UNIT ViIIl: ATOMS AND THE PERIODIC TABLE

It seems everyone knows what atoms are and accepts the idea that they are the building blocks of everything
around us, but consider the following. As late as 1900, Europe’'s leading chemist, Wilhelm Ostwald,
published a famous and respected textbook of chemistry which never once referred to atoms because the
concept of “atoms” was thought to be useless in his opinion. In addition, it was not until 1932 that the
neutron was found (although its existence had long been suspected). In other words, when your
grandparents were young, school chemistry texts were largely silent on what made up an atom because the
latest news from the research journais had yet to come into common knowledge.

This unit briefly examines the path leading to the discovery of what makes up an atom, and then examines the
ways in which the inner structure of the atom explains the concept of nuclear isotopes, the form of the
periodic table, the fact that many elements behave and react in a predictable manner, and the manner in which
atoms combine with each other.

VIIL1. THE STRUCTURE OF THE ATOM
e F R S e e E Sl S e ———————

a) The Atomic Models of the Early Greeks and Medieval Alchemists

The earliest suggestion that atoms might exist came in the 5th century B.C. when Democritus
expanded on the ideas of his teacher and stated that the differences between substances were
the direct result of differences in the size and shape of tiny, uniform, uncuttable particles.

In the 4th century BC, Aristotle rejected this idea and proposed that earthly matter had no
properties itself and that various combinations of simple properties existed in this undifferentiated
“matter” to create every substance known. The four properties which could exist were

moist, dry, heat and cold.
These properties were contained in various proportions by four major elements

water, air, fire and earth,
that made up everything our senses could detect. For example, the element “fire” had the
properties of "hot" and “dry”.

AIR_| moist WATER Early Greek “periodic table”

hot cold {Greek students didn't have a long list of

elements to memorize for Alchemy 11!)
FIRE dry |EARTH

Aristotle’s theories of matter and properties were meant as philosophical analogies and were not
intended to suggest that one could actually extract and purify the properties from a substance.

Some later versions of Aristotle's theory stated that matter could be infinitely subdivided and other
versions stated that a non—dividable smallest particle of .each type of substance existed. The
important point to note is that all the Greek theories were essentially philosophical and moralistic in
nature and did little or nothing to suggest a direction for experimental work (which was thought to
be misleading and not worth carrying out since it was believed that nature could best be
understood by philosophers, not experimenters, because experimental results were often
ambiguous and misleading).

During the middle ages, a great deal of practical chemical knowledge accumulated from the
investigations of arab and european alchemists. This large body of experimental work contained
information on the separation of metals from ores and numerous types of distillations. From this
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body of work the idea that matter existed as “corpuscles” which were subject to various attractions
and repuisions eventually emerged, but again the ideas were mainly philosophical in nature. So
little chemical knowledge existed that there was no chemical industry as such and little day to day
usage of any chemicals other than those which existed naturally in the form of food or beverages.

EUREKA‘ IVe Hturned
Gold into Lead

Embarr assing Moments

in the Early Days of
Chemistry

b) Dalton’s Atomic Theory

In 1808, John Dalton reintroduced the idea of atoms and supported his atomic theory on a firm
experimental foundation. Dalion’s atomic theory can be stated as follows.

i) Elements are made up of extremely small particles calied atoms.

ii) The atoms making up a particular element are all identical and different types of atoms
have different properties.

iii) Each chemical compound is unique and consists of a particular combination of specific
types of atoms put together in a distinctive way.

iv) Chemical reactions involve the reshuffling of the atoms in a compound to make new
compounds. The new compounds are made from the same atoms which were present in
the original compound.

These hypotheses explained three fundamental laws which had been recognized, if not explicitly
stated, for some time.

The Law of Definite Proportions (also called the Law of Constant Composition): Every
pure sample of a particular compound always contains the same proportion by mass of the
elements in the compound. (This law was explained by Dalton’s 2nd and 3rd hypotheses. )
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c)

The Law of Multiple Proportions: When different masses of one element combine with a
specific mass of a second element, the mass ratios of the first element are small whole
number ratios. For example, when 1.00 g of copper is reacted with different amounts of
oxygen, two ditferent compounds can be formed in which there are 0.126 g and 0.252 g of
oxygen present. The ratio of the oxygen masses in these compounds is

0.252 2

0.126 1~
(These experimental observations are explained by Dalton’s 3rd hypothesis. )

The Law of Conservation of Mass: The mass of the reactants equals the mass of the
products. (This law was explained by Dalton’s 4th hypothesis. )

In addition to his atomic theory, Dalton made a huge contribution to chemistry by showing how to
calculate the atomic masses of the atoms involved in a reaction and how to find the number of
each type of atom in the molecules. This allowed accurate analyses of compounds and the
prediction of the amounts of each reactant needed to make a given product.

The Thomson Model of the Atom

By the end of the nineteenth century a large amount of chemical research had been carried out
and interpreted in terms of atoms and molecules, although there was little direct evidence for
atoms. Nevertheless, by the middle of the nineteenth century evidence began to emerge, not
for the direct existence of atoms but for the even smaller particles which make up atoms.

The first piece of the puzzle regarding the composition of the atom fell into place in 1897 when
J.J. Thomson discovered that atoms contain negatively—charged particles which he called
“corpuscles” and were later named "electrons”. Later, he showed that positively-charged
particles could also be obtained from atoms. Because individual atoms are electrically neutral,
Thomson hypothesized that atoms must possess both positive and negative charges. Although
he did not know why such a positive charge might exist, he proposed that the atom consisted of a
ball of positive charge with negative charges distributed throughout the ball, as shown below.

@ ® I spherical ball of
positive charge

® geo.
® ..\embedded negative charges

This model was later nicknamed “the plum pudding model” because it resembled an English
pudding which has raisins spread through its interior. In a magnetic field, the oscillation of
electrons back and forth through the positive charge explained many puzzling experimental
observations. Although the Thomson model was later disproved, it was consistent with the data
available at the time and represented an elegant model having a great deal of explaining power.
Thomson found that the electron possessed a mass as well as a charge and showed that the
charge (e) to mass (m) ratio was

L —-1.76x 108 coulombs/gram, where a coulomb is a unit of electrical charge.
m

Later work by Robert Milliken in 1909 showed that an electron’s massisatiny 9.11 x 102 g,
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EXERCISES:

1. The ancient Greek view of nature was based on an experimental approach to acquiring
knowledge. Support or contradict this statement.

2. Suggest a possible reason why most investigations of the alchemists were concerned with
the saparation of metals from ores,

3. How did the work of Dalton allow an expansion of chemical manufacturing?

4. Early chemists believed that atoms were indivisible and had no internal structure. What effect
did the work of Thomson have on such ideas?

5. The term "berthollide” describes a compound in which the amounts of the elements present
can be changed over a substantial range. For example, samples of FeS may actually have
formulas such as Feg.g43S or Feg.gesS. Such compounds were unknown in Dalton's time.
Which, if any, of the Laws of Definite Proportions, Muitiple Proportions and Conservation of
Mass are violated by the existence of the berthollides?

6. Show that the following four oxides of nitrogen obey the Law of Multiple Proportions.

Compound # Mass of N (g) Mass of O (g)
1 0.3160 0.0903
2 0.3160 0.3611
3 0.3160 0.7223
4 0.3160 0.5417

Within a short time after Thomson published his model, a fairly detailed and accurate picture of the
atom’s structure emerged. Even as Thomson was investigating the atom, other workers were finding
other pieces of the atomic puzzle, although where the pieces fit was not immediately clear.

Henri Becquerel (1896) was trying to study light emission by minerals when he found that energy
was given off by uranium-containing minerals, even when they were not exposed earlier to light (that
is, the minerals were not re—emitting previously—-absorbed light). He had accidentally discovered
radioactivity, that is, the ability to spontaneously "radiate" energy.

Marie and Pierre Curie (1898) followed up on Becquerel discovery and separated various radio—
active elements (notably radium and polonium) and studied their properties. They coined the term
"radioactive decay".

The greatest contribution to the study of the atom was made by Sir Ernest Rutherford, a New
Zealander who worked for nine years making fundamental discovery after discovery in Montreal before
moving to Manchester, England. The following summary of his work reveals why he was awarded the
Nobel Prize in chemistry in 1908.

a) Discovered the alpha, beta and gamma particles (1899 and later). Initially, Rutherford found
two new types of particles. One particle was easily stopped by a thin piece of metal — he called
this the "alpha" (« ) particle — and the other particle penetrated a much greater thickness of metal
— he called this the "beta” () particle. Beta particles eventually were found to be high energy
electrons emitted directly from the atomic nucleus. He later detected gamma (y ) particles and
found them to be high energy radiation given off by the nucleus.
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b)

c)

d)

e)

The table below shows the ability of alpha, beta and gamma particles to pass through various
substances. Although alpha particles do not penetrate tissue, they deliver sufficient energy to
ionize molecules and cause severe damage to individual cells. A gamma particle can penetrate
great distances through tissue, but does not cause much ionization to occur.

Maximum penetrating power of alpha, beta and gamma particles
PARTICLE | Penetrationindry air | Penetration in tissue Penetration in lead
alpha (a) 4cm 0.05mm Omm
beta (B) 6-300 cm 0.06—4 mm 0.3mm
gamma (y ) over 4km over5m over 30 cm

Correctly interpreted the nature of radioactivity (1902). He showed that new elements were
formed as a resulit of the radioactive decay of an element.

Discovered the true nature of the alpha particle (1908). He showed that «—patrticles were
simply He?* ions.

Discovered the atomic nucleus (1911). When he bombarded a piece of thin gold foil with
alpha particles, most of the particles went straight through, which meant that atoms were mostly
empty space. A few of the heavy alpha particles bounced straight back, which meant that there
was a very tiny region in the atom where most of the mass was concentrated : the nucleus. When
expressed as a multiple of the charge on the electron, the nucleus was found to have a positive
charge that was effectively equal to the atomic number of the atom. He postulated that the
nucleus contained all the protons and most of the mass of the atom.

Predicted the existence of the neutron (1920). As soon as Rutherford found that the atomic
nucleus contained protons, he had a serious problem. Protons have a mass of 1 and a charge of
+1. The helium nucleus was known to have a total charge of +2, which implied that it contained 2
protons, but it also had a mass of 4. He therefore suggested that the nucleus must contain
neutral particles (neutrons) having a mass of 1, so asto account for the extra mass of He?".

THE RUTHERFORD MODEL OF THE ATOM

Rutherford proposed that the atom consists of a tiny, positively charged nucleus surrounded by a
cloud of negatively—charged electrons. The nucleus contains almost all the mass of the atom and
consists of protons and neutrons. The number of electrons surrounding the nucleus equals the

number of protons in the nucleus, so as to make the atom electrically neutral.

In 1932, J. Chadwick discovered the neutron predicted by Rutherford.

The following table summarizes the properties of the three major atomic particles. (There are actually

well over a hundred known elementary particles, but they are unimportant for our purposes.)

The Properties of the Atomic Particles
PARTICLE | SYMBOL CHARGE | MOLAR MASS (g) | WHERE FOUND
electron e -1 0.000 549 outside nucleus
proton +1 1.007 825 inside nucleus
neutron 0 1.008 665 inside nucleus
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Rutherford’s work was concerned with the atomic nucleus and was not overly concerned with what the
electrons were doing. Once he found that electrons had to exist outside the nucleus, others had to
deal with the problem of electron behaviour. The “planetary” model of electron behaviour suggested
that electrons whirled around the nucleus, in the same manner that the planets revolve around the
sun. The problem was that the movement of negatively—-charged electrons around the positively—
charged nucleus would cause the electrons to radiate energy as they passed through the electric and
magnetic fields surrounding the nucleus and quickly collapse into the nucleus. The fact that this
radiation and collapse did not occur meant that something was very wrong with the planetary model.

Niels Bohr (1913) came up with a simple equation that could predict the peculiar pattern of energies
which can be produced by a hydrogen atom. In order to derive his equation, he had to make some
special assumptions about the way electrons in an atom behaved. (The consequences of Bohr's
work is examined in more detail in section F, “The Electronic Structure of the Atom".)

THE BOHR MODEL OF THE ATOM

Bohr proposed that the electrons in an atom are restricted to having certain specific energies and
are restricted to following specific paths called "orbits” at a fixed distance from the nucleus.
Electrons were only allowed to emit or absorb energy when they moved from one orbit to another.

Bohr's theory of the atom assumed that Rutherford's ideas were correct and tried to describe what the
electrons were doing. The overall picture describing the atom required a combination of the ideas of
both Rutherford and Bohr, so that the overall picture is sometimes called the Rutherford-Bohr
model of the atom. Bohr's theory eventually ran into a problem when it was found that the theory
could not be made to work with any atom having more than one electron. Since that time, the notion
of an orbit followed by the electrons in an atom has been discarded. Nevertheless, the
Bohr—-Rutherford model of the atom is still useful for developing the ideas encountered in this unit.

