msoluble in
Water because of their very h1gh Iatnce energy Wthh cannot be offset to any great
extent by hydratlon energy R | ' .
" Ionic compounds are msoluble in non-poIar solvents since there can be httle orno .
interaction between the 1oné and solvent molecules thus no way of offsettmg the
lattice energy E A o \ |
“Some covalent compounds may dlssolve in water and this may be because a -
chemical reactlon occurs which changes their structure, e. g the 1omsatron of )

hydrogen ‘chloride in water, or because of a snmlar grouping, e. g ethanol is

completely soluble in water since they both contain hydroxyl groups

2 2.2, 2 Polarlsatlon and its effects on ionic and covalent bonds

- Electronegativity is the tendency ofan atom to attract bondin; g electrons towards its self

50 as to become negatively charged in a covalent bond.

Purely ionic bonds cannot exist, as the proximity of the ions involved in the bond

r

allows some degree of sharing electron density between them. If the positive ion is

. small and/or highly charged, it will distort the electron cloud of the negatiye ion.

The etectrons tend to be more less shared hence a purely ionic bond gains some degree
of covalency. This distortion of the electron cloud of the negative ion is callx_d

polarisation. |

Therefore, all ionic bonds have some covalent character. Thus, an ionic bond is-

considered a bond where the ionic character 15 greater than the covalent character. The

' larger the difference in electronegahvrty between the two atoms mvolved in the bond,

33 : .
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' ~the more jonic (polar) the bond is. Polansatlon mduces some covalent character W“lthln

L an  ionic compound thus affectmg the phys1cal propernes (e g meltmg pomt and boﬂmg o -

‘ pomt) of the compound

‘Larger negat:lve ions are more easﬂy polanzed but the effect is usually orily unportant -
when pos1t1ve ions w1th charges of 3+ (e.g., Al3+) are involved. However, 2+ions (e g, - '
Be®*) oreven 1+ (e g , Ll+) show some polanzmg power because their ionic radii are S0
small. . _' T ,-’/ | | |
Conversely, when a covalent bond i is formed between two -atoms of d1fferent
electronegatlmty the bonding electrons arenot equally shared This brmgs about

electncal dipoles w1thm the bond. The molecule is sald to be polar e. g

- F5" CH3CH2-O5f — HS*
T w

Other examples of polar molecules mclude water, hydrogen chlonde, sulphur dioxide,

phosphorous tr1chlor1de and ammonia among others

rBecause of the dlpoles, polar molecules posses some ionic character. However, some |
molecules have polar bonds but they are not polar themselves. An example of such

' molecules is carbon tetrachloride (€Cl,). In carbon tetrachlonde although the C — Cl B ,
bond is polar, ¢ — ! bonds are symmetrical arranged tetrahedrally leadmg to the h

cancellation of the polar effect.
- Ct

C
/ / \Cl :
Also the carbon-oxygen bonds in CaTbOIldIOXIdE are polar but the carboridioxide

| molecule is non-polar. The carbon dioxide molecule is lmear which cancels out the

d1pole moments of the carbon-oxygen bonds. i.e. O C 0
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Fuctor_s that favour polarisation | ' SR |
Degree of polansauon is affected by ionic radrus and ionic charge both of which glve a-

combmed effect called charge densrty

Ionic radms Qo
Polansmg power of a catlon rncreases wrth a decrease in jonic radius, For anions,
polansablhty mcreases with i mcrease in ionic radlus |

rTlus is because for catlons, a decrease in 1on1c radlus leads to an mcrease in charge

., density. Due to h1gh charge den51ty, the electrostatrc attrachon of the anjon’s electron :

cloud by the cahon mcreases leadmg to l‘ugh polansmg power of the cation.

For anions, an mcrease in fonic rachus rmphes that valence electrons are very far away

from the nuc]eus These:electrons are therefore easﬂy polanzed by the cation. -

Melting points of the followi'ng chlorides of. group(I) elements increase in the order

LiCl < N acl < KCL. This is because the ionic radii of the cations increase in the order |
Lit < Na* < K* Due hlgh charge clensrty, Li* is the most polarlsmg followed by N a"l '
whrle Kti 1s the least polansmg Covalent character of the chlorides therefore reduces in -
the order LLC >N aC I > KCL. Meltlng point increases with decrease in covalent
character

Ionic chafge‘

' Polansatron mcreases w1th Increase rn 1oruc charge Tlus 1s because an mcrease in 1oruc e
~ charge leacls toa h1gh charge density which makes the catlon more polarrsmg

Consequently, alurrumum chloride has a lower melting point than calcium chloride.

To further explam the effect of ionic charge and i lomc radius, we con51der the meltmg

pomts of a few compounds below

s .




o _Chapt'e.r.;:z. 'Bqnding and Stnict_ure

Compound - R melhng polnt (K)
- ALOy 2290
S aAlcly - 451

ce0. . 2850

cacl, .. " 1051

We note that the mélting point of aluminiﬁm chloride is l'ower. than that of alurhinium
oxide. This is explamed by ’rhe fact that the chloride ion has a blgger ionic radius than ‘
the ox1de ion. Aluminium chloride is thus more covalent than aluminium oxide. It can’
also be argued that aluminium chlorlde is more covalent than calcmrn chloride due to a

very high charge density of the alumlmum ion compared to that of the calciuri ion.

2.2.2.3 The coordinate covalent (dative) bond ,
i 11

This is a covalent bond in which only one atom provides the pair of electrons being

shared, The donor atom must have atleast one lone pair of electrons {a pair vf 1o~

bonding electrons). The acceptor must possess at least a vacant orbital to accommodate

the lone pair. ¢

Example:

: +
HsNeH + HY —— E”JHJ
o _ bt

A dative bond is represented by an arrow (=), pointing from the donor atom to the

acceptor thus;

The ammonium ion can be represented as  |.H — —H

H
i
J

Reaction between armmonia and boron trichloride can be represented as

[ '{Cl H cl
H=N + B——Cl — H = II'V-—iB Gl
] SR
36 . | L
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o _ Chapter 2 Bondmg and Struet"ure
In the above equanon the boron atom in boron tru:hlorlde is surrounded by only six -
electrons (only three bonds) instead of eight. The boron atom therefore has an
' incomplete octet and hence vacant or_bi_tais.
2.2.3 The metf';illi"c bond
In metallic hon'ding, each metal pools' (loses) its \}élehcy electrons forming metal cé'tionls.
The metal cations are attracted together by the cloud of lost electrons resultmg into -
strong metalhc bonds. Thus a mefa]]lc bond can be defined as an electrostatlc force of
attraction between positively charged metal ions and a tloud of negatlvely charged
electrons lost by the metal atoms |
The lost electrons are delocahsed and free to move throughout the entire metal lattice
thus metals conduct electricity and heat. . |
- When metal atoms approach each other closely, their outer shell orbitals-overlap
forming moleculaf orbitals. Because of a large number of outer shell orbitals, many
molecular orbitals are formed which are non-degenerate (i.e. they are at different
energy levels). When light is shone on the metal, the electrons absorb energy and |
transitions occur from low energy molecular orbitals to higher energy molecular
orbitals: When electrons return to low energy molecular orbitals, they emit energy in

form of light. This explains why metals appear shiny.

2.2.4 Intermolecular forces

Covalent bonds have dlrectlonal properties (they are polar). Therefore intermolecular
forces exist between opposite dipoles of covalent molecules. The magnitude of the
mterrnolecular forces will determme whether the moIecules'are bound into solid, liquid

Or gaseous stale.
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- Common mtermolecular forces present in covalent molecules mclude dlpole-cllpole S

| __ interactions, van der waals forces (bonds) and hydrogen bonds Intermolecular forces
e ) .
are relatlvely weaker compared to other bonds Van der Waals forces are the Weakest K

: among the mtermolecular forces
2.2, 4 1 Dlpole dlpole mteractlons

In sohd state, polar molecules arrange themselves in such a way that opposrte charges

are ad]acent to-each other, This results mto permanent dipole- drpole attractions

.>>>.

' permanent dlpole-drpole attractions ' i

‘between the molecules.

_ Consequently, ionic compounds dissolve in polar solvents because the energy required
to break up the ionic latnce is recouped (recovered) by the energy released when
dlpole-d1pole mteracnons occur between polar solvent molecules and i ionis from the

ionic-compound-section 2221,
~ 2.2.4.2 Van der Waals forces

Non—polar moleciles also have temporary induced dipoles resultmg from randorn

- movement of electrons in the atoms of the molecules. These dipole moments are
temporarily created when the non-polar molecules approach each other. Forces of
attraction exist benveen the induced electrical dipoles of the different molecules
resulting into Van der Waals forces (also known as molecular bo:rde). These forces also
exist between noble gases.

The magnitude of Van der Waals forces increase with increasing molecular mass (since

number of electrons increases with molecular mass). This explains why fluorine and chlorine
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Chapter 2 Bondmg and Structure

' "are gases are room temperature whlle bromme isa hquld and lodme isa solld at room '
- temperature | | ' |

- For the same reason boﬂmg pomts of alkanes mcrease w1th mcreasmg formula mass.

2243 Hydrogen bonds o

-

A hydrogen bond is dlpole-dlpole attractlon between a hydrogen atom attached to a

: -strongly electronegatlve atorrr and another highly electronegatzve atom
‘Hydrogen bonds are characttfenstlc of compounds containing hlghly electronegabve
~ atoms such as quorme oxygen, and mtrogen Therefore hydrogen ﬂuonde(HF), _

3 ammoma(NH3) and- water(HZO)

Hydrogen bonds are stronger than other intermolecular forces thus compounds having
hydrogen bonds are charactenzed by unantlapated physical properties such as meltmg
point, boﬂmg point, density etc. '

A hydrogen bond is represented by a dotted line as shown in the compounds below.

g pteg
ctyc” CCHy
”)) Sy  Y-md?
OH,

Presence of hydrogen bonds is responsxble for the unpredlcted physrcal properties of

the following compounds. _

— The boiling point of hydrogen ﬂnoride is abnormaﬂy higher than that of other
hydrides of group(VIl) i.e. HCl, HBr and HI. |
HCl, HBr and HI molecules are held by weak Van der Waals. Boﬂmg point increases |
with increase in magnitude-of the Van der Waals forces. The magnitude of Van der
Waals forces increase with i mcreasmg formula mass. Molecular mass of the hydrides

- /*-..‘_.‘
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Chapter 2 Bondrng and Structure
i mcrease v the order HCl < HBr< HL Hydrogen fluoride has an abnormally high

: boiling point because its molecules assocrate through hydrogen bonds due to the -
1 ~ high electronegahvrty of fluorine, o

| - Ammoma has a hrgher meltmg pornt and borlmg pornt than other hydndes of

i goup(V) ie. PH; and AsHs ‘ ) . o
- Water isa hqurd and has hrgher borhng pomt than hydndes of group(VI) which are. " . E

gasesne.HzSandHZSe | '4 I T O ER SR

i - Ice floats on water due to havmg a lower densrty than water

In ice, the water molecules are held by hydrogen bonds. Each oxygen atom is;

covalently bonded to two hydrogen atoms and then also to two other hydrogen

Lt L R e e SR R e
RN R T e e e e

atoms through hydrogen bonds. Thrs gives ice an extremely open tetrahedral o
structure wrth low density.

./ Inliquid water, the hydrogen bonds are constantly broken - -
H
f . and reformed due to thermal movement of water molecules.

N , , o N .
ATy T This leads to close packing of water molecules thus a higher - . -
/ ( o density than ice. Figure 2.1 shows a big mass of ice floating

on water.

~ The formula mass of ethanoic acid as determined by freezing point depression -

method in benzene is twice the theorehcal formula mass. Thxs is because ethano1c

acid associates in benzene through hydrogen bondmg to forrn dimmers. -

~ Aleohol molecules are held by strong hydrogen bonds while alkane molecules are

held by weaker Van der Waals forces. Intermolecular forces in alcohols are therefore
1. stronger than those in alkanes thus alcohols require more energy for these forces to

be broken.
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Evid’e.nce for eXistence_of hydrogen bonds o B |
" We are surrounded by substances that EXhlblt presences of hydrogen bonds Notable
| among these includes the following facts
= Ice has ailo'w,er -density than water.
- Boil.inl,gr points of:caa:boxyﬁc acids and’
| alcohols are hlgher than those of
~ other hydrocarbons of comparable

formula mass.

T

m hig mass of an |ceberg floating on water

— Amines have higher boﬂmg points than alkanes of approximately the same

molecular mass. Also since primary amines forth more hydrogen bonds than
secondary amines, primary amines have higher boiling points than secondary amines.

— Molecular masses of carboxylic acids determined by cryoscopic method in orgamc
solvents are observed to be twice the theoretical ones. This is because carboxylic
acids dimerise in organic solvents through hydrogen bonding.

— Ammonia, water and hydrogen fluoride have higher boiling points than hydrides of
group V, VI and VI respectively. |

- 2-hydroxybenzoic acid has a lower boiling point than 4-hydroxybenzoic acid.

This can be explained by first considering their structures below;

COOH
COOH

OH 4-hydroxybenzoic acid

|

OH
2-hydroxybenzoic acid

In 2-hydroxybenzoic acid, the functional groups are very close to each other hence

molecules form more intra-molecular hydrogen bonds than inter-molecular
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hydrogen bonds. Therefore very tew mter-molecular hydrogen bonds need to be

- broken thus low borhng point.

4

E In 4- hydroxybezo1c acid, the functional groups are very far apart thus 4-
hydroxybenzorc acid forms more inter-molecular hydrogen bonds than intra-- |

molecular hydrogen bends. Therefore very rnany mter~moleoular hydrogen bonds

have to be broken for 4—hydroxybenzo1c acid to boil. This requires a lot of energy _

Bt

hence a high boiling point.-

. Intra-molecular hyﬁrogen bond Intermolecular hydrogen bond in.

Hqc /O\H 4-hydroxyhenzoic acid

In Z-hydrovaenz'oic acid

o .. - 7

¥

Intra-molecular hydrogen bonds are formed within the same molecule and have no

Note

effect on boiling pomt Similarly, 2-nitrophenol has a lower boiling point than 4-

nitrophenol.

2.3 Shapes of simple covalent molecules

2.3.1 Introduction

The arrangement of covalent bonds in space around the central atom or ion gives the
shape of the molecule. Within a molecule, orbitals contain bonding and non-bonding
electron pairs. Non-bonding electron pairs located on a central atom are commonly

referred to as lone pairs of electrons.
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T Eiectron parrs repel themselves as far as p0351b1e so as to make the angle_between "EﬁTam" T “‘_

S maxrmum Tl'us is so to reduce stress on the molecule

-  In order to deternune the number of electron parrs (both bondmg and non—bondmg) wrthmf o

d '
e _ a molecule Lewrs structures are constructed Lewrs structures are named after Gﬂbert
Y T "N Lewxs, who descnbed them in tus 1916 artlcle entrtled "The Atam and the Maiecule" | "'

e “bonded electron palrs You can dréw a Lewrs dot structure for any covalent molecule or .' - -
E coordmal:ron compound | = _..'_,; _. : v ' ' * |
[ 23, -27‘ Lewis structures
A Lewrs structure uses dots to represent electrons Only valence electrons are - |
cons:dered when constructmg Lewrs structures since on.ly valence electrons take part in -
‘bondmg A . o |
When constrtmtmg Lewrs structures l:he octet rule is apphed By thlS rule bonded
atoms have eight (octet) electrons in their outer shells The octet rule is sornetlmes
broken; hydrogen for example conforms o0 the duet rule where it reacts by either fillmg
its outer (flrst) shell with two electrons or emptymg it completely
Examples '

We follow the steps below to construct Lewis structures for the glven molecules
Chlorine gas (Cl;)

Step 1: | .
Determiine the total number of valence electrons for all the atoms in the molecule or ion.

You can use the periodic table to determme the group of an element. The group

corresponds to the valence electrons of the atom.
| 2Cl atoms have (2 x 7) valence electrons = 14 electrons.

Step 2:

P _ - 43 o . _ - '
A '_ , e




Chapter 2 Bondmg and Structure

Determme the number of electron palrs .

Bl . S Toaa L .
i ‘ = -?,_-_—,7electron_patrs; R

' Step 3

Boncl all the atoms to the central atom usmg one electron paJI for each atom. The '

central atom isin most cases the atonr/l' with least electronegattwty Atoms attached to

e e L e T

i " the central atom are called lxgands [I:n this case, we have orﬂy two atoms therefore we
I -

ki © useone electron palr to bond both ‘of them,

Cl: Cl

-t

- Step a:
* Use the remammg electron pa1rs to complete the octet for aIl the atoms, startmg with

' the ligands and fmally the central atom. In this case, we shall use the remar.mng siX

- electron pa1rs to complete octets for the two chlorine atoms. By completmg octet, we

: I_ mean that each atom should be surrounded by a total of eight electrons.

INERNE

It the tnolecule, is charged, place the molecule in brackets'and write the charge in the

-upper right hand corner outside bra'c'ke‘ts as a superscript.

s ont el Y

A*Ihe electron pair used to bond the "atoms an also be represented using a dash ()

iy The result of step 4 is the Lewis structure. In this cese, the chlorine moleetle has ene
‘bonding _elect'ren pair. N .

* Water (11,0)

- From 0 we get 6 vaience ele.ctrons

2H -tve get (Ix2) =2 electrons: .

Total electrons=(6+2})=8; - =>g = 4 glectron pairs . . : oo

J | We use two electron pairs to bond the two hydrogen atoms to the central atom (oxygen) . -~ |




' contam only two electrons

B " Chapter?2 Bonding éui_d‘ sti-uc'fu'ré;. -

We then use the remalrung two eléctron parrs to complete the octet. for all the atoms.

| However the hydrogen atom conforms to the duet rule so 1ts outerrnost shell must

.J

H 0 H- Therefore a water molecule has two bonding pairs and two lone pairs of -
electrons on the oxygen atom / '

Nltrogen (Nz) R ‘/‘/,- | B _ r;%_

LI

We get S electrons from each of the two rutrogen atoms, resultmg mto 5 electron ‘paiis.-

- Weuse one electron pair to bond the two mtrogen atoms.

‘ N:N ' S i
Efforts to complete octets for both atoms usmg the remaining four electron pairs are
futile. Therefore the logical way . forward is to have 3 pairs shared between the two

rutrogen atoms and then a lone pair to each mtrogen atom. .
VN N - .
A molecule of nitrogen can therefore be representedas :N = N: since each bonding

electron pair is a covalent bond represented by a dash.

" Cyanide ion (CN~)

From C we get 4 electrons

N wepget 5electrons

- The negative charge on the ion gives us 1 extra electron

= 10 electrons and therefore 5 electron pairs |
Usrng the 5 electron pairs, we come up w1th the following Lew1s structure

[:C N ]~
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s -I-.Ammoma (NH3)

- "'_T_‘From the nxtrogen we get ﬂve electrons and: three eIectrons from the three hydrogen‘
- .‘atoms, gtvmg usa total of elght electrons and therefore 1 electron pairs. -

' '_'We use three electron palrs to bond the three hydrogen atoms to the central atom

Ciriearts i S e e e b e a1 o e e e e e e et i e e e T [ A

,(mtrogen) The remammg electron palr is used to complete the octet for’ mtrogen

H + N : H Therefore‘ammqﬁia ha's 3 bdndi'ng pairs and 1 Iorte‘ ]-b.air ‘. |

: Phosphorous pentachlonde (PCl_r,)
| We get seven electrons from each of the ﬁve chlorine atoms and fwe electrons from the
| .phosphorous atom, glvmg 2 total of 40 electrons thus 20 electron pa1rs o

" We use 5 electron pairs to bond the 5 chlorme atoms to the central atom ‘ l: -

ct
CLy ct
Cl ' : - .
We use the rernammg 15 electron pairs to complete octets for all the ligands (chlorine
atoms)
N
tChp Gl No lone pair on central atom

il Gl
Itis 1rnportant to note that in this case > the phosphorous atom has five electron pairs

‘surrounding it. It is said to have expanded its octet. Some atoms (most especially those

with principal quantum shell n 2 3) have available d-orbitals which can accommodate
“extra electrons up toa maximum of 18.
‘Sulphate ion (S05”)

From S weget 6electrons
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‘Hydroxomum ion. (H3 0+ )

L ChapterZBondmg andStructure |

4 O we get 24 electrons

(2—) we get 2 electrons

:' = 32 electrons and therefore 16 e}ectrorl Palfs

Usmg the 16 electron parrs, we come up w1th the followmg Lewrs structure '_ .:5‘ . o

"'. Nd lone pair on qe_rrirat.utpm L

,!‘_

L Note that sulphur has also expanded 1ts octet to accommodate sxx bonchng electron
: palrs around it. ' . ST e :

+ ‘From 3H" we get 3electrons

s} we get 6 electrons . . .
i (+) wé get -1 electron (a posmve charge on the ion 1mphes an eleétron Iess)

2 8 electrons and therefore 4 electron pairs -

Usmg the 4 electron palrs ‘we come up with the followrng Lewrs structure '

CH: 0:H  Onelone pair on central atom
Aluminium trichloride (AICL,)

From the 3 chiorine atoms and 1 aluminium atom, we get 12 electron pairs:

- Using the 1'-2'_"ele'ctr0n pairs, we come up with the following Lewis structure

C l Al: C l: Nolore pair on centml atom and 3 bonds on centml atom
CI SRR O : i :

It is 1r.nportant to note that alummrum in the above molecule has an mcomplete octet.
Such molecules can accept lorle pairs of electrons to complete thelr octet thus actmg as

Lewrs aclds In thls case such molecuIes form dative bonds with the electron donor.

a7




Cha_pter Bonchncr and Structure

Alewisacidisa cor‘xpound wh1ch can' accept a lone palr of electrons from & Lun isbase 1

to torm a datlve bond

- In the followmg reaction between ammoma and alun’umum chlnnde, ammoma is actlng :

as the Lewis bage while aluminium ClﬂOl‘ldE ig actmg as the Lemzk ac1d
HHy(g) + ALl (g) -——-» CHN S AICL()

A sumlar 1eachon takes place between ammoma and boron tnchlonde It should b

.. noted that a Lewis base must possess at least a lone pair of elecllons

Also molecules with central atom Wthh have mcomplete octet can combine mt‘
themselves to form polymeric compounds e. g. |

CAIClL ¥ AlCL ——— Al Clg
The stmcture of Al;Clg can be represented as Sl‘lOWll’l below. Tt should be rioted that the

chiorine atoms use their non-bondmg electrons to form dative boucl:: w;th altaninium

atoms whose octet is incomplete.
cl Cl

Exercise
Construct Lewis structures for the following molecules and ions. In each case, indicate

the number of appropriate electron paifs.’

(8)50,  (b) PCls © Co:  (d) Clo; () HS &) NH}
@BeCl, () BCh () CH, @ CroF () POF () clog
_(m) NO3

2.3.3 The Valency Shell Electron Pair Repulsmn theory (VSEPR)

Shapes of molecules can be predicted from Lewis s_tructures using the VSEPR.
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Chapter 2 Bondlng and Structure

N The theory postulates that electron pairs around the central atom repel each other to

- make the angle between them maximum. Lone pair-lone pair (L. P-L P) repuls1on is .

greater than bond palr-lone palr (B.P-L.P) repulsion Wthh is in turn greater than bond
pair-bond pau' (B. P-B.P) repulsmn |

._1eLP-LP>BP-LP>BP-BP _
Molecules W1th only two atoms always adopt a lmear Shape like i mcasesof 0 =0 (Oz)

Cl (Clz) N N (Nz), and H- C‘l (HCL).
2.3.3.1 Shapes of molecules mth no lone pairs of electrons on the central atom
Let A be the central atom and X the ligand. : ~
AX2(2 ligands tmd no lone parfr)

Such molecules attain a linear structure as shown below. Bond angle is 180e.

' 180°

XLALX
Examples of linear molecules
Molecule - Structure
BeCl, . Cl—Be—Cl
HCN - H-C=N
o, 0=C=0

: AX3(3 Iigand:s*, no lone pair)

Such molecules attain a trigonal planar shape. Bond angie is 120,

X

’\120

Ny

Examples
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_Cha?ter 2 Bonding"ahd Structure
AX4(4 hgands, no lone pair}

* These attain a tetrahedral shape. Bond angle is 109.5°. Examples mclude CH4, NH4 ,CC 14,

Croy POC£3 ,ClO; etc.

‘ AXS[S hgands, no lone pair)
{ / .

These attain a tngonal bipyramidal shape Bond angles are 120° and 90°. Examples '
include phosphorous pentachloride - .

| A~

X—— A

l ~y

AX6{6 ligands, no lone pair)
Such molecules attain an octahedral structure. Examples include SFs.

X T X
\A<
X/1 X

2.3.3.2 Shapes of molecules with lone pairs of electrons on the central atom

A stronger repulsion occurs between a lone pair of electrons and another lone pair than
between a lone pair of electrons and a bonding pair of electrons (LP-LP>BP-BP). Asa
consequence, lone pairs of electrons will i'epel bonds within a molecule as far as
possible. Therefcre presence of loﬁe pairs of electrons on the central atom distorté the

expected shape of the molecule.
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Chapterz Bondmg and. Structure L
Let A be the central atom, X the llgand and E the lone palr : e T

AXZE1 2 hgands and 1 lone pair)

: Molecules conformmg to the general formula AXzE1 adopt a V—shape (or bent shape)

Examples include sulphur d10x1de (50,), and tm(]I) chlonde (SnC lz)

Exam p!es & N

AXE; (2 Iigands and 2 lone pairsj

These also attain a V—shape Exampies include Water, and hydrogen sulphide

Q0
Example
X PO
H” 1045 H

AX3E1 (3 Iigands and 1 lone pair}

These attam a i-ngonal pyramldal shape. Examples mclude ammonia, phosphorous -
trichloride and a sulphlte ion.

Examples NH, | 505~ |
\ 5 \\
X/ ¥ H/ \H 0/ 0-o-

The bond angle in ammonia is 107

AX4E1 (4 ligands and 1 lone pair)

These molecules attain a chsi:orted (or irr egulm) tetrahedral structure Some oId
literature still refers to this shape as a seesaw; however, this name is strongly

discouraged. Sulphur tetrafltioride is one of the molecules that attain this shape.

Example SF, | ' .

e

X——A—x 9

N — O
PO
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' .:Chap.ter'z Bonding and Structure
'AX4E2 (4 ligands and 2 lone pairs)

‘These attain a square planar shape. Xenon tetrafluotide is an example of such -

- molecules. .
 )’< N i Examiple’ XeF, o
x/ x w | F/@e\F'

2.3.3.3 Effect of electronegativity of atoms on the bond angle -

Bond angles within a molecule increaié with increase in electronegativity of the central
atom. This is because the highly electronegative central atom withdraws electrons

towards its self; this mcfeases' the repulsion between the bonds. Consequently, bond

angles of group(VI) hydrides reduce in the order H,0 > H,S > H;Se > H,Te owing

to decrease in elec’_c;pnegaﬁvity of the central atom in the order 0 > § > Se > Te.

Not surpﬁsingly, however, bond aﬁgles within a molecule reduce withincrease in
electronegativity of the ligands. Thus bond angles of the halides of phosphorus increase
in the order PF; < PCly < PBry. Table 2.1 shows the actual bond angles in hydrides of
group(VI) and ha]icies of phosphorous. - '

fable 1‘22 Bond angles in hydrides of group(Vl) and halides of phosphorous

Compound , PF3 PC[S PBTB Hzo st ste H2T8~
Bond angle o |93 |10 | 101  [1045 |922 |910 | 895

Exercise

1. Sketch and name the shape attained by the following mole.cules..ln‘each case,
explain why the molecule attains the named shape. |
(a) H,S (b} NH; {c) H;0* C(d) PCLy (e) PCly

2. Explain the following observations.
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| _ Chapter 2 Bondng and Structure .
(a) At room temperature chlorine is a gas but 1od.me is a solid. - '
' b) At room temperature, hydrogen chlonde consrsts of HC l molecuies but '. -
hydrogen fluoride mainly consists of H,F, and H3F; molecules.
(c) In vapour phase, alumlmum chlonde exists as Alz Clg but not as AlCl,.
" (d) Bond angles in the hahdes of phosphorous mcrease in the order PF; < PC£3 <
| PBry. ' '

i

(e) The bond angles in NHz, N Hs, and NHj are 106.6°, 93.8°, and 91.83° respecfnvely

~ 3. (a) What is meant by the term hyd.rogen bondmg’?

A

(b) Explain how hydrogen bond_mg occursin; . -~ - |
(i) hydrogen fluoride” (i) ice (iif) methylamine

(c) What practical evidence is there for there for the existence of hydrogen bonds -
in;- . ‘ '
(i) ice =~ (i) Ethanoicacid
- 2.4 CRYSTAL LATTICES

2.4.1 Introduction

In section 2.2.3, we have noted that molecular geometry around the central atom in

simple covalent compounds is determined by VSEPR rules; however, in ionic

. compounds, metals, and giant covalent compoimc_ls,- the ge'c‘)meh‘y follows maxrmum

packing rules.

Ionic compounds, metals, and giant covalent compounds are caloable of forming solid
structure with closely packed atoms or ions. This is due to very strong bonds between
atoms or ions in these lattices, | a )
The ions or atoms may be arranged in shape of a cube giving rise to a Cubic-Clos-e
Packed structure (CCP); they may also be arranged in shape of o hexagon giving rise to
Hexagohal Close Packed (HCP) structure.




E Chapter 2. Bonchng and Structure | | |
.. -In all CCP lattices, the atems ot ions occupy all the corners of a regular cube. CCP

Tattices are subchw_ded mto three vanants, simple cube where the atoms o_r ions occupy -

the corners of a regular cube , body centered cube where the atoms or ions occupy the -

corners of a regu_lar cube in addltlon to the centre of the cube, and face centered cube .

' '_'where the atoms or ions occupy the corners of a reglﬂar cube in adchtlon to the centre of-‘

t'he faces of the c:ube

Simple cube _ Body centered cube Face centered cube
[}

In HCP, a unit consists of three layers of atoms. The top and bottom layers contain six
atoms at the corners of a regular hexagon, and one atom at the center of the hexagon.

The middle layer consists of three atoms. Figures below show how atoms are arrange in

an HCP lattice.

— -4
——

s e e il

£

Most metals adopt hexagonal close packing.

2.4.2 Giant Ionic Latﬁces

When drawing ionic lattices, we,aseume the ions that make up the lattice to be
spherical. The type of close packing attained by a compound largely depends on the

size and relative nuwmber of ions involved.
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Chapter 2 Bondmg and Structure

Tonic compound are charactenzed by hlgh melting pomt and conductlon of electnaty

. inmolten of aqueous state,

Examples

_C'aesmmchlonde(CsCl) R R )

In caesium chlonde, each chlonde ion s surrounded by 8 caesium ions and each
caesium iori is also surrpunded by 8 chloride jons. Coordination number is 8:8. Both the
caesium ions and the chloride ions each form a simple CCP structures which

interpenetrate each other.

Caesium chloride lattices

Other compounds that héve similar lattice with caesium chloride include caesium

bromide and caesium iodide.

Sodium chloride (NaCl})

Sodium chloride forms a giant _ionic.crystal lattice with face centered close packing,
Coordination number is 6:6. With exoeption of caesium halides, the rest of group I

halides have a similar structure.to _sodium chioride.

Figures below show the structure of sodium chloride lattice using different models.
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Chaptei‘ 2 Bdﬁding and Structure '.

Zinc blende (ZnS) o

o This forms a giaht jonic Jattice with face cénte_red cubic close |
packing. Each zinc ion is in contact with four sulplrﬁde'ions :
thus coordination number i 4. Both the zinc and.sulphide '

_ions are arrangé_d tetrahedrally with regard to each other. |

2.43  Metallic lattices \
Metéis are characterized by their High _ﬁiglﬁng points and conducﬁon of elec.tri'city boﬂj .
in solid and molten state. Melting pq}ﬁt of metals increase with maease in the number
of valence electrons that each metq}";ltom contributes during metallic bond formation ~
section 4.2.2.

Melting pbin.ts of some metals er sodium are relatively low, evén much lower thar
those of ionic compounds. However, melting points of most metals are higher than |
those of ionic con{iﬂ‘ounds. _ |

Most metallic lattices attain hexagonal close packing while some few attain cubic close
packing. In body centered cubic close packing, 68% of the space is occupied by metal
atoms; in simple cubic close packing and hexagonal close packing 52% and 74% of the
space respectively is filled by metal atoms.

Group I metals adopt body centered cubic close packing and this explains their low
density. Iron and manganese also adopt a similar stmchire to group I metals. |
ch' and magnesium exhibit hexagonal close packing with coordination number of 12. -
Copper exhibits face centered ctibic close packing with coordination number of 12.

Other metals that exhibit a similar close packing to copper include.alumihjum, gold,

silver, lead, and platinum.

56




152

2. 4 4 Glant molecular and glant atomlc lattices

Chapter 2 Bondmg and Stricture

Covalent compounds are characterized by low meltmg pomt poor conductlon of

, electnmty and, in most cases, bemg hqu1ds or.gases at'room temperature. However

- some covalent compounds formi glant atormc lattices resultmg into very high meltmg

Clodine(Iy) . I

Examples

points; such covalent compounds are solids. Giant atomlc lattices are norma]ly formed '

by atoms with four valence electrons such as carbon and S].]JCOl'l

Iodine forms a simple.molecular solid with molecules of iodine held by weak van der
waals forces. Iodine subhmes at 30°C Although the molecules of iodine are held by Van
der waals forces, the atoms are covalently bonded forming diatomic molecules (). |
Todine adopts a face centered cubic close packing with iodine molecules occupymg the
corners of a regular cube. Sohd carbon dioxide has a similar close packmg to iodine,

Diamond -

Diamond forms a giant molecular (macromolecular)' structure
with vety high melting point. In diamond, each carbon atom is
.covalently bonded to four others. Catbon therefore, uses all

the four valency electrons in bondmg thus it does not conduct

Diamond structure 'electr1c1ty The coordination number is four since each carbon
o atom is surrounded by four others. Silicon(IV) oxide has a

similar structure to diamond.
Graphite =
Graphite forms a simple molecular structure. In

graphite, each carbon atom uses three of its four
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Chapter 2 Bondmg and Structure : _
' valency electrons to form covalent bonds with three-
other carbon atoms This forms a hexagonal layer.

Weak van der waals forces exist between the layers

| thus the layers can sllde over each other This makes

A unit of A bldck'of'

graphite .. graphite ‘grapl'ute soft and shppery.

, The unuseﬁ fourth electron from each atom form a
doud of delocalized electrons. These electrons can
move along the layers of graphite, thus graphite

- conducts electricity.

2.5 Summary )

Type of bonding has a very great influence on both the chemical properties and
physical properties of a compound. In this chapter, we has discussed three major types

of bonds; ionic, covalent, and metallic. We have also covered intermolecular forces that

normally exist between molecules of covalently bonded compounds. We have discussed

the effects of bondmg on both melting point and boiling point. We have learnt how to
predict shapes of simple molecules basmg on the Valence Shell Electron Pair Repulsion
theory. We have concluded the chapter by discussing crystal lattices formed by ionic
compounds, metals, and giant atomic covalent compounds. The concepts covered in
thls chapter will be Very essential in understanding the chemistry of the periods and

groups that will be covered in subsequent chapters.
2.6 Suggested further reading on chapter 2

E N. Ramsden, A level Physical Chemzshy, Nelson Thornes, Third Edition.
W. R. Kneen, Chemistry, Facts, Patterns and Principles, Addison-Wesley Pub {5d), 1972
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David Arthur ]ohnson, Metals and Chemical Change, Open Umverszty, Royal Somety of
Chemlstry 2002, ISBN 0- 85404—665 8 |
M. Ntanda, Conczse Solutions to UA C E Chemzstry puper one and two;-

QUESthIlS

P12007 QS P1 2006 Q8, P1 2004 Q4 P2 2005 Q5(c) P2 2004 Q6 P1 2002 Q13 P1

© 2000 Q5, P2 2000 Q1(d), P2 2000 Q4(a), P2 2000 Q5, P2 2000 Qs, P1 1998 Q2, P2 1998
'Q2, P11996 Q10, P1 1996 Q17, P11993 Q2, P11992 Q1, P1 1988 Q12, P1 1987 Q15,
P2 1987 Q3(d), P2 1986 O3, P2 1986 Q7, P1 1985 Q10 Pl 1985 Q17, P2 1985 Q3(a), P2
1985 Q5 '

2.7  Questions on chapter 2

1. (a) Define the term hydrogen bonding. | v
(b) Giving examples, disc_*uss the effects of hydrogen bonds on physical properties -
of some compounds. |
(c) Explain why ice has a lower density than water.
2. The graph below shows the boﬂing points of hydrides of groups V, VI and VII.
Explain the shape of each curve.

4

H,0

Boiling point/ 2C -

I

»
period numbers

3. Explain the following observations

58




-+ Chapter 2 Bdndiilg and Structure

Most ionic compounds are soluble in water but insoluble in non-polar solvents.

4. ~ Discuss the bonding in;

(a) Calciumoxide ~(b) Tetrachloromethane
(9) Aluminium c¢hloride | (d) Ammonium jon.

;
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3.1 - Introduction
Oxidation, at lower levels of chemisﬁy study, was
limited to addition of oxygen to a substance or
removal of hydrogen from a substance. Reduction
was limited to removal of oxygen from a substance. In
the following equation, zinc is said to be oxidised to -
zinc oxide. - '
2Zn(s) + Oy(g) —— 22n0(s)

Similarly, the following equation shows reduction of
copper(Il) oxide by hydrogen. .

Cul(s) + Hy(g) —— Cu(s) + H0(l) -
The concepts of oxidation and reduction have gone
through several stages, during which broader

definitions have been adopted.
Many reactions now do not involve addition or removal of oxygen (or hydrogen) but

are classified as oxidation or reduchon reactions.

A substance that which oxidises another is called an oxidising agent or oxidant. On the
other hand, a substance that reduces another is called a reducing agent or reductant.
Consider the oxidation of zinc below;

Zn(s) + ¥4 0,(g) —— Zn0(S) ..ooeveiiiieeeni e, e (i)

Zinc oxide formed is an ionic compound. It contains Zn?* ions and 0%~ jons. Therefore
zinc has undergone the following change in equation (i)
Zn (s) —— Zn**(s)

To balance the above equation, electrically, we need to add two electrons on the right
hand side (RH.S). -



-Chapter 3 Ondaﬁon and Reduchon

Zn(s)-——an2+(s)+2e R

In the equation above, it 15 clear that zinc has Tost two elect—rons to get omdlsed to Z n#*
Oxidation can therefore be defined as a process of re_moval of electrons from a

- substance during a redox reaction. - - , :
Any substance that can remove elech:ons from another substance is ’rherefore an

- oxidising agent. An omdlsmg agent is therefore an electron acceptor.

On the other hand, oxygen has been converted to 0% in equa’non (i) above accorchng to
the following balanced equation; o
Y5 0y(g) + 26 —— 0%7(s) . .
!

In the above equahon, oxygen has gamed two electrons thus gettmg reduced to the

oxide ion, 0%~ i

Reduction is therefore defined as a process of addition of electrons to a substance

during a redox reaction. Any substance that can add electrons to another substance is
called a reducing agent. A reducing agent is therefore an electron donor.

Defining oxidation and reduction in terms of electron transfer widens the concept to

include reactions that would otherwise be left out by the simplistic original definitions.

The reactions below are therefore also regarded as oxidation/reduction reactions.

4FeS(s) + 25(1) — 2Fez.§3(s) -

Mn0,(s) + 4HCl(aq) —— MnCly(aq) + 2H;0(1) + Cly(g)
2Fe(s) + 3CI,(g) —— 2FeCl3(s) .
H,S(g) + 2FeCly(aq) — S(s) + 2FeCly(aq) + 2HCl(aq)

Under normal circumstances, electrons cannot exist independen’dy. Therefore whenever
electrons are lost by one species, they are gained by another species - much in the same
way as whenever you lose money, someone gets richer by an equal amount! It so
happens that oxidation and reduction are complementary and usually occur together. A
reaction in which oxidation and reduction take place simultaneously is called a redox
reaction. . _ ' ' , )

Examples of common oxidising agents include oxygen, chlorine, hydrogen peroxide,
manganese(IV) oxide, lead(IV) oxide, potassium dichromate(VI), potassium
permanganate(VII) etc. . _

Examples of common reducmg agents mclude hydrogen, carbonmonoxide, hydrogen -
sulphide, carbon ete.

re




Chapter 3 Oxidation and Reductmn |

| Some compounds e.g. hydrogen peroxide can act as ox1d151ng agents or recluemg
agents, dependmg on conditions available.

3.2 Oxidation numbers

. Ox1datton numbers are very essentlal in balancing redox reactions. Ox1datlon numberis
the net charge that would remain on an atom in a glven compound, when all the 0the1
atoms bonded to it are removed one by one each in its normal valency state. The -
oxidation number of oxygen in Water (H;0)is -2 Whﬂe its ox:tdatlon number in

f.

hydrogen peroxide (H,0,) is -1.
Rules for assigning oxidation numbers

When assigning oxidation numbers all the compounds (inclidirig covalent compounds)

are considered to be ionic; thouigh we know that no compound is completely jonic. The

followmg rules are used in assigning oxidation numbers (or oxidation states) to elements.

