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Chemistry grade 10 advanced

[ Teacher : Odai AIASSI ]

."I‘lﬂ" E]J
. Differentiate between the ground and excited states of an atem Figure 10 , Figure 11 H-15
A gt Doy T fy D0 g 11 2y 10 2
= Figure 10 The figure shows an
atom that has one electron. Note that the il
illustration is not to scale. In its ground |
state, the electron is associated with the
lowest energy level. When the atom is in e ¥
an excited state, the electron is associat-
ed with a higher energy level. O 0
Nucleus Nudeus
Ground state Excited state
1
Fill in the blank with the correct term from the Word Bank. H
o .
Word Bank [/ ]
. . | @
excited stable ionized gaseous
A hydrogen atom is | stable « |at the ground state. .

= Figure 11 When an electron
Visible series drops from a higher-energy orbit to a
(Balmer) lower-energy orbit, a photon is emitted.
The ultraviolet (Lyman), visible (Balmer),
and infrared (Paschen) series correspond
to electrons droppington =1,n= 2,
and n = 3, respectively.

Ultraviolet Infrared
series series
(Lyman) (Paschen)

- Visible series ( Balmer ) from n=6 to n=2
- Ultraviolet series ( Lyman ) from n=7ton=1

- Infrared series ( Paschen ) from n=7 to n=3



Select your answer from the drop-down menu.

The Lyman series refers to emissions that fit into the | ultraviolet ., v |range.

Select the correct answer.
Study the diagram showing an atom alongside.

In which state is this atom?

neutral

ahsorption

Select the correct answer.
Study the diagram showing an atom alongside.

When an atom drops from its excited state, it emits a(n)

proton
electron

Select the correct answer.
Study the diagram of a hydrogen atom (H) alongside.

Which state does this diagram show?

neutral
excited

Select the correct answer.
Which series refers to emissions in the infrared range?

() Atomic Emission Spectrum

Balmer series

Drag and drop the correct terms.

The| Balmer

/ i e ;_H\ N\
{ F, 'l\ ll
e ]
\ \\‘-_/ /r
\ B
v

E excited

ground

E photon

neutron
/ \\
\ [ & /\ J
N
\u///,
)M ground s ]
absorption
il Paschen series 7

Lyman series

| series refers to emissions that fit into the visible range.

These emissions occur when electrons drop from a larger orbit back to the n=| 2

<+ Lyman *# Paschen



Explain the aufbau principle , the Pauli exclusion principle,and Hund's rule

Text Book
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s el gl g ity e

el e

Ground-State Electron Configuration

When you consider that atoms of the heaviest elements contain more ~ * Figure 8 Theaubau dagran sons
the energy of each sublevel relative tothe

than 100 electrons, the idea of determining electron arrangements in

. i energy of other sublevels.
atoms with many electrons seems daunting. Fortunately, all atoms can o

be described with orbitals similar to hydrogen’s. This allows us to atomic ohita,
describe arrangements of electrons in atoms using a few specific rules. Determine Which sublevel has
The arrangement of electrons in an atom is called the atom’s the greater energy, 4d or 5p7

electron configuration. Because low-energy systemms are more stable
than high-energy systems, electrons in an atom tend to assume the
arrangement that gives the atom the lowest energy possible. The most
stable, lowest-energy arrangement of the electrons is called the element's
ground-state electron configuration. Three rules, or principles—the
aufbau principle, the Pauli exclusion principle, and Hund's rule—define
how electrons can be arranged in an atom’s orbitals.

The aufbau principle The aufbau principle states that each
electron occupies the lowest energy orbital available. Therefore, your
first step in determining an element’s ground-state electron configura-
tion is learning the sequence of atomic orbitals from lowest energy to
highest energy. This sequence, known as an aufbau diagram, is shown in
Figure 18. In the diagram, each box represents an atomic orbital.

The Paull exclusion principle Electrons in orbitals can be
represented by arrows in boxes. Each electron has an associated spin,
similar to the way a top spins on its point. Like the top, the electron is
able to spin in only one of two directions. An arrow pointing up
represents the electron spinning in one direction, and an arrow pointing
down | { | represents the electron spinning in the opposite direction.
An empty box | | represents an unoccupied orbital, a box containing a
single up arrow | T | represents an orbital with one electron, and a box
containing both up and down arrows [ 1] | represents a filled orbital.

The Pauli exclusion principle states that a maximum of two elec-
trons can occupy a single atomic orbital, but only if the elecorons have
opposite spins. Austrian physicist Wolfgang Pauli (1900-1958) proposed
this principle after observing atoms in excited states. An atomic orbital
containing paired electrons with opposite spins is written as [1] | Because
each orbital can contain, at most, two electrons, the maximum number of
electrons related to each principal energy level equals 2n.

Hund’s rule The fact that negatively charged electrons repel each
other has an important impact on the distribution of electrons in
equal-energy orbitals. Hund’s rule states that single electrons with the
same spin must occupy each equal-energy orbital before additional
electrons with opposite spins can occupy the same orbitals. For exam-
ple, let the boxes below represent the 2p orbitals. One electron enters
each ot the three 2p orbitals before a second electron enters any of the
orbitals. The sequence in which six electrons occupy three p orbitals is

shown below. 1. DD 2. D
a.[nrir] s [mr]

Each box on the diagram represents an

bl E* T £ e =
% i

b 9 4
5 U
y
: 4
g ,15 3d
g
s »
N L
5
il »
B:
lIs

3. [
6. [1L]1][1y]



Electron Arrangement

You can represent an atom’s electron configuration using one of two
convenient methods: orbital diagrams or electron configuration
notation.

Orbital diagrams As mentioned earlier, electrons in orbitals can be
represented by arrows in boxes. Each box is labeled with the principal
quantum number and sublevel associated with the orbital. For example,
the orbital diagram for a ground-state carbon atom, shown below,
contains two electrons in the 1s orbital, two electrons in the 2s orbiral,
Neon atom and one electron in two of three separate 2p orbitals. The third 2p

orbital remains unoccupied.
1s 25 2p
= Figure 19 The 1s, 2s, and I:I

2p orbitals of a neon atom overlap. s 2s 2p

Determine how many electrons Electron configuration notation The electron configuration nota-
s . tion designates the principal energy level and energy sublevel
associated with each of the atom’s orbitals and includes a superscript
representing the number of electrons in the orbital. For example,

the electron configuration notation of a ground-state carbon atom

is written 1s22s22p2. Orbital diagrams and electron configuration
notations for the elements in periods one and two of the periodic
table are shown in Table 4. Figure 19 illustrates how the 1s, 2s, 2px,
2py, and 2p; orbitals illustrated previously in Figure 17 overlap in the
neon atom.

(b e ) (s S a5 sill i g Bac By glad ol g gl T iy (D lail) il (g o sllaal)
(S alel) alil) ALY oany

Select the best answer.
The sequence of filling the energy sublevels within the third principal energy level is:

1s 25 2p 35 3p 3d () 3d3p3s2p2sis
35 3p 3d o O 3d3p3s
Rule or Principle for Electron Configuration Description

electrons fill lowest-energy orbitals before higher-energy
orbitals

aufbau principle

two electrons can occupy the same atomic orbital if they spin
in opposite directions

Pauli exclusion principle

single electrons fill orbitals of a sublevel first before pairing
with an electron of opposite spin




Select the best answer.
The atomic number of the element oxygen (O) is 8. Identify the orbital diagram that represents the correct order in which the electrons fill up the orbitals.