EXERCISES:

7. Why did Rutherford's discovery of the atomic nucleus cause Thomson's "plum pudding”
model of the atom to be abandoned?

8. What problem did the discovery of the neutron solve?
9. Does the Rutherford atomic model conflict with Dalton’s atomic theory? Explain your answer.
10. According to Rutherford’s model of the atom, what existed in the nucleus of the atom?

11. Which of alpha, beta and gamma particles could pass compietely through
(a) athin piece of cardboard? (b) an elephant?

12. How does the data in the table "The Properties of the Atomic Particles” support Rutherford’s
statement that the nucleus of the atom contains almost all the mass of the atom.

C. ATOMIC NUMBER AND ATOMIC MASS

The chemical elements are differentiated from one another by the number of protons in the nucleus.

EXAMPLE: H has 1 proton in its nucleus
He has 2 protons in its hucleus
Li has 3 protons in its nucleus

Conversely any atom containing 1 proton must be hydrogen, H
any atom containing 2 protons must be helium, He
any atom containing 3 protons must be lithium, Li
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Definition: The ATOMIC NUMBER of an atom is the humber of protons in its nucleus.

The fact that each proton has a +1 charge suggests an alternate way to define the
atomic number.

The ATOMIC NUMBER of an atom is the charge on its nucleus.

A neutral atom has NO OVERALL CHARGE, which means the number of positive charges due to the
protons in the nucleus must equal the number of negatively—charged electrons surrounding the

nucleus. In other words:

In a neutral atom
number of electrons = number of protons.

There are three pieces of information which usually are shown for each element on the periodic table.

5 -t ATOMIC NUMBER or CHARGE ON THE NUCLEUS
(always a whole number)
He-t— ATOMIC SYMBOL
4.0 ~——1———— ATOMIC MASS (alwaysa decimal number)

EXAMPLE: The atomic number of Nais 11. This means the following statements are also true.

Na has 11 protons in its nucleus.

Any atom containing exactly 11 protons is an atom of Na.
The charge on the nucleus of a sodium atom is +11.

A neutral sodium atom has 11 electrons.

If electrons are added to or subtracted from a neutral atom, the resulting particle is called an ION.

Note: Electrons have a NEGATIVE charge so ~
ADDING a NEGATIVE charge produces a NEGATIVE ion, and
TAKING AWAY aNEGATIVE charge produces a POSITIVE ion.

EXAMPLES: |f an extra electron is added to a neutral F atom, then:

number of protons =9
number of electrons =9+ 1 (extra)=10

so that: total charge on nucleus +9
total charge of electrons = -10

—1 andtheioniswrittenas: F".

total charge on atom

If two electrons are removed from a neutral Ba atom, then:

number of protons =56
number of electrons =56 — 2 (removed) = 54

+56
-54

+2 andthe ionis written as: Ba%*.

so that: total charge on nucleus
total charge of electrons

total charge on atom
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EXAMPLE: How many electrons are possessed by N*?
N3~ has 3 more electrons than a neutral atom of N. Since a neutral atom of N has 7
electrons (its atomic number equais the number of electrons), then:
number of electronson N> =7+3=10 .

How many electrons are possessed by Sn*+?

Sn** has 4 fewer electrons than a neutral atom of Sn. Since a neutral atom of Sn
has 50 electrons, then:
number of electrons on Sn* =50-4=46 .

EXERCISES:

13. How many protons are in the nucleus of each of the following?
(a) Be (b) U (c) Mn

14. How many electrons are there in a neutral atom of each of the following?
(a) C {b) Fe (c) Ar

15. How many electrons are there on each of the following?
(@) Nat (€) Vv3+ (e) CI (@) Sb* 0 H
(b) Mg?t d) o* M AR (h) Fe* Q) As*

16. What is the ion produced when
(a) two electrons are added to S? (f) two electrons are removed from Mn2*+?
(b) two electrons are removed from Ca? (9) an electron is removed from v
(¢) an electronis added to CI? (h) two electrons are added to Sb™?
(d) three electrons are removed from Al? (i) an electron is removed from O2-?

(e) an electron is added to Cr3+?

17. What is the charge on the nucleus of each of the following?
(a) Mg (b) Ne (c) K* (d) s%

Since both neutrons and protons have a molar mass of approximately 1 g, then the total mass of an
atom will be determined by the total number of protons and neutrons. (The electrons are too light to
make an appreciable contribution to the mass of an atom.)

Definition: The ATOMIC MASS of an atom is the total number of protons and neutrons.

Since atomic number = (# of protons)
and atomic mass = (# of protons) + (# of neutrons)

then number of neutrons = (atomic mass) — {(atomic number)

If the values for the atomic mass and atomic number must be shown with the atomic symbol, the
following super/subscript symbol is used.

atomic mass —..
Na

atomic number —— 1

This symbol is sometimes written as

BNa (since all sodium atoms have an atomic number of 11)
ar even Na-23 (which avoids having to write the atomic mass as a superscript).
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Hint: |f you get confused as to whether the top number in the superscript/subscript symbol is an
atomic mass or atomic number, remember that atomic mass is always greater than or equal to
atomic number (because there are more protons and neutrons than there are just protons).

EXAMPLE: Find the number of protons, neutrons and electrons possessed by the following atoms.

a) 2TAl  Since the atom is neutral, then (#of p)=(#of e7), and
number of protons = atomic humber=13
number of electrons = 13
number of neutrons = (atomic mass) - (atomic number)=27-13=14.

b) ;:AS *  Since the atom has a single "+" charge, then

number of protons = 33

number of electrons = 33-1=32 (the "+" charge indicates one
electron is removed)

number of neutrons = (atomic mass) ~ (atomic number) =75-33 =42,

EXERCISES:

18. Using the data in the table “The properties of the atomic particles” write super/subscript
symbols for the proton, neutron and electron. (Assume the mass of the electron is effectively
zero when writing its symbol and let its atomic number be its charge, ~1.)

19. Fillin the following table. Show both the atomic number and atomic mass of the “particle”.

Particle Atomic Atomic Number of | Number of | Number of
Number Mass protons neutrons electrons
24Cr
*22An
31 39 31
13 14 13
197 118 76
75 33 36
83 126 78
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If a proton (] p) is accelerated to extremely high velocities and strikes the nucleus of an atom, the
proton may be absorbed by the “target" nucleus to produce a new element.

EXAMPLE: °

of + : p—> nge (note that the atomic numbers and atomic masses are added)

On the other hand, adding a neutron (;n) to an element’s nucleus simply produces a heavier version

of the same element.

20
oF

EXAMPLE: 'iF + \n —»
Definition: ISOTOPES are atomic species having the same atomic humber but different atomic
masses.

EXERCISES:

20. "Heavy water" has the formula D20, where "D" is an isotope of hydrogen. A chemist has two
samples: one contains pure "ordinary" water and the other contains pure "heavy" water.
Measuring the mass and volume of each sample gives the following resuits.

volume of ordinary water = 25.00 mL volume of heavy water = 25.00 mL
mass of ordinary water =25.00g mass of heavy water =27.65¢g

Since isotopes only differ in their masses and have similar atomic diameters, the samples of

heavy and ordinary water contain equal numbers of molecules.

(a) How many times heavier than an ordinary water molecule is a heavy water molecule?

(b) If ordinary water has amolar mass of 18.0 g, what is the molar mass of heavy water?

(c) The formula of heavy water is D2O. Since "O" has a molar mass of 16.0 g, what is the
molar mass of the isotope "D"?

(d) Write the formula for D, showing the atomic mass and atomic number as super/subscripts.

(e) How many electrons, protons and neutrons does a neutral atom of D possess? How
many electrons, protons and neutrons does a neutral atom of H possess? Suggest why
D is called "heavy hydrogen".

21. You have two different samples of HoS(g). Sample 1 has a density of 1.539 g/l at 0°C and is
made from hydrogen and sulphur having a molar mass of 1.008 g and 32.066 g respectively.
Sample 2 has a density of 1.670 g/L at the same temperature and pressure and is made from
hydrogen with a molar mass of 1.008 g and an artificially—created isotope of sulphur. Whatis
the molar mass of the antificial sulphur?

There are three different isotopes of hydrogen, each of which has a special name.
} H =H=0RDINARY HYDROGEN (called "protium" on rare occasions)

fH =D =DEUTERIUM (sometimes called "heavy" hydrogen)
?H =T =TRITIUM (sometimes called "radioactive” hydrogen)

No other isotopes have special names.
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The molar mass of chiorine is 35.5 g. Since there can't be 0.5 of a proton or neutron, then "35.5 g"
must represent an AVERAGE value for a MIXTURE of isotopes. (Similarly, "the typical Canadian
family has 2.5 children” is a statement referring to an average — how else do you get half a child?)

EXAMPLE: Experiments show that chlorine is a mixture which is 75.77% CI-35 and 24.23% CI-37.
If the precise molar mass of Cl-35 is 34.968 852 g and of Cl-37 is 36.965 903 g, whatis
the average molar mass of the chlorine atoms in such a mixture?

Assume there are exactly 100 moles of the mixture.
Then # of moles of C-35=0.7577 x 100 mol = 75.77 mol

# of moles of Cl-37 = 0.2423 x 100 mol = 24.23 mol
34.968852g

mass of Cl-35 = 75,77 mol x T ol =2649.59 ¢
mass of CI-37 = 24.23 mol x 3—&—916:13—% = 895.68¢
total mass of mixture = 2649.59 + 895.68 = 3545.27 g
average molar mass of mixture = 3545.279 _ 35.453 -2
100 mol mol

Note: ltis not necessary to take 100 mol of a mixture. You can assume that one mole of “average”
atoms is used, having a composition which is 75.77 % CI-35 and 24.23 % CI|-37. The
above calculation is then simpilified.

mass of C-35 in mixture = 0. 7577 mol x 34.968 852 mio' = 26.4959 g

mass of CI-37 in mixture = 0.2423 mol x 36.965 903 % = 8.9568 g
and total mass of mixture = 26.4959 + 8.9568 = 35.453 g

This mass agrees with the value of 35.453 g found experimentally for naturally occurring chlorine
because exact masses were used for ClI-35 and ClI-37. If you are NOT given the exact molar masses
of the isotopes, but instead are told, for example, that

®C1=75.77%, YCl=24.23%
then use the atomic masses “35" and “37".

Average mass =0.7577 x 35 + 0.2423 x 37 = 35.485 g
This average mass is less exact but still satisfactory for most purposes.

EXERCISES:
23. The following mixtures of isotopes are found in nature. Calculate the expected molar mass of

a sample of each mixture.

(a) ¥B=18.8%, '"B=81.2%

(b) ®Ga=60.0%, 'Ga=40.0%

(c) 7Ag = 51.8%, 1®Ag = 48.2%

(d) PGe =20.5%, 2Ge =27.4%, PGe =7.8%, "*Ge =36.5%, °Ge=7.8%

(e) %zn = 48.9%, ¥Zn = 27.8%, YZn = 4.1%, BZn = 18.6%, "Zn=0.6%

M Ozr=51.5%, Nzr=11.2%, R2r=17.1%, ¥2r=17.4%, B2r=2.8%

(@) %Mo = 15.8%, ¥Mo = 9.0%, PMo = 15,7%, BMo = 16.5%, Mo = 9.5%,
BMo = 23.8%, WMo =9.6%
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24, Natural samples of carbon contain 98.90% C-12 (mass = 12.000 000) and 1.10% C-13
(mass = 13.003 355). What is the molar mass of the mixture of carbon isotopes, expressed to
3 decimal places?

25. Naturally occurring silicon consists of 92,23% Si—-28 (mass = 27.976 927 g), 4.67% Si~29
(mass = 28.976 495 g) and 3.10% Si-30 (mass = 29.973 770 g). What is the expected
average molar mass of a sample of natural silicon, expressed 1o 4 decimal paces?

(a) ENERGY LEVEL DIAGRANMS

When a hydrogen atom is irradiated with energy, some of the energy is absorbed and then re~
emitted. If the light emitted by hydrogen atoms is passed through a prism (or a diffraction grating,
which acts similar to a prism) and then onto a strip of photographic film, the "line spectrum" below
is observed.

In 1913 Niels Bohr proposed a model which explained why the hydrogen atom’s line spectrum
fooks like it does and why only certain energies are observed in the spectrum. He proposed that
the electron in a hydrogen atom only exists in specific energy states. These energy states are
associated with specific circular orbits which the electron can occupy around the atom. When an
electron absorbs or emits a specific amount of energy it instantaneously moves from one orbit to
another; the greater the energy the farther the orbit from the atomic nucleus.