"~ The sign of the oxidation number is put before the number to dlstlngulsh it from
valency e.g: the oxidation state of sodium in sodium hydroxide is +1 while its
valency is 1. '

— Atoms of elements in uncombined elementary state e.g. 0,, H,, N, etc are given
oxidation number zero.

— Oxygen has oxidation number of -2 except in peroxides where it is —1 and n
compounds with fluorine

~ The oxidation number of an ion is similar to its ionic charge e.g. that of Zn™is +2.

— Oxidation number of metals is usually positive, correspondmg to the valency of the
metal.

— The oxidation number of hydrogen is always +1 in most of its compounds except
when bonded to metals e.g. in NaH where it is -1

— The oxidation number of chlorine is -1 except in its compounds with oxygen and
fluorine. A

— 'F,Cl,Br,I when present in halides have an oxidation number _of -1.

- — Inany neutral compound, the sum of the oxidation numbers of all the elemenits is
zZero. _

~ The sum of oxidation numbers of all atoms in an ion is equal to the charge on the

ion.
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! . - Whentwo ormore atoms of the same element are present in the same compound
| the oxidation number of the element is the average of the oxidation numbers of the -
group of the atoms. | ' - ' ' |
- When the oxidation number of an element ina compound is not known 1t can be
calculated by following t the steps below ' .
- (a) The unknown oxidation state is assagned an arbm:ary letter such g Y. _
(b) All the cther elements are ass1gned their normal 0x1datton states e. g Cl=-1, O =
-2, Na=+L : /

7

(c) The sum of the oxidation states is. eqmvalent to the overall charge on the

. l
i

compound or ion.

Ekamples

‘Determine the oxidation stateé. of the.followin-g;

(a) sulphurin H,S0, . ) ehlorine in HC10,
let the oxidation state of sulphur bem let the oxidation state of chlorine be y
(2x+1)+m+(4x—2) 0 +1+y+3(-2)=0 |
L m=8-2 | y=-1+6
' | =46 ' = +5
() manganese in MnOy _ (d) chromium in CTZD-,f"
let the oxidation state of manganese m let the oxidation state ol chromium be y
m+(4x-2)= - : 2y +7(-2) =-2 |
Vi m= +7 y= +6

| - 3.3 Balancing redox reactions

| ' Redox reactions take place between oxidising agents and reducing agents. The oxidising
agent accepts electrons and gets reduced. The reducing agent loses electrons and gets

! oxidised. To tell whether a compound has been reduced or oxidised, we work out its

oxidation number in reactants and in products. If the reaction proceeds with a reduction

" in oxidation number of a given element, then it is a reduction process e.g. In the reaction
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below, the ox1datlon number of manganese reduces frorn +7 (in MnO,; ) to +2 (m Mn“)

* hence itisa reductlon process. Mn0O, has been reduced to M n?t.

I_ Mno4 (aq) + 8H+(aq) .+ Be —_— an""(aCI) + 4H20(1) .. ..... , '._..... serees ererrieaeaie (1)

On the other hand, an oxidation process is followed by an increase in oxidation state of
an element. In the following reaction, the oxidation state of iodide i ion increases from -1
to 0 (in I). Therefore oxidation has occurred '

2" (BQ)ﬁIz(aqHZe everenen ...... ' (iri)'r

A reaction in which an oxrdrsmg agent accepts electrons is called a half equatlon
Slmﬂarly, a reaction in which a reducing agent loses electrons i is also called a half
equatron Therefore both equattons (i) and (ii) above represent half equations (also
known as half cell reactlons) ‘

To get an overall reaction between an oxidising agent and & reducing agent, we
combme the half equatlons for the reducmg agent and ox1chsmg agent - section 3.3.2,

3.3.1 Half equatlons

.'Before we can write half equations, it is essential to know the product species to which -

the oxidising agent will be reduced or to which the reducing agent will be oxidised.
Table 3.1'shows common oxidising agents, active oxidising species, and specres to
which they are usually reduced.

Table ENAN Common oxidising agents

Na?nxédlsmg a'gent — Oxidising species Species ;s; reduced
| Potassium KMn0O, MnOy Mn?*
manganate(VII) : .
Potassium K;Cr,04 Cr, 0%~ Cr3t
dichromate(VI)
Potassium iodate K103 103 I,
Manganese(IV) oxide Mno, MnO, Mn?+
Lead(IV) oxide PhO, ~ PbO, | PpZ+
Hydrogen peroxide H,0, H,0, - H,0
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Aswe shall soon fmd out, using half equatmns is a convenient way of wntmg redox
reactions: The followmg examples ﬂlustrate Ways of writing half equations for the

above oxidising agents
| ExampIes |
‘1. To write the half equaﬁdn for potassium petmangaha{e, we follow the following
- steps. . | | |
Step 1: : : L _
Write the formula of the active oxlchsmg speaes and the species to which it is

reduced.

MnO; (aq) —— Mn**(aq)

StEP 2: | T I.'fi i
Since Mn?* does not need oxygen atoms for 5tab111’cy, the four oxygen atoms from
MnO; will combine with hydrogen i 1qns to form four molecules of ‘water,

Therefore we add four molecules of water on the RH.S. of the equation. -
MnO; (aq) —— Mn**(aq) + 4H,0() |

Step 3: | )

Introduction of water adds eight hydrogen atoms on the R.H.S. To balance the

equation, we add e1ght hydrogen ions on the left hand 51de (L H.S.) of the equation.

MnOg(aq) + 8H*(aq) —— Mn?**(aq) +4H,0(1)
Step & -
The equation is now balanced in terms of atoms but not electrically. A quick count
shows an overall charge of +2 (due to Mn?*) on the RH.S. and +7 (due to MnOy and
8H%) onthe L.H.S. .

Therefore we need to add five electrons (five negative charges) on the L.H.S. to
balance charge.

MnOg (aq) + 8H (aq) + 5e —— Mn?*¥(aq) + 4H,0(1)

- The above equation represents the half equation for potassium manganate(VII).
The following points are worthy noting about the equation;
— The oxidation state of Mn in Mn0; is +7 while its oxidation state in Mn?* is +2.
This shows that Mn0, has been reduced (since oxidation state has reduced from
+7 to +2).
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- Smce there is a change from +7 ox1dat10n state to +2, there is need of 5 elr—:_'ctrons
' (7-2) to accomplish this. For this reason, we added five electrons on the LHS.
~ Weneeded to add hydrogen ions on the L.H.S. to take up oxygen atoms from
Mn0O, . These hydrogen jons are usually provided by an acid. The acid usually
used i sulphunc acid. Nitric acid cannot be used for this purpose because the.
acid is also an oxidising agent itself and therefore will interfere with the Teaction.
Potassium - permanganate oxidises hydrochlonc acid to chlorine. For this reason,
hydrochlonc acid cannot also be used to ac1d1fy potassium permanganate

2MnOy (aq) + 16H+(aq) +10CI" (aq) —— 2Mn?*(aq) + 8H,0(1) * 56‘!2 (g)
2. Half equation for reductlon of potassium d1chr0mate (KGO rz 0;)
Step 1:
- Cr;0% (aq) — Crs";(aq)
Step 2: | _ | 7 L -
Cr, 0% (aq) Cr3+(aq) +7H,0(1)

Step 3
Since we added seven molecules of water on the R.H.5., we need to add fourteen
hydrogen jons on the left 50 as to balance hydrogen

Cr,05~(aq) + 14H +(.':1q) — Cr*"*(aq) +7H,0(1)

Step 4:
Balance nu_mber of atoms on either side.

Cr,05 (aq) + 14H*(ag) — 2Cr3* (ag) + 7H,0())

Step 5:
Balance charge on either side:

Cr;0%(aq) + 14H*(aq) + 6e —— 2Cr3*(aq) + 7H,0()

3. Half equation for manganese(IV) oxide (Mn0,)
Steps 1, 2, and 3:

Mn0y(s) + 4H* (aq) ——> Mn?*(aq) + 2H,0()
Step 4:
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 Balance cha'rge‘
MnOz(s) + 4H "‘(aq) + 2e — Mn“(aq) ¥ ZHZO(I)
Exerctse.’:‘:l o _ ] N b 5

By gomg through the steps above, come up wrrh half equatlons for potasswm Jodate, |
1ead(IV) oxide; iodine, and hydrogen peroxide shown below; - .

21 03 (aq) +12H *(aq) + 10e —= Iy(aq) + 6H20(1)
PbOz(s) + 4H+(aq) +2e — Pb”(aq) + 2H20(1)
Hzoz (aq) +2H +(aq) +2e —— ZHZO(I) |

I(aq) + 26 —> 21" (aq) o . .

Mmmon reducing agents and species to which they are oxidised -

Ol

Naiiduang agen;mm a Active species Oxidised to , 5
Potassium iodide KD ‘ I~ I
Oxalates e.g. _ ‘

Sodium oxalate and Na,C04 C,0% . ' €O,
Oxalic acid H,C;0, ‘

'| Hydrogen peroxide Hy0; H;0; 0, and H*

sulphites e.g.

sodium suphite Na;50; S03~ S0~
Thio sulphates e.g. ' : ' :
Sodium Nazszog 5203— 54052,—
thiosulphate

Writing half equations for reducing agents involves balancing charge, usually by
addition of electrons to the appropriate side.

- Examples
- 1. Half equation for potassium iodide. _ . 7 Exe
Step 1: . Co

I~(aq) — I(aq)
. Step 2:
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Balahpe atoms and cha'rge._'
2 “(éq) —_— Iz(aq) +2%
2. Half equation for sodiﬁm oxa]até (Nd26204)._ AT o
. Stepl:: R S

' Czof-.(_a‘I)—“"Coz(g) _
Step 2: o o
-. Balance atoms.

G03(aq) — 200,(g)

Step 3:
. Balance charge.
G207 (ag) —— 2C0,(g) + 2e
3. Half equation fos sodium sulphité, (Na,803).
Step1:
503-(aq) —— 503" (ag)
Steps 2 and 3:

Since we have 3 atoms of oxygen on L.H.S. but 4 on the R.H.S. , we need to0 add 1
molecule of water on the L.H.S. in order to balance oxygen. However, addition of
water introduces hydrogen atoms on the L.H.S. Therefore we add 2 hydrogen ions
on the RH.S. in order to balance hydrogen.

$03™(aq) + H,0(1) —— S0F~(aq) + 2H* (aq)

Step 4:

Balance charge.

503 (aq) + sz(l) —— 507 (aqg) + 2H*(aq) + 2e
Exercise 3.2
Come up with half equations shown beloW.

25,057 (aq) —— S402(aq) + 2e

Fe*(aq) —— Fe3*(aq) +e
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20 (aq) —C lé(g)--??e
' H,0,(aq) —— 2H*(aq) + Oz(g) +2¢

Tip: ‘ .. : ;

‘Asyou become familiar with writing half eqﬁ_aﬁons; you will realise that the above :

steps carl be carried out once.

. 3.3.2 'Redbx reactions

'To come up with a redox reaction from half equations, we merely balance the number "

of electrons in both equations. This is ugﬁaﬂy done by multiplying the half equations by

t

appropriate numbers.
 Examples:
Write overall reactions between the following compound.
]
(a) Iron(Il) sulphate and potassium permanganate. '
Half equations are o
MnO; (aq) + 8H*(aq) +5e —— Mn?*(aq) +4H,0(1)
Fe?*(aq) —— Fe¥*(ag) +e
To balance electrons in both equations, we need to multiply the second equatioﬁ by

5. T
MnO; (aq) + BH* (aq) + 56 —— Mn?*(aq) + £H,0(1)
. 5Fe?*(aq) — 5Fe"(aq) +5e :

Overall reaction Mn0j (aq) +8H"(aq) +5F e?t(aq) —— Mn2+(aq). +5Fe3*(aq) + 4H,0(1)

Note that electrons do not appear in the overall reaction since the same number of

electrons appears on both sides.

'(B) Potassium dichromate and sodium sulphite.
Cr,02~(aq) + 14H* (aq) + e —— 2Cr**(aq) + 7H,0(1)
502-(aq) + H,0(1) —— S0} ™(aq) +2H"(aq) +2e

To balance electrons in both equations, we multiply the second equation by 3.
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Cry 07~ (aq) + 14H*(aq) + 6e — 2C r3*(aq) + 7H,0Q)
© 2503(aq) + 2H,00) — 2507 ~(aq) + 4B *(aq) + 6

~ Overall equation: _C_'rz Oa"‘(ac_i) +8H*(aq) + 350§ (aq) —— 2Cr3*(aq) +350{ (aq) + 4H30(1) o

- Note that H* and H,0 would have appeared on both sides of the overall equation. By -
‘appropriate subtraction, we ensure that each appears only. on one side, '

(c) -_Hyclr_ogen pefoxidé and 'potassimﬁ permanganate.
Hint: .-~ '_ | |
Hydrogen peroxide can act bot  as an oxidising agent or a reducing agent. In this

case, since potassium perman%énate is a strong oxidising agent, hydrbgen peroxide

will assume the role of a reduging agent.

MnOyg (aq) + BI{FFJ.(aq) +5e —— Mn?*(aq) + 4H20(15 x2
H;05(aq) —— 0,(g) + 2H*(aq) + 2e x5
Overall reaction: 2Mn0; (aq) + 6H* (aq) + 55,0, (aq) — 2Mn**(aq) +50,(g) + 8H, o

%

(d) Potassium permanganate and hydrochloric acid. _
"“'MnO;'(aq) +8H*(aq) + 56 — Mn**(aq) + 4H,0(1) x2
2017 (aq) — Cly(g) + 2e X5
2Mn0, (aq) + 16H*(aq) + 10CI~(aq) — 2Mn**(aq) + 8H,0(1) + 5CI, (g)

The above equation is the basis for preparation of chlorine gaé‘ﬁom potassium
permanganate and concentrated hydrochloric acid. Balancing it is a nightmare for many
Ordinary Level students. It is amazing how simple it becomes with knowledge of half h
equations.

Redox reactions are applied in volumetric analysis. However, detailed treatment of

their application in volumetric analysis is beyond the scope of this book. Readers
interested in these details are referred to Chapter 4 of Quantitative and Qualitative
Analysis in A-Level Chemistry by the same author. The following examples will
illustrate, theoretically, the application of redox reactions in volumetric analysis.
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: Examples

1. I an expemnent ta standarchse potassmm permanganate, 25, 0crr13 of a solution
: contammg 6.8 g/l of anhydrous sodium oxalate required exactly 10. 00cm? of
' pote_lssmm permanganate  solution for complete reaction. Determine the molanty
of potéssium pennang_anate. '
(Na = 23, C=12, O=16)

- Solution o _ _
2Mn0; (aq) + 16H* (aq) + 5C; 03 (aq) —— 2Mn*(aq) + 10C0,(g) + 8H0()
Formula mass of Ndz C,0,=(23x2)+(12x2)+(16 x4)=134 - R
134g of sodium oxalate contain 1 mo}é
68g conf,ain (1;—4 X 6.8) moles |

=(0.05075 moles

molarity of sodium oxalate solution is 0.05M

. ' 25 % 0.05075
Moles of sodium oxalate reacted = (—%}B—)

N =1.269 x 10°
Mole ratio C,02~ : MnOy =2 :5
‘moles of potassium permanganate =§ x1.269 x 1072
=5.075x 10*
10cm? of potassium permanganate solution contain 5.075 x 10 moles
1000cm? of the solution contain (wichi X 1000)

= (.05 moles

- Molarity of potassium permanganate is 0.05M.

2. During the titration of sodium ethane dioate (sodium oxalate) with potassmm
dichromate solution, 47.00cm? of potassium dichromate solution reacted completely.
with 25.0 cm? of 0.0925M sodium ethanedioate solution. Determine the
concentration of potassium dichromate.

Solution
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25cn13 of solutlon contamed L5x 10  moles of 1ron(II) sulphate

151-:10

1000crn3 contain ( 1000) .— 0.06 moles

Concentratlon of 1ron(I[) sulphate in soluhon 0. 06M
(11) moles of potassium permanganate used in second tLtratLon (_gx_ogg) 3.8 %104

Mole ratio e : Mn04 =5:1
moles of Fe?t= (5x3.8 X 10‘4) 1 9 x 103

25.0cm? of reduced solutton contalned 1.9 x 10 moles of iron(II} ions

1000cm? contain (ﬂl"— X 1000) 0.076 moles

 total concentration of iron(Il) sulphate and iron(Ill) sulphate in original solutmn 0.076M
Concentration of iron(Ill) sulphate = 0.076 —0.06 = 0.016M

4. A solution contains both oxalic acid (H,C;0,.2H;0) and sodium oxalate (Na;Cp0,).
25.0 cm? of the solution required 10.00cm? of 0.1M sodium hydroxide solution for
complete  reaction. Another 25.0cm?® of the same solution required 20.00 cm® of
0.02M potassium  permanganate solution for complete reaction. Determine the
concentration of the solution ~ with respect to;

(i) oxalic acid in grams per litre.
(i) sodium oxalate in moles per litre.

Solution

Hint:
Sodium hydroxide reacts with oxalic acid but not sodium oxalate. Potassium

permanganate reacts with both sodium oxalate and oxalic acid since they both -

contain oxalate ions (C; 0:7)

(1 moles of sodium hydroxide reacted (10 £D 1) 1x103

mole ratio NaOH : H;C,0,=1:2
moles of oxalic acid reacted = (% x1x10"3)=5x10*

 25cm? of solution contained 5 x 10# moles of oxalic acid
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5x107%

10001:::13 contamed {: X 1000) 0 02 moles

Formula mass of H, 6'204 2H,0=2x 1)+ (12x 2) + (16 x4)+{(2x 18) 126
Concentrauon of solutlon in g/l of oxahc acid = (0.02 X 126) '
' ' ‘ = 2 52g/l

”(u) 2Mn04 (aq) + 16H "”(aq) + 56‘204 ~(aq) —: 2an+(aq) + IOC Oz(g) + SHZO(I)

moles of potassmm permanganate (u 3'23;020) 4x 104
.' .

~ mole ratio MnOy : €, oﬁr =2:5

.

moles of C, 0%~ = G x4- X 10‘4) =1x10?

1

25.0 cm3 of soluﬁon contained 1 x 102 oxalate ions ;

12107 1000) =0.04 moles

1000cn13 contain

moles of sodlum oxalate = total oxalate moles — moles of oxalic acid
. ={0.04 - 0.02 = 0.02 moles
Concentration of solution with respect to sodium oxalate = 0.02M

Exercise 3.3

L

(a) Determine the oxidation state of iodine in ] 07 ion. :

(b) Write down half equations for the iodate ion and iodide jon (I-) arid hence
write the overall reaction between the two ions.

(¢) Anunknown mass of K10; was treated in aqueous solution w1th excess iodide
ions and acidified. The resulting solution on titration required 53 70cm3 of
0.20M sodium thiosulphate solution for complete reaction. Find the mass of
K105 used. ( K=39.10, 1=126.90, 0=16.0)

(a) Write an equation for the reaction between acidified potassium dlch:romate(VI)

 andiron (II) ions. '
(b) A sample of steel weighing 0.20g is dissolved in aqueous sulphuric ac1d The
~ resulting solution requires 34.0cm? of 0.02M KMn0, for complete reaction. Steel

contains iron which reacts with an acid as below.
Fe(s) + 2H*(aq) —— Fe®(aq) - +Hj(g)

Calculate the percentage of iron in steel.
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3.

8 492g of ammonium iron suiphate, (NH4)2804 FeSO.nH:0) Were dissolved in.
water to make 250cm? of solution. 25.0 em? of this solution required 22.50 em® of
0.015M potassmm permanganate in presence of an acid for complete reactlon

- (a) Write an equation for the reaction of iron(I) ions and potassium permanganate_.-_ -

3.4

(b) Deten:nme the value of n in the salt (Fe—56 8=32, N=14, 0"16 H=1) -

13.2 g of 1r0n(]11) alum were dissolved in water and reduced to an 1ro:n(]1) jon o

solution by zinc and dilute sulphuric acid. The mixture was filtered and the filtrate
and Washmgs made up to 500 cm?® in a standard volumetric flask. 20.0 cm? of th15
solution required 26.5 cm® of 0.01 moldm 3 KMn0, for oxidation.

(a) Give the ionic equation for the reduction of iron (1M} ions by zinc metal.

(b) Calculate the percentage by mass of iron in iron alum. - :

The half equation for oxidation of a mtnte ion to a nitrate is shown below.
NO3(aq) + H,O0(1) — NO3 (aq) +2H*(aq) + 2e

(a) Give the ionic equatlon for potassium manganate(VIT) oxidising nitrite ion to
nitrate ion.

(b) 24.20 cm? of sodium nitrite solution, added from a burette were needed to
discharge the colour of 25.0 cm® of an acidified 0.025 moldm?3 KMn0, solution.
What was e concentration of sodium nitrite solution in grams of anhydrous
salt per dm®?

Electrochemical cells

A detailed treatment of electrochemical cells is beyond the scope of this book. Readers

interested in these details can refer to any book of physical chemistry. However, the

relevance of redox reactions to electrochemical cells is covered in this section.

In the previous section, we discovered that in a redox reaction electrons lost by the

reducing agent are gained by the oxidising agent. Flow of electrons generates current

thus; if two half cells are connected, a cell that generates current is produced. Such a cell
is called an electrochemical cell. Each of the two half cells is called an electrode.

The following half equation shows potassium iodide acting as a reducing agent.

21~ (aq) —— l(ag) + 2e

Tron(Ill) chloride can act as an oxidising égent by accepting electron, as shown by the

following equation:
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| Fe3+(aq)+e — Fe“(aq)

The two half ce]ls above can be used to construct an elech:ochermcal cell as fo]lows,
.= Two begakers are half filled, one with L potassium iodide solution and the other
with iron(TII) chloride solution. " -
= Asalt bridge, which prevents excessive mixing of the two soluttons is used to -
connect the two soluttons “The salt bridge usually contains potassium chlonde
- A plaﬁnum electrode is- -dipped in each solution and they are joined together-
’rhrough a sensitive galvanometer (ﬁg 3 1)

Observatmns | /

— The galvanometer wﬂl show a deflection indicating the follow of current. A bulb
in place of the galvanometer may give out light. ' ‘

— Abrown colour (initially appears yellow) will be observed at the electrode dlppmg -

_ in potassium iodide due to liberation of jodine.

— Electrons will flow from the potassium iodide electrode to the iron(IIT) chloride ,
electrode while current will take the opposite direction.

- The brown colour of iron(IlT) chloride solution fades and may turn to green due
to reduction of iron(II) to iron(I).

The overall reaction taking place is;

2Fe**(aq) + 2/~ (aq) —— 2Fe**(aq) +I,(aq)

. FigUre-s."l : Reaction between potassium lodide and iron{lll) chloride to produce electric
e ()L
NS

platinum |-
electrode =]

\potassium lodide solution ] \lron([II}chlorldesolutmn .
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3.5 Electrode potential

- Whena meta] dlps in a solution of its ions (e.g. zing in zinc sulphate solution), there i isa -
tendency for the metal ions to leave the metal lattice and go into solution thus leaving

* an excess of elecirons and hence a negatlve c_harge on the metal. There is also a reverse S

- tendency for metal ions from solution to depos1t on the metal leadmg toa posn‘:lve
 charge on the metal. In practice, one effect is' greater than the ot’her, soa potenttal
difference is set between the metal and the solution. - o

The value of the potential difference for a ( particular metal depends on the concentration -

~ of the metal ions, temperature and, probably, the stability difference between the metal -

jons and the metal atoms. When concentration is 1 M and temperature 298 K, the
potential difference set up in this case is called standard electrode'potential. .
Depending on the metal, it could be a negative potential with respect to the solution or

" a positive potential e.g. zinc has a negative standard electrode potential while copper

_ has a positive one.
However it is not possible to measure standard electrode potentxals absolutely since the

very act of carrying out the measurement would introduce another metal into solution
which would set up its own electrode potential. Consequently, standard electrode
potentials are measured against some reference electrode and the Standard Hydrogen
Electrode (SHE) is adopted for this purpose. '
The SHE consists of hydrogen gas at 1 atmosphere in contact with a2 1M solution of
hydrogen ions at 298K; a platinum electrode, coated with platinum black, is
incorporated into, the set up (fig. 3.2). The SHE is connected, via a potassium chloride
salt bridge, to the system M™*(aq)/M(s) whose electrode potential is to be. determined.
The SHE is arbitrarily assigned a value of 0.0V. The potential difference measured by
means of a high resistance voltmeter connected between the two electrodes is the -
standard electrode potential of M™* (aq)/M(s).
By convention, the SHE is the electron donor and constitutes the Left Hand Electrode
(LHE). The second electrode is the electron acceptor. The reactions taking place in cell
the shown in figure 3.2 are;

Hy(s) —— 2H*(aq) +2e;  M™(aq)+ne — M(s)

-

M can be any metal such as Zn, Cu, etc.
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‘Figure 3.2 Measurement of electrode patential for the system M™ /M

Potentlometer
Hydrogen 3 / . . :
gasatlstm, - Saltbridge - -
Platintsed -
plate
Malai M™*{aq}

Standard electrode potential is thus defined as the reduction electrode potential of an 7
electrode which is the e.m.f of the cell reaction with respect to the standard hydrogen
electrode under standard conditions.

- Since reduction is the gaining of electrons, all electrode potential measured are
reduction potentlals This is' because the second electrode is being reduced by gaining
electrons from SHE. v _
The standard electrode potential for Zn**(aq)/Zn(s) is -0.76V and that for Cu*(aq)/Cu(s)
is +0.34V.

~ A high posmve electrode potential implies a strong oxidising agent while a high
negative electrode potential value implies a strong reducing agent.

Table 3.3 shows some electrode potentials electrode potentials at 298K. A metal w1’rh a
more negative electrode potential is a better reducing agent than one with a less
negative one, thus such a metal can displace those below it from solution e.g.

Zn(s) + Cu?¥(aq) —— Zn?*(aq) + Cu(s)
Factors that affect values of standard electrode potential (E?):

Standard electrode potentials are reduction potentials represented by the general half
cell reaction below. -

M"™*(aq) +ne —— M(s)

- Toinvestigate the factors affecting values of electrode potentials of metals, we consider
_ the formation of the hydrated metal ions M™*;
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Standard electrode {redox) potentials of common species

7 Mn0; (aq) +8H*(aq) + 5e —— Mn2*(aq) + 4H,0(1)

‘Reaction E°/V
Li*(aq) + e —s Li(s) 1-3.04
K+(aq) +e -—-——-—) K(S) C A -292
Ba**(aq) +2e — Ba(s) ~2.90
Ca**(aq) + 2e — Ca(s) -2.87
Na*(aq) + e ——Na(s) -271
Mg?*(aq)+2e — Mg(s) 2.37
. AP*(ag)+3e —— Als) 1-1.66
9 . i
2 Mn**(aq) +2e — Mn(s) E 5 -1.18
g. Zn**(aq) + 2e —— Zn(s) % -0.76
®  ¢r¥*t(aq) + 3e — Cr(s) ‘a -0.74
& Fe?*(ag) +2e — Fe(s) k -0.44
|5 Co**(ag)+2e —— Co(s) B -0.28
3 Ni**(aq) +2e — Ni(s) 5 -0.25
8  Sn*(aq)+2e —— Sn(s) & |-014
~ \ Pb?*(aq) +2e —— Pb(s) g -0.13
Hf(aq)+e'——iH,(g) 0.00
Cu?*(aq) +2e —— Cu(s) +0.34
Fe3*(aq) +e —— Fe?*(aq) +0.76
Ag*(aq)+e — Ag(s) +0.80
V' Cr,03(aq) + 14H*(aq) + 6e —— 2073t (aq) + 7H,0(1) +1.33
Au?t(aq) + 3e — Au(s) .| +1.50
+1.52

Atomisation energy / sublimation energy

M(s) —— M(g) AH = atomisation energy of M

Sublimation energy is the energy required to convert 1 mole of a solid substance into

gaseous atoms. [t is an endothermic process whose enthalpy change is positive.

energy of the metal.
fonisation energy of M

M(g) —— M™(g) + ne

20

- Therefore electrode potentials become more positive with increase in atomisation
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. This is the energy re'quired to femo'v’e-ain electron from a gaseous atom to form gaseous -

atom to form a gaseous cation. It is an endothermic process whose enthalpy change is

' pos1t1ve Therefore electrode potentials become more positive with increase in
ionisation energy of the metal. - | |

Hydranan energy'of M
M™(g) + aq —— M“"(aq)

e
' This is the amount of energy given out When 1 mole of gaseous ions is surrounded
completely by water molecules to forrn an infinitely dilute solution writh' no change in
pH. This is an exothermic process (enthalp Yy change is negatzve) Therefore electrode
potentials become more negative; ‘with increase in hydration energy.
Thus electrode potentlals of metals depend on sublimation energy, 1orusahon energy
and hydration energy. ‘
For non-metals, electrode potentials become more;
— positive with increase in atomisation energy.
— negative with increase in electron affinity.
— negative with increase in hydration energy.
Alkali metals have the highest negative electrode potentials due to their low jonisation
energies and enthalpies of sublimation. These cause the electrode potentlals to be highly .
negative despite their low enthalpies of hs ydration.
In group ], lithium has an abnormally high negative electrode potential because
hydration energy of its ions is much higher than that of other ions of group I elements
owing to its very small atomic size.
Group II elements e.g. calcium, strontium, and barium have high negative electrode
. potentials (even higher than that of sodium!) because although their ionisation energies are
higher than those of group I elements, their enthalpies of atomisation are fairly small
and their hydration energies are very Ia'rge (due to their high charge). The exceptionally
high ionisation energy of beryllium makes its electrode potential less than those for
other group II elements, despite its high hydration ENergy.

3.6 Analysis of oxidising agents

When oxidising agents are heated strongly, a gas that relights a glowing splint (oxygen)

is given off; on warming oxidising agents with concentrated hydrochloric acid, chlorine
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; gas is evolved. However, 0x1d15mg agents are usua]ly tested by treatmg thelr soluttons -

' "Wlth reducing agents

3.61 Usmg hydrogen sulphide
‘When treated with an oxidising agent, hydrogen sulphlde gives a yellow prempﬂ:ate (of .
sulphur). The half reaction below shows hydrogen sulphlde actmg as a reduc_mg agent o

HZ.S'(g) — 5(5) + 2H+(aq) + 2e

3.6.2. Usmg acidified potassmm 1od1de solutmn
Acidified potassium iodide solution turns from colourless to brown when treated with

an oxidising agent. This is because 10d1de ions are 0x1d15ed to iodine solution.
I(aq) — L{aq) +2e - T
3.6.3 Using freshly prepared solutlon of iron(II) sulphate acndlfied with

dilute sulphuric acid
An acidified solution of iron{Il) sulphate turns from faint green to brown when treated *

with an oxidising agent. This is because iron(Il) ions are oxidised to iron(Ill) ions; the
iron(I1T) ions formed can further be detected by using potassium thiocyanate solution
which turns to deep red. '

3.7 Analysis of reducing agenis

When a solid reducing agent is heated with a few drops of concentrated nitric acid,

brown fumes of nitrogen dioxide are evolved. Reducing agents are usually tested by

treating their aqueous solutions with oxidising agents.

3.7.1 Using potassium manganate (VII) solution acidified with dilute
sulphuric acid .
Reducing agents will turn acidified potassium manganate(VII) soluhon from purple to

colourless.
MnOy(aq) +8H*(aq) + 5e —— Mn2*(aq) + 4H,0(1)

3.7.2  Using acidified potassium dichromate solution
Reducing agents turn acidified potassium dichromate solution from orange to green.

Cr,05 (aq) + 14H* (aq) + 6e —— 2Cr3*(aq) + 7H,0(1)
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' 3.7.3 Usmg lron(lﬂ) chlorlde so]utlon :
- This solution will ’rum from brown to green due to recluctton of 1ron(]]I) to 1ron(]I)

Fe3*(agq)+e —— Fez+(aq)

* Formation of the iron(Il) ions can’ further be detected by adchtron of

hexacyanoferrate(HI) solutlon Whleh turns to deep blue "

3.8 Summary

i
}

Oxidation numbers provide an easy way of writing and balancmg redox reactions.

- Oxidising agents and reducing agents are frequently used in volumetric analysis and

you will find knowledge gained i in this chapter handy when performmg calculatons in

!

.r"

3.9 Suggested further readmg on chapter 3

G.F. Llptrot Mordern Inor, gmuc Chemzstry, Scotprint Ltd, Fourth Edition, 1983, Chapter
10

E. N. Ramsden, Calculations for A-level Chemistry, Nelson Thornes, Fourth Edition 2001
M. Ntanda, Concise Solutions to LLA.C.E Chemistry paper one and two;

- Questions

P12011Q9, P12011 Q6, P1 2010 Q7, P1 2009 Q9, P1 2007 Q12, P2 2006 Q1, 1 1999 Q1,
P1.1999 Qs, P1 1998 Q10, Pl 1994 Q17, P1 1993 Q14, P1 1990 Q5, P1 1988 Q9, P11988

Qle6
310 Questions on chapter 3

1 (a) Inacidified aqueous solution, iron (ii) ions, Fe?* are oxidised at room
temperature by
manganate (VII) ions. Above 60°C ethanedlmie ions, C,0%™ are also oxidised
by manganate (vii) ions. Write appropriate ion / electron half equations fr;n
(i) the reduction of the oxidising agent
(i) oxidation of the reducing agent Fe?*
(iii) oxidation of the reducing agent, (. 08
(b) (i) By combining equations in (i), (i1}, and (iii) above, write a balanced equalion
for the redox reaction which occurs between M ndg and iron (1)

ethanedioate, FeC,0, ( Fe?* and C,0% ions ) above 60°C in acid solution.
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- (i) Use the equaﬁon above to ca]cuiate the concemTahon of manganate (v11)
solution if 41.7 cm? of the solution required 0.2g of iron (I1) ethanedioate
for complete reaction . ( Fe=55.85, 0=16, C=12. 01) |

2 (a) Determme the oxidation state of iodine in /05 ion. _ :
' '('b) Wnte down half cell reactions for the mdate ion and 1od1de ion (I ) and hence
_ write the overall reactlon between the two ions. ' '
(¢} An unknown’ mass of K1 03 was treated in aqueous solution w1th excess 10d1de
ions and acidified. The resultmg soluhon on titration required 53.70cm® of
~ 0.20M sodium thiosulphate solutlon for complete reaction. Find the mass of
K103 used. ( K=39.10, 1—126 90, O 16. 0)

- 3. Brassis a mixture of copper and zinc! It dissolves in nitric amd to glve armixture of
zinc and copper ions e.g
3Cu (s) + 2NO7 (ag) + 8H* (aq) —s 3Cu?* (ag) + 2NO (g) + 4H20(l)
The copper IOI'[S may be analysed by means of iodide ions and sodium thlosulphate
solution. ch ions do not react durmg this analysis. _
1.0g of brass was dissolved in nitric acid and after boiling off the oxides of nitrogen
and neutralization, excess potass'.ium iodide was added. The liberated iodine
reacted completely with 10cm® of 1M sodium thiosulphate solution. Copper (1)
ions react with iodide ions according to the equation:
2Cu** (aq) + 41~ (aq) —— 2Cul(aq) + I, (aq)
(a) Write an equation between liberated iodine and sodium thiosulphate solution
(b) Calculate the percentage of copper in Brass

4. 25.0cm® of an aqueous solution containing 0.05 moldm™3 of an ion M3+ was
recduced using excess zinc and the un-reacted zinc removed. The resulting solution
required 5.0cm? of 0. 05M potassium manganate (VII) to restore M to its original +3

oxidation state. To what oxidation state was M>* reduced by zinc?

(a) (i) Write an equation for the reaction between acidified pota'ssium

=

-dichromate(vi) and iron (i) ions.
(if) Give the formula and colour of the chromium ion formed in the redox

reaction.
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(b) A sample of steel we1ghmg 0.20g is dlssolved in aqueous sulphurlc acid. The _
. resultlng solutzon requires 34.0cm?® of 0. 02M KMn0,. for complete reac’aon
Steel contains iron which reacts with an acid as below '

Fe(s) + 2H* (aq) —— Fef*(aq) +  Hy(g) .
(1) Explam why no indicator is uised in this t1i:rat10n Lo

S (11) Calculate the percentage of iron 1n steel

6. Sodlum sulphlte ( Na,503)is normally used in the preservahon of beef. It was

/7.

7 ’reqmred to find the concentratlen of the preservahve in beef. In this experlment
'1Kg of meat was rbcn_led WJtlg excess dilute hydrochloric acid. The sulphur dioxide

gas released was com‘plete__ljf absorbed in excess dilute sodium hydroxide. The

resultant solution was ac@ciified with dilute sulph{;r'ic dcid and titrated with 0.02M
KMn0, solution. 30cm?® of KMn0, were required for the titration. The following
equations are for-the reactions that took place. -

Step1: Na,SO3(aq) + 2HCI (aq) — 2NaCl(aq) + SO, (g) + H,0())

Step 2: §0,(g) + 20H(aq) —— H,0 (1) +50%™ (aq)
Step 3: S0%™(aq)+ Mn0O; (aq) —

(a) (i) How manymoles of Na,50; are equivalent to 1 mole of Mn0;?
(if) How many moles of Mn0; were used in the titration ?
(iil) How many moles of Na;S0; were present in 1 Kg of meat?
(b) (i) Instep 1, why is it necessary to use an excess of hydrochloric acid and to
boil the solution ? .
" (i{) In step 3, why is it essential not to use hydrochloric acid to acidify the
solution ?

(iii) What colour change would you abserve in step 3.

(a) Work out the oxidation states of oxygen in the followmg compounds.
HOCL, HClO,, HCIO;

(b) 5,04 can be converted to S0~ by Sn?* ions. Sn2* ions are converted (o Sn** in
the process. . _ -
(i) Determine the oxidation state of sulphur in 5;0¢~ and S02-
(i) State with reasons, whether sulphur is oxidised or reduced in the
conversion of 5,05~ to SO~

(c) (i) Write the half equations for the two canversions in (b) above.
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v 9,

- 10.

v 11.

(11) Usmg the half equatlons write an overa]l reachon for the reactmn of Sn*t o

~ and .5'202"' .. '_
d) State the conditions and write equahons for the re'lct:on between hydrogen
‘peroxide and .
(i) ironIIions f
(ii) iron I ions
| '(iii)iodide iohs.' [
0.877g of impure copper were allowed/ to react with dilute nitric acid. To the - |
copper(ii)nitrate solution formed Was’ added excess potassium iodide solution. The
resulting solution was titrated with 0.48M thiosulphate solution and 23.70cm? of
the solution were required for complete reaction. Determine the' percentage of

copper in the impure sample { Cu=63.5)

8.49'2g of ammonium irdn sulphate, (N H4)25'04. FeS0,.nH,0 were dissolved in

water to make 250em® of solution. 25cm? of this solution required 22.50cm?® of

0.015M potassmm permanganate in presence of an acid for complete reaction.

(a) Write an equatlon for the reaction of iron(II) ions in ammonium iron(Il) ‘
sulphate and potassium permanganate.

(b) Determine the value of n inthesalt.  (Fe=56, 532, N=14, O=16, H=1)

Explain the following observations.
(a) Potassium permanganate is not a primary standard
(b) Sodium thiosulphate solutions should not be acidified.
(c) Hydrochloric acid is not used to acidify potassium permangahate.
(d) When sodium hydroxide is added to an orange solution of potassium

dichromate, it immediately changes to yellow.

(a) Define the terms oxidation and reduction in terms of electron transfer.
(b) For each of the following pairs of reagents, identify the oxidising agent and the
reducing agent. In each case, write the have cell reactions and overall reaction
~ that take place when the pair is mixed and also state what is observed.
(i) hydrogen peroxide and potassium iodide.
(ii) hydrogen peroxide and acidified potassium permanganate.
(iii) hydrogen sulphide and moist sulphur dioxide.

(iv) acidified potassium dichromate and sodium oxalate solution.
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(v) Copper(]l) sulphate solution and potassmm 1od1de solutton ‘

o ./12 (a) Define the term standard electrode potentlal
-~ (b) Explam the factors that affect the standard electrode potent!al of a'metal. .

- (o) Describe, with aid of a labeled dlagram ‘how you would measure the standard SR

electrode potentlal of silver and write equahons representmg the cell reaction.
o (d) Explain the anomalous large negahve electrode potentlal of httuum compared
‘ to’ group(I) elements
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41 Ilitréj_duction.

Elements;in.- the Periodic Table are arranged in order
of their ‘atomic numbers in such a’ way as fo
demonstrate the periodic law. The periodic law states
that the properties of the elements are a periodic
function of their atomic numbers.

In ‘this chapter, we shall explore the varjation of
several properties across periods of the periodic table.
The long form periodic table consists of 7 horizontal
periods and 8 vertical groups. Gréups I to VII are

subdivided into A and B thus we can talk of group

IVA and group IVB. Group VIII has three columns
which include the iron group, nickel group and cobalt
group. The noble gases belong to group 0. The long
form of the Periodic Table is.shown in table 1 at the
end of this book. It should be noted that there is no
special resemblance between the chemistry of the sub
groups e.g. group IVA elements are not related to
group IVB elements except perhaps their valences.

The division into sub groups is merely a method used

by Mendeleev in his original Periodic Table. For
simplicity of this book, we shall just be merely
referring to the groups as I, II, I, etc.