»[t4] [14] [t4]

2s

o[

=[t4]
«[td]

4] [t []

»[t4] [t4] [t4
=[]

is

HE

[ty [t [t ]

s

- | |—
+ | |4

Use the electron configurations notation, orbital notation, and noble gas notation of an element [21-]6.} to identity the location of the element in the periodic table

{pnﬁnd.gmp,hinch}

Example 1 , Applications § , 3, 10
54
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ELECTRON CONFIGURATION AND THE PERIODIC TABLE Strontium, which is used to
produce red fireworks, has an electron configuration of [Krl5s2. Without using the
periodic table, determine the group, period, and block of strontium.

ANALYZE THE PROBLEM
You are given the electron configuration of strontium.
Known Unknown
Electron configuration = [Kr]5s2  Group = ?
Period = ?
Block = ?
SOLVE FOR THE UNKNOWN

The s2 indicates that strontium’s valence electrons fill the
s sublevel. Thus, strontium is in group 2 of the s-block.

The 5 in 5s2 indicates that strontium is in period 5.

EVALUATE THE ANSWER

The relationships between electron configuration and
position on the periodic table have been correctly applied.

For representative elements, the number of valence
electrons can indicate the group number.

The number of the highest energy level indicates
the period number.

APPLICATIONS

8. Without using the periodic table, determine the group, period, and block of an atom with
the following electron configurations.

a. [Ne]3s? b. [He]2s? c. [Kr]5s24d'%5p®
9. What are the symbols for the elements with the following valence electron configurations?
a. s?d? b. s2p* c. s°p°

10. Challenge Write the electron configuration of the following elements.
a. the group 2 element in the fourth period c¢. the noble gas in the fifth period
b. the group 12 element in the fourth period d. the group 16 element in the second period



Predict the trends of the properties of elements across 8 pariod and & group of the periodic tabl Text Book
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Trends within groups Atomic radii generally increase as you move
eciease om I8 to Aght In 8 peslodand down a group. The nu.ciear charge irlﬁcreasels, and e%ect.rons are added
denicrally Inciease: a5yl fdwe diirea to orbitals corresponding to successively higher principal energy
group. levels. However, the increased nuclear charge does not pull the outer
electrons toward the nucleus to make the atom smaller.

Moving down a group, the outermost orbital increases in size along
B with the increasing principal energy level: thus, the atom becomes
m larger. The larger orbital means that the outer electrons are farther from
the nucleus. This increased distance offsets the pull of the increased
nuclear charge. Also, as addirional orbitals between the nucleus and the
Trends in Atomic Radii outer electrons are occupied, these electrons shield the outer electrons
. from the nucleus. Figure 12 summarizes the group and period trends.

u Figure 12 Atomic radii generally

Generally decreases

Generally increases

56 Chapter 2 » The Periodic Table and Perlodic Law

lonic Radius

Artoms can gain or lose one or more electrons to form ions. Because
electrons are negatively charged, atoms that gain or lose electrons
acquire a net charge. Thus, an ion is an atom or a bonded group of
atoms that has a positive or negative charge. You will learn about ions
later, burt for now, consider how the formation of an ion affects the
size of an atom.

When atoms lose electrons and form positively charged ions, they
always become smaller. The reason is twofold. The electron lost from
the atom will almost always be a valence electron. The loss of a
valence electron can leave a completely empty outer orbital, which
results in a smaller radius. Furthermore, the electrostatic repulsion
between the now-fewer number of remaining electrons decreases. As a
result, they experience a greater nuclear charge allowing these remain-
ing electrons to be pulled closer to the positively charged nucleus.

| 186 pm e { mpm f’m pm — 181 ? |
.J '

Sodium atom (Na) Sodium ion (Na*) Chlorine atom (Cl) Chlorine ion (Cl7)
[Ne]3s’ [Ne] [Ne]3s?3p® [Ne]3s?3por [Ar]

= Figure 13 The size of atoms varies greatly when they form ions.
a. Positive ions are smaller than the neutral atoms from which they form.
b. Negative ions are larger than the neutral atoms from which they form.

Copyright € McGraw-Hill Education



When atoms gain electrons and form negatively charged ions, they
become larger. The addition of an electron to an atom increases the
electrostatic repulsion between the atom’s outer electrons, forcing
them to move farther apart. The increased distance between the outer
electrons results in a larger radius.

Figure 13a illustrates how the radius of sodium decreases when
sodium atoms form positive ions, and Figure 13b shows how the radius
of chlorine increases when chlorine atoms form negative ions.

Trends within periods The ionic radii of most of the representative
elements are shown in Figure 14. Note that elements on the left side
of the table form smaller positive ions, and elements on the right side
of the table form larger negative ions. In general, as you move from
left to right across a period, the size of the positive ions gradually
decreases. Then, beginning in group 15 or 16, the size of the much-
larger negative ions also gradually decreases.

= Figure 14 The ionic radii of most of 1 2 13 14 15 16 17
the representative elements are shown in
picometers {10~ m). Li 76 | Be 31 B 20 [ C 15 | N 146 | O 140 | F 133
Explain why the jonic radii increase for 2
both positive and negative jons as you 1+ ® |2+ ® 3H e | 4+ o | 3— 2- o I—‘
mowe down a group.
Na 102 | Mg 72 Al 54 | Si 41 | P212 | 5 184 | <l 181
3
+@® |2+ ® 3+-4+-3—.2—.1—°
K 138 | Ca 100 Ga 62 | Ge 53 | As222 | 5e 198 | Br 196
=
S 4
£ @ |+ @ 3+ e |4 ® 3_02_‘1—0
Rb 152 | Sr 118 In 8 | Sn 71 | Sb 62 | Te 221 | 1 220
5
+@ |2+ ® I+ O |4 ® 5+oz—°1—°
lonic radius
5
Chemical symbol — K 138 Cs 167 | Ba 135 Tl 95 | Pb 84 | Bi 74
6
Charge—+1+ @ 1+' +@® +@® | 4+ 0 |5+ 0
|
Relative size ———

Trends within groups As you move down a group, an ion's outer

y . : . i Negative
electrons are in F)rbltals com?spondmg © h}ghv.ar principal energy i
levels, resulting in a gradual increase in ionic size. Thus, the ionic radii Positive ions decrease decrease
of both positive and negative ions increase as you move down a group. Y B |
The group and period trends in ionic radii are summarized in Figure 15. % T

5

. . ]

lonization Energy g

&
To form a positive ion, an electron must be removed from a neutral

atomt. This requires energy. The energy is needed to overcome the ek I Jorlc Rack

attraction between the positive charge of the nucleus and the negative ® Figure 15 The diagram summarizes
charge of the electron. Ionization energy is defined as the energy the general trends in fonic radil.
required to remove an electron from a gaseous atom. For example,

8.64 x 1079 ] is required to remove an electron from a gaseous lithium

atom. The energy required to remove the first outermost electron from

an atom is called the first ionization energy. The first ionization energy

of lithium equals 8.64 x 1072 |. The loss of the electron results in the

tormation of a Li* ion. The first ionization energies of the elements in

periods 1 through 5 are plotted on the graph in Figure 16.

q READING CHECK Define /onization energy.




