Chapter 3 - Electronic Structure and The Periodic Law

· Periodic law of atomic properties

· Electronic shell and orbitals

· Electron configurations of neutral atoms

· Valence-shell electron configurations and chemical properties of elements

· Trends of atomic properties in the Periodic Table

3.1 - The Periodic Law

A certain set of properties, such as atomic size, ionization energy, and electron affinity, are found to recur periodically if elements are arranged in increasing atomic number. This finding led to the establishment of the Periodic Table – a classification of elements that is based on the periodic nature that those atomic properties vary. Two important features in the Periodic Table are:

1.  The horizontal rows are called periods, along which elements are arranged from left to right in order of increasing atomic numbers.

2.
The vertical rows are called groups or families; each contains elements that exhibit the same chemical properties.

The atomic number of each element is usually placed above the symbol and the average atomic mass below the symbol of the element, such as, 
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For a given element, the chemical symbol and the atomic number are synonymous - both represent the identity of an element.  For example, carbon has the chemical symbol C and atomic number 6.  The atomic mass is the weighted average masses of all naturally occurring stable isotopes of that element.

The Periodic Table is divided into two major groups - the representative or main group elements and the transition elements.  All transition elements are metals, but representative elements are divided into three subgroups: metal, metalloid, and nonmetal.  Elements are placed in the same vertical column called Group if they have similar chemical properties.  Some of these groups have special names, such as the alkali metals (Group IA), the alkaline Earth metals (Group IIA), the halogens (Group VIIA), and the noble gases (Group VIIIA).  

More than three quarter of all elements known (discovered or synthesized) is metals. These are elements located to the left and below the diagonal steps in the Periodic Table are metals. Elements to the right and above the diagonal steps are nonmetals.  Certain elements that are located along the step, such as B, Si, Ge, As, Sb, and Te, have properties resembling both those of metals and nonmetals. They are called metalloids or semimetals.

Physical Properties of Metals, Nonmetals, and Metalloids


Except for mercury, all metals are solids; they are good conductors of heat and electricity; they are malleable, ductile, and are lustrous (shiny appearance). Nonmetals are mostly gases (H, N, O, F, Cl, He, Ne, Ar, Kr, Xe, and Rn). Bromine is a volatile liquid, while carbon, phosphorus, sulfur, and iodine are brittle solids. Nonmetals are poor conductors. All metalloids are solid; they are semi-conductors (and therefore called semi-metals).

Make sure that you memorize the names and symbols of all elements in the following Groups:

· Group 1A (the alkali metals): Li, Na, K, Rb, and Cs;


· Group 2A (the alkaline Earth metals): Be, Mg, Ca, Sr, Ba, and Ra*;

· Group 3A: B, Al, and Ga;

· Group 4A: C, Si, Ge, Sn, and Pb;

· Group 5A: N, P, As, Sb, and Bi;

· Group 6A: O, S, Se, and Te;

· Group 7A (the halogens): F, Cl, Br, and I;


· Group 8A (the noble gases): He, Ne, Ar, Kr, Xe, and Rn*;

· The metalloids: B, Si, Ge, As, Sb, and Te;

· First row transition metals: Sc, Ti, V, Cr, Mn, Fe, Co, Ni, Cu, and Zn;

· Special very heavy metals: Pd, Ag, Cd, Pt, Au, Hg, U*, and Pu*.

(* - Radioactive elements)

3.2  Electronic Arrangements in Atoms

· In 1913, based on the results of the alpha particles scattering experiments, Rutherford proposed that atoms contain nuclei, a very dense center composed of protons and neutrons; while electrons are located “somewhere” in the "empty space" outside this nucleus. 

· The number of protons, which is the atomic number, represents the identity of the element. 

· The number and arrangement of electrons in the space outside the nucleus determine the chemical properties of the element. 

Scientists learned that electrons are arranged in layers of electron shells by studying their interactions with electromagnetic radiation (light) energy. The classic concept of light is that it is a form of waves that travel through space or a given medium with a constant speed. Each wave is defined by a wavelength () and frequency (). The mathematical product of wavelength and frequency is the speed of light, c = , where c is the speed of light. The speed of light in vacuum light is 2.9979 x 108 m/s.

In 1900, Max Planck studied radiation energy emitted by objects heated to incandescence and noted that: 

· radiation energy is dependent only on the frequency of radiation; 

· for a given frequency, radiation energy increases with the intensity of radiation in discrete amounts that he called “quanta”. 