On critical analysis of the periodic table, it is observed
that elements within the same group have the same
outer electronic configuration and similar chemical
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propertles However no element is exacﬂy the same as another -

Elements W1t'm.n the same group show :
- similar propertles owmg to then' similar outer electromc conﬁguraﬂon
- a gradation of propertles down the group owmg toa gradual change in -
: electronegattwty down the group o

| However, the first member in any group usually shows anomalous behavmur due to

high elecf:ronegatlm’cy, small size and restriction to an octet of valence electrons. -
Elements usually exhibit a valency; correspondmg to their group number e.g. groupIA - -

- elements have a valency of 1. In séme cases, elements can also exhibit a valence of eight

minus the group number e.g. phosphorous uses a valency of 3 and 5 (8-3), sulphur
exhibits a valency of 6 and 2 (8 6) etc.

‘There is a gradual change of propertles across periods. In this book, empha51s will be

laid to period three. However similar trends of the properties occur in other periods
such as the second period. .
The third shert period consists of the following elements;

S r LI R Elcments of the 3™ short period

Group | I 1 [ m v v VI v | viO

Element | Sodium | Magnesium | Aluminium | Silicon | Phosphorous | Sulphur | Chlorine | Argon
Symbol Na Mg Al Si P ) cl Ar

4.2  Variation of physical pfoperties along the 3rd short period .

4.2.1 Metallic character
There is a gradual change from metallic character to non-metallic character on passing
from left to the right of the Periodic Table. The oxides of sodium and magnesium are

thus basic, aluminium oxide is amphoteric while oxides of the other elements of period

" three are acidic.

However, metallic character increases down the group.

4.2.2 Melting point
Melting point is the constant temperature at which a pure substance turns from solid
state to liquid state at a given pressure when the two states are at equilibrium.
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Meltmg temperature depends upon the magmtude of forces holdmg the partlcles of a

solid together; the greater the magnitude, the higher is the meltmg temperature. '

Meltmg pomts also depends on the structure of the solid. _ f

~ For metalhc structures, rneltmg point depends on; . . e

. — The number of valency electrons each metal atom contributes towards meta]hc
‘bond formation; the higher the number, the stronger the bond and the l'ugher is
the meltmg point. . J '

—  Metallic radlus, the smaller the meta]hc radlus, the shorter the bond and the
stronger it is. Therefore melting pomt reduces with increase in metallic radius. -

For non-metals, melting pomt depends on the type of structure formed. Giant molecular -

(or atomic) structures e.g. silicon and digiriond have very high meltmg pomts duetoa
large number of covalent bonds that have to be broken before melting occurs. Simplé
molecular solids e.g. iodine have very low melting pomts since their molecules are held
by weak Van der Waals forces. X

Due to sudden structural changes across periods, variation of melting point across
periods is not gradual e.g. the abrupt change of structure from silicon (giant atomic
structure) to phosphorous (simple molecular structure) causes a sharp change in melting

. point.

Figure 4.1 shows a sketch (1ot to scale) of variation of melting point with atemic number
across the 3" short period.

Flgure a1 : Variation of melting point with atomic number of period 3 elements

A

. Melting paint /°C

11 12 13 14 15 16 17 18
atomic number

Trend .
There is a general increasé in melting point from sodium to silicon and Iater on a
general decrease in melting point up to argon.
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Explanafion' B

Meltlng point increases Wlth increase in magnitude of the forces bmdmg the partlcles of
thesolid. | |
" From sodium to aluminium, the elements are metals whose atoms are held by strong

metallic bonds. St‘rength of the metalhc bond increases with increase in the number of

' valenc:e electrons each metal contrlbutes towards metallic bond formatlon Sodium has
"1 valence electron while magnesium and aluminium have 2 and 3 respeclively. In

addltlon, metallic radms decreases from sodium to aluminium Wh1ch causes an increase

“in strength of the metallic bond'from sodium to alumnuum
The increase from magnesmmfto aluminium is less sharp than the increase. from sodium

to magnesium because for alurmmum only two of its three valency electrons are always
available for bonding. '

Silicon forms a glant atomic structure with very many covalent bonds’ that have to be

broken before melhng occurs. This explains its abnormally high melting point.

From phosphorous to argon, the elements are simple molecular held by'weak Van der
Waals forces. Magnitude of Van der Waals forces increase with i Increasing molecular
mass. Sulphur forms Sg nngs phosphorus forms P, rings, chlorine is diatomic (€ l-,)
while argon is mono-atomic. Molecular mass decreases in the order §5 > Py > Cly > Ar

hence melting point reduces in the same order,

423 Boiling point

Boiling point is the constant temperature at which the liquid’s vapour pressure balances
with external pressure.

Like meltmg point, boiling point also depends on the forces binding the molecules.

- Therefore boiling point shows a similar trend to melting point across the period.

4.2.4 Density

Dénsity is mass per unit volume. There is an increase in dens; ty across. period three
reaching a maximum at the group(lV) element. This is due to increasing atomic mass
with reducing atomic radius.

4.2.5 Atomic radius and ionic radius
Atomic radius is half the inter-nuclear distance between two covalently bonded atoms.
Atomic radius and ionic radius largely depend on two factors;
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Nuclear charge

I.f all othet factors are constant, atomic radius reduces Wlth mcrease in nuclear charge
This is because increase in nuclear charge causes an increase in attraction of the -
outermost electrons by the nucleus thus reducmg atomic radius or ionic rachus
However, because of influence from other factors, it is not un-common to fmd an atom
w1th hlgh nuclear charge having a Iarger atomic radius than an atom of lower nuclear
charge e.g. the atomic radius of sodium (ﬂi’O?TllC number 11) is larger than that of

magnesium (atormc number 12). Note that a high atomic number (and therefor e high

a number of protons) implies a hlgh nuclear charge

Screen effect (or shielding effect)

Keeping other factors constant, increase in screening effect incréases atofgic radius. A
very high screening effect on the outer electrons by inner electrons implies that the
outermost electrons are effectively shielded from the nuclear charge. Consequently, the
outermost electrons will receive less nuclear attraction causing an increase in atomic

1

radius.

Variation of atomic radius across the 3rd short period

The table below shows atomic radii of elements of the 34 short period

Table .42 "":f'l-“: Atomic radii of elements of the 3" short period
Group 1 I . 101 v vV Vi VII
element Na Mg Al Si P A) Cl

| Atomic radius (nm) | 0.156 | 0.136 0.125 0.117 0.110 0.104 | 0.009

Trend
Atomic radius reduces across the period from left to right as atomic number increases.
Explanatien

Across the period from one element to another, an electron is added to the outermost
shell. This causes an increase in both nuclear charge and screening effect. However,
since the electrons are added to the same main energy level, they shield each poorly
from the increase nuclear charge such that the increase in nuclear charge outweighs the
increase in screening effect. Consequently, effective nuclear charge increase across the
period causing an increase in attraction of the outermost electrons. This raduces atomic

radius.

92




Chapter 2 Penodxcxty

Tonic radms shows a smular trend across the penod and a sumlar explanatton can be

given.

-4.2.6 Iomsatmn energy

In sub-section 1.8.5, ‘we discussed the factors. that affect ionisation energy. ThlS sub
.sectxon assumes that you have thorough knowledge of these factors or else, you may
find it useful to read sec‘aon 1.8.5 before reading this section. ' .
Across the penod from left to right both the nuclear charge and ionisation energy .
increase. Since electrons are bemg added to the same main energy level across the
‘period, they shield each other poorly from the i increasing nuclear charge such that
increase in nuclear charge outwelghs Increase in screerung effect. This i mcreases

effectwe nuclear ' charge across the period and thus increases'ionisation energy.

“Table 4.3 shows the first ionisation energies of elements of period three while figure42 -

is graph of first ionisation energy against atomic number of elements of period three

“Table 4.3 jl Variation of first ionisation energies across the third short period '

Element - Na | Mg Al Si P 5 cl AT
First LE (KJ/mol) | 502 |~ 745 587 791 | 1020 § 1000 | 1260 | 1530
AtNo _ 11 12 13 14 15 16 17 18

!

TR R Graph of first ionisation energy against atomic number of period three elements
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Explanatwn of the shape of the graph

‘There is a general increase in first lorusatxcm energy from sochum to argon as atomic

number increases. Across the period, electrons are added to the same main énergy level

-as nuclear charge increases. These electrons shield each other poorly from the

- increasing nuclear charge. Therefore there 15 an increase in effective nuclear charge

from sodium to argon and atorruc radius reduces. Therefore first 1omsat10n energy

increases along the series. - - '

Aluminium and sulphur show anomalous ﬁrst ionisation energy because of their

electronic structure (AL 1522.‘52213"’35231)1 fS 15225’2136352313 ). First ionisation energjf
involves leaving fully filled 35 sub-energy (for aluminium) and half-filled 3p* sub-

| energy level (for sulphur) both of which configurations are very stable and relatively

" good shields.

4.2.7 Electron affinity .
Electron affinity is the enthalpy change that occurs when one mole of electrons

.combine with one mole of gaseous atoms to form one mole of gaseous anions.
eg. Cllg) +e — Cl™(g) . AH = first electron affinity of chlorine

* On the other hand, first electron affinity is the energy given out when oné mole of
electrons combines with one mole of gaseous atoms to form one mole uni-negatively
charged gaseous ions. First electron affinity is always an exothermic (AH is negative)
process because the electron being added is attracted by the nucleus thus heat is given
out. However, after the first electron is added, the gaseous atom acquires a negative
charge thus becoming an ion. Subsequent electron affinities (2nd, 31, etc) are
consequently endothermic processes because the electron being added is repelled by the
negatively charged ion thus energy is required to add it.
The same factors that affect ionisation energy also affect electron affinity but their effect
is different (see section 1.8.5). These include; '

(a) The net charge on the atom or ion.

(b) The screening effect of inner electrons.

(c) Nuclear charge.

(d) The penetrating power of the valence electrons.

(e) Electronic configuration of the atom or ion
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* - Net r:har_qe on the atom of ion '

For gaseous atoms, the process of electron afflmty is exotherlmc However; for

negatively charged ions, the process of electron affinity is endothermic (AH is positive).

‘In add1t10n, the magmtude of electron affiriity increases with increase in negative
Charge on the ion. This is because the higher the negatlve charge on the ion, the stronger _
 isthe repuls1on on the i incoming electron and the higher is the amount of energy '

required to add the electron. Consequently, magritude of electron afﬁmty increases in
the order 2 <3< Bhee

The screening effect of the inner elegtfbns

»Shielding (or screening) of outer elec{:rons hy inner electronis reduces the attraction of

outer electrons by the nucleus. Therefore increase in screemng effect causes a decrease
in effective nuclear charge and thus a decrease in ionisation energy

Within a given shell, the screening efficiency of the i inner electrons decreases in the
order s >p > d > f, Therefore s-electrons are more screening than p-electrons and so on.

Nuclear charge )

Increase in nuclear charge causes an increase in attractlon of outer electrons by the

nucleus, Therefore keeping other factors constant, increase in nuclear charge causes an

increase in ionisation energy.
Penetrating power of valence electrons

Ina given shell, the peneirating power' of electrons towards the nucleus decreases in the
orders>p>d>f; therefore the s-electrons are more penetrating and more firmly held
than p-electrons and &o on. Consequently in a given shell, jonisation energies increase
inthe orders>p>d>f.

Electronic configuration of the atom or ion:

Electronic configurations with half-filled sub~energy levels or fully-filled sub energy
levels are relatively stable. For example, first ionisation energy of nitrogen (152522p?) is
higher than that of oxygen (1s22s2p*) although oxygen has a higher nuclear charge than
nitrogen. This is because nitrogen has a half filled 2p sub- -energy level which is more
stable than the partially filled pr sub-energy level of oxygen. Similarly, the first
lonisation energy of helium (with fully filled 2s sub-energy level) is higher than that of
lithium.



Chapfef 4 Périodi_city '

The co'ricept of ionisation eﬁergy is very essenitial in undefsténdi.ng the ChemiSfry of
| -elements. Section 4.2.6 gives a detailed discussion of how the above factors affect -

iomsatlon energy down groups and across periods. It also explains how ionisation

~ energies affect the chemistry of the groups and periods. : .
- Unlike 10msa110n energies, reliable data for electron afflmtles is not readﬂy avallable._ |

: However some undependable avaﬂable data reveals that electron affinity generally | B

" increases across the period. The table below shows variation of first electron afﬁmty,

K ]mol -1 ac:ross penod 3.

l variation of first electron affiniity across the third short periad

Element - Na | Mg /| Al st | P | S | d
First EA(KJ/mol) |20 | 0 | 26 | -135°| -60 | -196 | -348
Atomic number 11| 12 | 13 14 | 15 i6 |17

It is worth noting that when we talk of an increase in electron affinity, we are 'strictly

referring to the magnitude thus the magnitude of -348 is greater than magriitude of -196.

]

4.2,8 Electronegativity
Atomicradius

Electronegativity increases with a decrease in atomic radius.

For a small atomic radius, the bonding electrons are nearer to the nucleus thus they

experience a greater attraction.

For alarge atomic radius, the bonding electrons are far away from the nucleus thus they

experience less attraction.
Nuclear charge

Electronegativity value increases with increase in nuclear charge.

For a low nuclear charge, the bonding electrons experience a low nuclear attraction

leading to a low electronegativity value.

For a high nuclear charge, the bonding electrons experience a high nudear attraction

leading to a hlgh electronegativity value.
Screening effect

Electronegativity increases with a decrease in screening effect.
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A low scfeérﬁng effect impliés that bonding eleétrbns are le's_é effecﬁvely- shielded 'frofil'_ '
the nuclear charge thus they experience a higher attraction.

- A high screening effect nnphes that bonding electrons are effectively shlelded from the

nuclear charge thus they experience a less attractlon leadmg to a low elecl:onegatwﬂ:y _ -'

Value

-
i

43 D1ag0na1 relatlonslup

Down any group of the Periodic Table, charge den51ty and electronegatlwty reduce

ﬂus causes a reduction in polansmg power.

On traversing across the penod of the Periodic Table, electronegahv:tty increases and so

does charge density; thus pola.plsmg power increases across, the, period.

An increase in polarising poWEr and electronegativity across the period is effset by a
decrease in both polarising PoWer-and electronegativity down the group. Therefore
elements diagonally oppoéite each other in consecutive groups of the Periodic Table
have similar charge density, i1:)01a_rising power and electronegativity. Such elements
therefore have similar chemistry. '

Examples
Group I II I
Period 2 Li Be B C
Period 3 Na\‘Mg\‘Al Si

From above, lithium which is in group I has similar polarising power and
electronegativity to magnesium which is in group II. The two elements will have similar
chemical properties and are said to possess a diagonal relationship.

Diagonal relationship is defined as the similarity in chemical properties between

elements in period two to their diagonal neighbours in period three and adjacent
groups. '
Because of the diagonal relationship, the chemistry of magnesinm and lithium is

similar in the fo]_lowing ways.

— Both lithium and magnesium combine directly with nitrogen forming nitrides.
Other alkali metals do not react with nitrogen.
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‘Both lithium and magnesium form normal oxides only; Li, 0-and Mg0.Other

alkali metals form normal oxides, peroxides and even super oxides e.g. Na;0,.
Carbonates and hydroxides of magnesium and lithium are sparingly soluble in

. water and decompose on heating. Carbonates and hydromdes of other alkah S

~_oxygenwhenheated. /

metals are soluble and not decomposed by heat. o _
Nitrates of lithium and magnesium decompose on heatmg to form an ox1de,

- nitrogen dioxide and- oxygen Nitrates of other alkali metals form mmtes and -

i

Hydroxides of both metals are not dehquescent
Hydrogen carbonates of both metals only exist in solutxon

Fluorides of both metals are soluble in organic solvents. * .-
Both metals form carbides when heated in carbon.

Likewise, the chemlstry of beryl]mm and alumnuum is similar in the fo]lowmg ways

]
Both metals are rendered passive by concentrated nitric acid.

Both metals react with concentrated alkalis to give off hydrogen gas.
» Be(s) + 20H(aq) + 2H,0(1) —— Be(OH)? (aq) + H,(g)
o 24I(s) +20H(aq) + 6H,0(1) —— Al(OH); (aq) + 3H,(g)
Oxides and hydroxides of both metals are amphoteric.
Carbides of both metals yield methane on hydrolysis.
o BeyC(s)+4H,0() ——— 2Be(0H),(s) + CH,(g)
o AlLGy(s) + 12H,00) —> 4AI(0H)(s) + 3CH,(g)
Chlorides of both metals are covalent and polymeric solids when anhy-drous e.g
Al Clg and Be,(Cl,.

Likewise, the chemistry of silicon and boron is similar in‘the following ways;

Both their oxides are acidic. -

Their hydrides are simple molecular.

Both form only covalent compounds. : :

Both exist in amorphous and crysta]lme state and exhibit alloi:ropy

Their chlorides are liquids, fume in most air and are readily hydrolysed by
water.

SiCly(l)y + Hy0(1) —— Si(0H)(aq) + 4HCI(aq)

BCl;(1) + 3H,0(1) —— B(0H); + 3HCl(aq) .
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= Both form Weak ac1ds like H3B()3 and H25L03 o :
- Both- form bmary compounds with several metals to g1ve bondes and sﬂ.tmde
These bondes and sﬂlmde react with H3P04 to glve mlxture of boranes and
* silanes. ‘ ' ‘

- ‘The carbldes of both Boron and s1]1con (B4C and s ic ) are very hard and used as -
- abrasives. ' S
- Both the metals and their DXIdES are readlly soluble in alkalis.
— " Acids of both these, elements form volatile esters on heating with alcohol in
presence of concentrated sulphunc acid. :

4.4 Chemical properhes of elements of the 3'* short period

4.4.1 Introductlon , :
In the third short period, metals tend to react as reducing agents by donating elech'ons

Ca(s) — Ca?*(aq) +2e '

Relative reactivity of the metals can be me_asured in terms of ionisation energy,
electropositivity or electrode potential. The lower the ionisation energy, the more
reactive is the metal; the more negative the electrode potential, the more reactive is the
metal. Since ionisation energy increases across the period, reactivity of the tnetals
reduces across the period. ‘ '

On the other hand, non-metals in this period react as oxidising agents by accepting
electron

| 2C1~(aq) + 28 =——> Cly(g) -

The relative tendency of non-metals to gam electrons (and thus reactivity) ¢an be
measured in terms of electron affinity and electronegativity; the higher the electron
affinity and electronegatity, the more reactive is the non-metal. Since eleciron afﬁruty
increases across the period (section 4.2.7) reactivity of the non-metals also increases

across the period.

4.4.2 Reaction with water .
Soditum reacts vigorously with cold water to form sodium hydroxide and hydrogen gas.

2Na(s) +2H,0(1) — 2NttOH(aq) + Ha(g) ' ~
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" Magnesium hardly reacts with cold Water but burns brﬂhantly in steam to form |

magnesium oxide and hydrogen gas.

Mg(s) + HZO(g) — MgO(s) + Hz(g)

R

Desp1te its Iugh negatlve electrode potenhal aluminium is not very reactlve owmg toa -
thin oxide layer on its surface. When this layer is removed by rubbing Wlth mercury,
aluminium reacts with water to form aluminium hydroxide and hydro gen.gas.

Silicon does not react- with cold water but attacks steam When heated strongly to form
silicon (IV) oxide and hydrogen gas. ! '

Si(s) +2H20(l) —_ SEOZ(S) +2H2(g)

Red phosphorous is insoluble in Water while white phosphorous is soluble but does not
react with water. Similarly, sulphur does not react with water.
Chlorine reacts with cold water to form chloric (I) acid and hydrochloric acid.

Cla(g) + H,0(l) === HOCl(aq) + HCl(aq) K

4.4.3 Reaction with alkalis

Sodium and magneeium do not react with alkalis,

Aluminium is amphoteric and reacts with sodium hydrox1de to form sodlum
tetrahydroxo aluminate (II) and hydrogen gas.

241(s) + 20H(aq) + 6H,0(1) —— 241(0H); (aq) + 3H,(g)

Silicon reacts with hot concentrated sodium hydroxide to form sodium silicate and
hydrogen gas.

Si(s) +20H(aq) + sz(l) — Si057(aq) + 2H,(g)

Sulphur reacts slowly with hot concentrated sodium hydroxide to form sodium

“sulphite, sodium su_lphide_ and water.

35(s) + 60H(aq) — 503~ (aq) + 252~ (aq) + 3H,0(1)

However, with excess sulphur sodium thiosulphate is formed instead of sodium
sulphite.

45(s) + 60H(aq) — S,03(aq) + 25%~(aq) + 3H,0()

The sodium sulphide formed from the above two reactions reacts with more sulphur to
form sodium pentasulphlde
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 Chlorine reacts with cold dﬂute sodium hydrox_lde to form sodium chlonde, sodlum
Chlorate (I) and water

Clz(g) +20H(aq) — Cl (aq) + OCl(aq) + HZO(l)

However ‘with hot concentrated sochum hydroxide;. SOdl‘LlIIl r_hlonde sochum chlorate
{V)and water are formed. '

. ,i' : -
© 3ClLy(g) + 60H(aq) —— ClO3(aq) + 5C1~(aq) + 3H,0(1)

4.4.4 Reaction with acids f‘;

‘With dilute non-oxidising acids

Magnesium and aluminium feact with dilute non oxidising acids such as hydrochloric -
acid and sulphuric acid to form hydrogen gas and corresponding salts.

However, dilute sulphuric acid does not attack aluminium perhaps because of
insolubility of the oxide layer in the acid.

Silicon is resistant to attack by most acids; it is only attacked by hydroﬂuoﬁc acid.’

Si(s) + 6HF (1) — H,SiFs(1) + 2H,(g)
With oxidising acids
Nitxic acid
With exception of magnesium, dilute nitric acid does not react with metals; it reacts
with magnesium to form magnesium nitrate and hydrogen gas. '
Mg(s)+2HNOs(aq) —— Mg(N0s),(aq) + Hy(g)
Hot concentrated nitric acid oxidises metals to nitrates ‘Whﬂe it is its self reduced to
nitrogen monoxide (or to nitrogen dioxide if the acid is very highly concentrated). -
3Mg(s) + 8BHNOs(aq) —— 3Mg(NO3)(aq) + 2NO(g) + 4H,0(1)
However, aluminium is rendered passive (does not react) by concentrated nitric acid
due to formation of an impenetrable layer of oxide on its surface.

Similarly, hot concentrated nitric acid oxides not metals. It oxidises to phosphoric(V)
acid while it is reduced to nitrogen dioxide. It also oxidises sulphur to sulphuric acid.

 P(s) +5HNO;(aq) —— H3PO,(aq) + 5NO4(g) + H,0()
OR:  Py(s) +20HN03(aq) —— 4H3PO,(aq) + 4H,0(1) + 20N 0, (g)

0
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5(5) + 6HN03(aq) — H2504(3CI) + ?-Hzo(l) + 6N02(g)

Concentrated sulphunc acid

Concentrated sulphunc acid is a less effective reducmg agent than concentrated mtrlc B

acid. o . .
Hot concentrated sulphunc acid oxidises magnesmm to Inagnesmm sulphate wh11e it -
gets reduced to sulphur dlonde 1t also oxidises aluminium to alumlmum sulphate.
Mg(s)+2H,S 04(1) — MgS0,(aq) + 2H20,(1) +50:(g)
24l(s) + 6H,S 04(aq) —— AL (S04)s (aq) + 6H; oy +3S0,(g)
The acid has no reaction with silicon and phosphorous but oxidises sulphur to sulphur
dioxide: "
S(s) + 2H, S0, (1) —— 2H,0(1).+350,(g)

4.5 Compounds of elements of the 3« short period

451 Introduction

Periodic three elements form several compounds mcludmg oxides, chlorides,
hydrox1des, hydrides etc. Properties of these compounds can be used to classify the
elements into metals and non-metals. In this section, we look at properties of a few

~ selected compounds including hydroxides, oxides, chlorides, and hydridee. Where
appropriate, for all the compounds, we shall explore methods of preparation, type of
bonding, reaction with water, alkalis and acids.

4,5.2 Hydroxides of the 3rd short period

Basing on the normal valency of the elements, we would expect the following -

hydroxides; _ _ _
Element Na Mg Al Si P S Cl
Valency 1 2 3 4 5 6 | 7

Hydroxide formed = | NaO#H Mg(OH);| Al(OH)3| H,S8i03 | HyPO, | H,50, | HCIO,

However, hydroxides of non-metals split off (lose) water molecules thus forming
hydroxides shown below. The hydroxides of these non-metals are acidic.
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Expected hydroxide | Water molecule(s) lost Hydroxlde formed
Si(0H), —H,0 - H,Si0;
P(OH)s “H,0 H,PO,
S(0H)q —2H,0 _ “H,S0,
CI(OH), - -3H20 _- THCIO,

'Aad-base character of the hydroxzdes

The hydrondes beceme more acidic across the penod from left to rlght

Hydroxide NaOH | Mg(0H), AI(OH)E, H;510; HyPO, H,S0, | HCIO, .
Character | Stron |Weak |/Amphot | Weak. |Weak Strong | Strong
gbase | base eric acid acid acid acid

For metallic hydroxides, basi’é: strength increases with increase in ease of loss of the
hydroxyl group in form of OH ions. The less electronegative the metal, the weaker is the
M — OH bond and cdnsequently the stronger is the base. Electronegativity of the metal
atoms increases in the order Na < Mg < Al thus basic strength reduces in the order
NaOH > Mg(0H), > ALl(OH)3.

The non-metallic hydroxides (known as oxy-acids) are acidic. Their acidic strength
increases with increase in the ease of loss of a proton. The acidic strength increases in
the order H;S5i05< H3PO, < H,50, < HC10,. This trend can be explained by considering
the structures of the acids (not drawn to scale) below.

H,Si0, H,PO, H,50, HClo,
N« > R 2
1 —<H
A0 H>0>pP>0 i 07 H> 0> Clx0
> OH _ j 0 <H ¥

Oxygen atoms attached to the central atom withdraw electrons from the central atom
which in turn withdraws electrons from hydréxyl groups bonded to it; this increases

the partial positive charge on the hydrogen atom making it more easily lost. The greater
the effect of withdrawing electrons, the stronger the acid. This effect increases with
increase in number of oxygen atoms attached to the central atom and also with increase
in electronegativity of the central atom. Electronegativity of the central atom increases

in the order Si < P <§ < (1 thus acidic strength also increases in the same order.
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4,53 Omdes of the 3rd short permd

These include; . o : : :
Element . Na Mg | Al Si P S5 Cl 7
Oxide | Nap0, | Mg0 | ALOs ;Sioz P03, | S0, | CL0,

| Nay0, | | PBOs | S0, | cLo
Preparation '

Sodium monomde is formed by heating sodlum in a limited supply of air. Sodium
peroxide is a pale ye]low solid manmufactured by heatmg sodium metal in excess air at

7 about 600K _ ;’f 7 .
4Na(s) + 05(g) —— 2Na,0(s) ; - 2;’\1&(5) +0,(g) — Nazoz(s)

Magnesium oxide is a white solid prepared by heating a nitrate, carbonate orhydromde
of magnesmm strongly

MgCOs(5) ——s MgO(s)+CO(g)

Acid-base character

Oxide Na,0 |} MgO Aly 05 5i0; P;03, S0,, Cl,0,,
- g | P,05 S0, CL0
Character | Basic Basic | Amphoteric | Addic | Acidic | Acidic |. Addic

- Structure and bonding

Sodium, magnesium and aluminum oxides form giant ionic structures; ionic character

of these oxides decreases with increasing charge density of the cation. Silicon(IV) oxide |

forms a giant covalent structure. The rest of the oxides form simple molecular
structures.

Melting point of the oxides

Oxide - Nazo ’ MgO Ale3 SiOZ P203 503 Cle']
Melting point /°C 1193 3075 2300 1728 563 30 91

The melting point increases from sodium oxide to magnesium oxide then reduces up to
dichlorine heptoxide. |
Sodium oxide, magnesium oxide and aluminium oxide have giant ionic structures. The
ions are held together by strong ionic bonds. The melting point increases from sodium
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ox1de to magnesium oxide: due to increase in charge densfcy of the catlon, fj:om R
'magnesmm oxide to aluminium oxide it decreases due to very high charge den51ty of

" aluminium ion which makes alurmruum ox1de partly covalent (less ionic). Silicon

_ dioxide has a giant covalent structure. Its atoms are held by strong covalent bonds, the
- rest of the oxides have snnple molecular structures. Molecules are held by weak van der
- waals forces Whose strength decreases with decrease in. polanty of the molecules asa

| 3 result of decrease in difference of electronegahwty of bondmg atoms.

' Reactxon with water .

’

Sodium ox:ide reacts violently w1th water to form sodium hydroxide solution.
Na,0(s) +H0(l) — 2Na0H(aq)

Magnesium oxide reacts w1th Water to form magnesmm hydromde

T

MgO(s) + H,0() — Mg(OH)z(s)

Aluminium oxide does not dissolve in water and has no reaction with water.
Silicon(IV) oxide has no reaction with water up to its boiling point. It shghtly reacts

with water, when heated under pressure to form silicic acid.
Si0,(s)+ Hy0(1) — H,S05(aq).
The rest of the oxides dissolve in water to form acidic solutions.
P,05(s) + 3H,0() ==—= 2H;P0,(aq)
P4OE(5) + 6H20(].) — 4H3P03 (aq)
504(g) + H,0() = HyS0,(aq)
50,(g) + H,0() == H,503(aq)
Cl,04() + H,0(1) —— 2HC10,(aq)
CL,0(g) + H,0(l) — 2HOC(aq)
Reaction with alkalis

Sodium and magnesium oxides are basic and therefore do not react with alkalis.
Aluminium oxide is amphoteric and therefore reacts with concentrated alkalis to form

complex salts.
Al 04(s) + 20H(aq) + 3H,0(1) — 241(0H); (aq)
Silicon(IV) oxide reacts with concentrated alkalis to form silicates.

Si0,(s) + 20H(aq) —— Si0%~(aq) + H0(}) _
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The rest of the oxides are a<:1chc and therefore react w1th alkalis to form salts and water.
PZOS(S) + 4Na0H(aq) — 2Na2HPO4(aq) + HZO(l)

P4OG(S) + SNQOH (aq) — 4‘Na2HP03(aq) + 2H20(].)
: 503(g) +2NaOH (aq) —N aZS O4(aq) + HZO(I) '
C1,0,(1) + 2Na0H(aq) — 2NaCl0,(aq) + H,00)

Reacnon with acrds o 7
Sodium, magnesium and alummum oxides readﬂy react with dilute minerel acidsto

form salts and water. - I;‘
MgO(s) + 2H* (aq) — Mg?*(aq) + Ha0(1).
Al,04(s) + 6H* (aq) — 2A13¥ (aqg) +_,3}fzoa)

Silicon(IV) oxide has no reaction with ﬁ:ljneral acids except hydrofluoric ac@d.
Si0,(s) + 4HF (1) —— SiFy(g) +2H;0() |

The rest of the ox1des are acidic ancl therefore do not react with acids.

4,54 Chlorides of the 3rd short period
The table below shows chlorides formed by period 3 elements

Element Na Mg Al Si P S
Chloride NaCl | MgCl, | AlCly | SiCly | PCly, | S)Cly,
PClg SCl,
Preparation "

Sodium chloride is prepared by neutralization method involving sodium hydroxide’
and hydrochloric acid; magnesium chloride is prepared by reacting its carbonate, oxide,
or hydroxide with dilute hydrochloric acid.

NaOH(aq) + HCl{aq) — NaCl(aq) + H,0(1)
MgO(s) +2HCl(aq) — MgCly(aq) + HZO(I)

However, anhydrous magnesium chloride is prepared by direct synthesis since any
attempt to obtain it from the hydrated magnesium chloride or by evaporation of its

aqueous solution yields a basic chloride due to hydrolysis.

Mg(s) + Cly(g) — MgCly(s) -
MgCl,.6H,0(s) i MgCI(OH)(s) + 5H,0(g) + HCI(g)
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Alurmmum chlonde is a white solid prepared by passing dry chlorine (or dry hydrogen

_chlonde) over the heated aluminium. It sublimes at 456K and at a temperature a little

above 456K it exists as AL, Cl,.
2A1(s) +3€lz(g) —— Al,Cly(s)

S].hcon(IV) chloride may also be prepared by heatmg it WIth dry chlonne but a more

convenient method is by heatmg a mixture of silcon(IV) oxide and carboninadry -

current of chlorine.

Si(s)+ 201 (g) —— SL614(S) ;
5i0,(s) + 2C(s) + 2C1,(g) — SICly(g) +2C 0. _

| Phosphorous trichloride is a colourless liquid prepared by passmg dry chlorine over

heated white phosphorous
Py(s) + 6CL,(g) —— 4PCl5()

[}
Phosphorous pentachioride is prepared by passing dry chlorine over heated
phosphorous trichloride.

PCly(1) + Cly(g) — PCls(s)

Sulphur dichloride is a red liquid prepared by reacting chlorine with disulphur
dichloride at 0°C.

$2CL() + Cly(g) === 25CL,(l)

Disulphur dichloride is a red liquid prepared by passmg dry chlorine over.molten
sulphur.

25(5) + Cly(g) — S,CLy()
Bond type and structure

Electropositive metals form mainly ionic compounds but the degree of ionic character

reduces as electropositivity decreases across the period. Magnesium and aluminium

chlorides are ionic with some considerable degree of covalent character. The rest of the”
chlorides on the right are covalent though the bonds possess some polarity. Bond type

and structure have a very big consequence on melting point of the chlorides (see below)
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[Chloride | NaCl-| MgCl, | AlCl; | Sicl, | PCl; | PCls | S,¢L | SCL,
Bond type | ionic | Partly | covalent | Covalent | Covalen | Covalent | ‘Covalent | covalent
ionic. -t

Structure | Giant | Giant Layered | Layered | Simple Simple Simple | Simple
_ ionic jonic . | molecular | molecular | molecular | molecular | molecular | molecular |

Melting point of the chlor_ides

Chlonde T NaCl | MgCl, | AlCL | Sicl, | PCL, | PCls | 5,0L, | S
Melting point /oC | 808 | 714 | 192 ;| 68 | 92 | 160 | 76 | -80
Physical state Solid | Solid | Solid/ | Liquid | Liquid | Solid | Liquid | Liquid

Melting point of the chlorides generally decreases as the period is traversed from left to

right. | ; e

- Sodium and magnesium chlorides form giant ionic lattices though the degree of ionic
character decreases with increase in charge density in the same direction. Therefore
magnesium chloride has a lower melting point than sodium chloride. Aluminium ions
have a very high charge density which induces a very high covalent character in
aluminium chloride thus a low melting point. Silicon tetrachloride is covalent consisting
of molecules held by weak van der-waals forces this a very low melting point.
Phosphorous trichloride is also simple molecular thus the low melting point.
Phosphorous pentachloride has an abnormally high melting point becauseat ordiﬁary
temperature it is known to consist of PCI{ and PCI; ions though in vapour state it
consists of PCls molecules. It is this ionic character that is responsible for its abnormally
high melting point. The chlorides of sulphur are simple molecular held by weak van der
waals forces. Magnitude of the van der waals forces decrease with decreasing molecular

mass.
Reaction with water (hydrolysis})

Hydrolysis refers to chemical reactions of double decomposition brought about by
water to form ions. o

Cations of high charge density attract water molecules towards themselves. This
attraction weakens the 0 — H bond in the attracted Wa-tegrnoleml'e making it to lose a

proton. Consequently, solutions-of such cations are acidic.

H.0 " H,0
A (g o H0() == M@0+ (aq)+  Hy0%(aq)
Hy0 Hz v\l':JHz H, Hz OH,
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Al(H,0)3*(aq) + H,0() == [AlL(H,0)50H]**(aq) + H30* (aq)
Purely ionic chlorides do not hydrolyse in water thus sodium chloride does not
‘ undergo hydrolysm but dissolves in water to form sodiitm and chloride i 10115

- Magnesium chlonde undergoes parual hydrolysm in cold water to form a basic
chloride.

MgCly(s) + H,0(l) —— MgCL(DH)(s) + HCI(g)
HoWeirer if heated, hydrolysis majz' go as far as magnesium oxide.
MgCly(s)+ H0(1) —— MgO(s) + 2HCl(g)

Aluminium chloride fumes in moist air by hydrolysis hberatmg hydrogen chloride gas.
This explains why its solution is acidic.

- AlClg(s) + 3H, 0(1) —— AL(OH)4(s) + 3HCI(g)

i
Silicon tetrachloride rapidly hydrolyses in cold water to form misty fumes of hydrogen
chloride and silicic acid.

SiCly(1) + 3H,0(1) —— H,5i03(s) +4HCl(g)
It is not uncommon for this hydrolysis to proceed as far as silicon(IV) oxide.
SiCLy (1) + 2H,0(l) — Si0,(s) + 4HCl(g)

Both phosphorous trichloride and phosphorous pentachloride hydrolyse in water to
form phosphonic acid and tetraoxophosphoric(V) acid respectively, in addition to misty
fumes of hydrogen chloride gas. '

PCly(1) + 3H,0()— H3PO3(s) + 3HCI(g)
PCls(s) +4H,0(l) — HsPO, (aq) + 5HCI(g)

Dlsulphur dichloride hydrolyses in water forming sulphurous ac1d sulphur and
hydrogen chloride gas.

28,C15(1) + 3H,0(1) —— 4HCl(g) + H,S05(aq) + 35—(‘5)
Reaction with acids )

Sodium chloride reacts with concentrated sulphuric acid to yield hydrogen chloride
gas.
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NaCl(s) + H,S0,(1) — NaHS04(s) + HCI(g)

: Chlondes of phosphorous react with carboxyhc ac1ds to y1e1d correspondmg acryl
~ chlorides. |

- CH;COOH(Q) + PCls(s) —— CHaCO cza) + POCI (1) + HCl (g)
BCHBCOOH(I) + PCly(l) —— 3CH3 cociq) + H3PO3(S)

4.5.5 Hydrides of the 3rd short perlod

The table below shows hydrides formed by: penod 3 elements
| Element "Na Mg Al S,l P | 5 | ¢l A
Hydride Nafl | MgH, AZH3 SiHy | PHy H;S | HCI

Preparation ‘
Sodium hydride is a white crystalline solid prepared by héating sodium in a stream of
dry hydrogen gas. =

2Na(s)+ Hy(g) —— 2NaH(s)
Alummmm hydride is'@ white solid precipitated when lithium. hydride is treated with
excess aluminium chloride in a solution of ether.
- BLIH(s) + AlCly(s) —— AlHy(s) + 3LiCl(s)

Silane is obtained by fractional distillation from a mixture of silicon hydrides formed
when magnesium silicide is treated with 20 per cent hydrochlonc acid.

Mg,Si(s) +4HCl(aq) —— 2MgCly(aq) + .S'LH4(g)

However, a more convenient way of preparing sﬂane is by reduction of 5111con
tetrachloride with lithium aluminium hydride.

SiCly(1) + LiAlH,(s) — SiH,(g) + LiCl(s) + AICI4(s)

Phosphorous trihydride (phosphine) is prepared by heatmg concentrated sodium
hydroxide solution with white phosphorous:-

Py(s) + 30H(aq) + 3H,0(1) ~—— PHy(g) + 3H,PO; (aq)

Hydrogen sulphide is prepared by action of dﬂliﬁe hydrochlorie acid on xron(II)
sulphide.
FeS(s) + 2HCl(aq) — FeClz (aq) + HZS(g)
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o Hyrdro' geﬁ chloride is prepared b}? action of concentrated sulphurie acid on sediu_m
chloride. R o ' B

NaCl(s) + H2504(1) — NaHSO4(s) + HCl(g)

a 'Structure and bondmg

: Sochum is highly electroposﬂ:lve sodlum hydnde is ionic (N atH™ ) Sodmm hydnde has

a sodium chloride-like crystal lattlce ,

Hydrides of magnesium and alummlum are predominantly covalent and polymeric.
The covalent character can be a:ctnbuted to the small ionic radius and high charge
(charge density) of the Catlons

The rest of the hydrides in tkus period are covalent and simple molecular held by weak-
van der waals forces. | ' :

Acidity of the hydrides increases across the period from leftto right

Reaction with water
i

Sodium hydride reacts with cold water to form hydrogen gas and sodium fxydroxide.
NaH(s) + Hy0() —— NaOH(aq) + Hy(g)

Silane is hyclrolysed by water but the hydraolysis is more rapid in presence of an alkali
{(see below).
Hydrogen sulphide does not hydrolyse in water but ionises to form an acidic solutlon

HZ_O(D + H,8(g) =——=H30%(aq) + HS (aq)

‘Hydrogen chloride does not react with water but ionises to form hydrogen ions.

HCl(g) + ag ——H*(aq) + (17 (aq)
Reaction with alkalis
Silane is hydrolysed by water in presence of an alkali to form sodiufn silicate and
hydrogen gas.
SLH4(g) +20H(aq) + H,0(1) — 5103 (aq) +4H,(g) ¢
Hydrogen sulphide reacts with sodmm hydroxide to form sodium hydrogen sulphlde
HZS(g) + NaOH(aq) ﬁ NaHS(aq) + H,0(1)

Aqueous hydrogen Chlonde reacts with sochum hydroxide to form sodium chloride and
water. '
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HC l(aq) + N aOH (aq) — N aCl(aq) + HZO(l)
Reaction with acids

Hydrogen sulphide reduces concen’frated sulphunc acid to sulphurdit)}dde.
HZSO4(I) + HZS(g) — §02(g) + 2H,0() + S(s) |

Ttalso reduces c:oncentrated nitric acid to rutrogen monoxide:
2HN03(aq) + Bst(g) — 4H20(1) + ZNO(g) + SS(S) |

4.6 Summary S

I

Across the perlod from left to right, elements gradua]ly change from purely metallic to
non-metallic. There is also a gradual change in bond type, acidity of the compounds

‘and many other properties.