Think of ionization energy as an indication of how strongly an
atom’s nucleus holds onto its valence electrons. A high ionization
energy value indicates the atom has a strong hold on its electrons.
Artoms with large ionization energy values are less likely to form
positive ions. Likewise, a low ionization energy value indicates an
atom loses an outer electron easily. Such atoms are likely to form
positive ions. Lithium's low ionization energy, for example, is impor-
tant for its use in lithium-ion computer backup batteries, where the
ability to lose electrons easily makes a battery that can quickly
provide a large amount of electrical power.

Pericadic Tahle of Elements
ioeizanen erargy

Describe how ions (cations and anions| form to fulfl the octet rule Text Book
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Positive lon Fermation

A positive ion forms when an atom loses one or more valence electrons
in order to attain a noble gas configuration. A positively charged ion is
called a cation. To understand the formarion of a positive ion, compare
the electron configurations of the noble gas neon (atomic number 10)
and the alkali mertal sodium (atomic number 11).

Neon atom (Ne) 1522s22p°
Sodium atom (Na) 1522522p©3s!

Note thar the sodium atom has one 3s valence elecrtron; it differs from
the noble gas neon by thart single valence electron. When sodium
loses this ourter valence electron, the resulting electron configurarion
is idenrtical to that of neon. Figure 2 shows how a sodium atom loses
its valence electron to become a sodium carion.

By losing an electron, the sodium atom acquires the stable ourter-
electron configuration of neon. It is important to understand that
although sodium now has the electron configuration of neon, it is not
neon. It is a sodium ion with a single positive charge. The 11 protons
thar establish the character of sodium still remain within its nucleus.



Metal ions Merals atoms are reactive because they lose valence
electrons easily. The group 1 and 2 metals are the most reactive mertals
on the periodic table. For example, potassium and magnesium, group 1
and 2 elemenrs, respectively, form K* and Mg2* ions. Some group 13
atoms also form ions. The ions formed by metal atoms in groups 1, 2,
and 13 are summarized in Table 2.

Transition metal ions Recall that, in general, transition metals

have an ourer energy level of ns2 Going from left to right across a
period, atoms of each elemenr fill an inner d sublevel. When forming
positive ions, transition metals commonly lose their two valence elec-
trons, forming 2+ ions. However, it is also possible for d electrons to be
lost. Thus, transition mertals also commonly form ions of 3+ or grearter,
depending on the number of d electrons in the electron structure. It is
difficulr to predict the number of electrons that will be lost. For exam-
ple, iron (Fe) forms both Fe?* and Fe?* ions. A useful rule of thumb for
these mertals is thart they form ions with a 2+ or a 3+ charge.

Pseudo-noble gas configurations Although the formarion of

an octet is the most stable electron configuration, other electron con-
figurations can also provide some stability. For example, elements in
groups 11-14 lose electrons to form an outer energy level containing

full s, p, and d sublevels. These relatively stable electron arrangements are
referred 1o as pseudo-noble gas configurations. In Figure 3, the zinc atom
has the electron configuration of 1s22s22p©3s23p°4523d1°. When form-
ing an ion, the zinc atom loses the two 4s electrons in the ourer energy
level, and the stable configuration of 15225%22p©3s23p®3d1° results in a
pseudo-noble gas configuration.

Negative lon Formation

Nonmetals, which are located on the righr side of the periodic table,
easily gain electrons to artain a stable outer electron configurarion.
Examine Figure 4. To attain a noble-gas configuration, chlorine gains
one electron, forming an ion with a 1- charge. After gaining the elec-
tron, the chloride ion has the electron configuration of an argon atom.

Chlorine atom (Cl) 15%2522p®3s23p3
Argon atom (Ar) 1522522p©3523p°
Chloride ion (C17) 1522522p°©3523p°
An anion is a negatively charged ion. To designate an anion, the ending

-ide is added to the root name of the element Thus, a chlorine atom
becomes a chloride anion. What is the name of the nitrogen anion?



Nonmetal ions As shown in Table 3, nonmetals gain the number of
electrons that, when added to their valence electrons, equals 8. For
example, consider phosphorus, with five valence electrons. To form a
stable ocrer, the atom gains three electrons and forms a phosphide ion
with a 3— charge. Likewise, oxygen, with six valence electrons, gains
two electrons and forms an oxide ion with a 2- charge.

Some nonmetals can lose or gain other numbers of electrons to form
an octet. For example, in addirtion to gaining three electrons, phospho-
rus can lose five. However, in general, group 15 elements gain three
electrons, group 16 elements gain two, and group 17 elements gain one
to achieve an octer

Select the best answer.
The element magnesium (Mg) is in group 2 on the periadic table.
How do we indicate the ion of this element?

Mg2™ O Mgt
Mgt ® EC
Drag and drop the best answer to complete the electron configuration. . Periodic Table of the Elements &
Complete the electron configuration of the Fe" jon. gg (=
FeEivEBReW RS
= EREERREEEEEE
[Ar] | 3d 0 TEE 0 o ) O g
S ENEEESEEEEpES
EEESEETEEEEE
HEEEREEEEEE
4523d%4p° 45234° 3d54p7 452348 452343
Select the best answer. b Pl IS &
Which of these metals would be MOST reactive? U EeweEw
|| RNy | RS
(O e T
EEREEEENEEETREeY .
EEEEERESEEEEEEE T~
AT R TR e
EEEESEEEEREEEEE
EfZrREnaEuEREEs
140 o 27))
39 48
® K o ‘ Ti
Select the best answer from the drop-down menu to complete the sentence. Cu Cu*

W] + ey — (o] (IR *
4s

When copper loses an electron, the ion has a| pseudo-noblegas v

configuration.



Select the best answer. o
Which elements tend to form ions with a 2+ charge? i :
=
=
= EEENEENs "
EEEEEEEEEENEEEEY « v
EFENENEEEEEEEEEEE
EFNMESY IR EEY
ErEieneEEIEENER
copper (Cu) o ’ 1 chlorine (Cl)
| sulfur (S) aluminum (Al)
[] potassium (K) E magnesium (Mg) R4

Select the best answer.
Mercury (Hg) is a Group 12 metal with an electron configuration of [ Xe ] 6s° 4'* 5d'°. What is the electron configuration of the 2+ ion of mercury?

[Xe]4ftsd?l \/‘ O [Xelsft*sd®

O [Xeles?4fs5d® 0 [Xel6s4f®

Select the correct answer from the drop-down menu.

Negatively charged ions are catled{ anions v}.

Select the best answer.
Suifuris an element in group 16. How would we represent the expected ion of sulfur?

$%” ) ‘ o §*
I_- 81+ I_:. Sl_
Select the best answer.

Which of the following is true about a chloride ion?