Definition: An ENERGY LEVEL is a specific amount of energy which an electron in an atom can
possess.

The energy levels of hydrogen have the pattern shown below. ("n" is the number of the energy
level.) The actual number of energy levels is very large; only a few are shown.

n=6
A n=5
n=4
n=3
E
N
E -
R n=2
G
Y
n={ ————
Energy levels

The pattern of lines in the spectrum reflects the energy level patiern. The observed spectrum
represents energy level differences occurring when an electron in a higher energy level gives
off energy and drops down to a lower level. The energy difference between two particular energy
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levels is called the QUANTUM of energy associated with the transition between the two levels.

A few years after Bohr published his theories on electron orbits, several significant changes were
made to his basic ideas. The Theory of Quantum Mechanics which finally emerged is beyond the
scope of this course, but one change in Bohr's theory must be mentioned. The notion of
electrons orbiting a nucleus along a specific path in a well defined orbit had to be abandoned and
replaced by the idea that different electrons, depending on their energies, simply occupy
particular regions of space called “orbitals”.

Definition: An ORBITAL is the actual region of space occupied by an electron in a particular
energy level.

The Energy Level Diagram for Hydrogen

Experimental studies show that the lowest set of energy levels for hydrogen is arranged as
follows. Each dash represents the energy possessed by a particular orbital in the atom. The
letters s, p, d and f refer to four different “types” of orbitals which are discussed later.

An=sa: 48 _® 4 4 _
n=3: .g.s_ ——— 31 e— — — ..3-9_ USSR
E
g ol 25 2p
R )
G
Y these dashes indicate individual orbital energies existing at the
n=2 level (there is one s—type orbital and three p-type orbitals)
n—1. 15 O N ]

Definitions: A SHELL is the set of all orbitals having the same n-vaiue.
For example, the 3rd shell consists of the 3s, 3p and 3d orbitals.

A SUBSHELL is a set of orbitals of the same type.
For example, the set of five 3d-orbitals in the 3rd shell is a subsheli.

As can be seen on the above energy level diagram, all the orbitals for a hydrogen atom with a
given value of n have the same energy (this is not true for atoms with more than one electron).

The rules governing which types of orbitals can occur for a given energy level, and how many
orbitals of a given type can exist, are given below.

i) For agiven value of "n", n different types of orbitals are possible.
* forn =1: only the s-type is possible.
+ for n = 2: the s— and p-types are possible.
« for n=3: the s—, p~ and d-types are possible.
+ for n =4: the s—, p—, d— and f-types are possible.

i) An s-type subshell consistsof ONE s—orbital.
A p-type subshell consists of THREE p—orbitals.
A d-type subshell consistsof FIVE d—orbitals.
An f-ype subshell consists of SEVEN f—orbitals.
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The Energy Level Diagram for Polyelectronic Atoms

The energy level diagram for hydrogen must be modified to describe any other atom.
Fortunately, the modified diagram below can be used for ALL polyelectronic atoms (atoms
having more than one electron).

7p
Vo, T T ¥ s
1S 6
-2 _ sd_ 4t
o I | S
— 3P _ 4d
55 T
4p
——— __3__ _
4s
E
N _ 3
El 3
R
G
Y
2p __
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(b) ELECTRON CONFIGURATIONS

The addition of electrons to the orbitals of an atom follows 2 simple rules.

i)

1. As the atomic number increases, electrons are added to the available orbitals. To
ensure the LOWEST POSSIBLE ENERGY for the atom, electrons are added to the
orbitals having the lowest energy first.

2. A maximum of 2 electrons can be placed in each orbital. This means there can be a
MAXIMUMof: + 2electronsin an s—type subshell
- 6electronsina p-type subshell
*10 electronsina d-type subshell
=14 electrons in an f-type subshell.

Writing Electron Configurations for Neutral Atoms

Definition: An ELECTRON CONFIGURATION is a description of which orbitals in an atom
contain electrons and how many electrons are in each orbital.

Hydrogen has 1 electron, which goes in the lowest (1s) energy level. Asaresult, H has the
electron configuration
H( 1s! ), which is read as "Hydrogen, one s one".
Helium has 2 electrons. Since an orbital can have up to 2 electrons, both electrons go in
the 1s orbital and helium has the electron configuration
He { 1s2), which is read as "Helium, one s two".

At this point the first electron shell is completely filled. The first electron shell, having n=1,
consists of only one orbital, the 1s.

Lithium has 3 electrons. The first 2 electrons go in the 1s orbital; the 3rd goes into the 2s
orbital (which has the nexi-higher energy). The electron configuration of Li is

Li ( 1s%2s7).

Similarly: Be ( 1s%2s?) - 0 (1s22s%22p?)
B (1s?2s?2p') F (1s?2s22p5)
C (1s?2s22p?) Ne ( 1s%2s?2p°®)

N (1s22s?2p®)

At this point the 2nd shell (all orbitals with n = 2) has been filled and the 2nd shell is said to be
CLOSED (as in "closed to further filling").

The diagram below shows how the periodic table can be interpreted in terms of electron
orbitals. Elements in the first two columns are adding one or two electrons to successive
s-orbitals (1s, 2s, etc.). Elements in the last six columns are adding up to six electrons to
successive p—orbitals (2p, 3p, etc.). The transition metals in the center of the table are
adding up to ten electrons to successive d-orbitals (3d, 4d, etc.). (The lanthanides and
actinides involve filling the 4f and 5f orbitals respectively. )
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ii)

2¢e” 10 e™ 6e”
e A —\r i \

1s

2s 2p

3s 3p

4s 3d 4p The electron configuration

of most elemenis can be

5s 4d 5p easily determined by using

6s 8 this "orbital version" of the
N 5d P periodic table.

7s 6d 7P
N\

Y ;

EXAMPLE: Silicon, Si, has 14 electrons. The first 2 electrons are placed in the1s orbital,
which completes the first shell. The next 8 electrons fill the second shell: 2
electrons go in the 2s orbital and 6 electrons go in the 2p orbitals., The
remaining 4 electrons go into the third shell: 2 electrons go into the 3s orbital
and the remaining 2 electrons go into 3p orbitals. Altogether, the electron
configuration of Si is written as follows.

Si (152252 2p83s23p?)

Technetium, Tc, has 43 electrons and lies in the "4d" block of orbitals. All
intervening orbitals are filled before getting to the 4d orbitals.

Tc(1s22s22p83s23pf4as23d104piss?4dd)

EXERCISE:
26. Predict the eleciron configuration of the following.
(@ P (d) Br (@ K () Xe (m) Ga
(b) Ti (e) Sr (h) Cd (k) Cs (n) Mn
(c) Co (fHy Ar () Ca () Pb (o) Zr

Core Notation

The set of electrons belonging o a given atom can be divided into two subsets: the CORE
electrons and the OUTER electrons.

Definition: The CORE of an atom is the set of electrons with the configuration of the nearest
noble gas (He, Ne, Ar, Kr, etc.) having an atomic number LESS than that of the
atom being considered.

The OUTER electrons consist of all electrons outside of the core. Since core electrons
normally don't take part in chemical reactions, they are not always explicitly included when
writing the electron configuration of an atom.
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CORE NOTATION is a way of showing the electron configuration in terms of the core and the
outer electrons. The rules for writing an electron configuration using core notation are
straight—forward. The use of core notation is iliustrated below using aluminum, Al.

- Locate the atom and note the noble gas at the end of the row above the element.
Example: Ne is the noble gas at the end of the row above Al.

« Start to write the electron configuration as usual, but replace the part of the electron
configuration corresponding to the configuration of the noble gas with the symbol for
the noble gas in square brackets: [...]. Follow the core symbol with the electron
configuration of the remaining outer electrons.

Example: Al(1s22s22p® 3s23p') becomes Al{ [Ne] 3s23p!)

CORE OUTER CORE OUTER
More examples: Full notation Core notation
s(1s?2s® 2p°3s° 3p*) S ([Ne] 3s° 3p*)
Rb (1% 2s?2p°3s? 3p° 452 3d'0 4p®5s’) | Rb (K] 5s')
Kr (15 252 2p® 382 3p®4s? 30" 4p%) Kr ( [Ar] 4s2 3d™ 4p°)

Hint: If you are given the electron configuration of an element in the 3rd or greater row, and
are asked to re—write the configuration in core notation, look backwards from the end of
the electron configuration to find a “p6 "; this is the end of the core electrons,

EXCEPTION: If you are asked to write the core notation for a noble gas such as
krypton, you must show the electron configuration as

Kr([Ar] 452 3d "0 4p
rather than Kr([Kr]) (you don't get away that easily!)

' EXERCISE:

27. Re—write the electron configurations in the previous exercise using core notation.

jiii) Electron Configuration Exceptions

There are two exceptions to the configurations of elements up to Kr. Instead of finding
Cr([Ar]4s23d*) ;"d*"is one electron short of a half-filled subshell

and  Cu([Ar]4s23d®%) ;"d?"is one electron short of a filled subshell,

the actual electron configurations for Cr and Cu are found to be
Cr(JAr}4s'3d5) ;"4s'" and "3d®" are two half-filled subshells

and  Cu([Ar]4s'3d") ; "4s'"is ahalf~filled subshell, and "3d'?" is a filled subshell.

The electron configuration exceptions of Cr, Cu and a few other atoms and ions indicate that

a filled or exactly hali-filled d—subshell is especially stable.

Because of this extra stability, an atom or ion that is one electron short of a “d> or “d "
configuration may have an electron configuration in which one electron is shifted from the filled
s—subshell having the highest energy into the unfilled d—subshell. Thatis:

452 3d* becomes 4s’ 3d°
4s? 3d? becomes 4s' 3d™.
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iv) Writing Electron Configurations for lons

i) NEGATIVE IONS -~ To write the electron configuration of a NEGATIVE ION, add electrons to
the last untilled subshell, starting where the neutral atom left off.

Example: O ([He]2s?2p*)+2e~ —> 02~([He] 2s?2p?)
S([Ne]3s?3p*)+ e —> S ([Ne] 3s23p°)

i) POSITIVE IONS~- The electron configurations of POSITIVE IONS involve two rules.

1. Electrons in the outermost shell (largest n—value) are removed first.
2. If there are electrons in both the s— and p-orbitals of the outermost shell, the
electrons in the p—orbitals are removed first.

These rules are equivalent to the following statement.
Write the core notation for the atom, remove electrons in the order:
p—electrons before s—electrons before d—electrons .

The outermost electrons are removed preferentially. In addition, the electrons in the
highest—energy outermost orbital require the least amount of extra energy in order to be
completely removed from the atom and therefore are first to be removed.

Examples: Sn ([Kr]5s24d195p?) —> 2 e~ + Sn?* ( [Kr] 5524d1?)
* 5p is removed before 5s

Sn ( [Kr] 5s24d195p2) —> 4 e~ + Sn** ([Kr] 4d10)
+ 5p and 5s are removed before 4d

V ([Ar] 4823d3) —> 2 e~ + V2* ([Ar] 3d3)
« 4sis removed before 3d (4s is OUTSIDE 3d)

EXERCISE:
28. Predict the electron configuration of the following ions, using core notation.
(a) H () Br (e) Tiz+ @ MnZ* () Fe** (k) Ru®*

(b) Sr2* (d) N3+ H N (hy Ge* () Ge** (h Sb3*

v) Pl_-edicting the Number of Valence Electrons

Definition: VALENCE ELECTRONS are electrons which can take part in chemical reactions.
In other words:

VALENCE ELECTRONS are all the electrons in an atom EXCEPT those in the
* core, or
* in filled d— or f—subshells.

EXAMPLES: Al([Ne]3s?3p') has 3 valence electrons: "3s?3p'""
Ga([Ar]4s?3d'%4p') has 3 valence electrons (omit the filled 3d10)
Pb ([Xe] 6s241145d'%6p?) has 4 valence electrons (omit the filled 4{'* and 5d17)
Xe ([Kr] 552 4d105p8) has ZERO valence electrons (noble gas configuration)
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EXERCISE:
29. How many valence electrons do the following contain?
(a) O (d) Ca (@ Te () Xxe** (m) Tc* (0) O
(b) P (e) Xe (hy CI (k) Zn?* (n) Sb*  (p) Nb*
() V (f) Hg 0 P h Ge*

VIIl.2. THE PERIODIC TABLE

By 1817 chemists had discovered 52 elements; by 1863 that number had risen to 62. Observed
similarities in chemical properties, combined with the analysis work of Dalton, prompted chemists to try
to find a way to organize the elements according to their most obvious property: their mass. Because
there were several different ways to measure atomic mass, resuliting in different masses frequently
being assigned for the same element, it was impossible to organize the elements in any consistent
manner. A way to organize the elements had to wait until chemists learned to refine their ideas,
separate pure elements from available minerals and compounds, find better methods of analysis, and
invent the equipment needed to aid them in their work.