4.7 Suggested further reading on chapter 4

J
G. . L1ptrot Mordern Inorganic Chemistry, Scotprint Ltd, Fourth Edltlon, 1983.
‘A. Holderness, Advanced Level Inorganic Chemistry, Thomson Press, Third Edition,
1979
H. L. Heys, Physical Chemistry, Chapter 8.
W. R. Kneen, Chemistry, Facts, Patterns and Principles, Addison-Wesley Pub (5d), 1972

4.8 Questions on chapter 4

1, (a) Draw a graph of first ionisation energies of period 3 elements against atomic
number.
(See table 4.3 for the values of the ionisation energles)
(b) Explain the general shape of the graph in (a) above.
(c) Explain any abnormalities in the graph in (a) above.

2. Arrange the following eleménts/compounds in order of increasing meltmg point
and explain your answer in each case.
(a) Sodium, aluminium, magnesium.

(b) sodium oxide, magnesium oxide, aluminium oxide
3. Discuss the trend in atomic radii of period 3 elements across the Periodic Table.

4. (a) Complete the following table about oxides of elements of the 3™ short period.
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Eleme'nt.- - _ .Na_ Ty | Al 5 2 T A o
_Formula of oxide - =
Nature of bonding

~ (b) Deéscribe the variation of the structureés of the oxides across the period. o

(c) From the table above, select one oxide which s basic, one which is amphoteric |
R and one Whlch is acid, then write equatidns for reactions to illustrate each
_ property. | / , ,
(d) Give and explain the shapes of the molecules formed by; L
(i} Silane " (ii) aluminium chloride (iii) hydrogen sulphide
(e) Write an equation fg‘i" the reaction between sodium hydroxide ang;
(a) sodium hydrigl’é (ii) silane
5. (a) Write equations to show how you would prepare the following chlorides;
(i) Magnesium chloride (i) silicon tetrachloride (iii) hydrogen chloride
(b) Give the tyﬁe of bonding in each of the chlorides in (a) above and state the |

structure formed. :
(c) Write an equation (if any) for the chlorides above with water.
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54

Group two ele’ments are often referred to as alkalirie
earth metals. They include beryllium, magnesium,
calciuin, stqénﬁum, barium, and radium, They are
fairly elecﬁiopositive metallic elements.'
Electropositivity increases down the group.

Tab'le'_S @ Electronic configurations of group(t) élements

Element Sym | Atomic | Electronic j
bol number | configuration

Beryllium | Be 4 152257

Magnesium | Mg 12 1522sps3s?

Caleium Ca 20 | 1s225?2pf3s23pids?
Strontium Sr 38 | 1s?2522p®3523psds23d104pe5s?
Barium Ba 56 1522522 pf3523pods?3d 104 pebs?4d e phas?

Their general outer most shell configuration is ns?

In most of their compounds, the elements show an

oxidation state of +2 due to their low first and second
jonisation energies.

Reactivity of the elements increases down the group

due to decrease in ionisation energy in the sam.

direction. v |

Beryllium significantly differs from the rest of the

" EI% cEpe . members of the group and its anhydrous compounds

are covalent in character. This is because beryllium

4

SEEeT it e

has a very small atomic radius and forms small
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Chapter 5 Group 118 Elements Lo

catlons wﬁ'h hlgh charge den51ty and polanzmg power compared to the other elements -
- in the group. . - '
Magnesrum too forms compounds which show some appreaable covalent character.
Compounds of other elements in the group are essenha]ly ionic. Radium is radloactlve
_and is formed during decay of uranium compounds. A]l the members are highly
 reactive and are thus never found n free state in nature. B |

5.1.1 Diagonal relatlonshlp between beryllium and alummlum |
Beryllium has a small atomic radmsfcompared to other members of the grou};: thus its
chemistry differs significantly from the rest of the members.

Most beryllium compounds, Whenf anhydrous, show consu:lerable covalent character
Magnesium compounds show somme covalent character while the rest of the elements
form essentially ionic compou.nds

From beryllium to boron, polansmg power and electronegativity i increase. From boron ‘
to aluminium polarising power and electronegatlwty reduce. Thei Increase in polansmg. -_
power and electronegativity from beryllium to boron is offset by a decrease from boron
to aluminium, thus beryllium and aluminium have similar polarising power and
electronegativity.

increasing polaring power and electronegaitiviy

Be > B

lectr -
Diagonally related due to electronegativity

similar polarising power
and electronegativity

Jredur:ing polarising power and

T Al

Due to similarity in polarising power and electronegativity, the chemistry of berylhum
and aluminum is similar. They are said to have a diagonal relationship (also see section
4.3). '

The chemistry of beryllium and aluminium is similar in the following ways
— Both react with concentrated sodium hyd%ﬁdde solution toforrn complex salts.
Be(s) +20H(aq) + 2H,0(1) — Ee(OH)?{‘(aq) + Hy(g)
2Al(s) + 20H(aq) + 6H,0(1) —— 2A1(0H); (aq) + 3H,(g)

— Both are rendered passive by concentrated nitric acid.
— Both their oxides and hydroxides are amphoteric.
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BeO(s) + 2H+(aq) —_ Bez"'(aq) + HZO(I) |

BeO(s) + 20H (aq) +. HZO(I)—> Be(oy);(a'q)

Azzog(s) + 6H+(aq) — 2Al3+(aq) + 3H20(l)

Alzoa(s) + 20H" (aq) + 3H20(1)—; Z[AI(OH)4] (aq) |
~ Both thelr carbldes yleld methane on hydroly51s

BeZC(s) + 4H20(1) — ZBE(OH)Z(S) + CHy{g)

AL Cy(s) + 12H,0() —— 4.41(011)3(3) + SCH4(g)

" Chlorides and bromides of both metals are covalent and polymenc sohds
(Al,Clg and Be,Cl,) when anhydrous and are hydrolysed by wa’cer
% Both have a tendency to form complexes

5.2 Physical properties of alkaline earth metals

Apart from barium, the alkaline earth metals have closen'packed structures at rodm
- temperature. Beryllium and magnesium have hexagonal c\lee packed structures —

section 2.3.1
" All the elements have two valency electrons and strength of the metallic bond decrease

down the group due to increase in metallic radius.

5.21 Atomic radius

_‘;,":'If_a'blre IR Atomic radii of group(l) elements

Element Be Mg Ca Sr Ba “Ra |
Atomic radius/picometers 96 141 176 195 215 | 221

Atomic radii of the elements increase down the grdup. Down the group, boeth the )
nuclear charge and screening effect increase. However, since an extra shell of electrons
is added down the group, increase in screening outweighs increase in nucléar charg'e;
effective nuclear charge thus decrgases down the group. This increases atomic radius

down the group since outer electrons become less strongly attracted.
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g 5 2 2 Meltmg pomt

e Melt:ngpmnts ofgroup(ll) e!ements

Element R Be. Mg Ca ] Sr Ba Ra -
melting point /°C | 1280 651 845 | 789 725_’ | 700

.- ‘Meltmg point generally reduces down the group- ‘This is due to increase in metallic

radius down the group, which results in decrease i 1n metallic bond strengl:h
However magnesium has an abnorma]ly lower melting point than calcium, because

magnesium has a hexagonal close packed structure as compared to calcium with cubic
:“l - ' .

o

. \’.

Note /

Alkaline earth metals have hiéh melting and boiling pohté tharvalkali metals. This is

because alkaline earths use two electrons per atom in forming metallic bonds while

alkali metals use only one electron. Therefore, there is stronger metallic bond in alkaline

earths than in alkali metals,

J

52.3 Iomsatlon energy

First ionisation energies of group(]l) elements

Element- 7 Be Mg Ca Sr Ba
First ionisation energy / KJmol! 900 738 590 549 | 502

* lonisation energy reduces down the group. Down the group, nuclear charge increases

as well as screening effect. The increase in screening effect outweighs the increase in
nuclear charge due to an extra shell of electrons added down the group. Effective
nuclear charge therefore decreases down the group leading to decrease in ionisation

energy.

5.2.4 Enthalpy of sublimation / atomisation
This reduces down the group due to decrease in metallic bond strength.

5.2.5 Enthalpy of hydration

B3 Enthalpies of hydration of group(ll) cations

Cation Be?t | Mg?* | Ca?* | Sr?t | Ba®t
Enthalpy of hydration / KJmol? -2455 -1900 -1565 -1415 -1275
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| Enthalpy of hydrahon reduces down the group Tlus is due to increase in ionic radms of

" the cation down the group which causes a decrease in charge density. The lower the
. charge densﬁ:y, the lower the hydrahon energy -

'5.2.6 Standard electrode potentials

Standard Electrode potentials of group(l) elenﬁénts _

Elemént. | Be Mg " Ca - Sr Ba |
Electrode potential /V | -1.85 | -237 | 287 | 280 | 201

- Electrode potenhals for metals, depend on subhmatton energy, ionisation energy and
hydration energy (Secﬁon 3.5} ‘ '
Generally, standard electrode potentLals increase down the group. Th1s is because down
the group, enthalpy of sublimation, hydratlon energy, and ionisation enérgy decrease.
The decrease in enthalpy of sublimation and ionisation energy is more rapid than
decrease in hydration energy. Electrode potenhals thus become more negative down
the group.

1
Note

Beryilium has a very small ionic radius, h1gh sublimation energy, and high ionisation
energy. Its high ionisation energy and sublimation energy almost offset its high
hydration energy. This makes its electrode potential the least negative. _
The alkali metals (group I) have higher negative electrode potentials than alkaline earth
‘metals. This is because alkali metals have relatively lower heats of sublimation and _
ionisation energy compared to alkaline earth metals. This makes the electrode potentials
of group I elements large and negative, despite their low enthalpies of hydration.
Barium, strontium, and calcium are in group II but have higher electrode potentials -
than sodium. This is because the ionisation energies of barium, strontium, and calcium
are higher than that of sodium. Although their ionisation energies are higher, their
hydration energies are higher than that of sodium due to theu'%xgher charge density
compared to that of sodium. The sublimation energies of barium, strontium, and

calcium are fairly small.
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53 - 'C-hemical properties of alkaline earth metals

5.3. 1 Introductlon ,

The metals are very reactive but less so than alkali metals. Reactlwty increases Wlth

| _mcreasmg atomic number (down the group) due to decrease in ionisatiori energy and

increase in electrode potential. . - - _ '

Due to decrease in electrode potentials down the gToup, elements become stronger

reducrmg agents in aqueous solutions, as the group is descended.

'5.3.2  With water

Beryllium does not react with Water, even when heated

Magnesium burns brilliantly when heated in steam to give itg ox1de and hydrogen gas.
Mg(s)+ H,0(g) — MgO(s) +H,(g)

'Some literatures suggest a slow reaction between magnesium and cold water forming a

hydroxide and hydrogen gas. . : ‘
~ Calcium, strontium, and barium react with cold water to hberate hydrogen gas and a

corresponding hydroxide.
Cals) + 2H,0(l) ——> Ca(0H),(aq) + Ha(g)
5.3.3 With air

All group II elements tarnish in damp air due to formation of a layer of an oxide that

later forms a hydroxide and a carbonate; for example in the case of calcium below.
2€a(s) + Oy(g) —— 2Ca0(s)
Cal(s) + H,0() —— Ca(0H),(aq)
Ca(0H),(ag) + C€O,(g) —— CaC0s(ag) + H,0(D)

All the metals react with air on heating to form an ox&de, alongside somé nih'ide.
2Mg(s)+ 0x(g) —— 2MgO(s)
3Mg(s) + Ny(g) —— MgaN,(s)

~ If the product is damped and warmed, arnmonia is evolved.

MgsNy(s) + 6H,0(1) —— 3Mg(OH),(s) + 2NHa(g)

On prolonged heating in oxygen under pressure, barium and strontium form peroxides
of the type M0,.
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' 5.3. 4 With acids

Dilute non oxidising ac1ds e.g. d1lute hydrochlonc ac1d and dilute sulphunc ac1d react

with the metals to form salts and hydrogen gas.
‘ Mg(s) + HZSO4(aq) —— MgS0,(aq) +Hz(g)
4 Cale)+2mCiag) — CaClyag) + Hylg) |
| With berylium, the reaction takes place on wannmg
Hot concentrated sulphuric acid oxidises the metals to metal sulphates whﬂe it is its self

I
!

reduced to sulphur dioxide and water.

- Very dilute nitric acid does not react W1th the metals apart from” magnesmm
Magnesium.reacts slowly to form hydmgerl gas and magnesium nitrate.

Mg(s) + 2HN O3 (aq) —— Mg(N 03)2(aq) + Ha(g)
Hot moderately concentrated nitric acid oxidises the metals to nitrates while it is its self
reduced to nitrogen monoxide (or nitrogen dioxide if the concentration of the acid is
fairly high) ‘
e.g. 3Ca(s) + 8HNOs{aq) — 3Ca(N03);(aq) + 2NO(g) + 4H,0(1)

" 3Ba(s) + 8HN03(aq) —— 3Ba(N0s),(aq) + 2NO(g) + 4H,0(1)
5.3.5 With alkalis |

With exception of beryllium, the elements do not react with alkalis. Beryllium reacts
with concentrated alkalis to form complex salts. '

Be(s) + 20H(aq) + 2H,0(1) —— Be(0H); (aq) + Ha(g)
5.3.6 With chlorine ‘ : /

The elements react with chlorine on heating to fon{llcorresponding chlorides.

Mg(s) + Cly(g) — M.QCIZ( )

5.3.7 With hydrogen
With exception of beryllium, the metals react with hydrogen to form correspondmg

hydrides e.g.
Ca(s) + Hy(g) —— CaHy(s)
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5.4 Co'mpbunds of group (II) elements

54.1 Introductmn

They form white compounds in sohd state which are largely ionic. They show an .
ox1dat10n state of +2. Beryllium compounds are largely covalent due to a very high

- charge density (polarising power) of its ions. Magnesium compounds show appreciable
‘covalent character too. Beryllium has a diagonal relatlons}up with alumlmum and thus

their chemistry is surular The chenustry of magnesmm is slightly different from that of

the rest of the elements. ,f‘

H

/
5.4.2 Chlorides of group[ll) elements
The chlorides include bery]hum chioride (BeCl,), magnesfum chiorlde (MgCl,), calcium
chloride (CaCl,), strontium chloride (SrC l3), and barium chloride (BaCl,). -

5.4.2.1 Preparation

Ahhydrous magnesium chloride is best prepared by heating magnesium in a current of
dry chlorine gas or hydrogen chloride.

Mg(s) " Clz( g) —— MgCl,(s)
Mg(s) + 2HCI(g) — MgCl,(s) + Hy(g)

Hydrated magnesium chloride (M gCl,.6H,0) is prepared by crystallisation from its
solution in water. Excess magnesium, its oxide, hydroxide, or carbonate is reacted with
dilute hydrochloric acid to give a solution. The mixture is filtered, evaporated and
cooled to crystallize hydrated magnesium chiloride. The other chlorides are prepared
similarly. .

The chlorides are very deliquescent. Calcium chloride is very cheap and thus the
anhydrous salt is used to dry gases and organic liquids. It can, however, not be used to
dry ammonia and ethanol since it reacts with them to form complexes.

When heated, hydrated magnesium chioride is llyd-rolysed by its water of
crystallisation to magnesium oxide (see section 5.4.2.3 below). For this reason, anhydrous
magnesmm chloride cannot be prepared by evaporatlon of an aqueous solution of

magnesium chloride.
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5.4.2. 2 Meltmg pomts

w Melting points of chlondes of group(il) elements

Chlonde : BeCl, MgcCl, | CaCl, SrCl, BaCl,
_melting pomt/”C 405 714 | 782 - | 875 962

Meltmg points genera]ly increase down the group This is because down the group,
ionic radius of the catlon increases with constant charge. This reduces charge den51ty of
the cation down the group hence polarising power reduces. This increases the i ionic
character of the chlorides down the group thus an increase in melting point.

5.4.2.3 Hydrolysis of the chlorides. ,//

Beryllium chloride is hydrolysed by Water to form beryllium hydromgle and hydrogen
chloride gas.

Be(OH)z-(s) + 2HCl(g)

BeCly(s) + 2H,0())

Magnesium chiloride only un‘dergoe's partial hydrolysis.

MgCly(s)+ Hy0(1)

Mg(OH)Cl(S) + HCl(g).

When heated, hydrated'magnesium chloride is hydi'OIysed by its water of
crystalhsatlon It is therefore not possible to obtain the anhydrous chloride by

evaporation of its aqueous solution.
. MgCly(s)+ H,0(1) —— MgO(s) + 2HCI(g)

Calcium chloride is only hydrolysed to a small extent to form calcium oxide or calcium
hydroxide. Strontium chloride and barium chloride are not hydrolysed.

5.4.3 Oxides of group(Il) elements
5.4.3.1 Preparation

Normal oxides are formed when the metals are heated in oxygen. Strontium and
barium also form peroxides (Ba0, and Sr0,) on prolonged heating.

2Mg(s) + 0y(g) —— 2MgO(s)

Oxides are also prepared bj heaﬁng carbonates or nitrates of the metals e.g.
Cal0;(s) — Ca0(s) + CO,(g) |
2Mg(NO3),(s) —— 2MgO(s) + AN O, (g) + Oy (g)
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54.3.2 Reaction with water. ‘
Beryllium oxide is covalent and therefore does not react with water. The other ox1des
are largely ionic and sparingly dissolve in water formmg correspondmg hydromdes e. g

CaO(s) +HZO(1) — Ca(OH)?_(s)
: 54-3 3 Wltha]kails .

Apart from beryllium ox1de which is amphotenc, all the other-oxides are ba51c
_Therefore only bery]hum oxide reacts with alkalis to form complex salts.

- BeO(s) +20H(aq) + H,0(1) -——> Be(OH)4 (aq)

54. 3 4 With acids ‘ e

All the oxides react with d]lute acids to form salts and water only e.g.
MgO(s)+2HCl(aq) —-—>MgClz(aq)+H20(l) ) '

: 5.4.4 Hydroxides of group(lI) elements ) [
5.4.4.1 Preparatlon '

They are white solids prepared by addition of sodium hydroxu:le to a solution
containing the metal ions. Beryllium hydroxide cannot be prepared this way because it
is amphoteric and therefore dissolves in excess sodium hydroxide. '

Mg**(aq) +20H(aq) —— Mg(OH),(s)
Ca?*(aq) +20H(aq) —— Ca(OH),(s)

They lcan ala;,o be prepared by dissolving the oxide of the metal in water e.g.
Cal(s) + H,0(1) —— C‘a(OH)z(s)

5.4.4.2 Solubility of thé hydroxides

Solubility déi::ends on lattice energy and hydration enexgy; it increases with increase in
hydration energy and decreases with increase in lattice energy. However, for very small
anions of high charge density, the changes in lattice energy dec1de the trend in
solubility. :

Solubility of the hydroxides increases down the group. |

Down the group, both lattice energy and hydration energy decrease. Since the
hydroxide ion is small, solubility will largely depend on lattice energy which decreases
down the group. As a result of decrease in lattice energy down the group, solubility will

-
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also ée&%se in the same duectlon Solublhty of other compounds of group(Il) elements -
- with small anions, for example chlondes, also fo]lows the same trend. However,

- solublhty of compounds with large anions takes the reverse trends — section 5.4.5.2.
54.43 Reacnon of the hydroxuies w1th alkalls _ |
- Apart from berylium hydroxlde Whlch is amphotenc hydromdes of group(]I) do not

. react with- alkalis.

Be(OH),(s) + 201&"(5q) '-—»rbé(oa)i"(aq)

5.4.5 Sulphates of group(ll) elements

5.4.5.1 Preparatlon f_"

These are prepared by adding sulphate 10ns (e g. from sodium sulphate) toa solutlon

containing the metal ion.
Ba**(aq) + SOZ~(aq) ——— BaS0,(s)
Ca?*(aq) + SOf~(aq) —— CaS0,(s)

Beryllium sulphate and magnesium sulphate are very soluble in water, t.herefore they ‘
are prepared by reacting their oxides or hydroxides with dilute sulphuric acid for

example: _
BeO(s) + H,50,(ag) — BeS04(aq) + H,0()
" 5.4.5.2 Solubility of the sulphates

Tab!e 58 Solubility of sulphates of group(ll} elements

sulphate BeSO, | MgS50, | CaS0, | Sr§0, | BaSO,
solubility (g/100g of water at 25°C) | 43.00 35.50 0.18 0.01 0.0024

Solubility of the sulphates reduces down the group. Down the group, both hydration
energy and lattice energy decrease. However, for large anions, changes in enthalpies of
hydration of the cation decide the trend of solubility. Since the sulphate ion is large and
hydration energy of the cations reduce down me'-group, soh_.l\bjility will also reduce
down the group (Compare with solubility of the hydroxides - section 5.4.4.2). Solubility of

carbonates and chromates takes similar frend because these anions are also large.
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'54.6 Carbonates of group (I) elements

These are precipitated as white solids on addition of carbonate ions to a solution

- containing the metal ions e.g.

‘Ca**(aq) + €03 (aq) .-'_— -6.6£1€03(5) '

- However, magnesium carbonate is obtained by using sodium hydrogen carbonate, -

since using sodium carbonate precipitates a basic carbonate of the formula

MgC03. Mg(OH),.4H,0 e

Mg**(aq) + 2HCO3 (aq) —— MgCOs(s) + H,0() + COy(g)

5.4.6.2 Thermal stability of the carbonates e
fssociation temperatuf:es of group(li) carbonates
carbonate . BeCOy [ MgCO; | CaCOs | SrCO, BaC0;

dissociation temperature /C | 25 | 540 | 900 | 1290 1360

T:amperature at which the carbonates decompose increase down the group thus thermal
stability increases down the group due to increase in electropositivity of the metal
down the group.

Beryllium ion has a very small radius and high charge (high charge density). Beryllium
carbonate therefore has a very high covalent character thus an abnormally low
decomposiﬁon temperature. Jonic radius increases down the group thus a decrease in
charge density and increase in ionic character. ‘

5.4.7 Phosphates of group(II)
Phosphates are salts derived from phosphoric(V) acid, H;P0,. The acid is tri-basic thus"
can be neutralised by sodium hydroxide in stages, forming sodium dihydrogen

| phosphate(V) (NaH,P0,) in the first stage and disodium hydrogen phosphate

(NayHP0,) in the second stage.
 NaDH(aq) + HyP04(aq) ——> NaH,PO,(ag) + H,0()
-
- NaH,P0, (aq)+ NaOH(aq) —— Na,HPO,(aq) + H,0(1)

The third stage, leading to formation of trisodium phosphate(V), cannot be realised
practically since the salt is highly hydrolysed in aqueous solution.
NayPO,(aq) + H,0()) > NaOH(aq) + Na,HPO,(aq)
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| Most phosphates of group(ll) elements are msoluble in water but usua]ly chssolve in: Sl

presence of strong acids like hydroc:hlone acid. o
- Magnesium ammonium phosphate is formed as a white precipitate when disodium
hydrogen phosphate or sodium phosphate is added to a solution contammg
magnesium ions in presence ammonium chloride and ammonia. '
Mg?*(aq) + NH} (aq) + PO}~ (aq) + 6H,0(l) —— MgNH,PO,. 6H,0(5)
A white prec1p1tate of calcium phosphate is also formed when disodium hydrogen
phosphate is added to a solution contalnmg calcium ions. '
3Ca**(aq) + 2HPO} (aq) + 20H(aq) —-——> Caz(P0,),(s) + 2H20(l)
' Calcium phosphate can be converted to super phosphate by treatment with 70%
sulphuric acid solution. / - '
Cay(P04)y(s) + 2H;50,(aq) —— € a(H2PO4)z(5) +2CaS04(s)

Al

5.4.8 Carbides
5481 Preparatioh

]

Beryllium carbide is prepared by heating the elements beryllium and carbon at
temperatures above 900°C. It also may be prepared by reduction of beryllium oxide
with carbon at a temperature above 1500°C. '

2Be0(s) + 3C(s) —— Be,C(s)+2C0(g)

Calcium carbide is produced by heating a mixture of lime and coke at 2000 °C in an |

electric furnace from.
Ca0{s) + 3C(s) — Caly(s5) + CO(s) ,
Calcium carbide is used in the manufacture of acetylene (ethyne) - see its reaction with

- water below.

5.4.8.2 Reaction with water

Beryllium carbide decomposes very slowly in water.
Be,C(s) +2H,0(1) —— 2Be0(s) + CH,(g)

The rate of decomposition is faster in mineral acids with evolution of methane.
BeZC(s) +4 H*(aq) — 2Be?*(aq) + CH,(g) |

However, in hot concentrated alkali the reaction is very rapid, forming alkali metal
beryllates and methane:
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Chapter 5 Group IT Elements -

BeyC(s) + 40H(aq) —» 2Be03~(aq) + CHy(g)

- Th‘e.reaction of calcitim cafbid.e with water wés discovered by Friedrich Whler in 1862.

It reacts with water to form acetylene (ethyne) and calcium hydroxide.

Cacy(s) +2H,0() ——> CyHy(g)+ Ca(0H); (aq)

- This feaction is the basis of the industrial manufactiire of acetylene, and is the major -

industrial use.of calcium carbide.

Caldum CE{Ibide isused:

- inthe desulfurisation of iron. /

-~ asafuel in steelmaking and ca;*bide lamps

- as a powerful deoxidizer at ladle treatment facilities.
Carbide lamps were usable butdangerously in coal mines,
where the presence of the flammable gas methane made

' extensively in slate, copper and tin mines, but most have A carbide lamp'

now been f'eplaced by electric lamps, Carbide lamps are still used for mining in some
less wealthy countries. They are also still used by some cavers exploring caves and
other underground areas though they are increasingly being replaced in this use by
LED lights. They were also used extensively as 11ead1ights in early automobiles,
moforcycles and bicycles, although in this application they are also obsolete, having
been replaced entirely by electric lamps.

54.9 Complex formation _

A complex ion is an ion that contains a central ion or atom linked to other atoms, ions or
molecules via coordinate bonds. ' "
Tendency of group II elements to form complexes decreases down the group due to
decreasing charge density of the cation. '

Beryllium forms several complexes including tetrafluoro beryllate(TI) ions (BeF2-),

' tetrahydi'oxo'bery]late(ﬂ) ions (Be(OH)?Z™), and tetra aqua beryllium(TI) ions

(Be(H,0)%*) among others. _ _
Magnesium complexes with chlorophyll and EDTA. Calcium complexes with ethanol,
Ca(CH3CH,0H)3, U
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5: SAnalysw of magnesmm, calcmm, and barlum mns .

Tests for the cations are mainly based on their reactions with a]kal_is that resultinto

formation of preclpltates

5.5.1 Using sodmm hydrox1de solutlon '
Tothe solutlon suspected to contain any of ’rhe cations, sodium hydroxn:le is added

dropwise until i in excess.
Formation of a white precipitate msoluble in excess shows presence of Mg?t, Ca2+
Ba*t. ' '
Mg**(aq) +20H(aq) — Mg(OH)z(S)
Ca?*(aq) +20H(aq) — Ca(OH),(s) T

BaZ*(aq) + 20H(aq) — Ba{0H),(s)

5.5.2 Usingaqueous ammonia

To the solution suspected to contain any of the cations, ammonia solution is added
dropwise until in excess.

Formation of a white precipitate insoluble in excess shows presence of M g** or Ba®™.

Mg?*(aq) +20H(agq) — Mg(OH)(s)

Ba?*(aq) + 20H(aq) — Ba(0H),(s)
Note:

Ammenium hydroxide does not precipitate calcium hydroxide. Not only is the
concentration of hydroxyl ions from weakly basic ammonia too low to exceed the
solubility product of calcium hydroxide, but there is also an ammine formation,
Ammonium hydroxide in presence of ammonium chloride will not precipitate
magnesium hydroxide. This is because presence of ammonium chloride prov1des a hlgh
concentration of ammonium ions which suppress jonisation of aqueous ammonia by

reversing its equilibrium. There are therefore insufficient hydroxyl ions to exceed the

solubility product of magnesium hydroxide.

- NH,Cl(ag) — NH{(aq) + Cl~(aq)

NHy(aq) + 0= NH{(aq)+0H(aq) | |

]
i .
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5.5.3 ‘Using amimenium carbonate solution
Aqueous solutions containing Mg?*, Ca®*, and Ba?* ions form white preupltates when
- ammonium carbonate solution i is added. This is due to preclpltahon of corresponding

carbonates. '

However, in presence of ammonium chlorlde magnesmm ions will not form a
'preapltate when ammonium carbonate is added This is because presence of
ammonium chloride reduces the concentration of carbonate ions below that necessary
to exceed the solubility product of magnesium carbonate. '

NH4 (aq) +C03%~ (aq) ———> NH3(aq) + HCOB (aqg)

5.5.4 Using sodium dlhydrogen phosphate

To the solution of the unknown, add aqueous ammonia and ammonium chloride
followed by sodium d]hydrogen phosphate _

A white precipitate, of MgNH,P0,, shows presence of magnesium ions. Calcium ions
and barium ions also give a similar observation — Section 54.7.

Note that disodium hydrogen phosphate may be used instead of sodium dihydrogen
phosphate

555 Using dilute sulphuric acid
Dilute sulphuric acid form a white precipitate when added to a solution contaj_rung
calcium or barium ions.

Ca**(aq) + SO (aq) —— CaS0,(s)
Ba*(aq) + S0}~ (aq) —— BaS0,(s)

However, calcium sulphate is s-oluble in excess acid due to complex formation.
Ca504(s) +50¢"(aq) — Ca(504)5 (aq)

Note

Sulphuric acid does not precipitate magnesium sulphate thus this test can be used to
distinguish Mg** from Ca?* and Ba2* ions.

5.5.6 Using ammonium oxalate and ethanoic acid

Ammonium oxalate forms a white preci ttate with a solution containing calcium ions

or barium ions. _ o
- Ca**(ag) + G;0F () == CaC,0,(3 ST
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Ba?*(aq) + C;08(aq) — BaC,04(s)

" Calcium oxalate is insoluble in ethanoic acid but barium oxalate is soluble thus the

white precipitate dissolves in ethanoic acid in case of barium ions.

5.5.7 Using potassmm chromate(VI] and ethanmc acid

Potassium chromate(VI) forms a yellow precipitate when added toa solutton

containing calcium or barium i _1ons
Ca®*(aq) + Cr0}~(aq) —— Calr0,(s)
Ba?*(aq) + Cr0~(aq) —— Balr04(s) . ,

Calcium chromate (yellow precipitate) is soluble in ethanoic acid but barjum chromate

1

is insoluble.

5.5.8 Using potassium chromate(VI) and sodium hydroxide

Potassium chromate(VI) forms a yellow precipitate when added to a solution
;:ontajm'_ng calcium or barium ions. ' l
Calcium chromate (yellow precipitate) is soluble in sodium hydroxide but banum

chromate is not.

5.6 Summary

Group(Tl) elements are quite reactive but less so than group(I) elements. In this c_hapter
we have discussed the reactions of group(ll) elements and their compounds with water,
acids, and alkalis.

5.7 Suggested further reading on chapter 5

G. F. Liptrot, Mordern Inorganic Chemistry, -Scotprint Ltd, Fourth Edition, 1983.

A. Holderness, Advanced Level Inorganic Chemistry, Thomson Press, Third Edition,
1979 '

W. R. Kneen, Chemistry, Facts, Patterns and Pr z11c1ples Addlson—Wesley Pub (5d), 1972

5.6  Questions on chapter 5

1. (a) Starting from calcium carbonate, out]j}\e‘, using equations only one method of
preparing each of the following.
(i) Calcium hydroxide.
(i) Calcium carbide.
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(b) Using suitable examples to illustrate youf answer, explain the folquing: .
M anhydrous calcium chloride is commonly contaminated with-calcium oxide.
(it) Calcium carbonate i is added to the furnace when smelting metal ores

_Explain the following observations . '

(a) Solubility of group(Il) hydroxldes increases down the group Wthe the
solubﬂlty of group(Il) sulphates reduces down the group.

(b) Wheri aqueous ammonia is added to a solution of magnesium nitrate, a Whlte
precipitate is formed. However in the presence of ammonium chloride, no
precipitate is formed. - j .

(c) Aqueous ammonia forms a preapltate with banum ions but not with calcium
ions. ' T

(d) Anhydrous magnesium chlonde cannot be prepared from dilute hydrochlonc

acid and magnesium oxide.

(a) Draw a graph of melting points of group (II) elements and explain the shape.

(b) éompare the trend in the solubilities of hydroxides and melting points of
chlorides of group(Il) elements and explain each trend.

(c) Explain why salts of group(Il) metals are generally less soluble than those of
corresponding group(I) metals. -

The table below shows the atomic and ionic radii of alkaline earth metals.

Element Atomic radius /nm | Tonic radius /nm
Beryllium 0.112 0.030
Magnesium 0.160 0.065
Calcium 0.197 0.094

| Strontium 0.215 . 0.110
Barium (1.221 0.134

(a) Explain what is meant by;
(i) atomic radius
(if) ionic radius )

(b) The ionic radius in each case is smaller than atomic radius. Explain.

(c) Explain why the atomic radius increases from beryllium to barium.

(d) Theions K* and Ca?** have identical electronic configurations, yet K* is larger
than Ca?*. Explam this.

-
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5. . Discuss the reaction of bery].hum magnesmm calcmm, and barium with;
(a) water .
(b) acids- _
{c) alkahs

6. (a) Descnbe the general method of preparmg chlondes of group(]I) elements
(b) Discuss the reactnnty of group(IV ) chlorides with Water

7. Name one reagent that can be used to distinguish between the following pairs of
ions. In each case, state what will be',‘fob_served when each member of the pair is
treated with the reagent you have named, |
() Mg**(aq)and Ca?*(ag) |
(b) Mg**(aq) and Ba?*(aq)- '

(c) Ba**(aq)and C a”(aq) '
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Section 2.1.2.

elements.

;6;1' " Introduction

The group consists of carbon, silicon, germanium, tin
and lead. Carbon and silicon differ fromi each other
and from the rest of group(lV) elements. The
chémistry of germanium, tin and lead is generally
similar. There is a stroné diéigonal relationship _
between silicon and boron which is in group(ﬂ]) -

Table 6.1 shows electronic configurations of group(IV)

Electronic configuration of group({IV) elements

Element Sy | Atomic | Configuration
mb | number
oi
Carbon C 6 15%25%2p?
Silicon 5 14 1572522635237
Germanium | Ge 32 | 1s25R2pf3s23pe3dids2dp?
Tin Sn 50 1522522 pf3523pf3d P 4s24pi5s24d10Gpt
Lead Pb 82 | 1s%2s2pf3s?3p3dP4s?4psSsr4diEps
6s524£145d1%6p?

S £

g e
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6.2 Physical properties of group(IVv)
elements

6.2.1 Metallic character

Carbon and silicon are non-metals. Germanium has

both metallic and non-metallic properties. Tin and

lead are predominantly metallic.




_ Chapter 6 -Group IV Elements

6 2. 2 Bondmg and structure
Carbon consists of two main allot'ropes, grap}ute and chamond Graphlte is sof
- _c:ont_rast to diamond which is very hard. : '

Graphite

In graphite, each carbbn atomisb .
‘three others by covalent bonds for -
‘hexagonal layers. The fourth valer
electron is delocalised and is free
along | | .
the layers. Therefore graphite ¢
S : , electricity aldng its layers. The lax .
1y Figure 6.1 Gfaphite layers ' held by weak VEn der Waals forc
- can slide over each other. Therefc

" graphite is soft.

]

_ Diajmond
g In diamond, each carbon atom uses a
valency electrons to form covalent bo
four other carbon atoms. This results
three dimensional giant atomic struct
very high melting point. The structur
tetrahedral shape. Since carbon uses :

valéncy electrons, diamond does not
electricity. Silicon, germanium and tis

N EMCEMAS biomond structure

diamond-like structures. Lead has a metallic structure.

6.2.3 Melting point ‘
A Figure 6.3 shows a sketch for variatio
melting points of group(IV) elements
move down the group.

Melting points generally decrease do

Melting point

group from carbon to tin with an incr
tin to lead.

v

Atomic number

) VVariation of melting point dt
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Carbon forms a g1ant atomic structure with very many strong covalent bonds This
makes its melﬁng point very high. From silicon to tin, the elements have dlamond hke
struetures _ .
Down the group, there is an increase in atomic radius thus element~e1ement bond -

lengﬂ1 become longer and weaker. This explains the decrease in mel’r:mg pomt TLead has
a meta]hc struch.lre thus a higher meltmg point than tin. ‘

6.3 Chemlcal propertles of group avy elements

.’

The chemistry of carbon is 51gn1ﬁcantly unique f-rom the rest of the members of the

group. Some of the unique features of carbon include; - _

— Catenation: This is the dlrect bonding between atoms of the same element. Carbon
has a small atomic radius thus is able to form strong carbon-carbon bonds. N

- Maultiple bonding: Carbon is able to form double and triple bonds with its self and
with atoms of other elements such as oxygen and nitrogen.

- Formation of gaseous oxides.

~ Formation of compounds that are i’elatively inert such as carbon tetrachloride does
not hydrolyse while other tetrachlorides of group(IV) elements hydrolyse —Section
6.43.2.

— Carbon almost shows no inert pair effect.

The chemistry of silicon is also different from that of the rest of group(IV) elements but

similar to that of boron, which belongs to group(HIl), due to diagonal relaiionshi.p. The

similarities between boron and silicon include;

~ Both elements form acidic oxides.

— Their oxides react with metal oxides to form borates and silicates.

— Both their chlorides undergo hydrolysis to yield hydrogen chloride.

~ Their hydrides are volatile and reactive.

— Both form a complex series of hydrides.

— Both form similar glassy materials.
6.3.2 Reaction with air

With exception of lead, grqtip(IV) elements react with air on heating to form dioxides.
C(s)+0,(g) —— CO2(8); Si(s) + 05(g) — Si0x(s)
CGe(s) + 0,(g) — GeOy(s ) Sn(s) + 02(g) —— Sn0y(s)

In insufficient oxygen, carbon forms poisonous carbon monoxide gas.
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Lead quickly tarmshes in air by acquiring a thin Iayer of a hydromde ermm%
‘protects it from further attack. When heated above its meltmg point, lead.exidises to a
yellow lead(I[) oxide. At high temperatures red lead ox1de (trilead tei-raoxzde) is
produced
2Pb(]) + 0,(g) —— 2Pk (5)
6PbO (5) + 0z(g) —> 2Pb30,(s)
6.3.3 Reaction with water

!

- Carbon and silicon are not affected by cold Water but, when heated, they react w1th
steam to form oxides and hydrogen gas. :

C(s) +H;0(g) — C0(g) +2Hy(g)
Si(s) + 2H,0(g) ——> Si0y(s) + 2H; (g)

Germanium has no reaction with cold water or steam.
Tin has no reaction with cold water but displaces hydrogen from 1t at high

temperatures.
Sn(s) + 2H,0(l) —— Sn0,(s) + 2H,(g)
Pure soft water free from air does not attack lead. Presence of air, however, produces
sparingly soluble lead(IT) hydroxide.
2Pb(s) + 2H,0(1) + 0,(g) — 2Pb(0H),(s)
6.3.4 With acids
6.3.4.1 Non-oxidising acids

Carbon, silicon and germanium do not react with dilute acids.
Silicon only reacts with hydrofluoric acid, owing to the stablhty of hexafluoro
silicate(IV) complex, SiFZ~, formed.

Si(s) + 6HF (aq) —— H,SiFg(aq) + 2H,(g)
Tin reacts slowly with hot dilute acids to form hydroge:_‘i gas and a salt.

Sn(s) + 2H* (aq) —— Sn**(aq) + H,(g)
Hot concentrated hydrochloric acid attacks lead forming Iead(II)Cahloride and hydrogen

gas.
Pb(s) + 2HCl(aq) — PbCly(s) v Hé(g)
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Lead reacts with ethano1c acid in presence of air to, form lead(ﬂ) ethanoate
 Pb(s)+3CH;COOH() + 0y (g) ——> (CH, C00),Pb(s) + H,0(l)
6.3.4.2 Oxidising acids '

With concentrated sulphuric acid '

Concentrated sulphunc acid ox1d15es carbon on heating, to carbon chox1de gas. Sulphur
dioxide and water are also formed o : S

C(S) +2H,80,(1) —— COE(g) +250,(g) +2H,0(})

Silicon does not react with concentrated sulphuric acid.
Tin is oxidised by hot concentrated sulphuric acid to tln(IV) sulphate Sulphur dioxide
and Water are also formed,

Sn(s) +4H;S0,(1) —— 571(504)2(5) +250,(g) + 4H,0(1)

Germanium undergoes a similar reaction to tin with the acid.
Hot concentrated sulphuric dcid attacks lead to form lead(II) sulphate, sulphurd10x1de

and water. )
Ph(s) + 2H2504(1) -— PbSO4(s) +850,(g) + 2H,0(D)
With concentrated mtrlc acid

Warm concenirated nitric acid oxidises carbon to carbon dioxide while the acid is

reduced to nitrogen dioxide and water. Y

C(s) + 4HNO;3(aq) —— CO,(g) + 4N O, (g) + 2H,0(1)

Silicon does not react with concentrated nitric acid.