A chloride ion is formed from a calcium atom. A chloride ion is positively charged.

E A chloride ion is negatively charged. e (> Achloride ion is a metallic ion.




Select the best answer.
The element sulfur (S) has an atomic number of 16 and is found in group 16. What is the electron configuration of a sulfide ion?

E 15%25%2p°3523p° ", 15%25%2p" 3523 p*
2 2 [} 2 Z [} 2
1s"2572p” 15°25°2p°3s°®
Periodic Table of the Elements -
Select the best answer. eriodic Table of the Elemen &

Which of the following elements tend to form ions with a 1- charge?

e o«

neln
ﬂi.li.lllﬂ‘ﬂ..ﬂ
EEREEEEEESEEREE
cesium (Cs) ’E jodine (1) T ’
neon (Ne) calcium (Ca)
phosphorus (P) ’E chlorine (Cl) . ’
Describe how ions [l:aﬁuru- and aninrl.s} form o fulfill the cctet ruls Text Book
] . 76
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Pseudo-noble gas configurations Although the formartion of

an octet is the most stable electron configuration, other electron con-
figurarions can also provide some stability. For example, elements in
groups 11-14 lose electrons to form an ourter energy level containing

full s, p, and d sublevels. These relatively stable electron arrangements are
referred to as pseudo-noble gas configurations. In Figure 3, the zinc atom
has the electron configuration of 1522522p®3s23p©4s23d1° When form-
ing an ion, the zinc atom loses the two 4s electrons in the outer energy
level, and the stable configuration of 15225%2p®3s23p©®3d1° results in a
pseudo-noble gas configuration.

Z:n

(Al [TL] (TR0 0] TU)[73] + energy —
4s 3d

Zn*t
A

e (0T T U] + 267
3d

When the two 4s valence electrons are lost, a stable pseudo-noble gas configuration
consisting of filled s, p, and d sublevels is achieved. Note that the filled 3s and 3p
orbitals exist as part of the [Ar] configuration.




v how zinc (Zn) and tin (Sn) achieve stability by gaining a pseudo-noble gas configuration.

A zinc atom (Zn) loses 2 valence electrons
from its 4s orbital to form a zinc ion (Zn?*).

A tin atom (Sn) can lose 4 valence electrons
from its 5s and 5p orbitals to form a tin ion

(Sn**).
zinc atom (Zn)
152 252 2p° 352 3pb 452 tin atom (Sn)
3410 [Kr] 552 4d*° 5p?
zinc ion (Zn?*) tin ion (Sn**)
10
152 252 2p® 352 3p® 310 [Kr] &4d
Use the Lewis diagram (slectron~ dot structure] to explain Row elements from the periodic table groups combine to form an ionic compound Table 4 | Text Back
7 15-80
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Table 4 Formation of Sodium Chloride

Chemical Equation

Na + Cl— Na* + CI~ + energy

Electron Configurations

One electron is transferred.

[Ne] + [NeJ3s’3p>— [Ne] + [Ar] + energy
— —— ——

e
Na cl Na* c-

Orbital Notation

One electron is transferred,

//—,_—_-_‘—\\‘\
[} III 1]+ [ III 1] III -

1s 2s 35 1s 2s 3s
Na 1r| octet
—
iy III [y III I III + energy
s 2s Is 2s
Na™ Cl-

Electron-Dot Structures

One electron is transferred.

Na@ + *.Cl: — [Nal® + [:Cl:] + energy

Atomic Models

11 electrons 17 electrons 10 electrons 18 electrons

/(1) / (11-) // (10-) / (18-)

0\ + 0\ - 0\ + 9\ + energy
11 protons 17 protons 11 protons 17 protons
(11+) (17+) (11+4) (17+)

Sodium atom Chlorine atom Sodium ion Chloride ion




Compound formation and charge Whart role does ionic charge

play in the formartion of ionic compounds? To answer this question,
examine how calcium fluoride forms. Calcium has the electron configu-
ration [Ar]4s?, and needs to lose two electrons to attain the stable con-
figuration of argon. Fluorine has the configuration [He]2s22p3, and must
gain one electron 1o atrain the stable configuration of neon. Because the
number of electrons lost and gained must be equal, two fluorine atoms
are needed to acceprt the two electrons lost from the calcium atom.

1 Cajort (C M) + 2 Fiefis (FM) = )2+ + (2)1) =0

As you can see, the overall charge of one unirt of calcium fluoride (CaFs)
is zero. Table 4 summarizes several ways in which the formarion of an
ionic compound such as sodium chloride can be represented.

Next, consider aluminum oxide, the whitish coarting that forms on
aluminum chairs. To acquire a noble-gas configuration, each aluminum
atom loses three electrons and each oxygen atom gains two electrons.
Thus, three oxygen atoms are needed to acceprt the six electrons lost
by two aluminum atoms. The neurtral compound formed is aluminum

oxide (Al,O,).
zﬁlm(mﬂx) + 3 O jeris (o);r) =2B3+)+ 3(2—)=0

Diescribe the relationship between latiice nergy and the charge of ions

Table § , Text Book

o i gy

Energy and the lonic Bond

During every chemical reaction, energy is either absorbed or released.
If energy is absorbed during a chemical reacrion, the reacrtion is
endothermic, If energy is released, it is exothermic.

The formarion of ionic compounds from positive ions and negative
ions is always exorhermic. The attraction of the positive ion for the
negative ions close to it forms a more stable system thar is lower in
energy than rthe individual ions. If the amounr of energy released
during bond formarion is reabsorbed, the bonds holding the positive
ions and negartive ions together will break apart.

Lattice energy Because the ions in an ionic compound are arranged in a
crystal latrice, the energy required to separate 1 mol of the ions of an
ionic compound is referred to as the lattice energy. The strength of the
forces holding ions in place is reflected by the lattice energy. The greater
the lattice energy, the stronger the force of attraction.

Larrtice energy is directly related ro the size of the ions bonded.
Smaller ions form compounds with more closely spaced ionic charges.
Because the electrostaric force of attraction between opposite charges
increases as the distance berween the charges decreases, smaller ions
produce stronger interionic atrractions and grearter latrice energies.
For example, the lattice energy of a lithium compound is greater than
thar of a potassium compound containing the same anion because the
lithium ion is smaller than the porassium ion.

ol iy i peal
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Table 6 Lattice Energies of
Some lonic Compounds

Lattice Energy Lattice Energy
CTHGENE (kJ/mol) (kJ/mol)

Kl 632 KF 808
KBr 6N AgCl 910
RbF 774 NaF 910
Nal 682 LiF 1030

NaBr 7132 5rCl; 2142
NaCl 769 MgO 3795

The value of lattice energy is also affected by the charge of the ion.
The ionic bond formed from the attraction of ions with larger positive
or negartive charges generally has a greater lattice energy. The lattice
energy of MgO is almost four times greater than that of NaF because
the charge of the ions in MgO is greater than the charge of the ions in
NaF. The lattice energy of SrCl; is between the latrice energies of
MgO and NaF because SrCl; conrains ions with both higher and lower
charges.

READING CHECK Summarize the charges on each ion in the following
ionic compounds: MgO, NaF, SrCls.