The earliest attempt to organize the elements came between 1817 and 1827 when Johann
Dobereiner noticed triads of substances in which the average mass of two substances equalled the
mass of a third substance. For example:
mass of SrO = 1/2 (mass of CaO + mass of BaO)
104 = 1, (56 + 153)

Numerous triads were discovered but little came of the efforts other than to convince chemists that
some scheme of organization should be possible.

By 1857, William Odiing pointed out that the known elements could be divided into 13 groups, based
on their physical and chemical properties. The table below shows some of Odling’s groups, which
coincide with many of the columns in the modern periodic table.

Group | Elements in Group
1 F, Cl, Br, 1

0O, S, Se, Te

N, P, As, Sb, Bi

B, Si, Ti, Sn

Li, Na, K

Ca, Sr, Ba

Mg, Zn, Cd

Cr, Mn, Co, Fe, Ni, Cu

Hg, Pb, Ag

Pd, Pt, Au

Ol | Nl ]| W] N

—_
o
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Then, between 1863 and 1866, John Newlands showed that by assigning hydrogen an arbitrary
mass of 1 and ordering the known elements by their masses, every eighth element shared a common
set of properties. He called this the “law of octaves”, analogous to musical octaves. For example, Li,
Na and K had similar properties. (Before you object that if Li is counted as element #1 in its group
then Na is element #9 and K is element #17, you should know that the noble gases were not
discovered until the 1890's. Therefore, Newlands counted Li as element #1 in its group, Na was
element #8 and K was element #15.) Newlands' work was actually quite elegant and a fundamental
breakthrough, but he was repeatedly criticized for changing the way he ordered the elements. Also,
he was unable to predict the properties of yet—to—be—discovered elements.

In 1869, the Russian chemist Dimitri Mendeleev published a method of organizing the elements
according to both their masses and their properties. Although Mendeleev's work was similar in some
ways to the work of others working to organize the elemehts, he worked in isolation, almost unaware
of the efforts of others. (Lothar Meyer made the same discovery in the same year but because
Meyer's resuits were published a year later the credit for the discovery goes to Mendeleev. Ironically,
It was not until Meyer's publication referred to Mendeleev's resuits that the Russian chemist's
publication was finally noticed.) Mendeleev showed that when the elements are listed according to
masses, certain properties recur PERIODICALLY. He took an inspired step and broke the list into a
series of rows, as shown below, such that elements in one row are directly over elements with similar
properties in other rows. He called each horizontal row a PERIOD and each vertical column a GROUP.

Row | Group! | Group Nl | Group | Group IV | GroupV | Group Group Group Vil
] Vi Vil

1 H=1

2 Li=7 Be=98.4 B=11 C=12 N=14 0=16 F=19

3 Na=23 Mg=24 Al=27.3 Si=z28 P=31 §$=32 Cl=355

4 K=39 Ca=40 | —= Ti=48 V=51 Cr=52 | Mn=55 Fe=56,Co=59
Ni=59,Cu =63

5 (Cu=63) n=65 — =068 —=T72 As=75 Se=78 Br=80

6 Rb=85 Sr=87 | ?Y1=88 | Zr=90 Nb=94 | Mo=96 | —=100 | Ru=104,Rh=104
Pd=106,Ag=108

7 (Ag=108) | Cd=112 | In=113 Sn=118 Sbhb=122 | Te=125 1=127

8 Cs=133 | Ba=137 | ?Di=138 | ?Ce=140 - - - _———

o | - = - - - -

10 -— - ?Er=178 | 7La=180 | Ta=182 | W=184 - Os=195,Ir=197
Pl=198, Au= 199

11 J (Au=199) | Hg=200 | T=204 Pb=207 Bi=208 — =

12 — —_ —_— Th=231 U=240 -

In certain cases, he interchanged elements when their properties dictated that an element should be
placed in a particular group in spite of contrary indications by its mass. Mendeleev's genius was
evident in the way he left gaps in his table for elements which he proposed had yet to be discovered;
for example, the elements with masses 44, 68, 72 and 100. Moreover, he was able to predict the
properties of these elements and their compounds so accurately that when the elements were
eventually discovered the match between predicted and observed properties was remarkably close.
In one instance, a property of a newly discovered element differed significantly from that predicted by
Mendeleev. So confident was he in the predictive abilities of his table that he requested that the
property be remeasured. The new measurement was almost exactly as suggested by Mendeleev.
This ability to predict chemical and physical properties convinced chemists that they finally had the tool
they had long sought. THE PERIODIC TABLE ALLOWED CHEMISTS TO ORGANIZE AND
UNDERSTAND THEIR DATA, AND PREDICT NEW PROPERTIES.
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EXERCISE:

30. This exercise will allow you to recreate some of the predictions of Mendeleev. The year is
1880. The element germanium (Ge) will not be discovered for several years, but its existence
was predicted by Mendeleev in 1871. Some properties of the elements above, below and
on either side of germanium on the periodic table are shown below. You are asked to predict
the properties of germanium using the properties of its neighbours and whatever
mathematical methods seem appropriate to you.

Al Si P
Atomicmass | 27.1 28.1 31.0
Density (g/mL) | 2.70 2.33 1.82
Density of oxide (g/mL) | 3.97 2.65 2.14
Formula of chloride | AICI3 SiCly PClz(l), PCls(g)
Density of chioride (g/mL) | 2.44 1.48 1.57 (liquid)
Colour silvery white grey pale yellow
Lustre | metaliic metallic waxy
Ga Ge As
Atomicmass | 69.7 74.9
Density (g/mL) | 5.90 5.73
Density of oxide (g/mL) | 5.88 3.87
Formula of chloride | GaClg AsCls
Density of chloride (g/mL) | 2.47 2.16
Colour silvery steel grey
Lustre | metallic dull metallic
In Sn Sb
Atomic mass 114.8 118.6 121.8
Density (g/mL) | 7.31 7.28 6.69
Density of oxide (g/mL) | 7.18 6.95 5.67
Formula of chloride | InClg SnClg, SnCly | SbCls, SbClg
Density of chloride (g/mL) | 3.46 3.95, 2.23 3.14, 2.34
Colour | silvery white silvery white bluish—-white
Lustre | metallic metallic metallic

B. THE:MODERN PERIODIC TABLE:

As more and better data became available, chemists made a significant change to Mendeleev's
method of organizing the elements. The modern periodic table is organized according to ATOMIC
NUMBERS rather than ATOMIC MASSES. This immediately solved problems where different
isotopic abundances caused the masses to be “out of order” as is seen with the elements Ar and K,
Co and Ni, and Te and . The Periodic Law below summarizes the organization of the periodic table.

The Periodic Law: The properties of the chemical elements recur periodically when
the elements are arranged from lowest to highest atomic numbers.,

The previous section dealing with electron configurations showed how the various “blocks” of
elements (corresponding to the filling of s, p, d and f orbitals) give the periodic table its characteristic
shape. This section will identify the major groups of elements within the periodic table and then
examine the trends in selected physical and chemical properties which exist within the table and why
those trends exist.
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(a) THE MAJOR DIVISIONS WITHIN THE PERIODIC TABLE

The modern form of the periodic table is a visual presentation of the elements which allows the
relationship between the elements to be easily seen. The basic arrangement of the table and the
terms used in describing the features of the table are as follows.

Definitions: A PERIOD is the set of all the elements in a given row going across the table.

A GROUP or FAMILY is the set of all the elements in a given column going down
the table.

ROWS = "PERIODS”

VY

ARA
COLUMNS = “GROUPS” or “FAMILIES”

There are several special groups, rows and "blocks" of elements.

« The REPRESENTATIVE ELEMENTS are the "main groups” of elements, as shown on the
diagram below.

+ The TRANSITION METALS are the central block of elements which separate the two blocks
of the representative elements.

+ The ALKALI METALS = the elements in the first column (except hydrogen)

+ The ALKALINE EARTH METALS = the elements in the second column

- The HALOGENS = the elements in the column headed by fluorine (ions are called "halides")
+ The NOBLE GASES = the elements in the column headed by helium

« The LANTHANIDES = the elements in the row shown underneath the main part of the table,
starting with fanthanum

- The ACTINIDES = the elements in the row shown underneath the main part of the table,
starting with actinium

REPRESENTATIVE ELEMENTS

A
. hydrogen is considered A
A H | to be a separate group Bl
N on its own
ALKALI NOBLE
METALS GASES
ALKALINE =
EARTH TRANSITION METALS HALOGENS
METALS

LANTHANIDES
ACTINIDES
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EXERCISES:

31. State the chemical family or group to which each of the following elements belongs.
(@) radon {c) iron (e) iodine (g) fithium
(b) calcium (d) cesium () zinc (h) chlorine

32. Give the symbols for two other elements in the same family as the following.
(a) Na (b) Ar {c}y Mg (d) Br

33. Give the symbols for two other elements in the same period as the following.
(@ C (o) S

(b) METALS, NONMETALS AND SEMICONDUCTORS

In addition to the above groups, rows and blocks, there is another way of classifying elements:
according o the metallic character of the element.

The praperties of metals

Metals -+ reflect light when polished (are shiny and have a "metallic lustre").
+ are opague.
+ are good conductors of electricity and heat.
+ are generally, but not always, flexible when in thin sheets.
- are generally malleable (can be hammered or rolled into thin sheets) and
ductile (can be drawn or stretched into wires).
- are usually solid at room temperatures (mercury is an exception).

The properties of nonmetals

Non-metals -+ are gases, liquids or brittle solids at room temperature.
+ are poor heat and electrical conductors.
« if sglids, are dull to lustrous in appearance and opaque to translucent.

EXERCISE:

34, Classity each of the following samples as one of:
* aMETAL (has the propenties of a metal),
+ a NONMETAL (has the properties of a nonmetal), or
« a MIXTURE of metallic and nonmetallic properties.

SAMPLE | PROPERTIES CLASSIFICATION
A Pale yellow gas, nonconductor
B Conductar, shiny, hard, silvery, maileable
2 Nonconductor, yellow, looks waxy, soft, brittle
D Hard, silvery—grey, brittle, somewhat shiny, fair
conductor
E Liquid, shiny, silvery, conductor
F Dark red, liquid, nonconductor

G Fair conductor, brittie, dull grey
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As can be seen from the above exercise, metallic character is not "all or nothing". There are
elements which share some of the properties of both metals and nonmetals.

The nonmetals can be divided into two subgroups:
- nonmetals with very low electrical conductivities, and
- nonmetals with fair to moderate electrical conductivities.

Definition: A SEMICONDUCTOR is a nonmetal having an electrical conductivity which increases
with temperature.

Notes: d8) SEMICONDUCTORS were formerly called metalloids or semimetals
because they have properties which resemble metals more than
nonmetals. The term “metalloid” is no longer used by chemists, but is
included here because of continued usage in many textbooks.

b) The important difference between metals and semiconductors is that the
electrical conductivity of metals DECREASES with increasing
temperature whereas the electrical conductivity of semiconductors
INCREASES with increasing temperature. The study of semiconductors
is beyond the scope of Chemistry 11.

The division of the elements in the periodic table into metals, nonmetals and semiconductors
shown below is accepted by most chemists.

—
B D = metals

» L]
= semiconducting
Ge|As|Se nonmetais

=1 1 = nonmetals

There are two important trends in the periodic table which exist among the elements.

i) | The properties of the elements change from metallic to nonmetallic going from left to right
across the table.

EXAMPLE: Examining the elements of the third period,
Na, Mg, Al, Si, P, S, Cl, Ar,
the following properties are found.

Na, Mg and Al are silvery metals (conduct electricity).

Si is a blue—grey semiconductor with a somewhat metallic lustre. Its
chemical properties are those of a non metal but its physical and
electrical properties are those of a semiconductor.

P is a nonmetal which exists in three main forms or “allotropes”: white, red
and black. The white and red forms are nonconductors but the black
form is a conductor.

S, Cl and Ar are nonmetals.
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i) | Elements become more metallic (or better metals) going down a family in the periodic table.

EXAMPLE: Examining the elements of group 14,
C, Si, Ge, Sn and Pb,
the following properties are found.
Carbon exists in two common forms: diamond is a transparent,
/ colourless nonmetal with very low electrical conductivity; graphite

/ is a steel—gray nonmetal with moderate electrical conductivity and
C [ aslightly metaliic lustre.

Si b Uitrapure silicon is a blue—gray semiconductor having a metallic
lustre; silicon’s chemical properties are those of a nonmetal but its
Ge physical and electrical properties are those of a semiconductor.