Germanium forms germanium(IV) oxide, nitrogen monoxide and water.
3Ge(s) + 4HNO3(aq) — 3Ge0,(s) + 4NO(g) + 2H,0(1)

Tin forms #in(IV) oxide, nitro gen dioxide and water.
Sn(s) +4HNO;(aq) —— Sno, (8) +4NO,(g) + 2H,0(1)

Very pure nitric acid (almost water free) is said not to attack lead. Any other ~
concentration of the acid attacks lead to form lead(II) nitrate, water, and oxides of

mtrogen a\
 3Pb(s)+8HNO, (aq) —— 3Pb(N03),(aq) + 2N0(g) + 4H,0(1)
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Summary of the reactions

Acid Reaction- : ' Comments ,
Hot M(s) + 2H*(aq) —= M?*(aq) + Hy(g) S Only tin and lead
concentrated : : u_ndeigo this reaction

| hydrochloric: o '
acid ‘ 7 ) -
Hot : C(5) + 2H350,(1) — CO,{g} + 250,(g) + 2H,0(1} M = SnorGe
concentrated | M(s) + 4H,50,(1) —— M(50,),(5) +250,(g) + 4H,0())
sulphuricacid: | Ph(s) + 2H,S0,(1) —— PbS0,(s) + S0,(g) +2H,0()

{ Warm - | M(s) +4HNO5(aq) — Mozgg') +4ANO,(g) + 2H,0(1) ~|M=CorSn
concentrated. 3Ge(s) + 4HNO3(aq) —— 3Ge0,(s) + 4NO(g) + 2H,0(1) - o
nitric acid 3Pb(s) + BHNO3(aq) —— 3Pb(N03),(aq) + 2NO(g) +
: 4H,0() . B

Hydrofluoric Si(s) + 6HF(aq) —— H,SiFg(aq) + 2H,(g) _ No reatction with other
acid. : metéls _

6.3.5 With alkalis

Carbon does not react with alkalis.
Silicon reacts with alkalis to liberate hydrogen gas and silicates.

Si(s) + 20H(aq) + HyO(1) ——> Si02(aq) + 2H,(g)

Germanium and tin undergo a similar reaction to silicon to form germanate(IV) ions
and stannate(IV) ions respectively.

Ge(s) + 20H(aq) + H,0(1) — GeO3(aq) + 2H,(g)

Sn(s) + 20H(aq) + H,0(1) —— Sn0% (aq) + 2H,(g)
Lead is attacked by hot concentrated alkali to give plumbate(II) ions and hydrogen gas.

Pb(s) + 20H(aq) —— Pb0Z™(aq) + H1(g)
Note _
Ge0%™, Sn03™, and PO are often written in hydrated form as Ge(OH)Z~, Sn(0H)%™ and

Pb(OH);™ respectively. It is therefore not un-common to find the above equations
written as; '
Ge(s) + 20H(aq) + 4H,0()) —— Ge(0H)E (aq) + 2H,(g)
. Sn(s) +20H(aq) + 4H,0(l) —— Sn(OH)% (aq) + 2H,(g) ‘
Pb(s) + 40H(aq) + 2H,0(l) —— Pb(OH){ (aq) + H(B).
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| 6.3.6 With chlorine _
© With excepﬁon of lead, all the elements combme with chlorme to form teh'achlondes

Lead f_orms lead () chloride.
. Ge(s) +2CL(g) —— GeCly(s) -
PB(s) + Clag) —— PBCly(s)

637 With sulphur

They all react with to form d15u1phlc1es except lead Whld‘l forms lead(II) sulphide.
26— S0 f

Pb(s) +S(s) —> PbS(s)  /
6.4 Compounds of group (IV] elements

6.4.1 Introduction -

Group(IV) elements form cbmpounds 11"1 two oxidation states; +2 and +4. The stability of
+2 oxidation state increases down the group while stability of +4 oxidation state reduces
down the group due to inert pair effect.

Inert pair effect
This is the inability of the s-electrons of the cuter quantum shell to take part in chemical
bonding.
Consider the electronic configurations below
Carbon 15?2522p?
Silicon 15%25*2p*35%3p?
Germanium 1822522 p53s23p3d 94524 p?
Tin 1522522p°3533p3d 14524 p4d 195525 p?
Lead 15?2572 p3523p3d 04524 psdd104{145525p55d 065262

For carbon and silicon, the outer s-electrons are shielded by 1s and 2p sub-energy levels
respectively. For germanium, tin and lead, the outer s—elect';ons are shielded by 34, 4d
and 5d sub-energy levels respectively. Screening efficiency increases in the order d<p<s.
Therefore in case of germanium, tin and lead (as you move down the group), the d-
electrons poorly shield the outer s-elecirons thus the nucleus strongly attracts the outer
s-electrons causing their failure to un-pair. This causes the inert pair effect. Carbon and
silicon hardly suffer any inert pair-effect because the s and p electrons effectively shield

the nuclear attraction of the outer p electrons.
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: Carbon and S]]JCOR form no stable compounds in +2 oxidation state e.g. carbon
monoxide is unstable and is a reducing agent while silicon monoxide is not known.
Germanium(IV) compounds are more stable than germanium(Il) compounds
Consequently, germamum('ﬂ) compounds are reducmg agents.

| Tm(IV) compounds are slightly more stable than Hn(Il) compounds. Consequenﬂy,

~ tin(If) compounds are weak reducmg agents. Tin(I) compounds are predormnantly
ionic. _ :

Lead forms compounds in both 2 and +4 ox1dat10n state, the +2 oxidaﬁo'n state being
more stable. Therefore lead(IV) compounds. tend to revert to lead(Il) compounds by

- accepting electrons. Consequently, lead(IV) ‘compounds are oxidising agents. Lead(T)
coinpounds are mainly ionic while lead(IV) compounds are mamly covalent

A

Due to the inert pair effect;

— Carbon monoxide is unstable and can easily be oxidised to carbon dioxi&e by air.

200(g) + 02(g) — 2C0;(g)

4
_  Silicon monoxide is unstable and only exists in vapour state at 23000°C white
silicon dioxide is.widely distributed.
—  Germanium forms oxides in ‘ooth +2 and +4 oxidation states but germanium(IV)

" oxide is more stable than germanium(II) oxide.

— Tin{lI) compounds are reducing agents.
Sn2t(aq) —— Sn**(aq) +2e

— Lead(IV) oxide easily decomposes {0 lead(II) oxide on heating.

2PBO,(5) —ms 2PBO (5) + 04(g)
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603'(aq) + 2H+(aq) —_ COZ(g) + HZO(I)
Germamum(II) oxide is prepared by reducmg germamurn(IV) oxrde with germamum
GeOy(s) + Ge(s) —— ZGeO( )

| Tln(H) oxrde and lead(Il) Oxlrle are Prepared by action of heat on their hydrmades,
nitrates or oxalates e.g. : :

 Sn(OH), (s) —— 5710(5) + HzO(l)
Sn6204(s) ~—— Sn0(s) + £0,(g) + C O(g)

Sﬂlcon(TV) oxide, germanium(IV) oxide and tm(IV) oxide are prepared by heatmg the

elements in oxygen e.g. _

Ge(s) + Oa(g) — GeOs(s)

Lead(I'V) oxide is prepared by treating trilead tetraoxide with dilute nitric acid. It can
also be obtained by oxidising a lead(II) salt using warm sodium chlorate(T).

Pb**(aq) + C10™(ag) + H,0(l) —— PbO,(s) + CI~(aq) + 2H*(aq)
6.4.2.3 Melting point

TableGZ Melting points of dioxﬁdes of group{Iv)

O){ide COZ SiOZ GEOZ Sn.Oz PbOZ
Melting point/°C | -56.5 | 1700 | 1116 | 1827 | 752 (decomposes)

Carbon dioxide is simple molecular thus a low melting point. Silicon dioxide forms a
giant molecular structure with many covalent bonds that have to be broken before
melting occurs. This explains its high melting point. The rest of the oxides adopt

intermediate molecular and ionic structures.

6.4.2.4 Basicity of the oxides : 7

Element Monoxide Nature Dioxide Nature

Carbon co Weakly acidic C0; Acidic

Silicon - - 5i0; Acidic
Germanium GeQ Amphoteric GeO, Amphoteric

Tin Sno Amphoteric Sn0, Amphoteric

Lead PbO Amphoteric PbO; = | Amphoteric | - -
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- Basic character increases down the group. For an individual element, basic character
inc'reaSes with decreasing oxidation number e.g. C0 is weakly acidic but €0, is acidic.
Carbon monoxide is slightly acidic and reacts with a hot solution of sodium hydrox1de

to form sodium methanoate

CO(g) + NaOH(aq) == HCOON’a (s)

 GeO, Sn0'and PbO are amphotenc though predommantly basic. They form salts Wlth

acids and also react with alkalis to form complex salts — Section 6.4.2.5.
Carbondioxide and silicon(IV) ox1de are acidic and react w1th concentrated alkali
‘solutions to form carbonates and s111cates respectively. - -
Ge0, Sn0, and PhO, are amphotenc though acidic character pfedominateu They‘react
with alkalis to form complex sali:s that have the general formula M(0H)%~.

Basic character also i increases on decreasing the oxidation number of the element for

- example lead(II) oxide is more basic than lead(IV) oxide. .

6.4.2.5 Reaction with alkalis ' -

All the dioxides react with hot concentrated alkalis to give solutions containing complex
salts of the general formula M(OH)%" (often written in dehydrated form as MO2™).

Carbon dioxide is more acidic than other dioxides thus it can react with dilute alkalis.
Carbondioxide reacts with dilute sodium hydroxide to form sodium carbonate.

Silicon dioxide reacts with hot concentrated sodium hydroxide solution to form sodium
silicate and water.

Germanium dioxide reacts with hot concentrated alkalis to form hexahydroxo
germanate (IV) ions.

Tin(IV) oxide and lead(IV) oxide undergo a similar reaction to germanium(IV) oxide.

The equations for the reactions are summarized below;

C0,(g) + 20H(aq) —— CO3(aq) + H,y0(1) |

Si0,(s) +20H (aq) —— Si0Z(s) + H,0(1) | R
GeOy(s) + 20H(aq) + 2H, 0(1) —— Ge(0H)Z (aq)

Sn0y(s) + 20H(aq) + 2H,0(1) —— Sn(0H)E"(aq)

PbO,(s) + 20H(aq) + 2H,0(1) —— Pb(0OH)% (aq)

Or written in dehydrated form as;
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_CQZ(E) + ZOH(aq) — CO% “{ag) + HZO(I)

$i0y(s)+ 20H (ag) ——> 51_03_ () + H,0()

GeO; (s) +20H(aq) ——> Ge03"(aq) + H,0(1).

' _SnOz'(s) +20H(aq) — 'SnOz'(s)+H20(l) fe
PbO,(s) +20H(aq) —— Pb03™(s) + H,0()

sodmm hydrogen carbonate is formed.

C0,(g) + 2NaDH(aq) —> Na,C0s(aq) + H?_O(l)

Na;C03(aq) + H,0(1) + C0{(g) —— ZNaHCO3(s)

_ lHowever when excess carbondioxide is passed through sodmm hydrox1de solution,

.

A T

Carbonmonoxide reacts with sodium"lhydroxide, on heating, to form sodium

methanoate

CO(g) + NaOH(aq) ——s HCOONa (s)

The rest of the monoxides react with concentrated alkalis to form solutions containing
complex salts of the general formula M(OH)#~ (often written in dehydrated form as

Moz~

Germanium monoxide reacts with concentrated sodium hydroxide solution to form
hexahydroxo germanate(I) complex ions. Tin(II) oxide and lead(IT) oxide undergo a

]

similar reaction. The reactions are summarized by equations below.
GeO(s) + 40H(aq) + H,0(1)—— Ge(OH){ (aq)
SnO(s) + 20H(ag) + H,0(1) —— Sn(0H)3 (aq)
PbO(s) + 20H(aq) + H,0() —— Pb(OH)4 (aq)
Or written in dehydrated form as;

Sn0(s) +20H(aq) —— Sn03~(aq) + H,0(1)

and so on.

Summary of the reactions

MO(s) + 20H(ag) —— M0Z (aq) + H,0()

Type of oxide Reaction Comments

Diexides MO, (s or g) +20H (aq) —— MOZ(s) + H,0(1) M= C,Si,Ge,Sn'or Ph
. h —

Monoxides CO(g) + NaOH(aq) o HCOONa (aq) M = Sn,Ge or Ph
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6.'4.2'..6 -Reactions of the oxides with acids

Red }ead usua]ly reacts as if i't'was composed of lead(IT} oxide and lead(IV) oxide.

. Consequently, it resembles lead(IV) oxide in its reactions as confirmed below.

With non-oxidising acids 'silch as hydrochloric acid and dilute sulphuric acid -

 Dioxides = | _, J - |
Carbondioxide and silicon dioxidé are acidic and therefore do not react with dilute non-

: loxidising acids. o T | '

- Silicon dioxide only reacts with dilute hydrofluoric acid to form silicon tetrafluoride. .

Si03(s) + 4HF (aq) ~——> SiFy(B) + 2H,0() o
Germanium(IV) oxide is amphoteric though the acidic c_hara‘ctm; predominates. It
therefore does not react with dilute acids. | "

Tin(IV) oxide is amphoteric and reacts with dilute acids to form tn(IV) salts and water,

Lead(IV) oxide is amphoteric and reacts with ice-cold concentrated hydrochloric acid to
give lead(IV) chloride and water. The lead(IV) chloride formed readily decomposes to
lead(IT) chloride and water at normal temperatures.

PbOy(s) +4HCl(aq) —— PbCL(1) + 2H,0Q)
With excess concentrated hydrochloric acid, a complex - hexachloroplumbate(IV) ion — is
formed.

PbCl, () +2C1 (aq) —— PbCIE~ (aq)

- The above two reactions may be occur in one step as

Pb0y(s) + 6HCl(aq) ——s H3PbClg(aq) + 2H,0(1)
Monoxides:,
Carbon monoxide is slightly acidic and therefore does not react with dilute acids.
Geri.inium(Il) oxide, Hn(Il) oxide and lead(Il} oxide are amphoteric and react With—P |
dilt. - wids to give germanium(Il), tin(Il) and lead(II) salis respectively.

GeO(s)+2H*(aq) —— Ge**(aq) + H,0(1)

Sno0 (s} +2H*(aq) ——s Sn**(aq) + H,0(1)

PbO (s) +2H*(aq) —— Pb2*(aq) + H,0(1) l
However, the reaction of lead(II) oxide with dilute hydrochioric acid and dilute
sulphuric acid gives insoluble lead(Il) chloride and lead(II) sulphate respectively which
retard the reaction.
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Wlth hot concentrated hydrochlonc acid

Lead(IV) oxlde oxidises warm concentrated hydrochlonc acid to chlorine gas.
. PbhOy(s) + 4HCl(aq) — PbCZz(s) +2H,00) + ClL,(g)
- Red lead, Pb304, behaves as a m1xture of lead(II) oxide and lead(IV) oxide. T_.1ke lead(IV)
-jmﬂde, red lead oxidises hot concentrated hydrochlonc acid to chlonne gas. ‘
Pbs04(s) + BHC’I(aq) — 3PbClz(s) +Cly(g)+ 4HZO(1)

With concentmted sulphunc acid

Tin(IV) oxide reacts with concent-rated sulphunc acid to give th(]."V) sulphate
Sn.OZ(S) + 2H2504(1) _— S'ﬂ(SO4)2(S) + 2H20(1) :
Lead(IV) oxide reacts with hot concenﬁated sulphunc acid to gwe a Whlte prempltate of

1

lead(Il) sulphate, water and oxygen gas. L,
2Pb0,(s) + 2H, 50, (1) —— 2PbS04(s} + 2H,0 () + 0, (g)

Red lead oxide has a similar reaction to lead(IV) oxide.
2Pb30,(s) + 6HpS04(l) — 6PbS04(s) + 6H,0 (1) + 05(g)

With nitric acid:

Red lead reacts with hot dilute ritric acid to form lead(IV) oxide, lead(Il) nitrate and

wafer.
Pb304_(5) + 4HND3(aq) m— PbOZ(S) + zpb(NOB)z(aq) + 2H20(1)

6.4.2.7 Action of heat on oxides
Lead (IV) oxide is decomposed to lead (IT) oxide by heat. Lead(Il) oxide is brown when
hot and yellow on cooling.

2Pb0,(s) — 2PhO (s) + 0,(g)
Red lead behaves similarly
2Pb30,(s) — 6PbO (s) + O2(g)

6.4.2.8 Other reactions

Silicon(IV) oxide reacts with xﬁagnesium to form magnesium oxide and silicon.
IMgls) + SiOy(s) ——— 2MgO(s) + Si(s)

Carbondioxide has a similar reaction.

2Mg(s) + CO4(g) —— 2MgO(s) + C(s) o .
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&6 4.3 Chlondes of gruup(IV] elements

Element chhlonde ' Nature Tetrachlozide | - Nature
Carbon - I ccly, Colourless _
] . _ covalent liquid
Silicon - LR SiCl, Colourless
o : : / o covalent liquid
‘| Germanjum |- GeCl; | Pale’ yellow ionic | GeCl, Colourless fummg
solid g liquid
Tin SnCl, | White solid SnCly — * | Colourless. hqmd
Lead PbCl, | White ionic solid | PbCI, Yellow covalent-
| | liquid

6.4.3.1 Introduction’
‘They generally form two chlorides: MCl, and MCI,. However, carbon and silicon do not
form chlorides in the +2 oxidation stafe, :

The dlCthI‘ldES are solids Wl‘ule the tetrachliorides are volatile covalent hqmds Lead(IV)
chloride exists but lead(IV) bromide and lead(IV) iodide do not exist. This is because
bromine and iodine are not sufficiently strong 0x1d15mg agents to convert Ph%* to Ph**.

6.4.3.2 Preparation

Tetrachlorides

Carbon tetrachloride is prepared by action of chlorine on carbon disulphide.

CSy(1) +3Cly(g) —— CCLA) + S,CL(Y)

Silicon tetrachloride, germanium(IV) chloride and tin(IV) chloride are prepared by

direct synthesis;
Si(s) + 2C1, (g) —— SiCL,(1) M

Lead (IV) chloride is obtained as a yellow liquid when cold concentrated hydrochloric
acid is added to lead (IV) oxide

Pb0,(s) +4HCl(aq) —> PBHCL(1) + H,0(1)
Dichlorides N

Germanium(Tl) chloride is a pale yellow solid made by passing a vapour of
germanium(IV) chloride over hot germanium.

GQCl,;(g)’*'GE(S) _ 2GEC12(S)
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: Tm(II) chlonde isa whlte crystalline sohd prePaIed by actlon of hydrochlonc acld on.

tin.
Sn(s)+ ZHCl(aq) —— SnCly(s) + Hy (g)

: Lead (II) chloride is obtamed dsa Whlte preap1tate by action of dﬂute hydrochlonc amd S
on lead (I[) nitrate e - ., o

Pb**(aq)+ 201" (aq) — PbClZ (S) -
Lead (II) chloride is msoluble in cold water but soluble in hot water. It also,dissolves in
conceni:rated hydrochloric acid due to formahon of a soluble complex

PBbCly(s) + 2CL(aq) -r—*—“—-——PbC 1z ;;(aq) |
6.4.3.3 Reaction with water (hydrolysis) T
Tetrachlorides ”

Carbon tetrachloride is not hydrolysed by water since it lacks d-orbitals to accept

| -
electroris.

In other chlorides, the central atoms have empty d-orbitals. The central atom is able to
accept lone pairs of electrons from water molecules thus, besides lead(II) chloride which
is msoluble, all the other chlorides undergo hydrolysis.

In general, the tetra chlorides undergo hydrolysis in water to form hydrated oxides of
the general formula, X0,.2H,0 , and misty fumes of hydrogen chloride gas; '

SiCly() + 4H,0(l) —— Si0;.2H,0(s) + 4HCl{aq)
GeCl, (1) +2H,0(1) ——> GeO,(s) + 4HCl(aq)

| SnCly (1) + 4H,0() —— Sn0,.2H, 0(s) + 4HCl(aq)
PBCL, () +4H,0(1) —— Pb0,.2H,0(s) +4HCl(aq)

Note
The above oxides may be written in various dehydrated forms. It is therefore common

to find some of the above equations written as;
SICL(1) + 3H,0(1) —— H,Si05(s) + 4HCl(aq)
SiCL, (1) + 4H,0(1) —— SI(0H)4(s) + 4HCl(aq) | -
PCL,(1) + 2Hy 0(1) — Pb0,(s) + 4HCl(aq) '
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chhlondes

Generaﬂy, the d:chlorldes hydrolyse to give monox1des {or l _/droxzdes) and hydrogen
chloride gas.
_ Germamum(H) chloride hydrolyses to form germamum(]]) ox1c1e and hydrochlonc amd R
 GeCly(s) + Hz0() ————GeO(s) + 2HCl(aq) | |

In cold water, Hn(I) chlorlde only undergoes partial hydroly51s to form a Whlte basic
hydroxide and hydrochlonc acid. "

SnClz(s)+H20(l) St Sn(OH)Cl(s)+HCl(aq)

However, tin(Il) chloride undergoes complete hydrolyms in hot and excess water to
form tm(II) hydroxide and hydroc:hlorlc acid. h '

X

SnCly(s) + 2H,0(t) —— Sn(OH)z(s_) +2HCI(aq)

Because of this hydroliisis, it is always better to dissolve tin(II) chloride in moderately
concentrated hydrochloric acid with heating. Consequently, laboratory bottles of tin(Il)
chloride contain fairly concentrated hydrochloric acid. Metallic tin is added to maintain
the stability of tin(Il) chloride.

Lead(II) chloride does not hydrolyse in water since it is insoluble.

,&. 6.4.4 Hydrides of group(IV)
"~ 6.4.4.1 Introduction
Carbon forms the largest number of hydrides followed by silicon. The striking stability
of hydrides of carbon compared with hydrides of other group(IV) elements is attributed
to the relatively high C — € bond energy, high € — H bond energy and the fact that
carbon does not have easily accessible d orbitals. Most common group(IV) hydrideg

include methane, silane, germanane, stannane, and plumbane.

Element Name Formula

Carbon Methane CHy

Silicon Silane - SiH,

Germanium | Germanane | GeH,

Tin Stannane SnH, ‘
Lead Plumbane | PbH,
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6.4.4. 2 Preparatlon § : :

Apart from methane other hyclndes are macle by reductlon of the cor:respondmg
tetrachloride using lithitm aluminium tetrahydnde Metha.ne is made by ~
decarboxylatmn of sodmm ethanoate.

caOH); /NaGH(s) R
CchOONa(s) > CHylg) + NayCOs (s

51614(1) + LlAlH,;.(l) ———> SLH4(g) + AlCI3(s) + LiCl (5)

6.4.4.3 Boiling point and melting point

Boiling points (and also melting point) of the hydndes increase down the group Thisis

because molecules of the hydrides are held _by weak Van der Waals forces. Magnitude
of the Van der Waals forces increase down the group with increasifig molecular mass.
6.4.4.4 Reaction w1th water |

Methane does not hydrolyse in water since carbon lacks empty d-orbitals to

accommodate lone PaJrs of electrons. Other hydrides hydrolyse in water due to

presence of vacant d-orbitals into which water donates electrons to initiate hydrolysis.

Silane is hydrolysed by water, but more so in presence of an alkali, to form silicon

hydroxide.
SiHu(g) + 4H, 0(l) —— Si(OH)4(s) + 4H,(g)
~ 6.4.4.5 Reaction with dilute hydrochloric acid

Methane does not react with dilute hydrochloric acid. Other hydrides react to form
tetrachlorides and hydrogen gas e.g.

SiH,(g) + 4HCI(g) —— SiCly(1) + 4H,(g)
PbH,(g) +4HCI(g) —— PbCL4(l) + 4H,(g)

6.4.4.6 Reaction with sodium hydroxide
With exception of silane, the hydrides do not react with sodium hydroxide.

SiH,(g) + 2NaOH (aq) + Hy0(l) ——— Na;SiOz(aq) + 4Hy(g)
6.4.4.7 With oxygen

They burn in oxygen to produce dioxides and water.
CHy(g) +20,(g) — C0:(g) +2H,0(1)
SiH,(g) + 202(g) — Si0,(s) +2H,0(1)
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l( 6.4.5 Sulphides of group (IV] elements _ S :
The disulphides all exist except lead dzsulplude They are all covalent cornpounds
Carbon disulphide is a pale yellow liquid. :
Tin(Il) sulphide is a yellow solid while others are white sohds W1th glant covalent
structures, They are all msoluble in water. '
Lead (1) sulphlde (galena) isa black solid while tm(l]) sulplude is a dark brown solid. .
6.4.6 Oxalates of group[IV) elements

' Oxalates are salts of oxalic acid (HZCZO,;) e.g. sodium oxalate, and ammonium oxalate.
All oxalates are insoluble except those of group(l) elements, 1ron(]I) oxalate and
ammonium oxalate. Lithium oxalate is also insohuble. '

- All oxalates are soluble in soluttons of strong acidse.g. ™  x

BaC,04(s) + 2H*(aq) ——> Ba2*(aq) + H,C,04(aq)
Analysis of oxalate ions (C,0%)
They react with barium chloride (or barium hitrate) solution to give a white precipitate of
barium oxalate which is soluble in strong acids but insoluble in ethanoic acid and oxalic
acid. '

Ba?*(aq) + C,0} (aq) — BaC,0,(s)

They react with silver nitrate solution to give a white precipitate of silver oxalate which
is soluble in dilute nitric acid and ammonia. (Note that also chloride ions give a white

precipitate with silver nitrate solution. However, this precipitate is insoluble in nitric
acid but soluble in ammonia).

24g%(aq) + C;07™(aq) —— Ag,C,0,(s)

They turn acidified potassium permanganate solution from purple to colourless with
evolution of a colourless gas that turns limewater milky. This test distinguishes oxalates
from carbonates.

2Mn0; (aq) + 5C, 0§ (aq) + 16H*(ag) —— 2Mn**(aq) + 10C0,(g) + 8H,0(])

All oxalates (like carbonates) decompose on heating to yield carbondioxide gasand .
sometimes carbonmonoxide gas.

Ag2C204(s) —— 24g(s) +2C0,(g)
Sl 0,(s) —— SnO(s) + CO(g)+ CO;(g)
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6.4.7 Carbonates and hydrogen carbonates - | . 7
Carbonates and hydrogen carbonates are salts of carbomc ac1d (H,C 03) The carbonate
ion is trigonal planar in shape. ‘

All carbonates are insoluble in water except those of group(I) metals and ammonium
| carbonate However, like group(]l) carbonates hthlurn carbonate is also msoluble :
All carbonates except those of group(l) metals decompose on heatlng to give an oxide :
and carbondioxide gas. However, lithium carbonate has resemblance to group(II)
carbonates and thus also decomposes on heat]_ng

- CaCOs(s) —— CaO(S) + COz(g) ;

All carbonates and hydrogen carbonates liberate carbond10x1de gas on treatment with

a B 4
e "

dllute acids. This can be used to test for carbonates.
€03 (aq) +2H (aq) —— C'Oz(g) +H,0(1)

- Only hydrogen carbonates of group(l), except lithium carbonate, exist in solid state. The
rest of the hydrogen carbonates only exist in solution. ,
All hydrogen carbonates decompose on heating to yield carbonates, carbondioxide and

water e.g.
2NaHC05(s) — Na,C05(s) + CO,(g) + H,0(1)
Distinguishing a carbonate from a hydrogen carbonate

To the solution of the unknown, magnesium sulphate solution is added.
Formation of a white precipitate shows presence of carbonate ions.
Mg**(aq) + CO3™(aq) —— MgC0s(s)

In case of a hydrogen carbonate, there is no observable change but a white precipitate is

formed on boiling,.
Mg?*(aq) + 2HCO3 (aq) —s MgCO(s) + H,0(1) + CO4(g)
6.4.8 Analysis of lead(Il), tin(II), and tin(IV) ions

-

With sodium hydroxide solution -

To the solution of the unknown, sodium hydroxide solution is added dropwise until in
excess. Formation of a white precipitate soluble in excess to give colourless solution

shows presence of Ph**, Sn** or Sn** ions.
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- Pb*(aq) +20H(ag) — Pb(OH),(s)
Pb(0H),(s) + 20H(aq) —— Pb(0H)3™(aq)
Sn**aq) + 20H(aq) —— Sn(OH),(s)
Sn(OH)z(s) +20H(aq) —— Sn(0OH)? (aq)

Sn**aq) + 40H(aq) —— Sn(OH)4(s) 7

Sn(OH).;(s) + ZOH(aq) — .S'n(OH)G (aq)
Wlth aqueous ammonia b
i
Aqueous ammonia is added to the solution of the unknown dropwise until in excess.
Formation of a white prempltate insoluble in excess shows presence of Pb?*, Sn?* or
Sn**ions. | I

Pb**(aq) +20H(aq) —— Pb(OH),(s)

Sn**aq) +20H(ag) —— Sn(OH)y(s)

Sn**aq) + 40H(aq) — Sn(0H),(s) ,
Note that ammonia is a weaker base than sodium hydroxide. Ammonia therefore does .
not produce enough hydroxyl ions to enable complex formation as in the case of

sodium hydroxide.
With dilute hydrochloric acid

To the solution of the unknown, add a few drops of dilute hydrochloric acid.
Formation of a white precipitate that dissolves on warming shows presence of Pb%*.

Pb**(aq) +2CI~ (aq) ——s PhCI,(s)
Sn** and Sn** show no observable change.

With dilute sulphuric acid

A small amount of dilute sulphuric acid is added to the solution of the unknown.
Formation of a white precipitate may show presence of Ph?+.

Pb**(aq) + S0Z~(aq) —— PbS0,(s)
5n?* and Sn** show no obiservable change.

With potassium chromate solution

To the solution of the unknown, potassium chromate solution is added.
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Formation of a ye]low preapfcate may show presence of Ph?+, Note that Ba2+ ions glve o

S a snmlar observatlon Sectwns 5.5.8 and 5.5.9.

Pb%*(aq) + CrOZ (aq) — PbC'rO.;(s): o

With potassium iodide solutwn

To the solution of the unknown, add a few drops of potassmm iodide solution.

Formation of a ye]low preapltate shows presence of Pb?*. This dlshngulshes Pb*t from

Ba?t.
Pb?*(aq) + 2I~(aq) ——> Pbly(s)

With mercury(ll) chloride solution
To the solution of the unknown, add mercury(II) chloride soliitiort.
Formation of a white precipitate that slowly turns gray shows presence of Sn** owing
to reducton of mercury(Il} chloride to mercury(I) chloride by tin(Il) ions.

. Sn2t(aq) + 2HgCly(aq) —— Hg2Cly(s) + Sn**(aq) + 217 (aq)
Sa** shows no observable change.
With acidified pote;s;sium permangdnate solution

To the solution of the unknown, add acidified potassium permanganate solution.
Changing of potassium permanganate solution from purple to colourless shows
presence of Sn?*. This is a redox reaction and distinguishes Sn** from Sn**.

2Mn0; (aq) + 55n%*(aq) + 16H* (aq) —— 2Mn**(aq) + 55n**(aq) + 8H,0(])

Note that Sn2* is a strong reducing agent, thus it reduces Mn0; (purple) to

Mn**(colourless).
Sn?* can also reduce Fe* to Fe?t thus turning the solution from brown to green.

6.5 Summary

Group(IV) elements exhibit two oxidation states, +2 and +4; this makes the chemistry of
the group wide as compared to group(II) and group(VII). Stability of the +2 oxidatioh
state increases down the group due to inert pair effect while that of +4 oxidation state
reduces down the group. As we move down the group, the dioxides become strong

oxidising agents owing to the instability of the +4 oxidation state. Conversely, the
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,monoxlde of carbon is a reducing agent owing to mstablhty of the +2 omdahon sta te in
‘the first members of the group. : .

6.6 Suggested further readmg on chapter 6

. G.F. Liptrot, Mordern Inorganic Chemistry, Scotprmt Ltd, Fourth Edition, 1983. _

- Holderness Advanced Level Inorgaruc Chem1stry, Thomson Press, Thlrd Edlth)n '
1979 : :
W. R Kneen Chemzsby Facts, Patterns and Prmczples, Addjson-Wesley Pub (5d), 1972

6.7 Questlons on chapter 6 ;’

1. The elements of group(IV) of the penodlc table arein mcreasmg order of atomic
number C, Si, Ge, 5n,Pb ~
(a) Write down the general electronic configuration of the elements.
(b) Tin and to a greater extent, lead, are said to show the inert pair effect.
| () What is meant by inert pair effect? '
(ii) Give a reason for the existence of the inert pair effect.
(iif) Give an evidence for the existence of the inert pair effect.
(c) The diagram below shows a plot of melting point against atomic number for the |

elements in group(IV).
A

=

=)

jo B

g

g o051

. . Pb
¢ Ge. sn e
L

.

Atomic number
(i) Why is the melting pomt of carbon so much }ugher than that of the others?
(ii) Suggest a reason for the steady fall in melting point from silicon fo tin.
(d) (i) Write the formula of the typical hydrides of silicon, tin and lead. - ™
(ii) Write equat[ons for the hydrolysis of the above hydrides in water.

2. Compare the properties of the following compounds:
(a) Carbon dioxide and silicon(IV) oxide,
(b) Carbon tetrachloride and silicon(IV) chloride.
(iv) Lead(TT) oxide and lead(IV) oxide.
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= LT -

3 The meltmg points of gl'oup(IV) oxides (m °C) are C0, , -57; 5102, 1720 GeOz, 1120
© $n0z, 1130. Account for this trend.

4. ‘(a) The tendency to form concatenate compounds in group(IV) decreasesas atomic

- number increases. Explam _ x . o
b (b Discuss the trend of acid/base character of ox1des of group(IV) elements
() DISCL‘ISS the reachv1ty of tetrachlorldes of group(IV) elements with water.

5. (a) Give onemethod in each case for the preparation of the monox1des and
dioxides of ,.”
lead and carbon. /

(b) Explain why:

(i) silicon tetrachloride is reachly hydrolysed by water Whﬂe carbon
tetrachloride is not. B
(i) lead forms Pb** i ion but carbon does not form €2* jon.
(c) Compare the reactions of: .
(i) tin and lead with chlorine.

(ii) carbon and lead with nitric acid.

6. (a) Give a comparative account for the properties of the hydrides of carbon, silicon,

tin and lead.
(b) How and under what conditions does carbonmonoxide react with:
(i) chlorine
(ii) hydrogen:
(iii) sodium hydroxide
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7.1 Introduction

N .
and very reactive.

Eler;{ents of group(VI) are known as the Halogens.
Thely include Fluorine (F); Chlorine (C1), Bromine(Br)
Todine (I), and Astatine (At) which is generally
‘r’cfldioactive. e '
" All the halogens exist as non-polar diatomic.
molecules. They are coloured, highly electfonegative

‘Electronic configuration of group(VIl) elements .

Halogen | Atomic | Outer electronic | Colour and physical state
number | configuration

F 9 2s22p° Pale yellow gas

cl 17 3s23p° Greenish yellow gas

Br 35 4s’4p® Red-brown liquid

1 53 5s’5p* Black solid

7.2 Preparation of halogens

Fluorine is prepared by electrolysis of hydrogen

fluoride, to which some potassium fluoride has been

added to increase electrical conductivity. Carbon is

used as the anode and a steel vessel serves as the

cathode.

At the anode, fluorine gas is discharged.
2F~(I) —— Fy(g) + 2e
At the cathode, hydrogen gas is liberated.
2H*(1) +2e —— H,(g)
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- . Chlorine, bromine and 10d1ne are generally prepared by heatmg a chlonde bronude or
iodide respect:lvely with concen’rrated sulphunc acid and manganese(IV) oxlde

26‘1 (aq) + 4H"‘(aq) + Mn0(s) —— Clz(g) + Mn2+(aq) +2H20(1)
'2Br(aq) + 4H *(aq) + MnOy(s) —— Bry(aq) + Mn2+(aq) +2H, 0(1)
2" (aq) + 4H+(aq) + MnOz(s) — Iz(aq) + Mn?*(aq) + ?_HZO(I)

Solid potassium manganate(V]I) can be used in place of manganese(IV) oxlde butin this -
case, 1o heating is required. . f_f

MnOjf (aq) + 16H+(aq) +10CL~ (aq) —L s 2Mn?*(aq) + 8H20(1) + SClz(g)

Manufacture of chlorine | ~

Chlorine, and sodium hydroxide, is,iiianufacmred by electrolysis of concerlltrated
sodium chloride solution (brine). _

Traditionally, this electrolysis has been carried out by the mercury amalgam or
diaphragm cell (shown below) processes but the ion exchange membrane cell is takmg a
growmg share on environmental and economic grounds.

The diaphragm cell for manufacture of chlorine ' -

brine chlorine hydrogen

o i

_stee] cathode

titanium anode

— —»Sodium hyd roxide

Sodium ions are discharged at the cathode to form sodium which reacts with water to
form sodium hydroxide and hydrogen gas.
Chloride ions area discharged at the anode to form chlorine gas.-

" Chlorine is also produced in a number of other ways, for example, by elec:troly51s of

potassium chloride with co-production of potassium hydroxide; by electrolysis of
molten sodium chioride or magnesium chloride to make elemental sodium-or- -
magnesium metal; by electrolysis of hydrochloric acid; and by non-electrolytic

Processes.
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- 7.3 Physical properties of halogens .
 7.3.1 Boiling point S
_ Boling boints of group{Vll) elements

Ha]_ogen ) : : Fz ) Clz . Brz . Iz
Boiling point/°’C | -188 -34.5 5 | 183

i

Bailing points (and also melhng pomts) of the halogens increase with i mcreasmg

molecular mass down the group. :‘f

This is because the molecules are held by weak Van der Waals forces. As molecular
mass increases, magnitude of the Van der Waals forces also irfcrease consequently
increasing boiling point.

Fluorine and chlorine are gases at room temperature. Bromine is a liquid while the Van
der Waals forces in iodine are strong enough to hold its molecules in solid state. .

7.3.2 Atomlc radius

Atomic radius increases down the group. Down the group, an exira shell of electrons is
added. The increase in screening effect outweighs the increase in nuclear charge down
the group. The atom therefore becomes bigger.

7.3.3 Electronegativity

Table 73 Electranegativity of group{Vll) elements

Element F Cl Br I
E]ectronegaﬁvity 410 2.85 2.75 2.20

This is the tendency of an atom to become negatively charged in a covalent bond.
Electronegativity decreases down the group. This is due to increase in atomic radiug
and screening effect down the group.

7.3.4_ Electron affinity

B Electron affinities of group(VIl} elements

Element F cl Br 1
Electron afﬁnity’ /KT mc}l'l -333 -348 -340 -297

Electron affinity genera]ly decreases down the group. This is because down the group,

increase in screening effect outweighs increase in nuclear charge, owing to an extra shell
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of electrons added. The attraction for the incoming elech‘on consequently reduces down B
the group thus reducing electron affinity. Fluorme has an abnormally lower electron '
~ affinity than chiorine because of its small size.

. 7 3.5 Bond dlssocmtlon enthalpy (bond energy)

m:md energies of group(Vil) eiements

Molecule F, [ Cl Bry, I,
E’vonde1'1er(c5y/K]rncl1 79.1 | 1220 | 1110 106.0

- ‘,'
Bond energy is the amount of energy reqmred to break one mole of a covalent bond into

-

its constltuent gaseous atoms. B

Xo(g) — 2X(g) AH= Bond: energy of X — X bond.

~ Bond energy usually decreases with increase in bond length.

Bond energy generally decreases down the group. This is because down the group,
atomic radius increases causing an increase in X — X bond length. The longer the bond,
the weaker it is. Fluorine has an abnormally low bond enthalpy because ofits very
small atomic radius. Due to the small atomic radius of fluorine, the non-bonding
electron pairs on the fluorine atoms are very close to each other causing a strong

repulsion. This weakens the F — F bond.
7.3.6 Electrode potential

The values of electrode potentials depend on electron affinity, bond energy, and
hydration energy. -

Electrode potentials become negative with increase in electron affinity and increase in
hydration energy. They become more positive with increase in bond energy.

Table 7.6 shows electrode potentials of the halogens

Tablet‘lﬁé' B £ loctrode potentials of group(Vil) elements

Element Fy Cl, Br, I 2
Electrode potential /V w87 | +136 | +107 | +054
1/, X,(g) + e —— X (aq) '

Electrode potentials decrease (become less positive) down the group. Down the group,
there is a decrease in bond dissociation energy and electron affinity. Both these factors

favour electrode potential to become less positive.
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However, although fluorine has a lower electron affinity than chlorine, its low bond
. dissociation enthalpy enables it to have a higher electrode potential than chlorine.
4. Electrode potentials give a measure of ox1d15mg power — the higher (more posmve) the
. “electrode potential, the stronger is the ox1d1smg power. Therefore ox1d151ng power of
~ the halogens decreases down the group. - : .