Table 6 shows the lattice energies of some ionic compounds.
Examine the lattice energies of RbF and KF. Because K has a smaller
ionic radius than Rb+, KF has a greater lattice energy than RbF. This
confirms thar lattice energy is related to ion size. Norice the lattice
energies of SrCl; and AgCl. How do they show the relationship between
lattice energy and the charge of the ions involved?

Compound lonic Radii Lattice Energy (kJ/mol)

lithium fluoride (LiF) 1,036

lithium chloride (LiCl) 853

lithium iodide (Lil)

lithium bromide (LiBr) = 807



Lattice Energy

Compound Charge on Cation Charge on Anion (kJ/mol)
sodium fluoride (NaF) 1+ 1- 904
calcium fluoride (CaF,) 2+ 1- 2,611
lithium bromide (LiBr) 1+ 1- 807
magnesium bromide (MgBr) 2+ 1- 2,421
Write the chemical name of an ionic compound containing monoatomic and palyatomic ions including oxyanions) Text Book .
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Formulas for polyatomic ionic compounds Many ionic com-
pounds contain polyatomic ions, which are ions made up of more
than one atom. Table 9 and Figure 10 list some common polyatomic
ions. Also, refer to Table R-5 in the Student Resources. A polyatomic
ion acts as an individual ion in a compound and its charge applies to
the entire group of atoms. Thus, the formula for a polyatomic com-
pound follows the same rules used for a binary compound.

Because a polyatomic ion exists as a unit, never change subscripts of
the atoms within the ion. If more than one polyatomic ion is needed,
place parentheses around the ion and write the appropriate subscript
outside the parentheses. For example, consider the compound formed
from the ammonium ion (NH,*) and the oxide ion (O?7). To balance
the charges, the compound must have two ammonium ions for each
oxide ion. To add a subscript to ammonium, enclose it in parentheses,
then add the subscript. The correct formula is (NH4) 20.

Names for lons and lonic Compounds

Scientists use a systemaric approach when naming ionic compounds.
Because ionic compounds have both carions and anions, the naming
system accounts for both of these ions.

Naming an oxyanion An oxyanion is a polyatomic ion composed of
an element, usually a nonmetal, bonded 1o one or more oxygen atoms.
More than one oxyanion exists for some nonmertals, such as nitrogen and
sulfur. These ions are easily named using the rules in Table 10.



As shown in Table 11, chlorine forms four oxyanions thar are named
according to the number of oxygen atoms present. Names of similar
oxyanions formed by other halogens follow the rules used for chlo-
rine. For example, bromine forms the bromare ion (BrO;-), and iodine
forms the periodate ion (I04-) and the iodate ion (I03-).

Naming ionic compounds Chemical nomenclature is a systematic
way of naming compounds. Now that you are familiar with chemical
formulas, you can use the following five rules to name ionic
compounds.

1. Name the cartion followed by the anion. Remember that the cation
is always written first in the formula.

2. For monatomic cations, use the element name.

3. For monatomic anions, use the root of the element name plus the
suffix -ide.
Example;

I—Ftule 1—|

CsBr Cesium bromide
|——Hule IJ
Rule 3

4. To distinguish between mulriple oxidation numbers of the same
element, the name of the chemical formula must indicare the
oxidation number of the carion. The oxidation number is written
as a Roman numeral in parentheses after the name of the cartion.

Note: This rule applies to the transition merals and merals on the
right side of the periodic table, which often have more than one
oxidartion number. See Table 8. It does not apply to group 1 and
group 2 carions, as they have only one oxidation number.

Examples:

FeZ* and O¢ ions form FeQ, known as iron(Il) oxide.
Fe3* and O% ions form Fe,O;, known as iron(Ill) oxide.

5. When the compound contains a polyatomic ion, simply use the
name of the polyatomic ion in place of the anion or cartion.
Examples:

The name for NaOH is sodium hydroxide,
The name for (NH,),S is ammonium sulfide.
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DROBLEM-SOLVING [SSTRATEGYS
Naming lonic Compounds
A . . Example Determine the cation Example
Naming ionic compounds is easy if you Na,PO, and anion of the Fe,0;
follow thi i tion fl hart Cati ‘T i L Ani
ollow Is naming-convention riowchar Amlnl'.]rll'l given formula. CQL(:'“
Apply the Strategy l
Name the compounds KOH and Ag,CrO,
using this flowchart. Sodium has Does the cation Iron can
nn!yr one have only one have spueral
oxidation number. oxidation number? oxidation numbers.
Yes No
Wirite the name of the cation, 'ﬁgﬁeﬁldeb;zm;oomf;p iﬁﬁml
then nfm;:te thg to represent the charge. Next,
paine e wnaon, write the name of the anion,
Na,PO, = sodium phosphate Fe,0, = iron(lll} oxide
830 1 ALY a5 Call daia (850 549 548 (50 Sle gAY o : ddaadl
Expiain some physical properties of metals {Melting and bailing paints, Thermal and eiectrical conductivity, Malleability. Ductility, Durability Hardness,and Strength) Figures 11 ., 12
1 93 - 94
. 12 511 gy
{1y L~ iy oty 8 Tl - el B g -ty el L) Al i s s
2 Figure 11 The valence electrons in metals (shown as a blue cloud of minus signs)
are evenly distributed among the metallic cations (shown in red). Attractions between
positive cations and the negative "sea” hold the metal atoms together in a lattice.
Explain Why are electrons in metals known as delocalized electrons?
Metal cation
ooooeafmm“
4




= Figure 12 An applied force External
causes metal ions to move through force

delocalized electrons, making metals M @ e ‘ Metal is deformed. 0 ‘ 0 '
malleable and ductile. _ _— @

Differentiate between sigma and pi bonds Teut Book
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The sigma bond Single covalent bonds are also called sigma bonds,
represented by the Greek letter sigma (o). A sigma bond occurs when
the pair of shared electrons is in an area centered between the two
atoms. When two atoms share electrons, their valence atomic orbirtals
overlap end-to-end, concentrating the electrons in a bonding orbiral
between the two atoms. A bonding orbiral is a localized region where
bonding electrons will most likely be found. Sigma bonds can form
when an s orbital overlaps with another s orbiral or a p orbiral, or two
p orbitals overlap end-to-end. Water (H20), ammonia (NH3), and meth-
ane (CH,) have sigma bonds, as shown in Figure 7.

READING CHECK List the orbitals that can form sigma bonds ina
covalent compound.

Multiple Covalent Bonds

In some molecules, atoms have noble-gas configurations when they
share more than one pair of electrons with one or more atoms. Sharing
multiple pairs of electrons forms multiple covalent bonds. A double
covalent bond and a wiple covalent bond are examples of mulriple
bonds. Carbon, nitrogen, oxygen, and sulfur atoms often form multiple
bonds with other nonmertals. How do you know if two atoms will forn
a multiple bond? In general, the number of valence electrons needed
form an octet equals the number of covalent bonds that can form.