™ Germanium is a brittle gray-white semiconductor whose properties
Sn are more metallic than nonmetallic.

Pb Tin is a malleable silver—white metal. Oneformoftinis a
semiconductor but "common” tin is metallic.

Lead is a highly malleable blue-white metal.

The diagram below summarizes the above two trends in the periodic table.

__' increasing metallic character LEAST
o METALLIC
increasing
metallic
character
Y I
MOST
METALLIC
EXERCISES:

35. On which side of the periodic table do you find the nonmetals?

36. Which member of each of the following pairs is more metallic?
(a) BorGa (b) GeorS (c) BrorSn (d) MgorP (e) AsorBi
37. Arrange the following in order from most metallic to least metaliic: P, Ca, F, Si, Ge.

38. Which member of each of the following pairs would you expect to be a better electrical

conductor?
(a) SborP (b) Korl (c) GeorAs (d) BorAl (e) TlorS () SborTe

39. Match the following elements with the best description. Use the process of elimination by
making the most obvious matches first.

(a) P (i) brittle; steel—grey; partially reflective; fair conductor
(b) Ba (i) soft; silvery-white; reflective; good conductor

(¢) Sb (i) waxy yellow solid; translucent; poor conductor

(d) Ar (iv) brittle; bluish-white; reflective; fair conductor

(e) As (v) colourless gas; extremely poor conductor
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VIIL3. CHEMICAL BONDING

E ELECTRONIC NATURE OF CHEMICAL BONDING

(a) THE ELECTROSTATIC FORCES BETWEEN CHARGED PARTICLES

Definition: An ELECTROSTATIC FORCE is a force existing as a result of the attraction or
repulsion between two charged particles.

All bonding is based on the experimentally—derived relationships of electrostatics shown below.

1. Opposite charges attract each other. (in other words, a positive and a negative charge
attract each other,)

2. Like charges repel each other. (In other words, two positive charges repel each other, as
do two negative charges.)

3. The greater the distance between two charged particles, the smaller the attractive (or
repulsive) force existing between them.

4. The greater the charge on two particles, the greater the force of attraction (or repulsion)
between them.

The above electrostatic relationships are used to explain the trends in physical and chemical
properties examined in this unit.

(b) ELECTRON SHELLS REVISITED

Each "period" on the periodic table represents a different layer of electrons; that is, a ditferent
"glectron shell”.

« The 1st shell has 2 electrons and therefore the 1st period has 2 elements

« The 2nd shell has 8 electrons and therefore the 2nd period has 8 elements

* The 3rd shell has 8 electrons and therefore the 3rd period has 8 elements
{Note: for the purposes of this section, the transition metals, lanthanides and actinides are
IGNORED. )

Going from left to right across a given period, the atomic number (that is, the number of
protons in the nucleus) increases, and the positive charge on the nucleus increases.
This increase in atomic number also brings an increase in the number of electrons surrounding
the nucleus. All the electrons in a given shell can be assumed to have the same
average distance from the nucleus.

EXERCISES:

40. What should happen to the atomic radius as the number of electron "shells" increases?
Why? What should happen to the atomic radius going down a group?

41. What happens to the size of the positive nuclear charge "felt"” by the electrons
surrounding the nucleus in an element, going from left to right across a row of the table?
What effect would you expect this change in charge to have on the average distance
between the nucleus and a given electron going across the table? What should happen
to the radii of the elements, going from left to right ACROSS a row of the periodic
table? (This pointis very important!)
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Definitions: An OPEN SHELL is a shell containing less than its maximum number of electrons.
A CLOSED SHELL is a shell containing its maximum number of electrons.

Example: The third shell, starting with Na and ending with Ar, can hold a
maximum of 8 electrons: 3s? 3p8. The atoms from Na to Cl have less
than 8 electrons in their third shell, so that their outermost shell is
OPEN. The atom Ar has its outermost (third) shell full with 8 electrons,
and therefore its third shellis CLOSED.

EXERCISES:

42. Fillin the blanks using the words "OPEN" or "CLOSED". The entries in the 1st and 3rd
columns refer to the TOTAL NUMBER of electrons possessed by an atom.

If anatom has: | Then its outermost shell is: || If an atom has: | Then its outermost sheli is:
1 electron 10 electrons
2 electrons 11 electrons
3 electrons 16 electrons
8 electrons 18 electrons

43. Which family of elements appears to possess only CLOSED SHELLS? Which elements
have open shells?

44. Which of the following have an OPEN SHELL and which have ALL SHELLS CLOSED?
(a) CI (c) Mg (e) Na* (g) O° M 1
(b) Ne (d) Si (f CI- (h) Ca®* W A

(c) VALENCE ELECTRONS REVISITED

Previously, valence electrons were defined as all the electrons in an atom except those in the
core or in filled d— or f~subshells. This definition can be rephrased in a different way.

Definition: VALENCE ELECTRONS are the electrons in OPEN SHELLS.
Note: "valence" is used here as an adjective, modifying "electrons”

Valence electrons are "reactable electrons". The NOBLE GASES have NQ valence electrons
and are NOT REACTIVE. Similarly, F and Na HA VE valence electrons and ARE REACTIVE.

EXAMPLES: When counting valence electrons: Lihas 1, Be has 2 and B has 3.
Similarly: Khas 1, Cahas2and Gahas3.

The valence electrons of transition metal atoms will not be considered in this section, so that the
maximum number of valence electrons in a given period (row) for our purposes is 7.

EXAMPLE: The number of valence electrons in the third period can be counted as follows (recall
that Kr has a full shell),

1 2 3 4 5 6 7 0

atom IK Ca |Ga |Ge | As | Se | Br Kr
# of electrons I
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EXERCISE:
45. Fillin the number of valence electrons corresponding to each atom.
atom # of valence electrons atom # of valence electrons
F Pb
Ne Pb2*
Na S
Ne* s*

(d) THE VALENCE OF AN ATOM

Isolated atoms have their electrons placed in s, p, d and f orbitals, as was discussed in the section
“The Electronic Structure of the Atom”. However, when an atom is involved in a chemical bond
some of the atom's orbitals are modified to allow electrons to be shared between adjacent atoms.
(The nature of these modified orbitals is beyond the scope of this course. The number of
modified orbitals, and the manner in which they are modified, varies from molecule to molecule.)

We will make no distinction between modified and unmodified electron orbitals in this section.
The only important fact is that there are a total of FOUR orbitals into which electrons can be placed
(since there are four orbitals — an “s" and three "p” orbitals — in each period). ([The transition
metals are ignored in this course when dealing with chemical bonding.] Three rules dictate how
valence electrons are put into these modified orbitals.

« Each individual orbital holds up to 2 electrons.

* Since electrons repel each other, each electron added goes into a vacant orbital, if possible.

+ Only after each orbital contains one electron will the addition of successive electrons require
electrons to become "paired up”.

EXERCISE:

46. (a) Use the rules outlined above to place the required number of valence electrons for
each atom into each diagram below. Show each electron as a "dot”. The four elipses
surrounding each atom represent the four orbitals available to receive electrons.
Note: Ignore the electrons in the 1st shell; show only the electrons in the 2nd sheil.

- O - O
OuQ Qe 080 0cO
) O - O

O O O O

OnO 000 O0rO0 OnO
o o O o

(b) Experiments show that "paired-up" electrons usually do NOT react; only UNPAIRED
electrons normally take part in bonding and chemical reactions. On the space
provided below each atom in part (a) write the number of unpaired electrons
possessed by each atom.
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Definition: VALENCE (as a noun) = the number of electrons which are normally available for
bonding.
= the number of unpaired electrons on the atom.

Valence is sometimes called the COMBINING CAPACITY.
EXERCISE:
47. Fillin the table below.

atom H He
valence

atom Li Be B C N o F Ne
valence

atom Na Mg Al Si P S @] Ar
valence

(e) IONIZATION ENERGY

In order to form a positive ion, an electron must be removed from a neutral atom.
EXAMPLE: Li+energy —» Lit+e

Definition: JONIZATION ENERGY is the energy required to remove an electron from a neutral
atom. (The electron removed is the outermost and therefore most easily removed
electron and is always a valence electron unless the atom has a closed shell.)

EXERCISES:

48, (8 What happens to the distance between the nucleus and outermost electrons going
down a chemical family?
(b) What happens to the electrostatic attraction of the nucleus to an electron in the
outermost shell going down afamily?
(c) What happens to the ionization energy going down afamily?

49. (a) What happens to the distance between the nucleus and the outermost electrons
going left to right across a period? (Hint: see exercise 41.)
(b) What happens to the nuclear charge going across the period?
(c) What happens to the electrostatic attraction of the nucleus to an electron in the
outermost shell going across a period?
(d) What happens to the ionization energy going across the period?

50. Place arrowheads in the correct direction on the horizontal and vertical lines below.
lonization energy INCREASES

lonization

energy P
INCREASES P:;:;g'c

51. Which member of each of the following pairs should have a greater ionization energy?
(@ BrorCl  (b) AlorCl  (c) NeorXe (d) MgorBa (e) ForNe (f) Rborl
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AN EXTENSION TO “IONIZATION ENERGY”
The ionization energies (IE) of the first 20 elements are given in the table below.
Atom | Atomic # | IE(kJ) |Atom | Atomic# | IE (kJ) |Atom | Atomic# | IE (kJ)
H 1 1312 0] 8 1314 P 18 1012
He 2 2372 F 9 1681 S 16 1000
Li 3 520 Ne 10 2081 c 17 1251
Be 4 899 Na 11 496 Ar 18 1521
B 5 801 Mg 12 738 K 19 419
C 6 1086 Al 13 578 Ca 20 590
N 7 1402 Si 14 787
EXERCISE:

52. Plot the ionization energy versus atomic number on the following graph and connect
each point to the next with a straight line. Then answer the following questions.

T

T

S

e e S

2500
2000
1500
lonization
energy
(kJ)
1000
e
500
0

12 3 4 5 6 7 8 9 10 11 12 13 14 15 16 17 18 19 20
{H) (He) (Li) (Be) (B) (C) (N) (O) (F) (Ne)(Na)(Mg)(Al) (SI) (P) (S) (CI)(Ar) (K) (Ca)
Atomic number

(a) Why are the ionization energies for He, Ne and Ar so high?

(b) Why do the ionization energies decrease going from He to Ne to Ar?

{c) Why is there a general increase in ionization energy going from Li to Ne?

(d) “Filled subshells and half-illed subshells have a special stability which requires extra
energy to be applied before electron removal can occur”. This general statement is
supported by the existence of the electron configuration exceptions found for Cu
and Cr. What experimental evidence exists in the graph “ionization energy versus
atomic number” to support this general statement?
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SUMMARY | : From “THE ELECTROSTATIC FORCES BETWEEN
CHARGED PARTICLES” to “IONIZATION ENERGY”

This summary lists the important points which should be known about the preceding five sections.

The Electrostatic Forces Between Charged Particles

Like charges repel each other; unlike charges attract.
The closer together two charged particles, the greater the force between them.
The greater the charge on two particles, the greater the force between them.

Electron Shells Revisited

Each PERIOD (ROW) in the periodic table corresponds to a different ELECTRON SHELL.
The MORE SHELLS an atom has, the BIGGER the size of the atom.

Going DOWN the periodic table, the atoms get BIGGER.

Going from LEFT TO RIGHT across the periodic table, the atoms get SMALLER.

A CLOSED SHELL has the same number of electrons as a NOBLE GAS.

An OPEN SHELL is any shell which is not closed; that is, does not have the same number of

electrons as a noble gas.

Valence Electrons Revisited
Valence electrons are electrons in OPEN SHELLS.

Valence electrons are counted by simply finding the atom desired and counting from left to right in

the row containing the atom until you get to the atom.
lgnore the transition metals when counting valence electrons.
Noble gases have ZERO valence electrons.

if an atom has a charge, add one valence electron for every negative charge and subtract one for
every positive charge. If the result of the addition or subtraction has the same number of

electrons as a noble gas, the valence is ZERO.

The Valence of an Atom

The VALENCE OF AN ATOM (or ION) is the number of unpaired electrons possessed by the

atom (orion).

The VALENCE of successive atoms going from left to right across the periodic table (other than H

and He) follows the pattern:
1,2, 3, 4, 3,2, 1, 0. (lgnore transition metals.)

lonization Energy

lonization energy is the energy required to take one electron from a neutral atom.
The ionization energy decreases going down a family in the periodic table.

The ionization energy increases going from left to right across a period.

Overall, Helium has the greatest ionization energy and Francium has the least.

SUMMARY EXERCISES:

53. Considertwo atoms: O and Te.
(a) Which atom has alarger atomic radius?
(b) Which atom has the larger ionization energy?
(c) Which atom has more shells?
(d) How many valence electrons does Te have?
{e) Whatis the valence of Te?