7.4 Chemical propertles of the halogens

Due to the small size of ﬂuorme, its chemlstry differs 51gruf1cant1y from the Chermstry of
the rest of the halogens. Fluorme is the most reactive halogen due to its very low bond
dissociation energy. Generally, fluorige differs from the rest of the halogens in the .
following ways; '

~ Lithium fluoride, calcium fluoride and magnesium fluoride are insoluble i in
water 'while the corresponding chlorides, bromides, and 10d1des are soluble

— Silver fluoride is soluble in water while silver chloride, silver bror_rude, and silver
iodide are insoluble.

- Hyﬁrogen fluoride is a polymeric and exists as a liquid at room temperature
while hydrogen chloride, hydrogen bromide, and hydrogen iodide are not
polymeric and are gases at room temperature. ,

~ Fluorine reacts with cold dilute sodium hydroxide to give oxygen difluoride,
sodmm fluoride and water. Other halogens yield correspondmg halates(I),
halides and water as shown below — Section 7.4.3.
2F,(g) +20H(aq) —— OF,(g) + 2F~(aq) + H,0())

Cly{(g) +20H —— 0Cl(aq) + CI~(aq) + H,0(1)
Bry(1) + 20H(aq) —— O0Br(aq) + Br~(aq) + H,0(l)

— Reaction of fluorine with hot concentrated sodium hydroxide yields different
products from other halogens as shown by the reactions below — Sectzon 74.4.
2F,(g) + 40H(agq) —— 4F~(aq) + 2H,0(1) + Oy(g)
3X~+60H(aq) — X05(aq) +5X~ (aq) +3H,0()

X =ClBrorl .
— Oxides of fluorine are not acidic while those of other halogens are acidic.
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Tonic bond formation

Halogens form ionic compounds with other elements Ease of ionic bond formatlon
increases with; '

- decrease i in bond dISSOClathIl energy,

— increase in electron affinity, _

.~ increase in lattice energy of the halide formed. :
Duze to its Iow bond dissociation energy, I'iigh electron affinity and high negative lattice
energy of its halides, fluorine forms more ionic compounds than other elements. Order
of reactivity towards ionic bond formatlon is Fo>C 12>Br2>12

-

&

Covalent bond formation | _ .

- Halogens form covalent bonds in their diatomic molecules e.g. in chlorine (C1,) and in

compounds such as HCI, CCl,, SiCl,, Cl,0, ete.

Fluorine has one oxidation state of -1. However, other hélogens can have oxidation
states of +1, -1, -3, -5, and -7 due to availability of empty d-orbitals.

When fluorine combines with other elements, the elements employ their highest
oxidation states.

Oxidising reactions

Oxidising power of h-alogens decreases down the group due to decrease in their
electrode potentials — Section 7.3.6. Therefore a higher halogen can displace a lower
halogen from a solution containing its ions by oxidising it. E.g;
Cly(g) +2Br~(aq) — Bry(aq) + 2C1 (aq)

Due to their oxidising power, halogens can oxidise;

— sulphites to sulphates,

503 (aq) + H,0(l) —— SO~ (aq) + 2H*(aq) + 2

— hydrogen sulphide to sulphur

Iodine oxidises the t}uosﬂphate ion to tetrathionate ion.

28,05 (aq) + Laq) —— 5405 (aq) + 21~ (aq)

Chlorine and bromine, being stronger oxidising agents than iodine, oxidise the
thiosulphate ion to sulphate ions.

5,037 (aq) +4Cly(g) + 5H,0(1) —— 2502~ (aq) + 10H*(aq) + 8C1(aq)
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* Fluorine fumes in moist air. It reacts vigorously with water to form oxygen and

hydroﬂuonc ac1d . ‘
2F,(g) + 2H2.O(1) —— 4HF(aq) + 02(' )

Chlorine and bromine react with water to glve hydrochloric acid and hydrobrormc
respectively’ acid as wéll as chlonc(I) acid and bromic(I) acid respectively.

Clz(g) + H0(l) —— HOCl(aq) + HCI(aq)
Br,()+ H,0(1) —— HOBr(aq) + HBr(aq)

If chlorine water is exposed to sunhght chloric(l) acid decomposes to form hydrochloric

acid and oxygen gas.

2HOCI(aq) -2 2HCl(ag) + O5(g)
Iodine is sparing soluble in water and there is hardly any reaction.

x7.4.3 Reaction with cold dilute alkalis

Fluorine reacts with cold dilute sodium hydroxide to form oxygen difluoride, sodium

fluoride and water.
2Fy(g) + 20H(aq) —— OF,(g) + 2F~(aq) + H,0(])

Chlorine produces a pale yellow solution of sodium chlorate(l), sodium chloride and
water. Bromine produces a pale yellow solution of sodium bromate(l) sodium bromide

and water.
Clay(g) + 20H(aq) — OCl(aq) + C1~(aq) + H,0())
Bry(1) + 20 H(aq) —— OBr(aq) + Br~(aq) + H,0(l)

Note
The sodium chlorate(I) and sodium bromate(I) formed above disproportionate at

temperatures above 70°C. i.e.
30Cl(aq) ~—— 2C1~(aq) + €105 (aq)
3 0Br(aq) — 2Br~(aq) + Br0; (aq)
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. “This is known as a dlsproportlonaﬂon reaction —a reactton in which ’rhe saine spemes o

undergoes simultaneous oxidation and reductlon :
Notice that the OCI (oxzdatzon state of Cl is +1) ion has been oxidised to C103 (oxzdatmn
state of CLi is +5) and also reduced to Cl~ (oxidation state of Clis-1) o
Consequently, reaction of halogens with warm alkalis yleld chfferent products. from
reaction with cold alkalis as, shown in the following section. '

ﬁ_ 7.4.4 With hot concentrated alkalls

Fluorine reacts with hot concentrated sodlum hydroxide to produce sodium fluoride,
water and oxygen. ' '

2F,(g) + 40H(ag) —— 4F-(aq) %2H20(1) +05(g) D

Chlorine, bromine, and 1oc11ne produce corresponding halates(V), halides and water.
3CLy(g) + 60H(aq) —— Cl03 (aq) +5C1(aq) + 3H,0(])
i 3Bry(l) +60H(aq) —— BrOy (aq) +5Br~(aq) + 3H,0(1) '
3l,(s) + 60H(aq) — 105 (aq) + 5/ (aq) + BHZO(I)
Note
~ These reac:tlons are used as a basis for preparation of potassium chlorate(V)
| (KCI03), sodium chlorate(V), potassium iodate(V) (K10,) etc.
To prepare potassium chlorate(V), chlorine is passed through a hot concentrated
solution of potassium hydroxide. The resulting solution is saturated by
evaporation. The saturated solution is cooled to obtain crystals of potassium

chlorate(V). The crystals are filtered off, washed and dried to remove potassium
chloride.

Cl,(g) + 6KOH(aq) —— KC104(aq) + 5KCI(aq) + 3H,0(1)

— Chlorine is more soluble in sodium hydroxide solution than in water. This is
because chlorine is non-polar and sparingly dissolves in water to give the
equilibrium below |

Cly(g) + H,0(1) ===== H*(aq) + C1"(aq) + HOCl(aq)
In sodium hydroxide, the hydroxyl ions from sodium hydroxide react with the
hydrogen ions. More chlorine dissolves to replace the hydrogen ions thus
shifting the equilibrium from left to right.
 H*(aq)+ 0H(aq) =—— H,0())

S
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7.4.5 With sodium thiosulphate | B
Iodine oxidises the.t}ﬁosulphate ion to tetrathionate ion.
25,05 (aq) + Ir(aq) —— 21~ (aq) + 5,0 (aq)
- Chlorine and bromme, being stronger 0x1d1s1ng agents than Iodme, oxidise the
: ﬂnosulphate ion to sulphate ion.
4C1,(g) +SZOZ‘(aq) +5H,0(1) —— 8CI- (aq) + 25'04 (aq) + 10H* (aq)
4Bry (1) + 5,03~ (aq) + 5H,0(1) ——-a 8Br=(aq) + 2503 (aq) + 10H*(aq)

7.4.6 With sulphite ions (sat}l"rated solution of sulphurdioxide)

All halogens oxidise sulphite ion;é to sulphateionse.g. ~ , .

. 503 (aq) + Cla(g) + H,0(l) —— S0Z~(aq) + 2H*(aq) + 2€1~(aq)
37(aq) + Bry(l) + H,0(1) —— S0#(aq) + 2H(aq) + 2Br " (aq)

7.4.7 With metals

Fluorine Combines readily and directly with metals. With chlorine, the metal has to be
* heated in the dry gas. lodine reacts slowly with metals at high temperature. In all cases,
the corresponding metal halide is formed e.g.

Mg(s) + Cla(g) —— MgCly(s)

2Fe(s) + 3Cl,(g) —— 2FeCl5(s)
If the metal has variable oxidation states, it employs the highest oxidation state since
halogens are oxidising agents. If a lower metal halide is required, then a hydrogen
halide is used e.g.

Fe(s) +2(g) —— 2(5) +5(g)

7.4.8 With hydrogen sulphide

They all oxidise hydrogen sulphide to sulphur e.g.
Cly(g) + H;8{g) —— 2HCl(g) + S(s) |
749 With hydrogen
Fluorine explodes in hydrogen td form hydrogen fluoride.
Fy(g) + Hy(g) — 2HF(g)
Reaction with chlorine is slow in diffuse light but explosive in sunlight or ultra violet
light. '
Cly(g) + Hy(g) — 2HCl(g) _
Bromine and iodine only react in presence of a catalyst at high temperature.
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Holg) + Brol) —ere? 2HBrle)

Pt
Ha8) + I2(8) —z55c 2HI(g)

7 4.10 With sulphur

" Chlorine reacts with molten sulphur to give disulphur dlchlonde Whlch isa yellow
Jiquid. : : .
Bromine reacts similarly to give a ye]low hquld of disulphur d1brormde Whﬂe iodine

" does not react, : :

7.4.11 With phosphorous e

hi

Heated phosphorous reacts with dry chlorine to form phosphorous trichloride.

Py(s) + 6Cly{g) — 4PCI5(l)
If more chlorine is passed through phosphorous trichloride, phosphorous pentachlonde
is formed

Bromine reacts similarly but the reaction takes place in carbon disulphide.
Todine forms only phosphorous triiodide.

7.4.12 Bleaching reactions

Bleaching action of chlorine is brought about by the chlorate(T) ion, which is an
oxidising agent. Chlorme bleaches by oxidising the dye. Therefore dry chlorine does not
bleach.

Cly(g) + H,0(l) ==——== HOClI{aq) + HCl{aq)

HOCl{aq) + dye — HCl(aq) + oxidised dye

coloured colouriess

The oxidised dye is colourless. Loss of colour is caused by structural changes in the
organic molecule. Bromine has a similar action but much less vigorous. Iodine does not
react with water and therefore does not bleach.
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7_.5 Compounds of halogens

751 Hydrides

“They are colourless gases They fume in moist air and are very soluble in water. They
include HF, HCl, HBr, HI etc:

Preparﬂtwn ;
/.
Hydrogen fluoride and hydrogen ¢ Ghlonde are prepared by heatmg concentrated
sulphuric acid with a correspondmg halide.
Hydrogen fluoride is prepared by heating concentrated silphuric acid with calcium
fluoride. ; _
CaFy(s) + HS0,{l) —— CaSO4(s) +2HF(g)
Hydrogen chloride is prepared by heating concentrated sulphuric acid with sodium
chloride. ‘

2NaCl(s) + HyS0,(l) —— Na,S0,(aq) + 2HCI(g)
Hydrogen bromide and hydrogen iodide cannot be prepared by a similar method usmg
concentrated sulphuric acid because hydrogen bromide and hydrogen iodide are strong
reducing agents which can be oxidised by concentrated sulphuric acid to bromine and
iodine respectively.
Hydrogen bromide and hydrogen iodide are prepared by hydrolysis of phosphorous
tribromide and phosphorous triiodide respectively.

PBr3(1) +3H,0(l) —— H3POs(aq) + 3HBr(g)

Pl3(s) + 3H,0(l) —— H3P0s(aq) + 3HI(g)

Bond dissociation energy

Bond energies of hydrides of group{VIl) elements

HX HF HCl HBr Hi
Bond energy /KJmol™ +560 |- +430 +370 +300

Bond energy decreases down the group. This is due to increase in atomic radius of the
halogen down the group. Increase in atomic radius causes an increase in # — X bond

length. The longer the bond, the weaker it is.
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Bo:Img pomt '

Figure 7.2~ - Graph of borlmg pomts ofhalogen hydrides against molecu[ar mass

: Genera]ly, boﬂmg point increases clown the
group with hydrogen fluoride havingan =~

Boiling paint /°C

molecules of the hydrides are held by Weak
Van der Waals forces whose magnitude

HC

mcrease with increasing molecular mass.

B

molecular mass ' Fluonne is highly electronegatlve thus

hydrogen fluoride molecules associate through strong hydrogen bonds. This glves
hydrogen ﬂuorlde an abnormally high boiling point.

Acidic strength

Halogen hydrides dissolve in water to form acidic solutions. The pKavalues of the acids ‘

can be used as a measure of acidic strength ~ the lower the value, the stronger is the
acid. The table below shows the pKavalues of the halogen halides.

_"3Taib_le_7.=8' e pKa values of hydrides of group{Vli) elements

- HF HCl HBr HI
3.25 -7.4 -9.5 -10

Acidic strength of the hydrides increases down the group. This is because atomic radius
increases down the group in the order F < €I < Br < I. Consequently the # — X bond -
length increases down the group. The longer the bond, the weaker it is. The weaker the
" bond, the stronger is the acid.
Note - :
Hydrofluoric acid is a weak acid which is slightly ionised in aqueous solution.

HF(aq) + H,0() === H,0%(aq) + F~(aq)

Moist hydrogen fluoride and aqueous solution of the acid attack silica and glass, so the
solution is stored in polythene containers.
S5i0,(s) +4HF (aq) ——— SiFg(g) + 2H,0(1)
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. .Reduc‘ing action ' : S
The power of halides to act as reducing agents increase down the group

i.e. HF < HCL < HBr < HI ' |
Thus hydrogen fluoride almost does not undergo any reducing reaction. Hydrogen

chloridé will only react with very strong oxidising agents such as permanganates
chromates, lead(IV) oxide etc; hydrogen bromide reacts with moderately strong
.ox1d15mg agents like concentrated sulphunc ac.'ld chlonde and hydrogen perox1de
hydrogen iodide reacts with even mﬂd (Wealc) ox1d1s1ng agents like aqueous nron(]I[)
salts, dilute nitric acid etc. T
Consequently, hydrogen fluori_de and hydrogen chloride do not react with concentrated
sulphm'ic acid. Hydrogen bromide is oxidised by concentrated sulphuric acid, on
heating, to bromine. '

2HBr(g) + 2H,50,(1) —— Bry(l) + 50,(g) + 2H,0(1)
Concentrated sulphuric acid oxidises hydrogen iodide to iodine. Sulphuric in turn gets
reduces mainly to hydrogen sulphide since hydrogen iodide is a stronger reducing
agent than hydrogen bromide.

BHI(g) + HS04(1) —— HpS(g) + 4H,0(1) + I5(s)
7.5.2 Oxides of the halogens
Chlorine forms six oxides some of which include chlorine monoxide (C1,0), chlorine
dioxide (Cl0,), and dichlorine heptoxide (C1,0,). The oxides are acidic. Oxides of
bromine have not been extensively studied since they are unstable. The best known

oxide of iodine is iodine pentoxide (/,05).
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7.5.3 Oxy acids of chlorine

Chlonne forms several. oxy acids Wl'uch :mdude, -
Oxy acid formula ' structure (not accumte)

ChlorieDadd ~  HCIO  ° Cl-0-H
Chloric(Ill) acid | HClo, 0=cl—oH
Chloric(V) acid - HCIO, - Cl-0H
. ; 0
Chloric(VII) acid Hclo, 7 0= cuz —OH
| .
Acidic strength -

i

Acidic strength of the acids decreases in the order HC [0, > HCIO3 > HCLO, > HCIO.,

Acidic strength increases with increase in number of oxygen atoms attached to the
 chlorine atom. Oxygen is more electronegative than chlorine. The oxygen atoms
withdrawal electrons from the 0 — H bond through the chlorine atom. This increases
the partial positive charge on the hydrogen atom hence weakening the 0 — H bond. The
weaker the 0 — H bond, the stronger is the acid.

Cl — 0%~ < g+ 0 = Cl < 0%t < yo+
O\Cl<-0<-H ' 0 =<Cl < 0%~ < 46+
O

Increase in number of oxygen atoms causes an increase in partial positive charge on the
hydrogen atom thus Weakenmg the 0 — H bond. This increases the ease with which a
protonis lost.

Preparation

Chlonc(I.) acid

This is prepared by passing chlorine ’rhrough a suspension of f-resh]y prepared mercury
(IT) oxide in water. =

HgO(s) +2C15(g) + H0(1) —— HgCly(s) + 2HC10(aq)
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_ Both the acid and its salts are powerful ox1d151ng agents and are used as bleaching
~ agents. The active oxidising agent in the acid is the chlorate(I) ion, € 10~ The half cell
reaction for the chlorate(I) ion acting as an oxidising agent is shown below;
- Clo~(aq) + 2H™(aq) +2e —— CI~ (aq) +H, oy
By acceptmg electrons, the chlorate ion can oxidise;
~ Tron(II) ions to iron(I) ions.
- Fe?*(aq) —— Fe3*(aq) +¢
— Iodide ions to iodine. ,,f"
2/~ (aq) —— I(aq) + 2 /'
The chlorate(I) ion is the active bleachmg agent in commeércial bleaching agents like JIK.
_Chloric(I) acid and sodium chlorate(I) dlsproportlonate to chlonde ions and chlorate(V)

- ions when heated.

A}

3C10™(aq) —— 2C1 (aq) + €103 (aq)
Chloric(1ll} acid, HClO,

This is only known iri solution and is of little importance. It is used industfially asa
textile bleaching agent.

Chloric(V) acid, HCLO4

This is prepared by action of barium chlorate(V) on equimolar quantities of sulphuric
acid in dilute solution. 7

Ba(Cl03)3(aq) + H,S0,(aq) —— 2HC0(aq) + BaSO,(s)
~ Chloric(V) acid and its salts like sodium chlorate(V) are powerful oxidising agents in
solution.

ClO3 (aq) + 6H*(aq) + 6e —— Cl~(aq) + 3H,0()
Similarly, bromates(V) and iodates(V) are powerful oxidising agents.

Br03(aq) + 6H*(aq) + 6e —— Br~(aq) +3H,0(1)

105 (aq) + 6H*(aq) + 6e ——> I"(aq) + 3H,0() M
The iodate(V) ion oxidises iodide ions to iodine.

2l (aq) — I,(aq) + 2e (2)
The overall reaction between iodate(V) ions and iodide ions is

105 (aq) +51™(aq) + 6H*(aq) — 3ly(aq) + 3H,0(0) = @)

This is obtained by multiplying equation (2) by 3 and then combining it with equation
(1). This is done to balance the number of electrons in either equation.
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Potassium 1odate(V) KI 03, can be obtamed ina hlgh degree of punty and is stable in |

" aqueous solution. It can therefore be used as a primary standard in volumetric analys15
In acidic solution, it reacts with excess potassium iodide to give a quantitative yield of
iodine as shown in equation (3) above, The liberated iodine can be titrated with sodium
thiosulphate solution. This reaction can be used as a basis to standardise sodium
thiosulphate which is not a primary standard. |
Ip(aq) +25;03"(aq) —— 21" (aq) + 508" (aq)

Chloric(VID) acid, HC1O, , ,f
This is prepared by vacuum chst]l]atlon of a mixture of potassium chlorate(VII) with
concentrated sulphuric acid. Chlorates(VH) are also powerful oxidising agents.
7.54 Poly-iodides L : \
Todine is almost insoluble in water. However, it readily dissolves in a concentrated
solution of potassium iodide. This occurs because iodine combines with iodide ions to
form a soluble complex of triiodide jons, /3

CL(s)+ITeg === I(@q)
The complex can readily release iodine for titration with sodium thiosulphate in

volumetric analysis.

7.6  Analysis of chloride, bromide, and iodide ions

7.6.1 Using concentrated sulphuric acid

To the unknown solid substance, add a little concentrated sulphuric acid and warm; -

— FEvolution of a colourless gas, with a sharp smel], which forms dense white fumes
with ammonia shows preéence of chloride ions. Note that sulphuric acid
displaces hydrogen chloride gas (the colourless gas) from chlorides. |

— Evolution of a brown gas (bromine) shows presence of a bromide.

— TFormation of a purple vapour (iodine vapour) shows presence of an iodide.

7.6.2 Using dilute nitric acid and silver nitrate

To the solution of the unknown, add dilute nitric acid followed by silver nitrate
solution; .
- Formation of a white precipitate shows presence of a chloride. The precipitate
dissolves in excess ammonia due to complex formation.
Ag*(aq) + Cl~(aqy — AgCl(s)
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AgCi(s) + 2NHy(aq) — Ag(NHg)'Z"(aq) +Cl(aq)
- Formatlon of a cream preapltate (or pale ye]low) shows presence of brontude
" ions. :
4g*(aq) +Br(aq) —— AgBH()
— Formation of a yellow preci'pitate shows presence of iodide ions.
- Ag*(aq)+I7(aq) —— Agl (S) |

7. 6.3 Using sulphurlc acid and manganese(IV) 0x1de

To the unknown solid sainple, add manganese(IV) omde;md a httle concentrated
sulphuric acid and then warm. -
~ Evolution of a greenish yellow gas that turns blue litmus red shows presence of
chlonde ions,
Mn0,(s)+4H*(aq) +2C1" (aq) —— Mn?*(aq) + Cly(g) + 2H,0(1) |
— Evolution of brown fumes (reddish) shows preeence of bromide ions,
Mn0O,(s) + 4H*(aq) + 2Br~(aq) —— Mn?**(aq) + Bry(g) + 2H,0(1)
— Evolution of a purple vapour shows presence of iodide ions.
MnQ,(s) + 4H" (aq) + 2/~ (aq) —— Mn?*(aq) + L(g) + 2H,0(1)

Note that a mixture of manganese(IV) oxide and concentrated sulphuric acid is a
powerful oxidising agent which oxidises chlonde bromide and iodide ions to chlorine,

bromine and iedine respectlvely
7.6.4 Using chlorine water (or slightly acidified sodium hypochlorlte] and

carbon tetrachloride

To the solution of the unknown, add 1 or 2 drops of chlorine water followed by 3 cm? of
carbon tetrachloride. Shake well and allow to settle. _
— A brown (or red) carbon tetrachloride layer shows presence of bromide ions.
This is because the reagent oxidises bromide ions to bromine which is dissolves
in carbon tetrachloride layer turning it to brown.

— A purple (or violet) carbon tetrachloride layer shows presence of 10d1de ions.
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7.6.4 Using lead(ﬂ) ethanoate or lead(II] nitrate -

To the solution of the unknown, add a few drops of lead(II) mh'ate soluhon
-~ Formation of a white prempltate that chssolves on WarIrung shows presence ofa

- chloride ora bromide - S
Pb2+(aq) +2C1- (aq) — PbCLy(s)
b2+(aq) +2Br~ (aq) — PbBrz(s)

~ — Formation of a yellow- prempltate squb]e on heating shows presence ofiodide

ions. _
Pb?*(aq) +21~(aq) —— PbI,(s) 0
Using other oxidising agents

Strong oxidising agents like acidified potassium iodate, acidified potassium dichromate,
and acidified hydrogen peroxide oxidise chloride ions, bromide ions, and iodide ions to

chlorine, bromine and-iodine respectively.

7.7 Sumimary

Though not transition elements, the halogens are coloured. They are predominantly
non-metals. Their physical state gradually changes from gaseous to solid as the group is

descended. They are quite reactive and oxidising.

7.8 Suggested further reading on chapter 7

G. E. Liptrot, Mordern Inorganic Chemistry, S_cot‘print Ltd, Fourth Edition, 1983.

A. Holderness, Advanced Level Inorganic Chemistry, Thomson Press, Third Edition,
1979

W. R. Kneen, Chemistry, Facts, Patterns and Principles, Addison-Wesley Pub (5d), 1972

7.9 Questions about chapter 7

1. Discuss the trends in reducing action, boiling points and acid strength of hydrogen
halides,

- 2. (a) Draw the structures of the following acids and name the shapes attained.

HCLO, HCIO,, HCLO, and HCLO,.
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. (b) Discuss the trend of acidic strength of the ac1ds in (a) above

Chapter 7 Group WII

Discuss the sunﬂanty in the chemistry of chlorine, bromine and 1od1ne Your
: dlscussmn should include; ' o

' (a) reachons of the elements mth

| (i) hydrogen

(ii) sodium hydroxide

(iii) silver nitrate !

~(b) ection of the elements as oxid.i!sing agents.

Explain the following obse'rvatic_w:’ﬁs

(2} When solid iodine is added’"‘to water, most of it reihamsmn—dlssolved addition
of potassium iodide to the solution causes more jodine to dissolve.

. (b) When acidified bleaching powder is added to a starch-potassium iodide
solution, an iﬁtens;e blue colouration occurs.

{c) When hydrogen sulphide is bubbled through bromine water, a colourless
solution containing a pale yellow precipitate is formed.

(d) Addition of silver nitrate solution to sodium chloride solution produces a white
precipitate. When excess ammonia is added, the white precipitate dissolves.

(¢) Hydrogen chloride may be prepared by action of concentrated sulphuric acid
on potassium chloride but a corresponding method may not be used for
hydrogen bromide.

Using equations only and stating conditions, outline the reactions which accur
between iodine and;

(a) sodium thiosulphate.

(b} potassium hydroxide.

{c) nitric acid.

(d) potassium iodide.

() Outline the chemistry of an industrial process in which chlorine is one of the
major products. '

(b) Discuss the reaction of the reagents below with the salts sodium chloride,
sodium bromide and sodium iodide. In each case, state what is observed, and
write equations for the reactions.

(i) Concentrated sulphuric acid.
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9.

" (¢) Sodiium hydroxide, - o
(d) Sodium thiosulphate, ~ /

10

(11) Aqueoue silver 'nitrat.e a'dded to aqueous solutions of tli'e seltsﬁ'
© (jii) Chlorine water followed by tetrachloromethane added. to aqueous
solutlons of the sal’cs '

Compare and contrast the propertles of elements chlorine and 1odme by reference "

© to fhelr reachons with:

(a) Pot_assmm,loldlde, A
(by Hydrogen,

(e) Concentrated nitric acid.

(a) (i) Briefly describe the'prepax‘astion of chlorine and iodine.
(ii) Why is the same method not used in the preparation of the halogens in (i)
above. ' '
(b) The following reaction takes place on warming;
3Bry(1) + 60 H(aq) —— 5Br~(aq) + Br05 (aq) + 3H,0(l)
(i) Determine the oxidation number of bromine in Br03 and in Br~
(if) What name is given to this reacion?
(iif) Suggest the shape of B03_and explainyour reasoning.
(c) On reacting chlorine with hot aqueous sodium hydroxide, disproportionation
oceurs.
(i) Whatis disproporﬁonaﬁon?
(ii) Write equation for the reaction and give oxidation states of chlorine in the

product.
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8 1 Introductmn

t A transztzon eIement isan element that forms at Ieast
jfone ion with parhally filled d—subenergy level.

- Transition elements are d-block elements Ad- block
element is one whose outermost electrons are in the
d-subenergy level. Tab_le 8.1 shows d-block elements

in the first transition series..~.. - . .

dl Electronic configurations of the first trarisition series

Element | Sym |Atomic | Electronic configuration
bol nu_mber

Scandium Sc |21 1s22522p3s23p°ds23d?
Titanfum Ti 22 15225%2p53523p°4s23d?
Vanadium v 23 15%2522p63s23pas®3d?
Chromium | Cr 24 15%25?2p53s23ptast3ds
Manganese |Mn |25 1s%2522pf3523ps4s23d°
Iron Fe 26 1522522 p3523pids?3
Cobalt Co 27 15222 ps3s23pds?3d”
Nicke] N |28 1522522pf3s23pods?3de
Copper  |Cu |29 152252283573 p4s13d ™
Zinc Zn |30 15225?2p83s73pt4s?3d™0
General remarks

~ Zinc forms ions ohly in +2 oxidation state (Zn2"),
which fully filled d-subenergy level. Similarly,

scandium only forms ions in +3 oxidation state

with fully filled d-subenergy level. For these
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| Chapter 8 Transiﬁo‘n Chémistfy _

reasons, zine and scandlum are not trans1t10n elements Copper is also not a transmon

element but Cuz"” has tran51t10na1 properties. Unlike compounds of transition elements,

compounds of scandium and zinc are not coloured. .

— The electronic configuration of chromium is 1s?2s*2p®3s*3p*4s’3d°® but not _
152?_522p535231354523d‘l as would be expected. This is because the half-filled 3d~ -
subenergy level in 1522522p53523p54513d5 makes the conflg_uratlon more stable than |
_1522522p53323p54523.d4 Similarly, due to high stability of a fully filled Bd—subenergjr
level, the electronic configuration of copper is 1522572p*3s23psds13d™ but not

522522p53523p54523d9 as would be expe{c’ced _

 — Iron forms ions in two oxidation states; Fe?* (1522522p53523p545°3d5), and Fe3*
(15725223523 pP4s"3d°). Note that a tgansfaon element ionizes by losing the 4s
electrons first, followed by the 3d galéctrons. Because of the high stabilily associated
with Fe®*(half-filled 3d-subenergy level), Fe?* is easily oxidized to Fe3*.

—  Cu*ions (152522pf3s23pf3d¥) have no transitional properties because of the fully
filled 3d-subenergy level in the electronic configuration of Cu*. Consequently,
copper(I) com.pounds are not coloured. However, C u?t (1s2522pf3s23p%3d®) has
transitional properties and thus copper(ll) compounds are coloured. |

— Copper, scandium, and zinc are included in the transition series on account of

chemical resemblance of their compounds to transitional metal compounds.

8.2 Physical Properties of Transition elements

8.2.1 Physical state

They are hard, dense and. good conductors of electricity and heat. Their melting points
and boiling points are higher than those of s-block metals. This is because they use all
their d-electrons and s-electrons in formation of the metalhc bond, unlike s-block

elements that use only s-electrons.

8.2.2 Ionisation energy
Table 8.2 shows the first ionisation energies of elemertts in the first transmon series.
It shows that there a general slight increase in ionisation energy across the transition

series, from left to right.

IEGICE: PR i < ionisation energies of the first transition series

Element o Sc |Ti |V |Cr |[Mn|Fe |Co {Ni |CulZn

First ionisation energy /K]m()lI 633 | 659 | 650 | 653 | 717 | 762 | 759 | 736 | 745 | 906
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8.2.3 -Atonuc radius’

_Chapter 8 Transition Chemistry

.

Table 8.3 shows atomic radii of elements in the first transition series.

/
LG A tomic radii of first transition séries

Ac:ross the period, both nuclear charge and screerung effect increase. Since electrons are
added to the inner 3d-subenergy level, they screen the 4s electrons fairly high thus the
increase in effective nuclear charge across the period is slight. Therefore the increase in
1orusat10n Energy across the transition series is not as sharp as that’ across the short 3

' penod (see sectwn 4.2.6). ' ' '

Ti

Co

Ni | Cu

| Element Sc V Cr | Mn | Fe Zn |
Atomic Radius/nm | 0.144 0.132 0.122 | 0.117 | 0.117 | 0.116 | 0.116 | 0.115 { 0.117 | 0.125 | -
Plotting atomic radius against the element yields the graph in figure 8.1.
. - A
S 15 ' :
>
R
T 14
g
§
=2 13
12 :
j 11
j
10
Sc i v Cr Mn @ o NI Cu n
Element

Figure 8.1 |

3l Graph of atomic number against element*

The graph shows a general slight decrease in atomic radij as the atomic number
increases. As the atomic number increases, the nuclear charge also increases. However,
the electrons are being added to the inner 3d-subenergy level. These electrons are
poorly shielded from the nuclear charge. The nuclear attraction for the outer electrons
therefore increases leading to a slight decrease in atomic radii.
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- There is a slight increase in atoinic radius from nickel to copper because"the 3d-

subenergy levelin copper is fully filled with electrons. This increases the s}ueldmg of o

‘the outer elecf:rons from the nuclear charge thus atomic radius increases.

8 3Chem1cal Propertles | e SRR

Transition elements are typlcally charaetenzed by the follovvmg cher.mcal propernes
— Variable oxidation states |

— Formation of coloured ions (compounds)

- Complex ion formation : .. ot /

— Paramagnetism A P .
- Catalyticactivity T e,

831 Varlable OXIdatIOIl states '
During ionisation, 4s electrons are removed first followed by 3d electrons The energy

- difference between the 3d and 4s electrons'is very small thus transition elements can |

easily lose both 3d and 4s electrons. Consequently, transition elements have variable
oxidation states.-

Table 8.4 shows oxidation states exhlblted by elements in the fitst transition series. The _

bolded oxidation states are the most usual (stable) ones for the particular element.
When a transition element forms a compound using an oxidation state higher than its
most stable one, the compound formed is an oxidizing agent; the oxidation state of -
manganese in potassium permanganate is +7, which is higher +2 (the most stable
oxidation state for manganese). Consequently, potassium permanganate is an oxidizing
agent. |

LELIR: TN O fation states of first transition series

Sc iV Ct Mn Fe Co Ni Cu Zn
+3 -+ +5 +6 +7 +6 +4 +4 +2 +2
B M4 43+ 43 483 42 4]
+2 +3 +2 4 42 +2

+2 - +3
+2
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Chapter 8 Transition Chemistry

Lower oxidation states are generally reducmg e.g. Cu* and Mn**are reducmg, lrugher S

- oxidation states are omdlzmg e.g. MnOyand CrO§i™..
Lower oxidation states form mainly basic compounds while hlgher oxidation states are -
generally ac_lchc ' '
Compounds in hlgh ondatlon states are mainly covalent e.g. TiC 14, and’ M nz 07 Tkus is
due to the hlgh charge den51ty of the cation which makes it l'ugl'ﬂy polanzmg

8.3.2 Formatmn of coloured 10115 ' ,
Transition elements form coloured compounds dueé to possessmn of partla]ly filled d—
subenergy level. In a transmon metal atom, the d-orbltals are degenerate however,ina
transition metal ion, the d orb1tals are non—degenerate Therefore, with in a trans1t10n '
ion, electron transitioris can occur ‘within the non-degenerate d-orbitals. These '
transitions lead to absorption of energy. The frequency of hght absorbed is in the visible
region of the spectrum, thus transition ions are coloured. .
The scandium ion (Sc**+) has no d-electrons, and thus it is colourless; the copper(I) ion
(Cu™) and the zinc ion (ZnPt) have fully filled d-orbitals and thus lack any possible d-d
electron transitions. Consequently, copper(I} and zinc ions are colourless. ©
‘Whena transition metal ion is surrounded by ligands (e.g. water), the energy of its d-

orbitals is affected; different ligands affect this energy differently thus a transition metal
ion may show different colours when surrounded by different ligands e.g.

o [Cu(H,0).]* is light blue while [Cu(NH3),}* is deep blue;

» CuCli™ is yellow while CuCl, is green.
In addition to nature of ligand, colour of a particular transition metal ion also depends
on oxidation state thus;

» Fe?*is green while Fe3* is brown

o MnOj is purple while Mn0}~ is green

Table 8.5 shows colour of some few transition ions in aqueous solution.

SRR | ¢ of some aqueous transition ions

Ion SCB-!- V3+ ‘ MnZ-I— F€2+ COZ-I— C03+ Ni2+ Cu2+ Zn2+

Colour | Colourless | Purple | Faint pink | Green | Pink | Blue | Green | Blue | colourless
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833 Complex ion formation

A complex ionis an 10n that contains a central ion or atom 11r1ked to other atoms, ions or.

molecules via coordinate bonds. E.g Cu(NH;)3* shown below

.‘HsN\Cu2+/NH.Ta- . E : o .
| .HQNZ,‘-'\NHE SO ' '

Transition metals form complexes ( also known as coordmatwn compaunds) with hgands
During complex formation, a 1one pair of electrons is coordinated from the ligand
. (donor atom, ion or molecule) to the central atom or ion. The central atom or ion must
possess empty or partially filled orbitals to accommodate the lone pair.
Transition elements are able to form Complexes because they possess partially filled d-
orbitals which can accommodate lone pairs of electrons from hgands ’
A ligand is a neutral molecule or ion capable of coordinating a lone pair of electrons
into empty orbitals of a central atom or ion. Examples of neutral ligands include
ammqnia (NH;), water (H,0), and carbonmonoxide (CO) among others. Examples of

anionic ligands include a chloro (CL™), Cyano (CN™), and hydroxo (OH) among others

Coordination number

This is the number of coordinate bonds a central atorn or ion is able to form with

ligands.
Examples
Complex Coordination number.
Co(NH3)3* 6
CuCly™ ' 4
[CrCl(Hp0)4]" 6

The majority of transition metals form complexes with a coordination number of six (six
ligands surrounding the central atom or.ion). Such complexes adopt octahedral structure as
the structure below illustrates (see section 2.2.3 for a detailed discussion of shupes of
moleciiles) H,0

H,O0~_. OH,
\Cu2+/ Cu(H,0)s*"
HZO/' \DHz

Hy
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* Chapter 8 Transition Chemistry

In some cases, a coordination number of four is used r:ujd the complex formed adopts a
tetrahedral structure or square planar. Coordination numbers may vary from element to
element; an element may also use varying coordination numbers as in case of copper

and iron. = _ . : ' L
. Element - . - Common coor'd'ination number used
Cu . 4and6 | |
Fe - , 4and 6
Cr . 6
Co _ 6 |

A ligand must possess atleast a non—ﬁbnding pair of electrons. A ligand which forms
only one coordinate bond with the central atom or ion is calied monodentate; examples '
of such ligands include NH,, CN~, and 1,0 among others.
A ligand which forms more than one coordinate bond with the central atom or ion is

4 0

[
called polydentate; examples include oxalates ( C - C\ ) and ethane-1,2-diamine
- h-

(H,NCH,CH,NH, ) among others. .

In case of monodentate ligands, coordination number corresponds to the number of
ligands. However, for bidentate ligands, coordination number is twice the number of
ligands; in the complex [C u(H,NCH,CH,NH,),?*, coordination number is four.

Both transition and ﬁon~transiﬁon metals, for example beryllium, form complexes but
complex formation is more pronounced in transition elements due to presence of
incompletely filled 3d-subenergy level. |

8.3.3.1 Nomenclature of complexes -

Within a formula of a complex, the centra] atom appears first, followed by anionic
ligands and then neutral ligands, as in CoCl(NHy)E, Fe(OH),(H,0) and so on.
The following rules are applied to name the complexes;

(a) Cations are named before anions,

(b} Names of ligands precede the name of the central atom or ion.

(c) Oxidation state of the ceniral jon is shown in roman numerals after the name of

the ion.
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S NH o owNE,
HyN~ l }/Cl. o Cl&l ’(NH3 |
ot _ o2t
NHy - Hy

Iomsanan isomerism

ThlS is the type of isomerism where compounds having the same formula yield

different ions in solution for example;
[CO(NH:.;)SBT]2+SO4— and [CO(NH3)5504]+BT" -

Hydrate isomerism

These differ by the amount of water of crystalhsatlon, for example
[Cr(H,0)6)Cl; Violet
[Cr(H,0)sClCL,. H,0 Green
[Cr(H,0),CL]CL2H,0 Green
The above complexes precipitate different amounts of silver chloride when treated with
silver nitrate solution. The amount of silver chloride precipitated is in the ratio 3:2:1
respectively. They also show different conductivity.

Optical isomerism

This usually occurs in complexes which contain bidentate ligands. By this isomerism,

the isomers are not super-imposable on each other.

8.3.4 Paramagnetism

Substance which are weakly atiracted by a strong magnetic field are said to be
paramagnetic. Transition metals are paramagnetic due to possession of un-paired
electrons. Un-paired electrons spin on their axes thus inducing magnetic moments.

Paramagnetic strength incrgases with increase in the number of un-paired electrons.

8.3.5 Catalytic activity

Catalytic activity of transition metals and their compounds is associated with their
variable oxidation states. Transition elements in the first transition series use both their
4s and 3d electrons for bondmg This enables the transition element to form temporary

bonds with the reactant molecules. This increases the concentration of the reactants at
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the surface of the transmon metal (catalyst) and Weakens the bonds in the reactmg
' molecules thus lowering activation energy. .
In homogeneous cataly51s, the variable ox1datlor1 state of the transfcton element enables .
it to take partin a sequence of reaction stages and emerges unchanged at the end of the

" reaction.

.-Transmon elements and thear compounds are used to catalyse the followmg chemical
reactions; '

Platinum, nickel, and pa]lachum are used in hydrogenahon of alkenes and alkynes,
Finely divided iron is used in the Haiaer process to combine nitrogen and hydrogen,
Platinum is used in the oxidation of ammoriia, '

Vanadium(V} oxide in used in the’ Contact process for manufacture of sulphuric acid,
Haemoglobin, which contains 1ron(]I) is the catalyst used in respxratxon

8.4 Chemistry of Chr’omiom

Chromium is a hard white metal which is Fesistant to chemical attack at room
temperature. Its atomic number is 24 and electronic configuration is [Ar}4533d5. Possible
oxidation states of chromium are +2, +3, and +6. The +3 oxidation state is the most stable
one. Compounds in +2 oxidation state are reducing agents while those in +6 oxidation
state, for example potassium dichromate (VI), are oxidising agents.