Double bonds A double covalent bond forms when two pairs of
electrons are shared between two atoms. For example, atoms of the
element oxygen only exist as diatomic molecules. Each oxygen atom
has six valence electrons and must obtain two additional electrons fo
a noble-gas configuration, as shown in Figure 8a. A double covalent
bond forms when each oxygen atom shares two elecrtrons; a tortal of
two pairs of electrons are shared berween the two atoms.

Triple bonds A triple covalent bond forms when three pairs of
electrons are shared between two atoms. Diatomic nitrogen (N;)
molecules contain a triple covalent bond. Each nitrogen atom shares
three electron pairs, forming a triple bond with the other nitrogen
arom as shown in Figure 8b.



The pi bond A multiple covalent bond consists of one sigma bond
and at least one pi bond. A pi bond, represented by the Greek letter
pi (m), forms when parallel orbitals overlap and share electrons. The
shared electron pair of a pi bond occupies the space above and below
the line that represents where the two atoms are joined together.

The Strength of Covalent Bonds

Recall thar a covalent bond involves attractive and repulsive forces. In
a molecule, nuclei and electrons attract each other, but nuclei repel
other nuclei, and electrons repel other electrons. When this balance
of forces is upsert, a covalent bond can be broken. Because covalent
bonds differ in strength, some bonds break more easily than others.
Several factors influence the strength of covalent bonds.

Bond length The strength of a covalent bond depends on the distance
between the bonded nuclei. The distance between the two bonded
nuclei at the position of maximum arttraction is called bond length, as
shown in Figure 10. It is determined by the sizes of the two bonding
atoms and how many electron pairs they share. Bond lengths for
molecules of fluorine (F»), oxygen (O5), and nitrogen (N») are listed in
Table 1. Notice thar as the number of shared electron pairs increases,
the bond length decreases.

Bond length and bond strength are also related: the shorter the
bond length, the stronger the bond. Therefore, a single bond, such as
thar in F,, is weaker than a double bond, such as that in O,. Likewise,
the double bond in O3 is weaker than the triple bond in N..

Identity the relationship between the type of a covalent bond (:irlgle, double, m} and its band length, band strength and band diszociation energy

Tables ] , 2, Text Book
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Table 1 Covalent Bond Type and
Bond Length

Bond Type Bond Length

F, single covalent 143 %1079 m
0, double covalent 1.21%x 107 %m

N triple covalent 110 x 107" m

o ey 71yl




Table 2 Bond-Dissociation Energy

Bond-Dissociation Energy

F, 159 kJ/mol
02 498 kJ/mol
N, 945 kJ/mol

Bonds and energy An energy change occurs when a bond
berween atoms in a molecule forms or breaks. Energy is released
when a bond forms, bur energy must be added to break a bond.
The amount of energy required to break a specific covalent bond is
called bond-dissociation energy and is always a positive value.
The bond-dissociation energies for the covalent bonds in molecules
of fluorine, oxygen, and nitrogen are listed in Table 2.
Bond-dissociation energy also indicates the strength of a chemical
bond because of the inverse relationship between bond energy and
bond length. As indicated in Table 1 and Table 2, the smaller the bond
length is, the greater the bond-dissociation energy. The sum of the
bond-dissociation energy values for all of the bonds in a molecule is the
amount of chemical potential energy in a molecule of that compound.
The toral energy change of a chemical reaction is derermined from
the energy of the bonds broken and formed. An endothermic
reaction occurs when a greater amount of energy is required to break
the existing bonds in the reactants than is released when the new bonds
form in the products. An exothermic reaction occurs when more
energy is released during product bond formarion than is required to
break bonds in the reactants. Figure 11 illustrates a common exothermic
reaction. You will study exothermic and endothermic reactions in much
greater dertail when you study the energy changes in chemical reactions.
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NAMING BINARY MOLECULAR COMPOUNDS Name the compound P50, which is
used as a drying and dehydrating agent.

El ANALYZE THE PROBLEM

You are given the formula for a compound. The formula contains the elements and the
number of atoms of each element in one molecule of the compound. Because only two
different elements are present and both are nonmetals, the compound can be named
using the rules for naming binary molecular compounds.

SOLVE FOR THE UNKNOWN
First, name the elements involved in the compound.
phosphorus The first element, represented by P, Is phosphorus,

oxide The second element, represented by O, Is oxygen.
Add the suffix —ide to the root of oxygen, ox-.

phosphorus oxide Combine the names.
Now modify the names to indicate the number of atoms present in a molecule.

diphosphorus pentoxide From the formula P20g, you know that two phosphorus atoms and
filve oxygen atoms make up a molecule of the compound. From
Table 3, you know that di- Is the prefix for two and penta- Is the
prefix for flve. The a In penta- Is not used because oxide begins
with a vowel.

Name each of the binary covalent compounds listed below.

14.
15.
16.
iT.
18.

CO,
503
NF5
CCl4
Challenge What is the formula for diarsenic trioxide?

Table 3 Prefixes in Covalent Compounds

1 mono-
2 di-

3 tri-

b
!
8
9

4 tetra-

5 penta- 10

hexa-
hepta-
octa-
nona-

deca-
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Tablesd , Text Book

Name a ac | binary acid and axjacd) gven s chemiclfrmla andvice versa

byl

118

Naming Acids

Water solutions of some molecules are acidic and are named as acids.
Acids are important compounds with specific properties. If a com-
pound produces hydrogen ions (H*) in solurion, it is an acid. For
example, HCI produces H* in solution and is an acid. Two common
types of acids exist—binary acids and oxyacids.

Naming binary acids A binary acid contains hydrogen and one
other element. The naming of the common binary acid known as
hydrochloric acid is explained in the following rules.

1. The first word has the prefix hydro- to name the hydrogen part of
the compound. The rest of the first word consists of a form of the
root of the second element plus the suffix -ic. Hel (hydrogen and
chlorine) becomes hydrochloric.

2. The second word is always acid. Thus, HCI in a water solution is called
hydrochloric acid.

Although the term binary indicates exactly two elements, a few
acids that contain more than two elements are named according to
the rules for naming binary acids. If no oxygen is present in the
formula for the acidic compound, the acid is named in the same way
as a binary acid, exceprt that the roort of the second part of the name
is the root of the polyatomic ion thart the acid conrtains. For example,
HCN, which is composed of hydrogen and the cyanide ion, is called
hydrocyanic acid in solution.

Naming oxyacids An acid that conrtains both a hydrogen atom and
an oxyanion is referred to as an oxyacid. Recall that an oxyanion is a
polyatomic ion containing one or more oxygen atoms. The following
rules explain the naming of nitric acid (HNO3), an oxyacid.

1. First, identify the oxyanion present. The first word of an oxyacid’s
name consists of the root of the oxyanion and the prefix per- or
hypo- if it is part of the oxyanion’s name. The first word of the
oxyacid’s name also has a suffix that depends on the oxyanion’s
suffix. If the oxyanion’s name ends with the suffix -are, replace it
with the suffix -ic. If the name of the oxyanion ends with the suffix
-ite, replace it with the suffix -ous. No;~, the nitrate ion, becomes nifric.

2. The second word of the name is always acid. HNO; (hydrogen and the

nitrate ion) becomes nitric acid.