(f) Which atom has a greater electrostatic attraction between its nucleus and outermost

electrons: OorTe?

54, Which ion pair has a greater electrostatic attraction between ions: Lit and F~or Na* and CI~ ?
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55. Consider two atoms: Gaand Br.
(a) Which atom has alarger atomic ragdius?
(b) Which atom has the larger ionization energy?
{¢) Which atom has more shells?
(d) How many valence electrons does each atom have?
(e) What is the valence of each atom?
() Which atom has a greater electrostatic attraction between its nucleus and outermost
electrons?

56. Which of the following have open shells?
(a) Se (b) Br- (c) sr* (d) Kr* (e) Xe () sb> (g) Ge

SPECIAL NOTE: The following must be remembered when examining trends down or across the
periodic table.

When going DOWN a family in the periodic table, properties are affected by the INCREASING SIZE
of the atoms and the INCREASING DISTANCE between the nuclei and the valence electrons.

When going ACROSS a period in the periodic table, properties are affected by the DIFFERING
VALENCE, NUCLEAR CHARGE and CHARGE ON THE SPECIES.

I cawn Q_XP\O\'\V\ sicl

wevre Just doing
BONDING |
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(a) IONIC BONDING

Definition: An IONIC BOND is formed by the attraction of positive jons to negative ions.

An ionic bond is formed when an electron from one atom is transferred to another atom, so as to
create one positive ion and one negative ion.

Definition: A LEWIS STRUCTURE, also called an "electron dot diagram”, is a diagram showing how
the VALENCE electrons are distributed in an atom, ion or molecule.

EXAMPLE: The diagram below uses Lewis Structures to show how atoms of Li and F combine to
form Li* and F~ions. The “dots” around the atoms represent valence electrons.

[ X ) [ N )
F takes valence ‘
L. ° ® ® > L|+ ® — @
! + oo electron from Li o F7 o
[ X ] [ N

The electrostatic attraction between the + and — charges holds the ions together.

EXAMPLE: The reaction between atoms of Ca and Q is illustrated below, using Lewis Structures.
[ 2 ] o0
O takes 2 valence
. . J o > 2+ ® o ®
= + O electrons from Ca Ca o 0%
[ [ X}

A very simple fact makes it easier to deal with charged spheres.

If & sphere possesses a charge, the charge can be assumed to be concentrated at the centre
of the sphere, rather than being spread over the sphere's surface or throughout its volume.

To see the importance of the above fact, assume that two charged spheres touch one another.

00

All the electrostatic attraction now depends on the distance separating the central charges:
the greater the distance, the smaller the attraction.

How to predict when an IONIC BOND will form.

IONIC BONDS are formed when elements from opposites sides of the periodic table are
combined. Thatis, when a METAL and a NONMETAL are combined.

EXAMPLE: NaCl involves an ionic bond; Na is a metal and Clis a nonmetal,
BrCl does not involve an ionic bond because both Br and Cl are nonmetals.

EXERCISE:

57. Which of the following atom pairs would you expect to form ionic bonds when they join?
(@) BaandS (b) PandCl (c) CaandO (d) Rbandl (e) OandH () SandO

B e e e e S
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Interlude: ELECTRONEGATIVITY

The concept of ELECTRONEGATIVITY explains why Li and F form ions in the first place.

Definition: The ELECTRONEGATIVITY of an atom is the tendency of the atom to attract electrons
from a neighbouring atom.

The exercises below are designed to help you examine why electronegativity exists and what trends
in electronegativity occur in the periodic table. The investigation centres on the atoms Li, Fand .

EXERCISES:

58. This exercise compares Liand F.

(a) Which atomislarger: Lior F? (Hint: see exercise 41.)

(b) Which atom has the stronger attraction to the outer electrons on a neighbouring atom,
based only on the atomic radius?

(c) Which atom has the greater nuclear charge?

(d) Which atom can attract electrons from an adjacent atom most strongly, based on both size
and nuclear charge?

(e) Summarize the above by filling in the biank below.

IN GENERAL, when going from /left to right across the periodic table the
electronegativity of the atoms will .

59. This exercise compares F and .
(a) Which atomislarger: Forl?
(b) Which atom has a stronger attraction to the outer electrons of another atom?
(c) Summarize the above by filling in the blank below.

IN GENERAL, when going down a family of the periodic table the electronegativity of
the atoms will .

60. Place arrowheads in the correct direction on the horizontal and vertical arrows below.

Electronegativity INCREASES

Electronegativity
INCREASES Periodic

Table

61. (a) Ignoring the noble gases, which atom is the most electronegative?
(b) Ignoring the noble gases, which atom is the least electronegative?
{c) Which is more electronegative: K or Be?
(d) Which is more electronegative: Pb or S?

If an atom has a HIGH electronegativity, it strongly attracts electrons from a NEIGHBOURING ATOM
and may completely remove an electron from the neighbouring atom. This high attraction to a
neighbouring atom’s electrons also means that atoms with a high electronegativity STRONGLY
ATTRACT THEIR OWN VALENCE ELECTRONS. As aresult, these valence electrons are difficult to
remove and the atom has a HIGH IONIZATION ENERGY.
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If an atom has a LOW electronegativity, it has little attraction 1o the electrons of a NEIGHBQURING
ATOM and little tendency to remove electrons from a neighbour. Such an atom also has a relatively
small attraction to its OWN VALENCE ELECTRONS. Therefore, these valence electrons are
relatively easy to remove and the atom has a LOW IONIZATION ENERGY.

(Note the similarity between the trends in exercises 50 and 60.)

Overall then, when Li and F approach each other, F has a great tendency to remove an electron from
Li, and Li has little tendency either to remove an electron from F or hold onto its own valence electron.
As aresult, Liloses an electron to form Li* and F gains an electron to form F~.

OK, now back to the IONIC BOND. The strength of such bonds can be estimated by examining the
MELTING TEMPERATURES of ionic compounds. :

The experimentally—determined melting temperature of LiF is 845°C. Some other ionic substances
and their melting temperatures are:

NaF =993°C, KCI=770°C and LiCl = 605°C.
These high melting temperatures support the following conclusion.

IONIC BONDS are VERY STRONG, so that compounds held together by ionic bonds have HIGH
MELTING TEMPERATURES.

In other words, a great deal of energy must be added to break ionic bonds. For example:
LiF + 1030 kd/mol — LiT +F".
Note: The formula for solid lithium fluoride is written as LiF(s), which might suggest that the Li and F

are neutral atoms joined to make LiF. Infact, solid LiF is actually an "ionic Iattice” in which ions
are packed together in an orderly arrangement to make a crystal of LiFF, as shown below.

1]
n
I

1t
[
F

Going across the periodic table, a simple rule governs the charge created when an atom forms an ion.

In general, when an atom forms an ion the atom loses or. gains sufficient electrons to attain a
closed shell.

EXAMPLES: Na —> &7 + Na*t
1 valence e~ closed shell

Ci +e —> Cr
7 valence €”'s closed shell
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The most common charges found when going across the periodic table are shown below. [Elements
in column 14 (C, Si, Ge, Sn and Pb) are not included because C, Si and Ge do not form simple ionic
compounds and Sn and Pb are metals which most readily form +2 ions and only rarely, if ever, form +4

ions.]
Column in Periodic Table | 1 2 13 | 14 | 15 | 16 | 17 | 18
Charge on ion +1 | +2 | +3 -3 | -2 | -1
EXERCISES:
62. (a) Which compound has the smalier distance between the nuclei of the two ions involved:

63.

64.

NaCl or KBr?

(b) What happens to the force of electrostatic attraction between the two ions in an ionic
bond as the ions get smaller?

{(c) What happens to the strength of an ionic bond as the ions involved get smaller? What
happens to the melting temperature?

Mg?* and Na* have roughly the same ionic radius. O and F~ have roughly the same ionic
radius. Which substance should have a higher melting temperature: NaF or MgO? Why?

Which member of each following pair would you expect to have the higher melting point?
(@) CaOorRbl {(c) LiForNaCl (e) RblorKCi
(b) BeOorBN (d) CsClorBaS () BeOor MgS
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Interlude: INVESTIGATING THE SIZE OF AN ION RELATIVE TO THE SIZE
OF A NEUTRAL ATOM

Exercise 40 showed that atoms increase in size going down a family in the periodic table and exercise
41 showed that atoms decrease in size going from left to right across the table. The exercises below
investigate what happens to the size of an atom if electrons are added or removed to form an ion.

EXERCISES:

65. NEGATIVE IONS: Assume extra electrons are added to a neutral atom of O to make O?-.
The resulting ion has the same positive nuclear charge and an increased number of negative
electrons surrounding the nucleus.

(a) What happens to the amount of electrostatic repulsion existing between the electrons?

(b) What happens to the volume occupied by the electrons due to the change in the amount
of electron—electron repulsion?

{c) Fillinthe appropriate word.

NEGATIVE IONS are than the corresponding neutral atom.

66. POSITIVE IONS: Assume electrons are removed from a neutral atom of Mg to make Mg?*.
The resulting ion has the same positive nuclear charge and a decreased number of negative
electrons surrounding the nucleus.

(a) What happens to the amount of electrostatic repuision existing between the electrons?
(b) What happens to the volume occupied by the electrons due to the change in repulsion?
(c) Fillin the appropriate word.

POSITIVE IONS are ‘than the corresponding neutral atom.

67. Examine the diagram below, which shows a section of a crystal of NaCl.

Which circles represent Na*:
the larger or smaller ones?

(b) COVALENT BONDING

Definition: A COVALENT BOND is a bond which involves the equal sharing of electrons.

A covalent bond is formed when two atoms having less than full shells of electrons are able to share
one or more of their electrons with each other to attain full electron shells.

Definition: The OCTET RULE states that atoms in columns 14 to 17 of the periodic table tend o form
covalent bonds so as to have eight electrons in their valence shells.

The Lewis Structures below show how fluorine atoms gain an octet of valence electrons by forming
covalent bonds.
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EXAMPLE: /-T ~ e e
each F shares one
Y } + / F 5 =

F
(‘ N |/ electron with the other
\.:_:/ e
both F's need one extra each F can now lay claim to
electron to have a full shell a full shell of 8 electrons
(each F claimsthe 2 shared
electrons as part of its 8 €7)

The shared electrons in a F—F covalent bond can be visualized as follows.

+ €, charged nucleus
:.\‘\\‘\\ ’//,,,,0’ o}
'11,”/, \\‘\\‘
’ e - "
great electrostatic attraction of the
nuclei for the shared electrons

How to predict when a COVALENT BOND will form.
COVALENT BONDS are formed when a nonmetal combines with a nonmetal.

Covalent bonds form when both atoms involved have relatively large electronegativities. In general,
nonmetals have large to very large electronegativities, attract each other's electrons strongly and will
not let go of their own electrons. Since both F atoms (above) have the same ELECTRONEGATIVITY,
they attract the shared electrons equally and neither wins the "tug of war" for the electrons, Therefore
they MUST SHARE the electrons in the bond.

EXERCISE:
68. Which of the following atom pairs would you expect to form covalent bonds when they join?
(@) SandO {c) FeandCl (e) Hand S
(b) Baand O (d) NandO (f) CandH

The following melting points have been found experimentally.

BN (boron nitride) = about 3000°C
SiC (silicon carbide) = about 2700°C
C (diamond) = about 3550°C

All of these materials form crystals which are held together by a network of covalent bonds
extending between every atom in the crystal. This network makes each crystal one huge "molecule”
held together by identical bonds. The high melting points are interpreted as evidence that the bonds
in the crystals are very strong.

COVALENT BONDS are VERY STRONG.

it is very tempting to say that "covalent compounds have high melting points", but look at the melting
points of the following covalent compounds.

CH, = —182°C

0, =-218°C

Fp =-220°C
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Each of these compounds consists of INDIVIDUAL molecules which contain covalent bonds.
Because the bonds are strong, it requires a great deal of energy to break the covalent bond
connecting an atom to the rest of a molecule. On the other hand, the individual molecules of CH,,

Oz and F5 in a solid are held next to each other by much weaker bonds. (More will be said later about
these weak bonds.)

EXAMPLE: The diagram below represents part of a crystal of solid I».

/ strong covalent bonds

I

\-—weak bonds holding the individual

Q’ molecules together

When solid iodine melts only the weak bonds holding individual I molecules next to
each other are broken. The covalent bonds are very strong and are not affected by the
melting process.

lo(s) + heat—> I5ff)

Oxygen atoms are 2 electrons short of a full shell. By each donating 2 electrons into a covalent hond,
the atoms attain a full octet (4 shared electrons and 4 unshared electrons) and produce a molecule of
Os.