When a solution of acidified potassium dichromate(VI) is reduced using zinc amalgam,
its orange colour changes to green (+3 oxidation state) and finally to blue (+2 oxidation
state).

8.4.1 Reactions of chromium
With air
It reacts with air on heating to form chromium(III) oxide.

4Cr(s) +30,(g) —— 2Cnry04(s)

With chlorine i
It reacts with chlorine, on heating, o form chromium(IM) chloride.

2Cr(s) +3Cly(g) ——— 2CrCly(s)
With dilute acids
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It reacts with dilute hydrochlonc acid and dilute sulphunc acid to form chrormum(]I)

chloride and chromium(Il) sulphate respectlvely, with liberation of hydrogen gas. The -

' c.hrommm(ﬂ) salts are readily oxidised to chromium(III) salts by air.
Cr(s) +2H*(aq) ——— Cr**(aq) + Hx(g)

Ttis rendered passwe by concentrated nitric ac1d

With water ‘

Chrorruum decomposes steam, at red heat, to form chromium(TI) oxide and hydrogen .

gas.
2Cr(s) + 3H20 O —— CTz 03(s) + 3Hz(g)

8.43 Usesof chromlum .
Used in production of steel alloys. - | o
Used in plating steel articles. |

843 Compounds of chromium
Tt forms compoundsimainly in oxidation states of +3 and +6.
8.4.3.1 Chromium(VI) compounds

Chromium(VI) oxide:‘fCrogj

This is prepared by reacting concentrated sulphuric acid with a cold solution of

concentrated potassium dichromate(VI). It exists as red crystals. '
Tt is soluble in water form chromic(VI) acid. It's therefore an acidic oxide.
Cr05(s) + H,0(1) —— H,yCr0,{aq)

Tt is decomposed by heat to form chromium(tI) oxide.

heat
4Cr05(s) — 2C1,0;(s) +30,(g)
1t is a powerful oxidising agen;r.

Chromate(VI), CrO%~ and dichromate(V1), Cr,0%~
Chromates

Chromates are yellow and stable only in alkaline solutions. Silver chromate is red.

When acidified, the chromate ion is converted into a dichromate ion.
20r0% (aq) + 2Ht(aq) ==—— €03 (aq) + H,0()

Chromates are also stable in aqueous solutions due to hydrolysis of the chromate ions

to produce hydroxyl ions.
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A chromate ion has a similar structure to a sulphaté ionie. fétrahedral_ shape.
I o bll
o/C No DN
Chromates are prepared by omdatlon of chromiium(IT) salts with sod1um peromde in
aqueous solution. :
2Cr3*(dq) + 40H(aq) + 302~ (aq) —— 2Cr03 (aq) + 2H,0(1)
A ‘Soluble chromates are used to test for silver ions, barium ions, and lead(Il) ions.

24g*(aq) + CrO}~(aq) —» Ag;Croy(s)

red precipitate

Pb?**(aq) + Cr0} “(aq) - ——— PBCrO,(s) ™ &
_ yellow precipitate
Ba**(aq) + Cr0f~(aq) ——— BaCr0,(s)
yellow precipitate

Chromates are oxidising agents when acidjfied.
CTO,%‘(aq) + 8H+(aq) +3e — Crif(aq) + 4H,0(1)
chhromates . '

Dichromates are orange in colour. They are only stable in acidic solutions. In alkaline
solutions, they are converted to chromates.

Cr,0%~(aq) + 20H(aq) 2Cr0f(aq) + H,0())

Sodium dichromate is highly deliquescent; therefore it cannot be used as a primary
standard. Potassium dichromate is, however, a primary standard since it is highly
soluble and not deliquescent. It can also be easily obtained in pure state.
Dichromates are strong oxidising agents when acidified.

Cr,0%2~(aq) + 14H* (aq)%+ 6e —— 3C’r3+(éq) +3H,0(1)
They can oxidise;
Sulphites to sulphates

502~ (aq) + H,0(l) ———> S0Z (aq) + 2H*(aq) + 2e
Hydraegen sulphide to sulphur

H,S (aq) —— 2H*(aq) + S(s) + 2e
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Iodide ions to iodine _.
21(aq) —— Iy(aq) +2e

Iron({ll) ions to iron(11I) jons
Fe?t(aq) —— Fe¥f(aq)+e

Oxalates to carbon dioxide - i
€207 (ag) —— 2C0(g) +2e

8.4.3.2 Chromium(lil) compounds

o § 7 /
Chromium(IHlI} oxide, (Cr,03) ' i

This is obtained by heating chromium m oxygen or by heating ammonitim
dichromate(VI) 3

ACT(8) + 30,(g) —— 2C1,04(s)
(VH,)2Cr;04(s) —— G1205(s) +4H,0(1) + N(g)
It is a dark green solid which is amphoteric.
Cr,05(8) + 6H*(aq) —— 2Cr3*(aq) + 3H,0(1)
Cr,04(s) + 60H(aq) + 3H,0(1) —— 2Cr(0H)3 (aq)
Chromium(HI) hydroxide, Cr(OH)4

This is obtained as a green precipitate when an alkali is added to a solution containing
chromium(III) ions.

Cr3*(aq) + 30H(aq) — Cr(0H)s(s)
207r3*(a2) + 3C03 (aq) + 3H,0(l) ——— 2CT(0H)3(s) +3C0,(g)
A .

It is amphoteric hence the green precipitate dissolves in excess alkali. It also dissolves in
acid.

Cr(OH)3(s) + OH(aq) —— Cr(0H);(aq)
Or Cr(0H)s(s)+3 0H(aq) —— Cr(OH)3 (aq)
Therefore when dilute sodium hydroxide is added to a solution of a chromium(IIT) salt
(e.g. chromium(IlI) chloride), a green precipitate that dissolves in excess to give a green

solution is observed.
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| _Solutlons of chrormum(l]l) salts are acidic due to hydrolysis of chrouuum(]]l) ions. The
. chromium(IIl) ion has a high charge density which weakens the O H bond of the water
molecule resulting into proton loss.

Cr(H,0)3*(aq) + H,0() =—> [Cr(OH)SOH]2+(s)+H30+(aq)
- Chromium(IlI) chloride, CrCl3 ' '

‘This is a reddish-brown solid obtained by passmg chlorine over heated chromlum The

hydrated salt is dark green. I—‘ -
20 (s) +3Cly(g) — 2CrCl (-’é)

Chromium(Ill) sulphate, Cr, (5’04)3 nH,0 -

This occurs with a range of amounts of water of crystalhsatlon thus its colour ranges

from violet to green.

8.4.4 Analysis of chromium(III) ions

Appearance

Chromium(IIT) compounds a.re either green or violet in solid state.

Using sodium hydroxide solution

To the solution of the unknown, add sodium hydroxide dropwise until in excess
followed by hydrogen peroxide.

Formation of a green precipitate soluble in excess to form a green solution shows
presence of chromium(II) ions. The solution turns yellow on addition of hydrogen
peroxide due to formation of chrornate ions. If lead (M) ethanoate (Ph2* ions) is added to
the above solution, a yellow prec1p1tate is observed.

Cr3*(aq) + 30H(aq) ——— Cr(OH)s(s)
Cr(0H);(s) + 0H(aq) —— Cr(0H);(aq)
2Cr3*(aq) + 100H(aq) + 3H,0,(aq) ———— 2Cr02~(aq) + 8H,0(1)
Ph**(aq) +2Cr0f~(aq) ———— PBCT04(s)
Using ammonia solution

To the solution of the unknown, add ammonia solution dropwise until in excess.
Formation of a green precipitate soluble in excess to form a violet solution shows

presence of chromium(IIl) ions.
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Cr3+(aq) + 30H(aq) —_— Cr(OH)a(s)

CT(OH)g(S) + 6NH3 (aq) ———— Cr(NHa)3*(aq) + 30H(aq)
Using a solution of a carbonate

To the solution of the unlmown, add sodmm carbonate 8011.11:101’1

Formation of a green prec_lpltate with bubbles of a colourless gas that furns hme water
milky shows presence of Cr** ions. o '

2073+ (ag) + 3003 (aq) + 3H,00) —— 2Cr(0H)s(5) +3C0,(8)

8.4.5 Complex formation by chroihium(ll[) ions

Chromium(III) ions form a great number of complexes in Whlch chromium is
octahedrally surrounded by six neutral ligands (e.g. NH, and H, ,0) or charged ligands
(e.g. C1~ and OH) or a mixture of both.

X Where X is the ligand. The

X X

\]/
cr
x| > x

X

Examples include Cr(NH;)E¥, Cr(0H)Z™, and [Cr(NH3),CL1T
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L Chﬁptér 8 Transition Chemistry
. 8.5 Chemistry of Manganese
Manganese is a silvery metal. Its atomic number is 25 and electronic configuration is
1s%2572pf3s?3p®4s?3d°. Possible oxidation states of manganese include +2, +3, +4, +6 and
7 : ) ; . S . . :
8.5_.1 Reactions of m’ahganeée
Withair ,
It reacts with air, on heating, to form tri-manganate tetraoxide.
3Mn(s) + 20,(g) —— Mng04(s)
With chlorine N
It burns in chlorine to form manganese(IT) chloride.
Mn(s) + Cly(g) ——— MnCl,(s)

With dilute acids
It reacts with dilute acids to form manganese (II) salts and hydroéen gas.

Mn(s) + 2H*(aq) ——— Mn**(aq) + Ha(g)
With nitrogen

3Mn(s) + Np(g) ——— MnzN,(s)
With sulphur:

Mn(s) + 5(s) —— Mns(s)

8.5.2 Compounds of Manganese

It forms compounds in oxidation states of +2, +3, +4, +6 and +7 The +2 oxidation state
(1522522p535*3p53d5) is the most stable one owing to the stability of the half-filled 3d-
subenergy level. The +2 oxidation state can be oxidised to +7 oxidation state by
powerful oxidising agents like lead(IV) oxide, and sodium bismuthate among others.
The +7 oxidation state is a powerful oxidising agent.

8.5.2.1 Manganese({ll) Compounds

Manganese(II) oxide .

This is a grey-green solid obtained by heating manganese(lI) carbonate or

manganese(ll) oxalate in absence of air.

heat
MnC0;(s) ——— MnO(s) + CO,(g)
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Mn6204(5) e, MnO(s) + CO(g) + COz(g)

Manganese(ﬂ) hydroxide, Mn(OH)g ‘

This is formed as a white prempltate when sodium hydroxlde is added to a solutlon

* containing manganese(T.[) ions. The precipitate rapidly turns to brown due to oxidation
to hydrated manganese(II) ox1de (or hydrated mangunese(IV) oxlde )by air.

Mn2t(aq) + 20H(aq) — 2Mn(OH)2(s)

’rhen ?.Mn(DH)z(s) + 1/2 0,(g) -———’ Mn, 03, 2H20(s)

or 2Mn{OH),(s)+ Oz(g)-—w—e ZMnOZ H,0(s)
Manganese(II) carbonate, MnC0O3

ey

This is precipitated as a white solid When manganese(ﬂ) ions combine carbonate ioms.
- Mn**(aq) + CO% (aq) — MnCO3(s)

Manganese(IT) sulphide, MnS

This is a pale pink solid formed when hydroglen sulphide is passed through an aqueous
solution of manganese(Il) ions in presence of aqueous ammonia and ammonium
chloride.

Mn**(aq) + 52~ (ag) ——— Mn5(s)

The hydrated manganese(II) ion, Mn(H, 0)%*, is pale pink but solutions containing
manganese(Il) ions appear colourless when sufficiently dilute. '

8.5.2.2 Manganese(l1l) Compounds
These are un-common and they tend to disproportionate to Mn?* and Mn**in aqueous

solhuation.

Manganese(III) oxide, Mn,; 03

This is a brown solid made by heating manganese(IV) oxide to red hot in air. In
aqueous solution, the Mn®* ion is a strong oxidising agent.

8.5.2.3 Manganese(IV) Compounds \

Manganese(IV) oxide is the only important manganese(IV) compound. It is a black
solid, insoluble in wafer, made by heating manganese(ll) nitrate.

Mn(N0O3)z(s) Lot Mn0,(s) + 2N0;(g)
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Itisa powerful ox1chsmg agent and readily oxidises concentrated hydrochlonc acid to
- chiorine. '
Half-equations

Mn0,(s) + 4H*(aq) +2e ——s Mn2+(aq) + 2H20(1)

2CI~ (aq) —_— Clz(g) +2e
Overall reaction .' .

MnO0,(s) + 4H+(aq) +2C1- (aq) —— Mn2*(aq) + 2H,0(1) + Clz(g)
It also oxidises oxalates to carbondlo}ﬂde

| G.07(ag) —— 2005 (g) + e -
Overall reaction is . "

- Mn0,(s) + 4H*(aq) + C, 0§~ (aq) ——— Mn?*(aq) + 2C0,(g) + 2H,0(1)

When heated, manganese(IV) oxide decomposes to oxygen and trl—manganese
tetraoxide.

3Mn0,4(s) EL Mn30,(s) + 0,(g)
Manganese(IV) oxide is used as a catalyst in the decomposition of potassium chlorate

and hydrogen peroxide to oxygen gas.

8.5.2.4 Manganese(VI) Compounds

Only potassium manganate(VI) and sodium manganate(VI) are the manganese(VI)
compournds known to exist. They are dark green solids and powerful oxidising agents.
The manganate(VI) ion readily disproportionates to manganate(VII) ion (Mn0;) and
manganese(IV) oxide in neutral or acidic solution.

3Mn0O;~(aq) + 2H,0(1) === 2Mn0; (aq) + Mn0, (s)+40H(aq)
Mn0Z~ (aq) +4H*(aq) ——=> 2Mn0; (aq) + MnO,(s) + 2H,0(1)

A
The manganate(V]) ion can be stabilized by addition of an alkali (OH) which reverses
the above equilbria.
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- 8.5. 2 5 Manganese(VII) Compounds

' Manganese(VH) oxide

This is prepared by addition of potassiim manganate(V]I) to cold concentrated ,
sulphuric acid. Itis a dark covalent hquld which readﬂy decomposes to manganese(IV)
oxlde and oxygen S

ZMnZO—,-(l) —_— 4Mn02(5) "'302 (8)

Potassitm manganate(VII), KMnO,,., |
This is prepared by fusing manganese(IV; ) oxide and potassium hydroxlde in presence
of an oxidising agent, e.g. potassium chlé)rate(V), to form potassium manganate(VI).
3Mn0,(s) + 60H(aq) + Cl05 (aq)" ——— 3MnOZf™ (aq) +3H,0() + Cl™(aq)
The green potassium manganate(VI) obtained above is dissolved in water and the
mixture is boiled to form potassium manganate(VI) and manganese(IV) oxide.
a3MnOZ~ (aq) + 2H,0(1) === 2Mn0O; (aq)  MnO,(s) + 40H(aq)
Carbondioxide is bubbled through the solution to remove the hydroxyl ions. This
allows the reaction to go to completion.
€O,(g) +40H (aq) —— 4HCO03(aq)

Manganese(IV) oxide is removed by filtration. The remaining solution is heated until
crystallisation of potassium manganate(VII) begins.

Potassium manganate(V1I) is also prepared by reaction of potassium manganate(VI)
with chlorine.

2Mn0Z (aq) + Cly(g) — 2Mn0O; (aq) +2€1"(aq)

Powerful oxidising agents, like sodium bismuthaten presence of nitric acid, oxidise

~ manganese(1l) ions to a pink solution of manganate(VII) ions. This is a confirmatory test
for manganese(Il) ions.

Potassium manganate(VII) is decomposed by heat to potassium manganate(VI)

manganese(IV) oxide and oxygen.

h
DK MN0,(S) s K,Mn0,4(s) + MnOy(s) + 05(g)

Potassium manganate(VII) is a powerful oxidising agent. The half-equation for the

reaction is shown below.
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MnO4 (aq) +8H ""(aq) + 5@ ————> Mn”(aq) + 4H20(1)

.It can o;ad:lse chloride ions to chlonne gas, iodide ions to iodine, sulphltes to sulphates,

iron(1l) to iron(III), oxalates to carbondioxide; and nitrites to nitrates, as shown by the
half equatlons below. : ' :

. 2(."1 (aq)———---—-> Clz(g)+2e .

21-(aq) —— Laq)+2e
S03™(aq) + H0() — 50}~(aq) +2H*(aq) + 2e
Fe?*(aq) —— Fe3*(aq) +e

C,07(aq) —— 2C0,(g) +2¢
NOy(aq) + H,0() —— NOj(aq)+2H*(ag)+2¢

Uses of potassium man_ganate:(VII)

It is used;

in voltimetric analysis as an oxidising agent, _ - '
in qualitative analysis to identify I, C;0%~, and SO~ ions,

as an oxidising agent in organic synthesis.

Advantages of using potassium permanganate in volumetric analysis

It does not require an indicator.

It has a relatively high formula mass thus weighing errors can be minimized. -
It can oxidise a wide range of substances.

It is fairly soluble in water.

Tt is neither hygroscopic nor deliquescent.

Its reactions are fast at room temperature.

However, potassium manganate(VII) is not a primary standard because;

It cannot easily be obtained in pure state free from manganese(IV) oxide.
It is a very powerful oxidising agent such that it can be easily reduced by weak
reducing agents even in ordinarily-distilled water.

Its aqueous solutions are un-stable since it can easily be decomposed by light.
4MnO; (aq) + 4H* (aq) ——— 4Mn0,(s) +30,(g) + 2H,0()

For this reason, it must be kept in dark bottles.
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In neutral or alkaline conditions, potassmm manganate(V]]) isa Weaker ox1d1smg agent

than under acidic condition thus; .
Alkahne potassium manganate(VlI) oxidises 1od1de ions to iodate (mstead ofto I, as -
in case of acidic condztzons) and itself gets 1 reduced to manganese(IV) oxide (but not

manganese(ﬂ) ions as in case of acidic condztlons)

~ Alkaline potassium permanganate is used in organic synﬂ1e51s to ox1d15e alkenes to

alcohols

8.5.3 Analy51s of manganese(II) i 10ns
Using sodium hydroxide . /’

" To the solution of the unknown, add sddium hydrdxide solution dropwise until in

-

excess. ; 1
Formation of a white prec:ipifate insoluble in excess, which rapidly turns to brown
shows presénce of manganese(II) ions.
Mn**(aq) + 20H(aq) ——— 2Mn(0H),(s)

then  2Mn(OH),(s) + V2 05(g) ——— Mn,04.2H,0(s)
Using aqueous ammonia '
To the solution of the unknown, add ammonia solution dropwise until in excess.
Formation of a white precipitate insoluble in excess, which rapidly turns to brown
shows presence of manganese(ll) ions.

Mn**(aq) + 20H (aq) —— 2Mn(0H),(s)

then  2Mn(0H);(s) + Y 0;(g) ——— Mn,05.2H,0(s)
Using sodium carbonate solution
To the solution of the unknown, add sodium carbonate solution.

Formation of a white precipitate shows presence of manganese(I) jon.
Mn?*(aq) + CO3~(aq) —— MnCOs(s) -

Using sodium bismuthate or lead(1V} oxide

To the solution of the unknown, add a few drops of concentrated nitric acid followed by
solid sodium bismuthate (or solid lead(IV) oxide). Boil the mixture.

Formation of a purple solution confirms presence of manganese(Il) ions.

Lead(IV) oxide and sodium bismuthate are powerful oxidising agents in acid solutions.
They oxidise Mn?* ions to purple Mn0Ojy ions.

2Mn?*(aq) + 5Pb0,(s) + 4H*(aq) ——— 5Pb?*(aq) + 2Mn0; (aq) + 2H,0(1)
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8.6 Chemi_stry of [ron

The atomic number of iron is 26 and its electronic COI‘IflngI‘&tLOI’l 1s 15?252p*3s°3p*4s?3d®.
When pure, iron is a silvery metal with a very high melting point. It naturally occurs in
ores such as Haemahte (F e;03), siderite (F eC 03), and i iron pyntes (FeS 2)

8.6.1 Reactmns ofiron

8.6.1. 1 With non metals :
With oxygen 'j'
It burns in oxygen with bright sparks to form iron(Il) oxide.
. . !
4Fe(s) +30,(g) —— 2Fe; 04(s)
With chlorine /
It burns in chlorine to form iron(I1T) chloride.
2Fe(s) + 3C1l,(g) —— 2FeCl;(s)
With sulphur NN
It reacts with sulphur when heated to form iron(II) sulph1de
Fe(s) + 5(s) — FeS(s)
8.6.1.2 With water
Iron does not react with cold air-free water. It is attacked by steam when red hot to form
triiron tetraoxide.
SFe(s) +4H,0(g) === Fe30,(s)+4H,(g)

In presence of oxygen, iron reacts with cold water to form hydrated iron(III) oxide (iron

rust)
i
8.6.1.3 With acids

It reacts with dilute non-oxidising acids (e.g. hydrochloric acid and sulphuric acid) to

form iron(ll) salts and hydrogen gas.
Fe(s) + 2H*(aq) ——— Fe?*(aq) Hy(g)

It is oxidised by hot dilute nitric acid to iron(II) salts.
It is rendered passive by concentrated nitric acid.
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: Formatlon of a green preupltate msoluble in excess Wthh turns to brown on standmg '
shows presence of iron(If) ions. '

Fe**(aq) +20H(aq) —— Fe(0H),(s)
Usmg ammonia solution '

Tothe solution of the unlmown, add ammonia soluhon dropmse untll in excess.
Formation of a green prempltate insoluble in excess which turns to brown on standmg

shows presence of iron(Il) ions. ,
Fe?*(aq) + 20H(aq) — fiFe(OH)z(s)
Usmg potassium hexacyano ferrate(II) solution

To the solution of the unknown, add potassmm hexacyano ferrate(]I) solution.
Formation of a white precipitate that rapidly turns blue shows presence of jron(Il) ions.

Using potassium hexacyano ferrate(1ll} solution

To the solution of the unknown, add potassium hexacyano ferrate(HlI) solution.
Formation of a dark blue precipitate shows presence of iron(Il) ions.

Using potassium thiocyanate solution

To the solution of the unknown, add potassium thiocyanate solution.
There will be no observable change. (compare with iron(III) ions that form a blood red

solution)

8.6.22 Iron(lI) Compounds i
Iron(ITl) oxide, Fe; 04

This occurs naturally as haematite. It is prepared by heating iron(II) hy?lroxide or ;

iron(ll) sulphate. ‘
WFeS04(s) ot s Fe,04(s) + SO,(g) + SOs(g)

Iron(IIT) hydroxide , Fe(OH)

This is best represented as hydrated iron(Ill) oxide: It is precipita’ted as a brown solid

when dilute sodium hydroxide is added to a solution containing iron(IlI) ions.
Fe3*(aq)+30H(aq) — Fe(OH);(s) '

Triiron tetraoxide

This occurs naturally as magnetite, which is magnetic. It is a black solid formed when

heated iron reacts with steam.
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Iron(III) sulphate, Fe,(S 04)3 _
This is prepared by heating an aqueous amdlﬁed solution of lron(]I) sulphate wzth
hydrogen peroxide (an oxidising agent)

2FeS0,(aq) + H,504(aq) + Hzoz(aq) — F ez (S0.)5 (aq )+ 2H2 0(1)

- Iron(III) chloride, FeCl; -

This is prepared by passing dry chlorme over heated iron. Iron(lI{) ﬂuonde, and

- iron(IIT) bromide are prepared sumlarly

i

8.6.4 Analysis of iron(III) ions /

i
t
K .

Using sodium hydroxide sblution /

To the solution of the unknown, adci sodium hydrbxide drepwige until in excess.

Formation of a brown precipitate insoluble in excess shows presence of iron(IIl) ions.
Fe*(aq) +30H(aq) —— Fe(OH);(s)

Using aqueous ammonia

To the solution of the unknown, add ammeonia solution dropwise until in excess.

. Formation of a brown precipitate insoluble in excess shows presence of iron(IM) ions.

Fe**(aq)+30H(aq) ——— Fe(OH)4(s)
Using potassium hexacyano ferrate(ll) solution

To the solution of the unknown, add potassium hexacyano ferrate(Il) solution.
Formation of a dark blue precipitate shows presence of iron(I1T) ions.

Using potassium hexacyano ferrate(lll) solution

To the solution of the unknown, add potassium hexacyano ferrate(IH) solution.
Formation of a brown colouration shows presence of iron(IIl) ions.

Using potassium thiocyanate solution

To the solution of the unknoWn, add an equal volume potassium thiocyanate solution.
Formation of a blood red solution shows presence of iron(IIf) ions.
Conversion of iron(III) ions to iron (IT) ions
Iron(IIl) can easily be converted to iron(Il) by;
adding ditute sulphuric acid to it followed zinc powder,
Zn(s) + 2Fe?* (aq) —— Zn**(aq) + 2Fe?*(aq)
bubbling hydrogen sulphide gas through its solution.
2Fe?*(aq) + 527 (aq) — 2Fe?*(aq) + S(s)
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8 7 Chemlstry of Cobalt

Cobalt is a hard blmsh—whlte metal Whlch is falrly un-reactive at low temperature TIts
atomic number is 27 and electronic configuration is 1522512p53523p545-’-3d7 Possible

~ oxidation states of cobalt are +2 and +3. The +2 oxidation state is the most stable one,
Compounds in +3 oxidation state are oxidising agents.

| 8.7.1 Reactmns of cobalt |

8.7.11 With non-metals
With oxygen

It reacts with oxygen on heating, to form cobalt(II) oxide.
2Co(s) + O5(g) — 2C00(s) v
- With sulphur , ‘
It combines with sulphur, on heating, to form cobali(Il) sulphide.
Co(s) + S(s) — CoS(s) ¢

8.7.1.2 Withacids :
It reacts slowly with dilute sulphuric acid and hydrochloric acid to liberate hydrogen
gas with formation of cobalt(Il) salts. .

Co(s) + 2H*(aq) ——— C0?*(aq) + Hy(g)
Concentrated nitric acid renders the metal passive due to formation of a film of an oxide
around the metal.

It reacts with dilute nitric acid to form cobalt(Il) nitrate, nitrogen monoxide and water.

8.7.2 Compounds of Cobalt
8.7.2.1 Cobalt(II) Com'pounds

Cobalt(Il) salts form pink solutions, the colour being due to presence of Co(H,0)%" ions.
Cobalt(II) oxide, Co0O
This is a green solid prepared by heating cobalt(1I) carbonate or cobalt(Il} nitrate.
CoCO5(s) Lo, Co0(s) +COy(g)
2€0(N03),(8) s 2C00(s) + ANO,(g) + Oa(g)
Cobalt(Il) hydroxide, Co(OH),
This is precipitated as a blue solid when dilute sodium hydroxide is added to a solution

containing Co?** ions.
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Co™(aq) +20H(aq) —— Co(0m),(s) |
Cobalt(I) hydroxide dissolves in dilute acids forming a pink solution of cobalt(Il) ions. . -
Cobalt(IT) sulphide, Cos S |
This is formed as a black solid when hydrogen sulphide is pas_sed through a solution
containing cobalt(Il) ions in presence of aqueous ammonia and ammonium chloride.

€™ (aq) + $%~(ag) —— Cos(y

pink colour of the solution deepehs and eventually becomes deep. blue. This is due to
formation of a complex, CoCI?*, which is blue.

Co(H,0)2*(ag) + 4C1(aq) CoCl3™(ag) + 6H,0(1)

CoClﬁ‘(aq)+6HzO(I) e CG(H20)§+(aq)+4Cl‘(aq)

8.7.2.2 Cobalt(III) Compounds

The oxidation state of +3 for cobalt is unstable and some of the known compounds
include cobalt(II) fluoride (CoF3) and hydrated cobalt(TTI) sulphate, ¢ 02(50,)3.18H,0.
Many cobali(IIT) complexes exist and are octahedral in shape. Examples include
Co(NH3)3*, Co(CN¥, and Co (NOy)3- among others,

NayCo(NO,), is sohible while K3Co(NO,), is insoluble. A solution of ¢ o(N 0;)3 ™ ions is
therefore used to distinguish between K+ and yg+ ions, |

8.7.3 Analysis of cobalt(ll) ions

Using soedium hydroxide solution
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o Usmg aqueous ammonia

To the SOIIltlDI'l of the unknown, add ammonia solution dI'OPWlSE until in excess - |
Formation of a blue precipitate msoluble in excess, which turns to red on standing

shows presence of cobalt(Il) ions.
Using a sulphxde |

To the solution of the unlmown, add ammomum sulphide solution (or hydrogen -

sulphide).
Formation of a black precipitate shows presence cabalt(IT) ions.

Usmg potassmm thiocyanate solution

To the solution of the unknown, add potassmm thlocyanate solirttion,or ammomum

thiocyanate (SCN ™) _
Formation of a blue solution shows presence of cobalt(ll) ions.

Using cancentrated hydrochloric acid

To the solution of the unknown, add concentrated hydroc‘nlonc acid.

Formation of a blue solution shows presence of cobalt(Il) ions.
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8.8 Chémistry of Nickel
o Atomic number of nickel is 28 and its electromc conflgura’aon is 1322522p53523p54323d3

8.8.1 Reactions of mckel
With oxygen . | |
It reacts with oxygen, on heatmg, to form mckel(I[) ox1de '

2Ni(s) + 0,(g) — 2Ni0(s)
With acids : ‘ f

Itreacts slowly with dilute acids to liberate hydrogen gas with formahon of nickel(IT)

salts.

A

v

Ni(s) +2H"(aq) —— N f?""(aq) + Hy(g)
Concentrated nitric acid renders the metal passive due to formation of a film of an oxide
around the metal.

8.8.2 Compounds of nickel

Possible oxidation states of nickel are +2, +3, and +4. +2 is the most important one. Most
nickel(IT) compounds are green and their solutions are green owing to presence of
Ni(H,0)2".

Nickel(Il) oxide, NiO
This is a green solid prepared by heating nickel(Il) carbonate or nickel(II) nitrate.
heat
Ni€C03(s) —— NiO(s) + COy(g)
h

2Ni(NO3),(s) —— 2Ni0(s)+ 4NO,(g) + Os(g)
It is basic and dissolves in dilute acids to give green solutions.
Nickel(II} hydroxide, Ni(OH),

This is precipitated as a green solid when dilute sodium hydromde is added toa

solution containing nickel(II) ions.

Ni**(aq) + 20H(aq) ——— Ni(OH),(s)
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Itis basic and therefore does not dissolve in excess sodium hydronde However, 1t
dissolves in excess ammonia to form a blue solution. This is due to formation of a

- soluble complex '

o NL(OH)E(S) + 6NH3(aq) == Ni(NH;3)%*(aq) + 20H(aq) _
Other msoluble salts of nickel mdude mckel(]I) carbonate mokel(]]') sulpl‘ude among

~ others.

Complexes of mckel

Nickel forms a variety of complexes such as N L(H20)2+ (green), and N l(N H3)§+ (blue),
which are octahedral in shape. [Ni(CN),]?7 is square planar.

Another important complex of nickel is nickel dimethylghyoximate Whlc‘h is formed as
red precipitate when dimethylglyoxime: is added to a solution contammg nickel{II) ions,
just made alkaline by adchtton of ammonia. This is used as a conflrmatory test for
nickel(IT) ions.

8.8.3 Analysis of nickel(II) ions
Nickel(IT) compounds form green solutions.
Using sodium hydroxide solution

To the solution of the unknown, add sodium hydroxide dropwise until in excess.
Formation of a green precipitate insoluble in excess shows presence of Ni?* jons.
Ni**(aq) + 20H(aq) —— Ni(0OH),(s)

Using aqueous ammonia

To the solution of the unknown, add ammonia solution dropwise until in excess.
Formation of a green precipitate soluble in excess to give a blue solution shows

presence of Ni?* ions.

Ni**(aq) + 20H(aq) —— Ni(OH),(s)

Ni(OH)(s) + 6NHy(aq) ==—== Ni(NH3)2*(aq) + 20H(aq)
Using sodium carbonate

To the solution of the unknown, add sodium Caibonate solution.
Formation. of a green precipitate may show presence of nickel(l) ions.
Ni**(aq) + C03~(aq) —— NiC0Os4(s)
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Using ammomum sulphlde

To the solution of the unknown ammonium sulphlde (or hydrogen sulph:de)
Formation of a black pr_ec1p1tate may show presence of nickel(II) ions.

Ni?t(aq) +.S'2I‘(aq) — NiS(s) -

Using dlmethylglyoxtme

To the solution of the unknown, add ammonia untll ]ust alkaline then fo]lowed by
dm‘tethylglyoxnne
Formation of a red precipitate confu'ms presence of mckel(]]) ions.
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8.9 Chémistry of Copper o

- Atomic number of copper is 29 and its electronic conhguratlon is 1522522p53523p54513d1“

Copper is a reddlsh brown metal of very hlgh melting pomt

894 Reactlons ofCopper '

3.9.1. 1 Wlth non meta]s

It reacts W’lth oxygen on heating to form copper(H) ox1de
2Cu(s) + 03(g) —— 2Cu0(s) _'_,f

With sulphur ' ;o -
It is attacked by sulphur vapour on heatmg to form copper(I) sulphlde

2Cu(s) + S(s) —— Cqu(s) _
With halogens | ,
It is attacked by halogens when heated to form copper(ll) hatides, except iodine which.
. forms copper(l) iodide. Why does iodine form copper(l) iodide instead of copper(Il)
iodide?

- Cu(s) + Fp(g) ——— Cuk, (s); Cu(s) + Cly(g) ——— Cully(s)

Cu(s) + Bry(l) ——— CuBry(s) ; Cu(s) + Ip(s) — 2Cul(s)
8.9.1.2 ‘With water
Itis not attacked by water or steam
8.9.1.3 With acids

It is not attacked by dilute non-oxidising acids since it is below hydrogen in the
reactivity seties. |
It is oxidised to copper(Il) sulphate by hot concentrated sulphuric acid.

Cu(s) + 2H,504(1) ——— CuS0,(s) + 2H,0(1) + SO,(g)

It is oxidised by dilute nitric acid to copper(Il) nitrate. Water and nitrogen monoxide are

_ also formed.

3Cu(s) + BHNOz(aq) — BCu(NO3)2(aq) +4H,0(1) + 2NO(g)
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Itis OXidiéé'd by concentrated nitric to copper(Il) nitrate; nitric acid is its self reduced to
* nitrogen dioxide and water. - o . : o

Cu(s) + 4HN03(aq) _ Cu(Nog)z(aq) + 2H20(1) + ZNOZ(g)

8 9.2 Uses of copper
— Used for making winding of dynamos _
- 'Used for construction of condensers for chemical plants and car radlators due to its

high thermal conductivity.
— Brass, which is an alloy of copper’ and zing, is used for making working parts of '

watches and clocks. ‘ : S \_/\\
' A\

8.9.3 Compounds of copper e

Possible oxidation states of copper are +1 and +2. +2 is the most stable one. Most
copper(I) compounds are green and some blue.
8.9.3.1 Copper(l) Compounds ‘

. Copper(D) oxide, Cu, 0

This is obtained as a red soiid by reduction of an alkaline solution of copper(Il)
sulphate.

Copper(D) chloride, CuCl

This is a white solid obtained by boiling a solution of copper(Il) chloride with excess
copper turnings and concentrated hydrochloric acid.

Copper(l) sulphate, Cu,50,

This is obtained as a white solid when copper(l) oxide is heated with anhydrous
dimethyl sulphate.

8.9.3.2 Copper(Il) Compounds

Copper(Il) salts form blue or green solutions due to presence of Cu(H,0)2" complex
ions. '

Copper(Il) oxide

This is a black solid prepared by heating copper(Il) carbonate or copper(ll) nitrate.
h
CuC0,(s) 225 Cun(s) + CO,(g)
N .
2CU(NO3),H(S) s 2Cu0(s) +ANO,(g) + 04 (8)

It is basic thus dissolves in dilute acids to give blue solutions.
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Copper(II) hydroxrde, Cu(OH)Z _.

This is precipitated as a blue solid when dilute sodium hydroxlde is added toa solutron
contalmng copper(Il) ions. '

Cuz"'(aq) +20H (aq) —— Cu(DH)z(s)

o Jtis basic and therefore does not dissolve in excess so'di_um hydroxide. However, it
dissolves in excess ammonia to form a deep blue solution. This is due to formation of a

P

soluble complex.
Cu(OH)z(s) +4NH;z(aq) s=——= Cu(NHg)E*’(aq) +20H (aq)

Copper(Il) sulphide

This is a black solid formed by passmg hydrogen sulphide through an aqueous solution
of copper(Il) ions

Cu**(aq) + 5%~ (5) — CuS(s)
Other insoluble compounds of copper include hydrated copper(Il) sulphate
[CuS0,.5H,0], hydrated copper(Il) nitrate [Cu(N03),.3H,0], and copper(Il) carbonate
[CuCOs].
8.94 Analysis of copper(Il) ions
Using sodium hydroxide solution

To the solution of the unknown, add sodium hydroxide dropwise until in excess.

Formation of a blue precipitate insoluble in excess shows presence of copper(Il) ions.
Cu?*(aq) + 20H(aq) ——— Cu(0H)4(s)
Using aqueous ammonia

To the solution of the unknown, add ammonia solution dropwise until in excess.
Formation of a blue precipitate soluble in excess to give a blue solution shows presence
of copper(Il) ions.

Cu**(aq) + 20H(aq) —— Cu(OH),(s)
Cu(0H);(s) + 4NHz(aq) =——= Cu(NH;)?*(aq) + 20H(aq)

Using sodium carbonate solution

To the solution of the unknown, add sodium carbonate solution.
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. Formatlon ofa L green prec1p1tate shows presence of copper(]I) ions.
Cu2+(aq) +C03 (aq) ——— CuC04(s)
Using ammonium sulph:de '

To the solution of the unknown, add a:mmomum sulphlde (or hydrogen sulphzde)
Formation of a black precipitate may show presence of copper(l) ions.

Cu“(aq) + 5% (aq), —— CuS(s)
Using potassium iodide saIutmn

- To the solution of the unknown, add potassmm iodide solutlon
Formation of a white preclp1tate in a brown solution shows presence of copper(Il) ions.

o

2Cu*t(aq) +41 (aq)-————> 2Cul(s) + I{aq)

If sodium thiosulphate is added to the above solution, the solution turns colourless and
a white precipitate is left.

25,05 (aq) + I(aq) ——— §,027(aq) +2 I"(aq)
- Using potassium hexacyanoferrate(ll) solution

To the solution of the unknown, add potassium hexacyanoferrate(ll) solution.
Formation of a brown precipitate shows presence o f copper(Il) ions.
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8.10 - Chemlstry of Zinc _
Atomic number of zinc is 30 and its electronic configuration is 1322522p53523p54523d1”
Zinc is a white lustrous metal.
8.10.1 Reactions of zinc -
With oxygen ‘
Tt reacts with oxygen, on heating, to form zinc oxide.
| 2Zn(s) + 0,(g) — 2Zn0(s)
With water - ,./

Tt does not react with cold water but reacts with steam, when heated to form hydrogen

gas and zinc oxide.
Zn(s) + H,0(g) —— Zn0(s)+ H(g)
With acids

It reacts with dilute, non-oxidising acids to form zine salts and hydrogen gas. .
Zn(s) + 2H*(aq) == Zn*(aq) + Ha(g)

It is oxidised to zinc sulphate by hot concentrated sulphuric acid.
Zn(s) + 2H,S0,4(1) ——— ZnS04(s) + 2H,0(1) + S0,(g)
It is oxidised by dilute nitric acid to zinc nitrate. Water and nitrogen monoxide are also

formed.
3Zn(s) + BHNO3(aq) — 3Zn(N03),(aq) + 4H,0(1) + 2NO(g)

In very rare instances, very dilute nitric acid is reduced to dinitrogen oxide by zinc.
47n(s) + 10 HNOy(aq) —— 4 Zn(NOz)a(aq) + 5Hz0(1) + N,0(g)

It is oxidised by concentrated nitric to zinc nitrate while nitric acid is reduced to

nitrogen dioxide and water.
Zn(s) + 4HNOz(aq) —— Zn{N0s)(aq) + 2H,0(1) + 2N 05(g)

With sodium hydroxide
It reacts with sodium hydroxide to liberate hydrogen gas.

Zn(s) + 20H(ag) + 2H,0() —— Zn(OH)3™(aq) + Ha(g)
With sulphur
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It reacts w1th sulphur on heating, to form zin¢ sulphlde

 Zn(s) +S(s) —— ZnS(s)
With halogens

- . It reacts with halogens, on heating, to form zinc halides.

Zn(s) + Cly(g) —— ZnCly(s)

8.10.2 Uses ofzmc
~ Used to protect iron from rustmg

- — Brass, which is an a]loy of copper and zinc, is used for makmg workmg parts of

watches and clocks.

-

8.10.3 Compounds ofzinc A
Most zinc compounds are Whlte and their solutions are colourless. It has one ox1dat10n
state of +2.

Zinc oxide, ZnO

' . i
This is a white solid prepared by heating zinc carbonate or zinc nitrate. It is yellow
when hot.

ZnC05(5) ——s Zno(s) + CO,(g)
2Zn(N03),(5) s 2Zn0(s) +4N0,(g) + Os(g)

Zinc hydroxide, Zn(0OH),
This is precipitated as a white solid when dilute sodium hydroxide is added to a

solution containing zinc ions.
Zn?**(aq) + 20H(aq) —— Zn(0H),(s)
Itis amphoteric and therefore dissolves in excess sodium hydroxide.
| Zn(0H),(s) + 20H(aq) ——— Zn(0H)? (aq)

It dissolves in excess amimonia to form a colourless blue solutlon This is due to

formation of a soluble complex.