Table 4 Naming Oxyacids

HCIO, chlorate -ic chloric acid
HCIO, chlorite -0Us chlorous acid
HNO, nitrate -iC nitric acid
HNO , nitrite -0us nitrous acid
Draw Lewis structures for a number of covalent compounds with single and multiple bonds Example 3 , Applications
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LEWIS STRUCTURE FOR A COVALENT COMPOUND

WITH SINGLE BONDS Ammonia is a raw material used

in the manufacture of many products, including fertilizers,

cleaning products, and explosives. Draw the Lewis structure

for ammonia (NH4). |

El ANALYZE THE PROBLEM

Ammonia molecules consist of one nitrogen atom and three
hydrogen atoms. Because hydrogen must be a terminal atom,
nitrogen is the central atom.

El SOLVE FOR THE UNKNOWN
Find the total number of valence electrons available for bonding.

5 valence electrons 1 valence electron
1N atom + 3 Hatoms x =——rp=r

= 8 valence electrons

1 N atom x

There are 8 valence electrons available for bonding.

Determine the total number of
bonding pairs. To do this, divide the
number of available electrons by two.

8 electrons

5 electronsjpair " PANS

Four pairs of electrons are available for bonding.

H—N—H Place a bonding pair (a single bond)
between the central nitrogen atom
H and each terminal hydrogen atom.

Determine the number of bonding pairs remaining.

4 pairs total — 2 pairs used Subtract the number of palrs used In
= 1 pair available these bonds from the total number of
pairs of electrons avallable.

The remaining pair—a lone pair—must be added to either the
terminal atoms or the central atom. Because hydrogen atoms can
have only one hond, they have no lone pairs.

H—N—H Place the remaining lone pair on the

|_|| central nitrogen atom.



37. Draw the Lewis structure for BHs.

38. Challenge A nitrogen trifluoride molecule contains numerous lone
pairs. Draw its Lewis structure.

Determine the El.ttpliﬂlﬂ fa the octet rule #Nd number of valence slectrons suboctets ¢

{und coordinate covalent bonds, expanded octsts
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Exceptions to the Octet Rule

Generally, atoms attain an ocretr when they bond with other atoms.
Some molecules and ions, however, do not obey the octet rule.
There are several reasons for these exceprions.

Odd number of valence electrons First, a small group of molecules
might have an odd number of valence electrons and be unable to form
an ocret around each atom. For example, NO; has five valence elec-
trons from nitrogen and 12 from oxygen, totaling 17, which cannot
form an exact number of electron pairs. See Figure 15. Cl1O; and NO are
other examples of molecules with odd numbers of valence electrons.

Suboctets and coordinate covalent bonds Another
exceprtion to the octert rule is due ro a few compounds that form
suboctets—stable configurations with fewer than eight electrons
present around an atom. This group is relatively rare, and BH3 is an
example. Boron, a group 13 metalloid, forms three covalent bonds
with other nonmerallic atoms.
HsB=H
I
H

The boron atom shares only six electrons—too few to form an octer.
Such compounds rend to be reacrtive and can share an entire pair of
electrons donated by another atom.

A coordinate covalent bond forms when one atom donates both
of the electrons to be shared with an atom or ion that needs two elec-
trons to form a stable electron arrangement with lower porential energy.
Refer 1o Figure 16. Atoms or ions with lone pairs often form coordinate
covalent bonds with atoms or ions that need two more electrons.

= Figure 15 The central nitrogen atom in
this NO, molecule does not safisfy the octet
rule; the nitrogen atom has only seven
electrons in its outer energy level.

Incomplete octet

Ll

.:q Q"



Expanded octets The third group of compounds that does not
follow the octert rule has central atoms that conrtain more than eight
valence electrons. This electron arrangement is referred to as an
expanded octet. An expanded octet can be explained by considering
the d orbitals that occur in the energy levels of elements in period
three or higher. An example of an expanded ocrtert, shown in
Figure 17, is the bond formarion in the molecule PCl;. Five bonds are
formed with ten electrons shared in one s orbital, three p orbirals, and
one d orbital. Another example is the molecule SF;, which has six
bonds sharing 12 electrons in an s orbital, three p orbirals, and two d

orbitals. When you draw the Lewis structures for these compounds,

either extra lone pairs are added to the central atom or more than
four bonding atroms are present in the molecule.
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Using the V3EFR mode| the efeciron domain geametry and molecular geometry for different malecules and ions
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Table 6 Molecular Shapes

Total | Shared | Lone
Pairs Pairs | Pairs

BeC|2

AICI,

CH,

2

Hybrid

Orbitals Molecular Shape

sp ._.F

1 120°

sp?2 ,
Trigonal planar
109.5°
sp? \
Tetrahedral

' )
The BeClz molecule contains only two
pairs of electrons shared with the
central Be atom. These bondin
=y bt
electrons have the maximum
separation, a bond angle of 180°, and
the molecular shape is linear.
J
(" R
The three bonding electron pairs in
AICI3 have maximum separationin a
ﬁ trigonal planar shape with 120° bond
angles.
o - J
' =)
When the central atom in a molecule
has four pairs of bonding electrons, as
CHgs does, the shape is tetrahedral.
ﬁThe bond angles are 109.5°.
J
(- &



NH

H,0

NbBrs

5Fg

]

sp?

o
107.3°
Trigonal pyramidal

104.5°
Bent

90°
D\

120"

spid

Trigonal bipyramidal

af o

) s0°

Wi 1o

an

Octahedral

g

<= 0f bonding electrons. The trigonal

<= ahout the central atom result in an

MH3 has three single covalent bonds
and one lone pair. The lone pair takes
up a greater amount of space than the
shared pairs. There is stronger
repulsion between the lone pair and
the bonding pairs than between two
bonding pairs. The resulting geometry
is trigonal pyramidal, with 107.3° bond
angles.

Water has two covalent bonds and
two lone pairs. Repulsion between the
lone pairs causes the angle to be
104.5°, less than both tetrahedral and
trigonal pyramid. As a result, water

molecules have a bent shape.
" _

r© =
The NbBrs molecule has five pairs

bipyramidal shape minimizes the
repulsion of these shared electron

pairs.
LN A

f ™)
As with NbBrs, SFs has no unshared
electron pairs on the central atom.
However, six shared pairs arranged

octahedral shape.