Atoms of N are 3 electrons short of a closed shell; thatis, an octet of electrons. They each contribute
3 electrons 1o a covalent bond in order to form No and gain a closed shell. (Each has 6 shared

electrons and 2 unshared electrons.)

EXERCISES:

69. (a) When the distance between two covalently-bonded atoms increases, what happens to
the electrostatic attraction of their nuclei to the shared electrons in a covalent bond?
(b) What would you expect to happen to the strength of the covalent bond between two
identical halogen atoms when going down the halogen family from Fato 127

70. What would you expect to happen to the strength of a covalent bond when the number of
shared electrons increases?

71. The distance between the nuclei of two atoms involved in a bond is called the BOND
LENGTH. What should happen to the bond length as the number of shared electrons in the
bond increases? Why will this happen?
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(c)

PREDICTING THE FORMULA OF COVALENT COMPOUNDS

Predicting the formulae of covalently-bonded binary compounds (compounds made from two
different elements) is a very simple process. In fact, the process is almost identical to the process
used to predict the formulae of ionic compounds.

Instead of using the charge on an ion to decide the formula, the “combining capacity” is used. The
combining capacity is the number of bonds which an atom is expected to form when involved in
covalent bonding, and is equal to the valence of the atom.

Column 1 2 13 14 15 16 17 18
Valence 1 2 3 4 3 2 1

EXAMPLES: Predict the formula of the compound formed from N and F.
N has a valence of 3 and F has avalence of 1. "Criss—cross” the valences.

L
N?(FS givestheformula NiF3 orsimply NF3

Predict the formula of the compound formed from C and Q.
C has avalence of 4 and O has a valence of 2. “Criss—cross” the valences.

2
2:\21‘94 givestheformula C204 ormore simply CO2

EXERCISE:
72. Predict the formula of the compound formed by bonding together the following.
(a) PandCl (d) PandO (@) HandO () CandCl
{b) BandO (e) Hand Se (h) Nand| (k} SiandP
(c) CandS () FandO () BandC () SiandS

LONDON FORCES

Individual molecules are held together by covalent bonds between the atoms in the molecule. Such
bonds are STRONG and are called INTRAMOLECULAR FORCES ("intra" means "within"). In addition
to the bonds holding atoms together into molecular units, there are weak forces which hold one
complete, neutrally—charged molecule next to another such molecule. These INTERMOLECULAR
FORCES ("inter" means "between") are called van der Waals forces.

There are two main types of van der Waals forces. This section only deals with a special type of van
der Waals force called the London force (also called the Heitler—London force or London dispersion
force). The topic of van der Waals forces wili come up again in the next unit, which examines the role
that van der Waals forces play in solubility.

Definitions: A DIPOLE is a partial separation of charge which exists when one end of a molecule (or
bond) has a slight excess of positive charge and the other end of the molecule (or
bond) has a slight excess of negative charge.

LONDON FORCES are weak attractive forces which arise as a result of temporary
dipolar attractions between neighbouring atoms. The atoms may exist individually or as
parts of molecules.
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The Origin of London Forces

The electrons around an atom tend to avoid each other (negative charges repel) and at the same
time are attracted to positively charged regions. When two atoms are close to each other, the
electrons on one atom repel the electrons on the other atom and also experience an attraction to
the nucleus of the other atom (in addition to the attraction to their own nucleus). This process of
repelling the electrons on a nearby atom is called “polarization” and atoms which can be
polarized easily are said to have a “ high polarizability’. The polarization process sets up a very
short-lived dipole. In the diagram, two adjacent helium atoms find themselves with a greater
electron “density” on one side than the other, creating a slight excess of negative charge, 86—, on
one side and a slight excess of positive charge, 6+, on the other side. (*3" is the Greek symbol
for “d" and stands for “slightly” or “a little bit.") These dipoles are extremely short-lived because
the overall distribution of the charges of the electrons within the atom is constantly changing; in
one instant there may be more negative charge on one side of an atom while in the next instant
the distribution of charge may be more to another side. As a result of these temporary dipoles, a
weak attractive force exists between the atoms.

creates a temporary

-

dipole

electron charge distribution is
\temporarily more to one side
of the atoms than the other

In small atoms such as helium, the electrons are tightly held by the nucleus and are not easily
polarized so that helium experiences very weak London forces and melts below —272°C. Similarly,
the hydrogen molecule (Hp) has only two tightly-held electrons engaged in a covalent bond. The low

polarizability of these electrons again gives rise to very weak London forces between adjacent Hp
molecules so that Ha(s) melts at -259°C.

LONDON FORCES ARE THE WEAKEST TYPE OF BONDING FORCE KNOWN. The rule
governing the strength of London forces is simple and without any exceptions.

The more electrons an atom or molecule has altogether, the stronger the London forces
existing between it and a neighbouring atom or molecule.

In other words: the greater the atomic number of an atom, the stronger the London
forces it experiences.

SPECIAL NOTE: L.ondon forces are ALWAYS present, even in species which have covalent

or ionic bonding.

EXERCISE:

73. What happens to the strength of the London forces between two identical atoms going
(a) down a cotlumn in the periodic table? (b) left to right across the periodic table?
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HOW CAN I TELL WHEN LONDON FORCES ARE IMPORTANT?

London forces are always present, but are much weaker than covalent and ionic bonds. Hence,
London forces are important when they are the ONLY force of attraction existing between two
species. Thatis, London forces are important between the following closed—shell species:

a) adjacent noble gas atoms, and
b) adjacent covalently-bonded molecules (made up of atoms having a full shell after bonding).

EXAMPLE: London forces hold the following species together in the solid or liquid phase.
Kr(s), Hao(l), Ha(s), Cla(s), Oafl), He(l), CHa(l)
Notice that in each case the species are either noble gases (He & Kr), or molecules made

up of covalently—bonded atoms having filled shells (Ha, Clo, O & CHy). In the case of
liquid hydrogen, the bonding present resembles the figure below.

/ weak London forces hold the hydrogen

molecules next to each other to form the
liquid phase

strong covalent bonds hold the H atoms
together to torm hydrogen molecules

EXERCISES:

74, Are London forces INTERMOLECULAR or INTRAMOLECULAR forces?

75. The F atoms in a single molecule of F are held together by covalent bonding. A sample of
Fao(l) consists of F2 molecules held next to each other by London forces. When a sample of
F2(1) boils and becomes F 5(g), are the covalent bonds between F atoms or the London forces
between F, molecules broken? Why does this occur?

76. What should happen to the melting and boiling temperatures of atoms held together by
London forces when the atomic number of the atoms increases?

77. The following substances rely on London forces to hold them in the liquid phase. Which
substance in each pair should have a higher boiling temperature?
(a) NeorAr (b) BroorCls (¢) CH40rCF4 (d) CBryorCCly

78. In response to a request to “write an equation showing what happens when Hy(s) melts’, a
student writes the following:
Hy(s) —> 2H(l).
What does this equation incorrectly imply about the bonds and forces in a sample of Hy(s)?
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SUMMARY Il : IONIC BONDING, COVALENT BONDING & LONDON FORCES

lonic Bonding

lonic bonds involve the electrostatic attraction of positive ions for negative ions.
lonic bonds exist between metals and nonmetals.

tonic bonds are very strong and ionic compounds have high melting points.
The greater the radius of the ions, the weaker the ionic bond strength.

The greater the charge on the ions, the stronger the ionic bond strength.

Electronegativity is the tendency of an atom to attract the electrons of a neighbouring atom.

Electronegativity increases going from left to right across each period of the periodic table.

Electronegativity decreases going down each family of the periodic table.

Atoms with high electronegativities have high ionization energies; atoms with low electronega—
tivities have low ionization energies.

Positive ions are smaller in size than the corresponding neutral atoms; negative ions are larger.

Covalent Bonding

Covalent bonds involve the sharing of electrons by two nonmetal atoms.

Covalent bonds are very strong; compounds with only covalent bonds have high melting points.
Covalent bonding allows atoms to attain the same number of electrons as a noble gas.

The more electrons shared in a covalent bond, the stronger the bond.

The larger the atoms involved in a covalent bond, the weaker the bond.

The larger the number of shared electrons in a covalent bond, the shorter the bond length.

Comparing and Contrasting Covalent and lonic Bonds

IONIC and COVALENT bonds are similar in that:
» their bonds are strong (generally).
» their bond strength DECREASES going down a family of the periodic table.
+ their bond strength INCREASES as the VALENCE of the aloms increases.

IONIC and COVALENT bonds are different in that:
 |IONIC bonds are formed between a METAL and a NONMETAL.
* COVALENT bonds are formed between two NONMETALS.

London Forces

London forces are extremely weak intermolecular forces.
London forces increase as the number of electrons in an atom or molecule increase.
London forces are important between two closed—shell species.

SUMMARY EXERCISES:

79. What type of bond would be expected to form between atoms of each of the following?
(a) Hand O {c) NiandCl (e} CaandBr (9) landF

(b) Kand| (d) PandO () NandF
80. Which of the following should have a higher electronegativity?
(a) Forl (b) RborlLi {c) SiorCl (d) NaorSi (e) SnorS (Hh NorSb

81. Which of the following would be expected to form a stronger bond?
(@) Na*ClmorK*Br~  (c) K*F orCa?*0% (e) C-Cor Si-Si
(b) C-OorSi-S (d) Cs*rorMg?*0% (f) B~-ForN=N (N=N shares 6 electrons)

82. Which of ionic bonding, covalent bonding and London forces does NOT involve the sharing
of electrons in some way?

83. Which is expected to be larger?
(a) Na*orNa~ (c) AsorAs*™ (e) Se"orS (@) Ca?*orSe* (i) KtorCI
(b) lorl* (d) Na*torCs* () S%orS (h) 0% ors*
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84. Which of ionic bonding, covalent bonding or London forces are most important in holding
each of the following substances together in the solid phase?
@ Na(s); meltsat-210°C  (c) CSy(s); melts at—111°C (e) CaCly(s); melts at 782°C
(b} RbBr; melts at 693°C (d) Ge(s); anetwork structure  (f) Xe(s); melts at—112°C
which melts at 937°C

a)

b)

The Lewis Structures of Simple lonic Compounds

The Lewis Structure of an ionic compound is simple to construct. You previously have been
shown some example structures for such compounds; this section extends the previous work.

EXAMPLE: Draw the Lewis Structure of MgCls.
First, determine the charge expected for each ion. In thiscase, the ions are Mg2+
and CI",

For the purposes of Chemistry 11, the nonmetal ions are symmetrically arranged
around the metal ion. Remove the two electrons from the Mg atom to form the
Mg2* ion. Add one electron to each Ci atom to form the CI™ion.

S C-: Mg+ i O

EXERCISE:
85. Draw the Lewis Structure of each of the following ionic compounds.
(@ KBr (b) AICl3 {¢) MgO (d) LizS (e) K3P

The Lewis Structures of Covalent Compounds that Obey the Octet Rule

Lewis Structures show how the VALENCE electrons are distributed in a molecule. The octet rule
states that most atoms, other than hydrogen, tend to attain an octet of electrons as a resuit of
forming covalent bonds.

EXAMPLE: The Lewis structure of HoO is shown below.
H: O
H

For water, above, H and O contribute one electron each to the covalent bonds between them
and share the two electrons in the bond. Each H can then "lay claim" to a closed shell of 2
electrons. The O atom has 4 electrons which it does not share with the H's in addition to the 4
electrons shared with the H's, for a total of 8 electrons: a closed shell and a “full octet”.

Drawing the Lewis Structures of molecules follows a simple set of rules.
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THE "RULES OF THE GAME"

A. Count up the total number of valence electrons in the molecule. Adjust this number by
SUBTRACTING one electron for every POSITIVE charge and ADDING one electron for
every NEGATIVE charge on the molecule.

B. Determine which atoms are bonded together and put 2 electrons into each bond.
Note: You will always be shown which atoms are connected to which other atoms.

C. Use the remaining valence electrons to complete the octets of the atoms surrounding the
central atom(s). Then place any remaining electrons, in pairs, on the central atom(s).

D. If acentral atom has less than an octet of electrons, have a neighbour share electrons with
the "deficient" atom by putting an extra pair (or pairs) of electrons into the shared bond.

E. Tidy up: replace each pair of electrons engaged in a bond with a dash, "-".

EXAMPLES:

NH,

CHO;

This molecule has 8 valence electrons: N has 5, each of the 4 H's have 1, and one
electron is removed to make a +1 charge.
The atoms connected together are shown below ( »m indicates a bond).