Zn(0H),(s) + 4NH;(aq) === Zn(NH;)%*(aq) + 20H(aq)

Other compounds of zinc include zinc chloride [ZnCl,], hydrated zinc nitrate
[Zn(N05),.7H, 0], and zinc carbonate [ZnC03] among others.
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Aqueous solutions of zinc are ac1c11c clue to hydr01y51s
Zn(HZO)ﬁ”f(aq) +H,0) ~ Zn(HZO)3 (OH)"’(aq) + H30+(aq)

8.1(_).4 Analysis of zincions

Usiﬁg sodium hydroxide solution |

To the sdluﬁoﬁ' of thé unknown, add SO&illIﬁ hjdrbxide dropwise until in excéss '

Formatlon of a white precipitate soluble i in excess to form a colourless solution may

show presence of Zn** jons. j

an"'(aq) +20H(aq) —— Zn(OH)z(s)

Zn(0H),(s) + 20H(aq) — Zn(OH)4 (aq) S,
Using aqueous ammonia

To the solution of the unknown, add ammonia solution dropwise until in excess.
Formation of a white precipitate soluble in excess to form a colourless solution shows
]

presence of zinc ions.

Zn**(aq) + 20H(aq) ——— Zn(0H),(s)

Zn(NHz)3* (aq) +20H(aq)

Zn(OH),(s) + 4N H(aq)
Using sodium carbonate solution

To the solution of the unknown, add sodium carbonate solution.

Formation of a white precipitate shows presence of zinc ions.
Zn?*(aq) + COZ~(aq) ——— ZnCO04(s)
Using disodium hydrogen phosphate

To the solution of the unknown, add solid ammonium chloride followed by 2-3 drops of
disodium hydrogen phosphate and then excess ammonia.
Formation of a white precipitate soluble in excess confirms presence of zinc ions.

Zn?*(aq) + NHf (aq) + HPOZ~(aq) ——— ZnNH,P0,(s) + H*(aq)

8.11 Summary

Transition elements are characterised by formation of coloured compounds and ions,
complex formation, paramagnetism, variable oxidation states, and catalytic activity.
This chapter has looked at the chemistry of transition elements in period three.
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8 11 Suggested further readmg on chapter 8

'G F, Llptrot Mordern Inorgamc Chemzstry, Scot'prmt Ltd, Fourth Edition, 1983 Chapter
10 - :

‘W. R. Kneen, Chemistry, Facts, Patterns and Przm:tples, Adchson—Wesley Pub (Sd), 1972
M. Ntanda, Concise Solutions to LTA CE Chemzstry paper one and two; -

Queshons \
' Pl 2011 Q12, P2 2009 Q8, P1 2007 (15, P1 2006 Q4, P1 2006 Q6, P2 2006 Q8, P1 2004 Q15, PZ 2004 Q5(a),
P12002 Q7, P2 2002 Q3, P2 2001 (8, P1 1998 Q12 P2 1998 Q1, P2 1997 O3, P2 1985 Q4

8.12 Questions on chapter 8

1. Cobalt copper iron and manganese are d-block elements.

(a) What is meant by a‘d- blo__d< element’? T

(b) Write the electronic conﬁiguration of Cu, Fe?*, and Mn?*,

(c) Explain why Fe?* ions are readily oxidised to Fe?* but Mn2* not readily =
oxidised to Mn3*. ,

(d) Cobalt forms a complex compound of the formula [Co(NH;),Cl,]*CL™.
(i) Determine the oxidation state of cobalt in this complex.
(ii) Name the complex ion contained in this compound.
(iii) How many moles of silver chloride would be precipitated from one mole of

this compound in aqueous solution by addition of an excess of silver

nitrate?

2 (a) (i) Write the elecironic configurations of Sc3t, Mn3*, and Zn2*.

(ii) Which of the ions in (i) above is/are coloureless?

(iii} What feature of the electronic configuration is responsible for the lack of
colour in some ions of d-block elements?

(iv) What is the maximum possible oxidation state of vanachum (2—23)

(b) (i) How would you obtain an aqueous solution of the complex ion

[Cr(NH3)e]??

(ii) What is the oxidation state of chromium in the ion in b(i) above?

(iif) Name the complex ion [Cr(NH;),C1,]*.

3. Give an account of complex ions, paying particular attention to bonding, stability,
and different ligand types.
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o ..4. ' Diééuss _the 'trend of the following pr_operties across the first row_ of trans'it‘ion' _
elements. | e ' e '
(2) atomic radii

_(b) oxidaton states
(C) ca{alyﬁc behaviour .

5 ‘Discuss the reactions of copper with acids.

6. Compare and contrast the chemistry of éhromium with;
(a) Zinc | - "
(b} Aluminium -
Your answer should include reactic_»ﬂ of the elements with;
(i) water
(i) acids .
(iii) alkalis B

7. Explain the following observations

(@) When sodium hydroxide is added to a solution of chromium(II) chloride
followed by excess hydrogen peroxide, a green precipitate is formed and later a
yellow solution. .

(b) Potassium manganate(VII) cannot be acidified using dilute hydrochloric acid.

(c) Solutions of potassium manganate(VII} should be kept in dark bottles.

(d) Rusting of irbn is an electrochemical process.

(e} When concentrated hydrochloric acid is added to a solution of cobalt(l)
sulphate, the solution becomes deep blue; when the deep blue solution is
cooled, it turns to pink.
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= 9.1 Occurrence and extraction of metals

9.1.1 General principles of metallurgy
‘An important aspect of metallurgy is the extraction
,.r/ and refining of metals from their ores.

An ore is a naturally-occurring rock which is rich in
minerals such that certain elements can be extracted
from it.
All metals occur naturally as compounds, most
especially as oxides, sulphides, chlorides, or
carbonates. These éompounds are mixed with earthly
materials (gangue). |

Group 1 and group 2 metals are highly reactive and
are generally extracted by electrolysis.

Other metals are generally extracted by reduction of

their oxides using carbon, carbonmonoxide, or more

reactive metals.

'

Extraction of a metal from its ore generaily involves 3 major processes namely;
(a) Concentration (or extraction) of the ore.

(b) Reduction of the ore to the impure metal.

(c) Refining (or purification) of the impure metal.

9.1.1.1 Concentration of the ore

Ores normally occur mixed with earthly materials. Gangue is removed before
extraction. The process of removing gangue is called concentration of the ore.
There are various methods of concentrating the ore; some physical while others are
chemical.

Physical methods of concentrating the ore include:
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() Froth flotation
By ‘this method the ore is powdered (pulvensed), Iruxed Wlth water and oﬂ (frothmg
agent) and then an' is blown through the mixture. A froth is formed. The oil wets the ore

- while water wets the gangue The froth of the oil, wl'uch mainly contains the ore, ﬂoats

and is sklmmed off the surface: Gangue sinks, An ac1d is added to break up the Afroth; 2

- ~ the concentrated oreis then filtered and dried.

This method Works on the prmmple of dlfferent abilities of the mmerals and gangue :
particles to be moistened by water. It is mosﬂy used to concentrate metal sulphide ores -
like Galena (PbS), zinc blende (ZnS), copper pyntes (Cu_'F eSz) and iron pyrites (F eSz) :

(ii) Hand picking
By this method, the ore is separated mto a fair degree of purity. by hand plckmg and
breaking away adherent gangue usmg a hammer.

(iii) Washmg

The ore is usually denser than gangue. The gangue is ﬂushed away by water Ieavmg
behind the enriched ore.

(iv) Magnetic separation

If the ore is magnetic, then a magnet is used To separate magnetite (FesOs) from
gangue, the ore is crushed and electromagnets are used to attract particles of magnetite
which is ferromagnetic.

Chemical methods of concentrating the ore include;

(i) Leaching

By this method, the ore is treated with a suitable aqueous reagent that dissolves the ore
leaving behind the impurities. For example pure aluminium oxide is obtained from
bauxite using concentrated sodium hydroxide. Aluminium oxide dissolves (since it is
amphoteric) together with silicon(IV) oxide but some impurities do not dissolve.

-(ii) Roasting

By this method, the ore is heated in air. Roasting may cause oxidation or reduction and
may be accompanied by calcination. Calcination is the heating of the ore to bring about
decomposﬂnon with elimination of volatile products. The volatile products-can be
carbon dioxide, water or sulphur dioxide in case of sulphites
For example;
2ZnS(s) + 305(g) —— 2Zn0(s) +250,(g)
- CaC03(s) — Ca0(s) + CO,(g)
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(iii) Smelting \ _ - _ _ S
This is the method of concentrating the ore by melting it. Two layers are formed, after
melting, which include the molten metal layer and slag. Slag, being less dense, floats on
_ the metal layer. ' . |
9:1.1.2 Reduction of the ore

By this process, the ore is reduced to iﬁpure metal, "Ifhere are various methods -of a
reduction but choice of the method depends on position of the metal in the reactivity
series. Ores of most electropositive metals (most reactive) are the most difficult to
reduce. Reductive methods include; '

(i) Roasting in air
This is mostly used for metals below hydrogen in the reactivity series
For example;

2HgS(s) + 30,(g) —— 250,(g) +2HgO(s)

ZCuFeS,(s) +40,(g) — CuzS(s) +2Fe0(s)+ 350, (g)

2CuzS(s) + 30, (8) —— 2€u,0(s) + 250,(g)

Cu,S(s) + 2Cuy 0(s) —— 6Cu(s) + 50,(g)

(ii) High température reduction using carbon or carbon monoxide
For example;
2Fe;03(s) +3C(s) —— 4Fe(s) +3C0,(g)

(iii) Electrolysis

This is used for metals with high negative reduction potentials (see table 3.2) for which
carbon reduction is not possible. These metals include the most electropositive metals
like sodium, aluminium, magnesium, etc '

(iv) Reduction by a more reactive metal

By this method, a more reactive metal is used to reduce the ore. However the method is
Very expensive since it involves the use of an already purified reactive metal.

9.1.1.3 Refining

Various methods are used to refine the impure metal. These include:

— Electrolysis for example in the case of copper.

~ Distillation e.g in the case of zinc.

— Zone-refining. This method is used for elements required in a very high state of

purity.
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. _ 9 1. 4 Extractmn of alumlmum

The main ore of aluminium is Bauxite, which is hydrated alurmmurn ox1de

(Al,0,.2H,0). Other ores include aluminium oxide (Al 03), chaspore (A1203 HZO) and

- cryolite which is sodium hexafloro aluminate(Iil) (Na;AlF,): Aluminium is mainly
extracted from bauxite, which is usually mixed with impurities such as silica (Si0;), -
titanium(IV) oxide and oxides of i iron. B o
The process of extractmn ' .
Bauxite is first heated at low temperature to convert iron to +3 ox:tdatlon state. The
powdered product is heated with excess cgncentrated sodium hydroxide. The
amphoteric aluminium oxide and acidic silicon dioxide dissoh}c_a in the alkali.
ALOs(s) + 20H(aq) + 3H,0(1) —— 2 Al(OH)z(ag) |

Si0, (s) + 20H(ag) — Si0OZ~ (ag) + H0(D) =

Basic iron(IM) oxide and ﬁtaﬁmﬂw"bﬂde do not dissolve. The un dissolved
impurities are filtered off. ' .
The mlxture is seeded using pure aluminium hydroxide or carbondioxide gas to
prempltate aluminium hydroxide.

Al(OH) {oq) —— AI(OH)3(s) + OH(aq)

OR ZAL(OH)g (ag) + COy ~———— 2 AI(OH)afs) + CO5~{aq) + H,0(I)

Aluminium hydroxide is filtered off and heated strongly to form anhydroﬁs
aluminium(IH) oxide, alumina

2AI(OH)3{s) ——— Al,05(s) + 3H,0(g)
The alumina is dissolved in molten cryolite and electrolysed between graphite
electrodes at about 900°C, low voltage, and high current density. Aluminium is

discharged at the cathode.
ABY () + 32— AL(])

Oxide ions are discharged at the anode liberating oxygen gas

Graphite anode
0

Graphite cathode

Solution of alumina in molten cryolite

Steel container

__\

Aluminjum liquid

Electrolysis of aluminium oxide
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Note . :
'~ Ahigh voltage is used to av01d decomposﬂmn of the solvent cryohte -
— The process required a large amount of energy, thus it is uneconomical.
~ The anode burns in oxygen, thus it has to be replaced from time to time.
— The purpose of sodmm hydrox1de added is to remove alumlmum oxlde from

nnpuntles
Uses of aluminium

— Since it is a good conductor of heét it is used to make saucepans.
— Since it has ability to reflect heat and light, it is used for wrapping food.
— Sinceitis a good conductor of elecmmty and has low density, it is' used for

transmission of electricity. .~ : f
— Because of its low density and strength, it is used for making boches of axrcrafts.

Reactions of aluminium Wlth,

Air '
It reacts with air on heating to form aluminium oxide and aluminium nitride.
"4Al(s) + 30,(g) ———s 241,04 (s) '

241l(s) + Ny(g) —— 2AIN(s)

Sodium hydroxide
It reacts with aqueous sodium hydroxide to form sodium aluminate(III).
2 Al {s)+20H (aq) +6H,0(l) — 2AI(0OH);(ag) + 3H,(g)

Because of the above reaction, aluminium utensils should not be washed using soap

solutions; soap solution contains hydroxyl ions produced by hydrolysis.
RCOO™(aq) + H,0(l) ===== RCOOH(aq) + OH(aqg)

Hydrochloric acid
It reacts with hot dilute sodium hydroxide to form aluminium chloride.

2 Al{s) + 6H*(ag) — 241%%{aq) + 3H,lg)

9.1.5  Extraction of iron
Ores from which iron is extracted include haematite (Fe;03), magnetite (Fe,0,), siderite

(FeCO3), and pyrites (FeS,). The major ores used are haematite and magnetite.
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The extractlon is carried out i in a blast furnace, Haematlte limestone, and c:oke are fed

into the furnace from the top Hot air at 600°C is fed from the bottom through pipes -

called tuyeres.

Coke reacts with oxygen to g'lve carbon dioxide in a highly exothermic reachon The

energy g1ven out keeps the process going once the reaction starts.
Cls)+ Ozlg) —— ¢ O28)

Limestone, haematite
and coke

250 °C

700 °C

800-1000 °C

1200 °C

Molten slag K

Molten iron

FlEUF e 94 Extraction of iron in the blast furnace

Carbon dioxide is reduced to carbonmonoxide by coke thus producing the chief
reducing agent.

€0,{g) + C{s) — 2€0(g)
At 700°C, haematite is reduced by carbon monoxide to iron.

FeyOs(s) +3C0(g) =—— 2Fe(s) +3C0,(g)

At 800°C, limestone decomposes to calcium oxide which reacts with impurities (silica)
to form a slag of calcium silicate.

CaC0Os(s) — CaO(s) + C0,{g)

CaO(s) + 5i0,(g) —— CaSiO4(l)

Molten iron and slag trickle down the furnace. Slag, which has a lower density, floats on

iron thus preventing iron from being oxidised by hot air. Iron is tapped off and taken -
for further treatment.
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Waste gases are removed from the fop of the furnace and ﬁsed to produce hot air fed:
into the furnace. They include carbon mdnoxide, carbon dioxide, hydrogen, and

nitrogen.

9.1.6 - Extraction of zinc _

Major ores of zinc include zinc blende {ZnS) and zinc carbcmate (ZnC' 03). Impurlhes '

include lead(H) sulphide and sﬂJcon(IV) oxide. '

* The ore is concentrated by froth flotation. The ore is crushed and then mixed with water
and a frothmg agent. Air is blown through the mixture to form froth. Earthly materials

are wetted by water and sink to the 1bottom The ore is driven to the surface in froth. The
ore is skimmed off. |

The concentrated ore is roasted in au to convert it to zinc oxide.
2ZnS(s) + 30,(g) —— 2Zn0(s) +250,(g)

Zinc oxide, coke, and limestone are heated in a furnace. Zinc oxide is reduced to zinc by
coke. Zinc boils off and is collected as vapour and then cooled with molten lead and
. slag.

n0(s) + C(s) ——s Zn(s) + CO(g)
PbO (s) + C(s) — Pb(s) + CO(g)
$i0,(s) + Cao (s) —— CaSiOs(l)
Zinc is purified by distillation because of its low boiling point.

9.1.7 Extraction of copper —

Ore of copper include copper pyrites (CuFeS,), malachite (CuC0,. Cu(0H),), cuprite
(€1.0), melaconite (Cu0). The major ore is copper pyrites.

The extraction process involves three major stages i.e.

— Concentration of the ore.

— Reduction of the ore.

— Purification / refining of copper.

Concentration of the ore:

This is done by froth flotation. The ore is crushed and then mixed with water and a
frothing agent. Air is blown through the mixture to produce froth. Harthly materials are
wetted by water and sink to bottomn. The ore is driven to the surface in froth. The froth
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is sklmmed off an acid i is added to brealk the ore from the fro’rh and the rmxture is’ .‘
filtered. - ' : :

Reduction of the ore:

The ore is roasted to convert itto copper(l) sulphlde, sulphur choxlde and 1ron(11) oxide.

ZCuFe.S‘z(s) + 4oz(g) —— Cu,S(s) + 2F60(s) + 3502 g) -

Sand and hmestone are added. The mlxture is heated in a blast fumace, in absence of

air, to conwert uon(]I)omde into iron(Il) silicate (slag).

FeO(s) +5102(s) — FeSiO(1) /

The mixture is then heated in a contro]led amount of air to produce anure copper
(blister copper). _ I

2Cu,5(s) +305(g) — 2Cu20(s) +250,(g)
Cu,S(s) +2Cu,0(s) —— 6Cu(s) + SO,(g)

Purification of blister copper

Blister copper is purified by electrolysis. Impure blister copper is made the anode while
pure copper is made the cathode. The electrolyte is acidified copper(Il) sulphate
solution.

During electrolysis, the anode dissolves to form copper(Il) ions which are deposited at
the cathode as pure copper. Reactions taking place are;

At the anode

Cu(s) —— Cu**(aq) +2e
At the cathode
Cu?*(aq) + 2e — Cu(s)

Uses of copper

For making electric wires.

For making alloys e.g. bronze (copper and tin), brass (zinc and copper)
For making water pipes.
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9.2 Ammonia

- 9.2.1 Manufacture of ammonia
‘Raw materials used are nitrogen (from frachorlal distillation of hquld alr) and hydrogen
(from natural gas) -
CH,(g) + H,0(g) —— CO(g) +3Hy(g) - -
The gases are punﬁed from carbonmonomde, sulphur compou_nds and water vapour
“which would poison the catalyst. The gases are mixed in the ratio 1:3; nitrogen :
hydrogen, compressed and passed over finely divided iron catalyst at a pressure of
about 250-350atm and a temperature ,‘6f between 450-500“(?_. The gases are cooled while
still under pressure and liquid armr_génia is removed. The un-reacted hydrogen and
rﬁtrogen are recycled for further coﬁversion into ammonia.™
Ny(g) +3Hy(g) ~—— QNHa(g)
Note ‘
. A detailed discussion of the reasons behind the choice of pressure, and temperature
employed in the Haber process is beyond the scope of this book. This detailed

discussion is covered in physical chemlstry

9.2.2 Uses of ammeonia

— Itis used in the manufacture of nitric acid

— Ttis used in the manufacture of fertilisers e.g. ammonium sulphate.
2NHy(g) + H;0(1) + CO,38) + CaS0,(s) —— CaC0s(s) + (NH,),50.(aq)

— Liquid ammonia is used in refrigeration because of its volatility and high molar
enthalpy of vaporisation.

— Ttis used in the manufacture of man-made fibre for textiles e.g nylon.

9.3 Nitric acid

9.3.1Manufacture of nitric acid
It is manufactured by catalytic oxidation of ammonia which involves 3 stages:
— A mixture of dry ammonia and air is passed over platinum catalyst at a temperature

of 850°C. Nitrogen monoxide and steam are formed in a highly exothermic reaction.

4NH3(g) +50,(g) 4NO0(g) + 6H,0(g) AH= -950K]/mol
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— The mixture is cooled and nitrogen rnonox:lde is allowed to react with more air to
- form nitrogen dioxide.

2NO(g) +0(g) —— 2N0,(g)

- — Nitrogen dioxide is then allowed to react with water and more air to produce nitric
acid. i ' L '

4NO,(g) + 2H,0(1) + 05(g) ——> 4HNOs(aq)

Or R o | S

3NO,(g) + H,0() —— 2HNOs(aq) + NO(g)

Note : . o _1./’ . .
The reaction between ammoria and oxygen in stage 1, is reversﬂJle Therefore, to
obtain a better yield of nitric acid, the conditions of this reaction must be'tailored
appropriately in accordance to La-chateliers principle. A detailed discussian of choice of

conditions for this reaction is covered in physical chemistry.

9.3.2 Uses of nitric acid '
— Itis used in the manufacture of nitrogenous fertilisers e.g. ammonium nitrate.
~ Itis used in the manufacture of explosives and dyes when it reacts with organic

compounds.

9.3.3 Properties of nitric acid
Nitric acid is a colourless liquid. However, it readily decomposes photochemically to
nitrogen dioxide and soon appears yellow.

4HNOy(aq) — 4NO,(g) + 2H,0(1) + 0,(g)

Its boiling point is 86°C and its vapour consists of molecules which are planar
/0
o

Pure nitric acid has no acid properties but its aqueous solutions are acidic.

H-0—-N

9.3.3.1 Asan acid
— Dilute nitric acid reacts with carbonates to form carbon dioxide gas.
€03~ (aq) + 2H*(aq) —— CO,(g) + H,0(l)

— It reacts with bases to form salts and water only. _
— With exception of magnesium and perhaps manganese, metals PO NOT Jiberate
hydrogen from dilute nitric acid. This is because nitric acid is an oxidising agent,
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Mg(s) +2HN Os(aq) — Mg(Nﬂs)z(aq) + Hz(g)

~ In'presence of concentrated sulphuric acid, concentrated nitric acid reacts V\nth

many organic compounds e.g -
canc H2304_
| @ +HNO, T,

© — " Nitric acid reacts with propane 1,2, 3~t1'101 (glycerol) to give glycerol tmutrate

0,

~ which is an 1explosive.

GHa = OH CH, — 0 — NO,
CH —oH + 3HNO3 ——¢y -0 - No, +3H0
CHy — OH CHy — 0 —NO,

Glycerol Glycerol trinitrate ™ s

9.3.3.2 As an oxidising agent

Concentrated nitric acid passivates many metals such as beryllium, chromium, and iron
by forming a thin impervious oxide film which stops further réaction.

The oxidation state of nitrogen in nitric acid is +5. When nitric acid acts as an oxidising
agent, itself 'geté reduced to nitrcigen dioxide (+4 oxidation state) or nitrogen monoxide
(+2 oxidation state)

NO3 (ag) + 2H" (aq) + & —— NO,(g) +H,0()

' NO7(aq) + 4H*(aq) + 3e —— NO(g) + 2H,0(1)

It is rare for one of the above reaction to occur in total exclusion of the other. However,
under some cbnditions, one of the above reactions may predominate. The first reaction
usually predominates when the acid is highly concentrated while the second reaction
predominates when the acid is fairly dilute.
Nitric acid therefore oxidises some metals and non metals. These are basically redox
reactions (see chapter 3 for a detailed discussion of redox reactions).
Concentrated nitric acid oxidises metals like copper and zinc.
— Warm concentrated nitric acid oxidises copper to copper(Il) nitrate while it is
reduced to nitrogen dioxide.
Cu(s) + 4HN O3(aq)—— 3Cu(N0;),(aq) + 2H,0(1) +2N0,(g)
However, moderately dilute nitric acid (50% acid) is reduced by copper to nitrogen
monoxide instead of nitrogen dioxide.
Cu(s) +8HNOs(aq) —— 3Cu(NO3),(aq) + 4H,0(1) +2N0,(g)
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—  Zing, bemg more reducmg than Copper, tends to further reduice the dllute ac1d to
" an ammonium salt, '

4Zn(s) +* N03 (aq) + 10H+(aq)—> 4Zn**(aq) + NHF (aq) +3H,0(1) -

'-_~ _ Concentrated nitric ac:ld oxidises tin, on heating, to tin (IV) oxide. The ae1d is

~ reduced to nitrogen d10x1de

Sn(s) +4HNO;3 (aq) — SnOz(s) + 4N02 (aq) + IZH2 o)

- Gold, platinum and rhodlum are not attached by acids. -

l

The ac1d also oxidises some non-metals.
— The hot concentrated acid oxidises sulphur to sulphunc amd The acid is reduced to

a

brown fumes of nitrogen dioxide. /

§(s) + 6HN O3 (aq)—— ZHZO(I) +6N0,(g) + HyS0,(aq)

— The hot concentrated acid oxidises carbon to carbon dioxide.
C(s) +4HNOs(aq)—— CO,(g) + ANO,(aq) + 2H,0(1)

— The hot concentrated acid oxidises. phosphorus to phosphoric(V) acid.
P(s}+5HNO;3(aq)— HaPO, (aq) + 5N0;(aq) + H,0()) |

— Similarly, the acid oxidises iodine to iodic(V) acid.
Ly(s) + 10HN O3{aq) — 4H,0(1) + 10N 0,(g) + 2HI03(aq)

Nitric acid often oxidises compounds of metals that have variable oxidation states.

— The acid oxidises acidified solutions of iron(H) salts e.g. iron(Il)sulphate to iron(IIT)
sulphate.
2Fe?*(aq) + 4H*(aq) + NO7 (aq) —— 3Fet(aq) + . 2H,0(1) + NO,(g)
The solution turns from pale green to brown.
This forms a basis for brown ring test of nitrates since nitrogen monoxide formed
by the reaction combines with concentrated sulphuric acid to form a brown

complex, Fe(NO)(H,0)3*
— Concentrated nitric acid oxidises hydrogen sulphide to sulphur.

3H,S(g) + 2HN 03(aq) —— 2H,0(1) + 2N 0, (g) + 35(s)
Or '
3H,5(g) + 2HN O3(aq) —— 4H,0() + 2N0(g) + 35(s)
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— The acid also OXIdlSES hydrogen chloride gas and sulphltes as shown by the
' equations below. -
_ BHCl(g) + HNO3(aq) — Clz(g) + NOCl(g) +2H,0(1)
S05” (aq) + 2H+(aq) + 2N03 (ag) —— S0Z~ (aq) + Hy0(1) + ZNOZ (g)

_9 3.4 Ana1y51s of nitrates
Nitrates are soluble compounds The nitrate ion is tngonal planar
A /D |
O_ .
Presence of nitrates is usually detected by the brown ring test.
To the solution of the suspected compound, iron{lI)sulphate solution is added followed
by concentrated sulphuric acid down the sides of the tube.

Formation of a brown ring at the junction of the two liquids confirms presence of nitrate

ions.

9.4 Sulphuric acid _ '

9.4.1 Manufacture of sulphuric acid
Sulphuric acid is manufactured by the contact process. The raw materials are

sulphurdioxide (obtained by burning sulphur in air) and oxygen.
S(s) + Oz(g) —— S0,(g)

The gases are purified to avoid poisoning of the catalyst by arsenic(II)oxide.

A mixture of sulphur dioxide and air is passed over vanadium(V) oxide catalyst ata
temperature of about 430°C-450°C. An exothermic reaction occurs and temperaturé rises
to about 600°C.

250,(g) + Oa(g)

The mixture is cooled to 430°C. The mixture is passed through three more converters to

2505(g)

bring about a 98% conversion of sulphur dioxide into sulphur trioxide.
Sulphur trioxide is absorbed into 98% sulphuric acid to form oleumn.

S03(g) + HzS04(1) —— H,5,04()
Oleum is diluted with water to form concentrated sulphuric acid.

H25207(]) + H2 ]) E— 2H2504(1)
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‘Note:

L= ‘For a hlgh yield of sulphur tr10x1de a low temperature is requn'ed However a .
- low temperature is not used since the reaction would be very slow.
~ ' A detailed discussion of optimum conditions for the reaction is covered in physmal
chemistry. - :
- Platinum catalyst would be more efﬁcuent than V20s but the former is readﬂy
| pmsoned by traces of sulphur ' '

9.4.2 Uses of sulphuric acid

/
— In manufacture of fertilisers e.g. ammonium sulphate

i

- Inmanufacture of paints and 'pigmen_tl.r
- Inmanufacture of detergents. ’ . -

e,

|

In manufacture of organic d1emic_afs e.g. dye stuffs, explosives and éh‘ﬁgs.

9.4.3 Properties of sulphuric acid

Pure sulphuric acid is a viscous liquid with a freezing point of 10.5°C. In absence of
water, it has no acidic properties. It decomposes on boiling to form sulphur trioxide and
steam and a constant boiling point mixture is formed containing 98.3% of the acid.
Sulphuric atid can react as an acid, a dehydraﬁng agent, or an oxidising agent.

0.43.1 Asanacid

- Dilute sulphuric acid liberates carbondioxide from carbonates.
C03™(aq) + 2H* (aq) —— COy(g) + H,0()

Dilute sulphuric reacts with bases to form salts and water.

Dilute sulphuritc reacts with reactive metals to form salts and hydrogen gas.

9.4.3.2 As a dehydrating agent

Sulphuric acid has a high affinity for water. It can remove water from compounds and
mixtures with evolution of heat. Dilution of the acid is very exothermic, and the acid
must always be added to water but not water to acid.

— The acid dehydrates methanoic acid to give carbonmonoxide.

Ha§04(1) y
- HCOOH(l) — CO(g) +H,0(1)

- Itdehydrates oxalic acid to give carbon monoxide and cabondioxide.

Hz28504(0)
HyC204(s) ———— CO(g) + H,0(1) + CO,(g)
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- It dehydrates sugér_ (sucrose) to leave a black mass of carbon,
o HaS04(0) - . o
: Clezzoll(S) —_—2 126(5) + 11H20 (]) ' )

9.4.3.3 As an oxidising agent

‘Concentrated sulphuric acid is an oxidising agent, though weaker than concentrated
nitric acid. When it acts as ari oxidising agent, the acid is uSuaﬂy reduced to |
sulphurdioxide and sometimes to slphur or hydrogen sulphide. |
- Non—metais, such as carbon and sulphur, reduce hot concentrated sulphuric acid to :

sulphurdioxide. They, themselves get oxidised to their dioxides.

C(s) + 2H;50,(1) — 2H20(l) +C0,(g) +250,(g)
5(s) + 2H,50,(1) —— 2H,0(1) + 350,(g) ~

— In general, metals with low electrode potentials reduce hot concentrated sulphuric
acid to sulphurdioxide. However, the acid may be reduced to sulphurdioxide if the
metal is highly reactive and concentration of the acid is .relatively loweg. |

Cu(s) + 2H, 50, (1)—— CuS0y(aq)+ 2H,0() + 250,(g)

2Als) + 6H,50,(1) —— AL (S0,)(aq) + 6H,0 (1) +350,(g)
2Fe(s) +6H,50,(l) —— Fe, (50,)3(aq) +6H,0(1) +350,(g)
Zn(s) + 2H,50,4(1) —— ZnS0,(aq) + 2H,0(1) + 250,(g)

(98% acid)

However,
Zn(s) + 5H,50,(1)—— 42150, (aq) + 4H,0() + H,5(g)

(90% acid)
— Some compounds are oxidised by sulphuric acid, e.g;

2Fe2+(aq) +2H, S0, ()—— 2Fe*(aq) + 2H,0(1) + S0,(g) + 502 (aq)
2HBr(g) + HySO,(l) ——s 2H,0(1) +80,(g) + Bry(l)
2HI(g) + H50,(1) — 41,0(1) + H,S(g) + 41, (s)

9.4.3.3 Displacement reactions

Having a relatively high boiling point (i.e. low volatility), concentrated sulphuric acid
displaces more volatile acids from their compounds. For this reason the acid is used to
prepare volatile acids, e.g. hydrochloric acid and nitric acid, from their compounds.
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NaCl(s) + H,50,(1) —— NaHS04(s)+ HCl(g)
 KNOs(s) + H,S04(1) —— KHS0,(5) + HNOs(1) -

However, this method cannot be used to prepare hydrdgen_bromide and .hydro geﬁ |
iodide. This is because hydro gen bromide and hydrogen iodide are stronger reducing

2HBr(g) + HyS04(1) —— 2H,0()) + SOz(g) + Brz(l)

2HI(g) + H,50,(1) —— 4H,0() + HaS(g) + 415(s)

92.4.4 Sulphates -/

Sulphates are salts of sulphuric acid. The sulphate ion has the formu}a S 04 and has a
tetrahedral structure.

- With exception of barium sulphate and lead(Il)sulphate, other sulphates are soluble in

water. Calcium sulphate and silver sulphates are only sparingly soluble.

. The sulphate ion is tested by adding nitric acid followed by barium nitrate (H¥/Ba®*).

Formation of a white preapltate shows presence of sulphate ions.
Ba**(aq) + 504“(aq)—> BaS0,(s)

Sulphates also form a white precipitate with lead(II) nitrate solution or lead(Il)ethanoate
solution. However, this cannot be used to confirm a sulphate since chloride ions give a
similar observation due to insolubility of lead(IT)chloride.

Pb%*(aq)+ 502~ (aq)—— PbS0,(s)
Pb2*(aq) + 2C1-(aq) —— PBCly(s)

Hydrated sulphates are decomposed by strong heating yield sulphurdioxide gas.

9.4.5 Thiosulphates :
Thiosulphates are salts of thiosulphuric acid (HzSan) Like the sulphate ion, the

thiosulphate ion has a tetrahedral shape. l
The best known thiosulphate is sodium thiosulphate (N 55,03 .5H,0) which is used in I

photography for fixing the negative.

The thiosulphate ion is unstable in presence of an acid and breaks down to give a
sulphite (which then reacts to give sulphur dioxide and water) and free sulphur.

$,0%"(aq) +2H " (aq)—— H,0(1) + 50,(g) + S(s)
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For this re_.as”()h, solutions of sodium thiosulphate should be prepared by'usin_g freshly
distilled water. This water does not contain 'carbo_n dioxide which would make it acidic -
- and consequently break down sodium thiosulphate. ' ' '
The thiosulphate ion is a 'reducing agent thus reduces;
— . Chlorine to chloride ions . o
| 5,02 (aq) +4Cl(g) +5H, 0(1)~—— 2507~(aq) + 10H*(aq) + 8CI-(ag) '
'~ Todine to iodide fons _ - o -
25,057(aq) +1>(aq) —— 21~(aq) + 5,03 (aq)
- - tetrathionate ion : B .
This reaction is used in volumetric analysis for estimating iodine liberated.
— Iron(II) to iron(IT) ' -,
2Fe**(aq) +2 5,08~ (aq)— 2Fe?*(aq) + 5,02~ (aq)

9.5 Fertilisers

Fertilizers are compounds whose addition to soil increases plant nutrients thus
increasing the productivity of land. There are two major types of fertilizers namely
natural fertilizers and artificial fertilizers. '
Natural fertilizers include animal waste, dead plants, and dead animals. _
Artificial fertilizers mainly provide plants with nitrogen and some phosphorous and
potassium. The NPK values of a fertilizer gives its composition with respect to nitrogen,
phosphorous, and potassium. A good fertilizer should;

— Contain a high percentage of elements required by plants.

— Be cheap and highly soluble in water. ' . _
A disadvantage of highly soluble fertilizer is that they are easily washed away by rain.
An advantage of less soluble fertilizers is that they stay in soil for a long time thus
providing a constant supply of plant nutrients.

Disadvantages of fertilizers

— Extensive use of fertilizers leads to environmental degradation. _

— Use of fertilizers leads to contamination of water bodies which may cause death to
aquatic life,

— Phosphate fertilizers promote growth of algae which deprive aquatic life of oxygen.

- Examples of artificial fertilizers include ammonium suiphate, ammonium nitrate,
calcium phosphate, etc. |
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.'Manufacture of fertlllzers

- -Ammonium phosphate fertilizer is manufacmred by passing carbo:n d10x1de and
-ammonia gases through a heated suspensmn of calcmm sulphate.

| ) Smgle super phosphate (SSP) is manufactured by grmdmg calcium phosphate and

|

2NH3( g)+H0() + COz(g) + Cas0,(aq) — CﬂCOs(S) + (NH432504(aq)

calcium fluoride. The mixture is put in a tank and stirred contmuously to avoid settlng."_'
The resultmg slurry is sieved to separate big partlcles from staller ones. Lime is then
removed and the resulting product is sent to a floatation tank where sodium olerate

(Ci7H33C00Na) is-added as a collecting agent. Here sodium ions adhere to parﬁcles"

 ¢ontaining the calcium salts while the olerate ions to water. Air is blown forming froth

where impurities like lime sink to the bottom while particles con:ca_tmng the calcium
salts float are removed. They are treated with sulphuric acid formlng calcfum
dihydrogen phosphate which is sold as SSP fertilizer.

3Ca3(P0y),(aq) + 7H;50,(aq) —— 3Ca(H,P0,);(aq) + 7CaS0,(aq)

9.6 Cement

Portland cement is made by strong heating of limestone (CaCQOs) and clay. Limestone is
ground and mixed with clay which has already been mixed with water. This mixture is
allowed to flow down a sloping rotating cylinder. The cylinder is heated internally by a
blast of burning coal- dust and air. The resulting clinker is allowed to cool down, and
ground to a fine powder called cement. Gypsum (CaSOx) is added 50 as to slow down

the reaction between cement and water.

" Reactions that take i::lace during the process are:

C_aCOa(s)———-—a Ca0(s) +C0,(g)
20a0(s) + Si0;(s) ——s (Ca0),Si0y(s)
241,05 (5) + Ca0(s)—— Ca0(Al,05)(s)

Cement is used in making concrete. Concrete is made by mixing cement, sand, and

water with gravel. When fresh, it can be poured into moulds (usually wood) and sets
into a very hard rock-like mass in a day. For additional strength, girdles (or iron rods)

may put inside concreted and is then said to be reinforced concrete.
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81

8.2

(@)

{i)

i)

Inorganic Properties

Oxidation numbers should be used, where
appropriate, in discussing the chemistry of the
clements and their compounds. Some practice

should be gi\_rén in  balancing equations using:

oxidation numbers. (Teachers should refer to the
" UNEB booklet on ‘nomenclature’ for guidance,)

A simple cnmparatlve study of the variation of
physical properties of . the elements w1thm a period
and a group of the Periodic Table. Th:s is illustrate
by reference to: _

The period: Na, Mg, Al, 5i, P, 5, Cl Ar,  Each
element in the period should be considered in
context of its group. Brief reference should be made
to the second short period (lithium to neon) with
particular reference to the anomalous behaviour of
some elements in this period: e.g. Li, Be and B.
Oxygen and nitrogen should. be considered with
sulphur and phosphorous. The second short period
should not be considered in detail. The diagonal
relationship can be menton when considering
beryllium and aluminium. The detailed chemistry
of the elements should include: )
Physical properties: melting point, boiling point,
electrical conductivity, atomic radius, ionic radius
{related to structure and bonding), electronic
structure, and ionisaHon energy and electron
affinity. The periodic variation of these properties
should be brought out where appropriate.
Chemical -properties: the . reactions, where
appropriate, with water, sodium hydroxide
solution and hydrochloric acid.

(iif) The compounds: Oxides, chlorides, and hydrides.

(b)

General methods for formation, volatility (related to
structure and bonding), reactions wifh water. The
reactions of oxides with dilute acids and alkalis
should be included. The general properties of the
bonding in these compounds. The detailed
chemistry of the oxo-acids of phosphorous and the
oxides of chlorine is not required. The oxo-acids of
sulphur and chlorine should be studied.

Group II, IV, and VII

The knowledge of the chemistry of the elements of
these groups, will be similar to that requu'ed for the
elements in the third short period (above), Wlth the
"followmg additional points: '

() Group I. The solubility of the silphates and’
hydroxides should be related to their lattice energies
and hydration energies (see Section 42y,

{ii) Group IV. There should be an emphasis on the
ability of carbon to form long chains and rings (see
Section 9.1). Stress should be laid on the changes of
the properties on going down the group from carbon
to lead.

(iif) Group VIL. Thére shiould be relatively little emphas:s
on the oxides of the elements, apart from pointing
out their acid nature. The hydrides should be .
studied with particular reference to hydrogen
bonding (see section 4.3)

() The first series of d-block elements. A

{i) The physical properties of the elements should be
studied in comparative terms (as in (a) and (b)
above.}

{if) Chemical properties: reactions of the elements with
water, ﬁydrochloric acid and oxidising acids. Stress
should be laid on ability of these. elements to exist
with different oxidation numbers (cf. colour)and to
form complexes {(only water, chlorine, and ammonia
should be considered as ligands).

(iif) Compounds: a general study of the properties of

- oxides, hydroxides and oxc-anions. The amphoteric
behaviour of a compound should be considered,
where appropriate. The use of manganate(VII) and

. dichromate(VI) ions in volumetric analysis should be
related o ei_ler:h‘odé potentials and redox systems
(see section 6.4). In this secton, the appropriate
industrial processes can be introduced when
discussing the appropriate  elements  and
compounds:

Manufacture of NHy , HNO;, H,50,, HCI,

NaOH, fertilisers, extraction of metals (Al, Fe, Zn,

Cu). '
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