155 >y
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Categorize bond types using electronegativity difference intoc mostly jonic, polar covalent , mostly covalent .and nen- polar covalent bonds

Tables 7, Figures 21,22, Text Book
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Table 7 EN Difference and Bond Character

Electronegativity Difference

Bond Character

=17 mostly ionic
04-—-17 polar covalent
<04 mostly covalent
0 nonpolar covalent

Electronegativity Values for Selected Elements

u Figure 21 This graph shows that the
difference in electronegativity between

1
H
2:20 Metal
3 4 s 5 (1 o B Q
Li | Be Metalloid Sll.c | 8 | 0o | ¥
0.98 1.57 Nonm Etﬂl 2.04 2.55 3.04 344 108
11 12 13 14 15 16 17
Na | Mg A|lsu|ep|s | a
093 1.3 1.61 1.90 219 2.58 316
19 20 21 22 23 24 25 26 7 28 29 30 3] 32 33 34 35
K Ca Sc Ti v Cr Mn Fe Co Mi Cu In Ga Ge As Se Br
0.82 1.00 1.36 1.54 1:63 1.66 1.55 1.83 1.88 1.91 1.90 1.65 1.81 2.01 218 255 296
37 B | 39 0 £ @2 | & 4 a5 i6 | 47 48 4 50 | &1 52 53
W | Sr | ¥ | zr | Nb | Mo | Te | mu | mn | Pd | Ag | €cd | | sn | Sb | Te | 1
0.82 0.95 122 1.33 1.6 216 210 e 228 2.20 1.93 1.69 1.78 1.96 205 21 2.66
55 56 57 72 73 74 75 76 77 78 79 BO &1 &2 B3 84 B85
¢ | Ba | ta | | Ta| W | R |0 | 1r | Pt | Au | Hg | T | Pb | Bi | Po | A
0.79 0.89 1.10 1.3 1.5 [ 1.9 2.2 2.2 2.2 2.4 1.9 1.8 1.8 1.9 20 2:2
87 88 a9
Fr Ra Ac
0.7 0. 1.1

bonding atoms determines the percent ionic = il J
character of the bond. Above 50% ionic E {loni¢ Ca0 "
character, bonds are mostly ionic. H] £ , /E’
= Na
L 5 i 2
s HF
= /J |
)
|
§ 25 - :
E HCl : Covalent
GRAPH CHECK o I ,
Determine the percent ionic character of ] 1,0 2.0 3.0
calcium oxide.

Electronegativity difference




Bond character A chemical bond between atoms of different elements
is never completely ionic or covalent. The character of a bond depends
on how strongly each of the bonded atoms attracts electrons. As shown
in Table 7, the character and type of a chemical bond can be predicred
using the electronegarivity difference of the elements that bond. Elec-
trons in bonds berween identical atoms have an electronegarivity
difference of zero-meaning thart the electrons are equally shared between
the two atoms. This type of bond is considered nonpolar covalent, or a
pure covalent bond. On the other hand, because different elements have
different electronegarivities, the electron pairs in a covalent bond
between different atoms are nort shared equally. Unequal sharing resulrs
in a polar covalent bond. When there is a large difference in the
electronegarivity between bonded atoms, an electron is transferred from
one atom to the other, which results in bonding thar is primarily ionic.
Bonding is not often clearly ionic or covalent. An electronegativity
difference of 1.70 is considered 50 percent covalent and 50 percent
ionic. As the difference in electronegativity increases, the bond
becomes more ionic in character. Generally, ionic bonds form when the
electronegarivity difference is greater than 1.70. However, this curoff is
sometimes inconsistent with experimental observations of two non-
metals bonding together. Figure 21 summarizes the range of chemical
bonding between two atoms. Whart percent ionic character is a bond
between two atoms that have an electronegarivity difference of 2.00?

Where would LiBr be plotted on the graph?

Polar Covalent Bonds

As you just learned, polar covalent bonds form because nor all atoms
thar share electrons attract them equally. A polar covalent bond is
similar to a tug-of-war in which the two teams are nort of equal
strength. Although both sides share the rope, the stronger team pulls
more of the rope toward its side. When a polar bond forms, the shared
electron pair or pairs are pulled toward one of the atoms. Thus, the
electrons spend more time around that atom than the other atom. This
results in partial charges at the ends of the bond.

The Greek letter delta (8) is used to represent a partial charge, In a polar
covalent bond, 6 represents a partial negative charge and & represents a
partial positive charge. As shown in Figure 22, and é* can be added to a
molecular model o indicate the polarity of the covalent bond. The more-
electronegarive atom is at the partially negative end, while the less-electro-
negative atom is at the partially positive end. The resulting polar bond often
is referred to as a dipole (two poles).

Molecular polarity Covalently bonded molecules are either polar or
nonpolar; which type depends on the locarion and nature of the
covalent bonds in the molecule. A distinguishing feature of nonpolar
molecules is that they are nort attracted by an electric field. Polar
molecules, however, are attracted by an electric field. Because polar
molecules are dipoles with partially charged ends, they have an
uneven electron density. This results in the tendency of polar mol-
ecules to align with an electric field.



Polarity and molecular shape You can learn why some molecules are
polar and some are not by comparing water (H,0O) and carbon tetrachlo-
ride (CCly) molecules. Both molecules have polar covalent bonds. Accord-
ing to the dara in Figure 20, the electronegativity difference between a
hydrogen atom and an oxygen atom is 1.24. The electronegarivity differ-
ence berween a chlorine atom and a carbon atom is 0.61. Although these
electronegarivity differences vary, a H-O bond and a C—Cl bond are
considered to be polar covalent.

&t & &t &
H-O C-Cl

According to their molecular formulas, both molecules have more
than one polar covalent bond. However, only the water molecule is
polar. Why might one molecule with polar covalent bonds be polar,
while a second molecule with polar covalent bonds is nonpolar? The
answer lies in the shapes of the molecules.

Describe conditions nesded for a malecule to be palar
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The bent shape of The symmetry of a CCl,
a water molecule molecule results in an equal
makes it polar. distribution of charge, and

the molecule is nonpolar.
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The asymmetric shape of an
ammonia molecule results in
an unequal charge distribu-
tion and the molecule is polar.




The shape of an H-O molecule, as derermined by VSEPR, is bent
because the cenrral oxygen atom has lone pairs of electrons, as shown
in Figure 23a. Because the polar H-O bonds are asymmetric in a warter
molecule, the molecule has a definite positive end and a definite
negative end. Thus, it is polar.

A CCls; molecule is tetrahedral, and therefore, symmerrical, as
shown in Figure 23b. The electric charge measured art any distance
from its center is identical to the charge measured at the same distance
to the opposite side. The average center of the negative charge is located
on each chlorine atom. The positive center is also located on the carbon
atom. Because the partial charges are balanced, CCly is a nonpolar
molecule. Note that symmertric molecules are usually nonpolar, and
molecules that are asymmertric are polar as long as the bond type is polar.

Is the molecule of ammonia (NH3), shown in Figure 23¢, polar? It has
a cenrtral nitrogen atom and three terminal hydrogen atoms. Its shape is
trigonal pyramidal because of the lone pair of electrons present on the
nitrogen atom. Using Figure 20, you can find thart the electronegartivity
difference of hydrogen and nitrogen is 0.84, making each N-H bond
polar covalent. The charge distribution is unequal because the molecule
is asymmerric. Thus, the molecule is polar.

Solubility of polar molecules The physical property known as
solubility is the ability of a substance to dissolve in another substance.
The bond type and the shape of the molecules present determine
solubility. Polar molecules and ionic compounds are usually soluble

in polar substances, but nonpolar molecules dissolve only in nonpolar
substances, as shown in Figure 24.

= Figure 24 Symmetric
covalent molecules, such as
oil and most petroleum
products, are nonpolar.
Asymmetric molecules, such
as water, are usually polar. As
shown in this photo, polar and
nonpolar substances usually
do not mix.

Infer Will water alone clean
oil from a fabric?
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