H
H lll!ll@ wm H

H

First, assign 2 electrons to each bond.
H

HiN:H
H
A check shows that each H has its required 2 electrons (2 electrons is a full shell for H)
and the N has an octet of 8 electrons. The structure is finished, apart from tidying up
by replacing each pair of electrons in a bond with a "dash” and adding the charge.
'i' +

H—N—H

N
!
H

This molecule has 18 valence electrons: C has 4, H has 1, each of the 2 Q's have 6,
and one extra electron is added to make a -1 charge.
The atoms which are connected are shown below.

H G o O

o
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HOPO

First, assign 2 electrons to each bond.
H:C:0

O
Second, fill the octets on each O attached to the central C.

H:C:0O:

All of the 18 available electrons have been distributed, but the central carbon atom
does not yet have a full octet (it only has 6 electrons). Arbitrarily let one of the
oxygens donate an extra 2 electrons to a bond shared with carbon.

H:C:20 or, alternately H:C:O:
: 0 : 0O

Replacing each pair of electrons in a bond with a “dash” and adding the charge gives
the finished structure.

'3 v

H—C==0 or, alternately H—C—O0 :

| - |
t0: 10

This molecule has 18 valence electrons: H has 1, P has 5 and each O has 6.
The atoms are connected as shown below.

H e O e P s O

First, assign 2 electrons to each bond.
H: O:P:O

Second, fill the octets on the outer O's attached to the “central” P.

H:Q:P:O:

At this point, 16 out of the 18 electrons available are now used. The remaining 2
electrons are put on the central P atom.

H: O:P:Q:

The central P atom only has 6 electrons and needs another 2 electrons to be donated
by one or the other of the attached oxygens.

- If the left oxygen donates 2 electrons the structure below results.

H:OxP:O:
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* If the right oxygen donates 2 electrons the structure below results.

ss e (X3

H: O: PO

Note: Either answer is considered to be correct; they are alternate ways to represent
the Lewis structure and the actual situation within the molecule will act as if it
were an average of the two structures.

Tidy up by substituting a “dash” for each pair of bond electrons.

H—O=P—0: or H—0O0—P=Q0

c) EXTENSION: The Lewis Structures of Covalent Compounds that Violate
the Octet Rule

Electron-Deficient Molecules

In addition to H, the atoms Be, B and Al are exceptions to the tendency for
covalently-bonded atoms to complete their octets. These atoms have such low
electronegativities that the best that they can do is to GAIN ONE EXTRA ELECTRON IN A
COVALENT BOND FOR EVERY ELECTRON THEY CAN CONTRIBUTE TO THE BOND.
(They do not have sufficient electronegativity to pull extra electrons on an adjacent atom into
covalent bonds. ) Therefore:

Be has 2 valence electrons and can share a maximum of 4 electrons, and
B and Al have 3 valence electrons and can share a maximum of 6 electrons.

Definition: A molecule in which one or more atoms (other than hydrogen) does not possess
a fuli octet of electrons is called an ELECTRON-DEFICIENT molecule.

BF3, below, is an example of an electron-deficient molecule because the central B atom only
has 6 valence electrons after bonding.

EXAMPLE: Draw the Lewis Structure of BF3.

This molecule has 3 (B) + 3 x 7 (F) = 24 valence electrons.
The atoms are connected as shown below.

F o B e F

7 aw

First, assign 2 electrons to each bond.
F:B:F

F
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Second, complete the octets of the outer fluorines attached to the central B.

All 24 of the available valence electrons have now been assigned. No attempt
is made to try to fill the octet of the central boron: recall that atoms in
column 3 have 3 valence electrons and only get up to a maximum of 6
electrons after bonding occurs. The low electronegativity of B prevents
it from attracting extra electrons from F.

The structure is completed by substituting a dash for every pair of bond
electrons.

Atoms Having an Expanded Octet of Valence Electrons

Elements in the third and fourth periods of the periodic table frequently attain more than an
octet of valence electrons when they form covalent compounds. (The extra electrons are
placed in low—lying d—orbitals.) Other than the fact that the central atom will end up with more
than eight valence electrons, the same rules are used for forming the Lewis Structures.

EXAMPLE: Draw the Lewis Structure for PCls.
The chiorine atoms are connected to the central phosphorus atom.

a o
% D

cl i ':'"quu- cl

cl
The molecule has a total of 40 valence electrons. Two electrons are assigned
to each bond and the octet of each Cl is filled.

!

N

G g
Qe

The phosphorus atom has an expanded octet of 10 valence electrons,
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VIIL4, CHEMICAL FAMILIES

Our knowledge of bonding allows us to systematically examine and review the properties of the major
tamilies/groups in the periodic table.

The single most important fact regarding the noble gases is their almost total lack of chemical
reactivity. The following exercises examine the properties of these gases.

EXERCISES:
87. Write the electron configurations for each of He, Ne, Ar, Kr and Xe using core notation.
88. Why are the noble gases unreactive? (Hint: how many valence electrons do they have?)

89. What type of bonding must be present to hold the noble gas atoms next to one another in the
liquid or solid phase? Would you expect the melting or boiling temperatures of these
elements to be high or low? Why?

90. The melting points (MP’s) and boiling points (BP’s) of the noble gases are shown below.

o1,

92.

93.

Element MP (°C) BP (°C) Element MP (°C) BP (°C)
He -272 (") -269 Kr -157 -1583
Ne —249 —246 Xe -112 ~108
Ar ~-189 -186 Rn -7 -62

* He only forms a solid at —272°C and 26 atm pressure

How can the type of bonding suggested in the previous exercise account for the observed
melting/boiling temperatures?

What should happen to the ionization energy of the noble gases going down the periodic
table from He to Rn?

Some of the noble gases can be made to react with fluorine gas. Which noble gas: He or Rn,
would you expect to be more likely to react? Why?

Suggest a reason why the noble gases were among the last naturally—occurring elements to
be discovered.

B.'THE ALKAL METALS : Li, Naj K, Rb; Cs and Fr.

The bonding occurring in metals is extremely complicated and well beyond the scope of Chemistry
11. Areasonable, but rough, approximation to the bonding situation existing in metals is to think of
metals as being a regular array of atomic nuclei (and their core electrons) surrounded by a “sea” of
communally—shared valence electrons which may be simultaneously attracted to several nuclei at one
time. (ltold you it was complicated!)

For the purposes of predicting trends in selected properties of the alkali metals (and the alkaline earth
metals in the next section), it is only necessary to understand the following concepts.

« The greater the atomic radius the less the valence electrons are attracted to adjacent nuclei.

+ Alkaline earth metals have more valence electrons than atkali metals and hence stronger bonding.
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The ease with which the ALKALI METALS lose an electron dominates their physical and chemical
properties.

As with the noble gases, the chemical and physical properties of the alkali metals are examined in a set
of exercises (below).

EXERCISES:

94, Write the electron configurations for Li, Na, K, Rb, Cs and Fr using core notation.

85. What happens to the ease with which the alkali metals lose an electron, going down the
periodic table from Li to Cs? Why?

96. What happens to an atom of lithium when it reacts; that is, what is produced? What trend in
reactivity should exist going down the periodic table from Li to Fr?

97. What trend in ionization energy should exist going down the periodic table from Li to Fr?

98. The electrical conductivity of a metal is governed by the ability of its valence electrons to move
freely from one atom to the next. Would you expect the alkali metals to be good or poor
electrical conductors? Why?

99. Do the following observed temperatures agree with the expected trend? Why?

Element | MP(°C) BP(°C) | Element | MP(°C) BP (°C)
Li 181 1342 Rb 39 688
Na 98 883 Cs 28 671
K 64 759

The properties of the alkaline earth metals are similar to those of the alkali metals. The differences
between the properties of the two related families are due to the fact that the alkaline earth metals form
+2 ions, rather than +1 ions.

EXERCISES:

100. Would you expect the alkaline earth metals to be more or less reactive than their alkali metal

101.

counterparts? Hint: what has to be done to form the ions of the metals in each family?

Suggest the trends for the alkaline earth metals which should occur in the following properties
when going down the table.
(a) meiting/boiling temperature

(b) reactivity (c) ionization energy

The observed melting/boiling temperatures for the alkaline earth metals are shown below.

Element | MP(°C) BP (°C) | Element | MP(°C) BP (°C)
Be 1289 2472 Sr 769 1384
Mg 650 1090 Ba 729 1805
Ca 842 1494 Ra 700 1140

Which metal or metals seem to be exceptions to the predicted trend?
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The following properties are observed for the halogens at room temperature.

* Fluorine is a pale green—yellow gas having the highest reactivity of any element: it reacts with
every element except some of the noble gases.

« Chlorine is highly reactive, but less so than fluorine, and has a pale green—yeliow colour.

« Bromine is a dark red—brown liquid having a reactivity less than that of chlorine.

+ lodine is a violet-black solid having a slightly metallic lustre and a reactivity substantially less than
that of bromine.

EXERCISES:

102. Based on the phases of the halogens at room temperature, described above, what can you
conclude about the trend in melting/boiling temperatures going down the halogens?

103. The observed melting/boiling temperatures are as follows.

104.

105.

Element | MP(°C) BP(°C) | Element | MP(°C) BP (°C)
Fy 220 | -188 Br, -7 59
Cl, -101 -35 Iy 114 184

Based on the melting/boiling temperatures, what type of INTERMOLECULAR bonding must
exist between individual halogen molecules?

What ion is formed when a halogen atom reacts? How could you explain the observed reactivity
of the halogens?

What trend in ionization energy should exist going down the halogen family in the periodic
table? Why?

COMBINED EXERCISES FOR “CHEMICAL BONDING” and “CHEMICAL FAMILIES”

The following set of exercises gives you a chance to work on the material from previous sections in a
"jumbled" manner, without clues gained from knowing that a given exercise must relate to a particular

section.

10Q6.

107.
108.

108,

110.
111,

Define the following terms.
(a) valence electron

(b) open shell

(c) intermolecular bond ()]

Which atom is bigger: Pb or Si? Why?

Why does the melting temperature increase going down the halogen family, whereas the
melting temperature decreases going down the alkali metals?

Molecules of N2 and O2 both have closed shells after the atoms bond together to form a
molecule. Would you expect No(s) or Oy(s) to have a higher melting temperature? Why?

(9) valence (as a noun)
(h) ionic bond
(i) London force

(d) electronegativity
(e) covalent bond
intramolecular bond

Is it easier to break the O=0 bond in Oz or the S=S bond in S5? Why?

Which atom is more electronegative: Sor Te?
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112,
118.
114,

115,
1186.
117.
118.
119,

120.

121.
122.
123.

124,
125.
126.
127.
128.

129.

130.

Whatis anion?
Which ionic solid should have the higher melting temperature: AIN(s) or NaF(s)? Why?

Experimentally it is found that F is a green-yellow gas and Iz is a shiny blue—black solid at room
temperature. Why does | have a higher mefting and boiling temperature than F»?

How many valence electrons are possessed by each of: Se, K™, Sn, Ge?*, Br?

Which substance has a lower melting temperature: Rbl{s) or KBr(s)? Why?

What is the valence of each of: S, B, Ca, Xe, Ga, Bi?

What is the total number of electrons contained in molecules of: Cla, Oa, CHy, Sy, HoS04?

How many shells (closed and open, altogether) do each of the following have? Rn, Sr2*, P, I,
Sb, Na~, Ga2*

Although Op and Fo are about the same size, each oxygen shares 4 electrons with its neighbour
while each fluorine shares 2 electrons. Which bond should be stronger: O=0 or F-F? Why?

Which types of bonds increase in strength going down a family in the periodic tabie?
Which types of bonds decrease in strength going down a family in the periodic table?

Write a complete and detailed explanation of why:

(a) the melting temperatures of the noble gases increase going down the periodic table.

(b) the reactivity of the alkali metals increases going down the periodic table.

(c) the reactivity of the noble gases increases going down the periodic table.

(d) the melting temperature of the alkali metals decreases going down the periodic table.

(e) the melting temperature of an ionic solid made from an alkali metal ion and a halide ion
decreases going down the periodic table.

() the reactivity of the halogens decreases going down the periodic table.

How many unpaired electrons are there on each of: H, C, O, He, S, N, F, Kr?

Ifa noble gas could form a +1 ion, which of the noble gases would form a +1 ion most easily?
What is the valence of each of: O, P, Al, Xe, Cl, Na, Ba, Ga, Se, He?

Which substance has the lower melting temperature: Sy(s) or Sg(s)?

How many covalent bonds are atoms of each of the following expected to form: Xe, I, N, Se, B,
P, C,0O?

If all the atoms in a molecule of "X" can obtain a closed shell as a result of covalent bonding, what
type of bond would hold one molecule of "X" next to another?

Predict the formula of the compound formed by joining each of the following?
(a)} Pband| (c) AlandSi (e) SiandC
(b) Inand As (d) NandF () PandH