Based on these observations, Planck proposed the Quantum Theory, which can be represented by the following mathematical formula:



E = nh, 

Where n is an integer (1, 2, 3, …), later called quantum number, and h = 6.63 x 10-34 J.s  is called the Planck’s constant.

For a given radiation with frequency , the quantity h represents a quantum of radiation energy, which increases with the intensity by n times (multiples) of this amount. That is, the lowest energy is h and the next is 2h, 3h, 4h,…etc.

In 1905, Einstein employed Planck's quantum concept to explain the photoelectric effect, a phenomenon whereby electric current is produced when light is shone on the metal that forms one of the electrodes. The photoelectric effects showed that: 

· for a given metal, photoelectric current is only produced if light with minimum energy, referred to as work function, for the metal was employed. 

· There is a minimum energy/frequency requirement to produce photoelectric effect for a given metal. For example, a red light even with higher intensity will not produce photoelectric current on a metal that requires a minimum of green light. (Note that, a green light has higher frequency than red light.)

· The voltage and electrical energy seem to be dependent only on the frequency rather than on the intensity of light. If a given metal requires a minimum of green light to produce photoelectric current, using a blue or ultraviolet light will produce current with higher electrical energy.

· Once light of a given frequency is capable of producing photoelectric effect on a given metal, the amount of photoelectricity (the amperes) was found to increase with the intensity of incident light striking the metal surface. 

· 19th. Century scientists could not explain photoelectric phenomena using the classical concept that suggests radiation energy depends only to the square of its intensity. 

Using the quantum concept, Einstein proposed that light could be regarded as a form of energy “packets” called photons.  

· Each photon carries a quantum of energy that depends only on the frequency of light carrying it. 

· Photoelectric current is produced because incident light striking a metal surface causes the ejection of electrons from the metal, which creates a potential gradient that causes electrons to flow in the circuit. 

· To eject an electron each photon must have at least enough energy to overcome the binding energy of the electron on the metal surface. 

· Photon with energy greater than the minimum (threshold) value will cause the ejection of electrons from that metal surface. 

· The higher the energy (above the threshold value) of the incidence light, the greater the energy of ejected electrons. 

· The number of electrons ejected per second depends on the number of photons striking the metal surface. 

· Light intensity is directly related to the number of photons that a light beam carries. Therefore, the number of electrons ejected and photoelectric current also increases with intensity of light striking the metal surface.

Another interesting phenomenon observed in the late 19th Century was that of line spectra produced by heated gases in discharge tube. It was found that, a given gaseous element produces a line spectrum characteristic of that element. For example, hydrogen discharged gas produces a spectrum containing discrete lines at 656 nm, 486 nm, 434 nm, and 410 nm. 

Niels Bohr, a Danish physicist, proposed that line spectra are produced when electrons fall from higher energy states to lower energy states where the energy change is emitted in the form of light. Using hydrogen spectrum as a model, Bohr proposed that:

· an atom contains discrete or quantized energy levels where an electron can occur. That is, at a particular level, an electron will have a discrete (or fixed) energy value. 

· When this electron jumps to a lower energy level, a quantum of radiation energy, E = h, will be released, which appears as a spectral line. 

· To jump to a higher energy level, an electron must absorb a quantum of radiation energy equal to the energy difference between the two levels.  Light energy will be absorbed only if it is equal to the energy difference between the two quantized states. 

Based on these observations and the behavior of charged particles under the influence of an electric field, Bohr (in 1913) proposed the following postulates:

1. Electron moves in circular paths called ORBITS around the nucleus.  

2. Only "certain set" of orbits with discrete (or characteristic) energy values is allowed.

3. Electron has a fixed energy value if it stays in the same orbit.

4. Electrons may jump from one orbit to another, which is associated with energy changes.  An electron absorbs a quantum of energy when it jumps from an inner orbit (lower energy level) to an outer one (higher energy level).  Energy is emitted (normally in the form of light) if it jumps from an outer to inner orbits.   

5. Electronic transition or "jump" is accompanied by a gain or loss of a quantum of energy.  The magnitude of radiation energy corresponds to the energy difference between the two orbits. A particular transition will result in a spectral line with a fixed energy, frequency and wavelength.

While Bohr's model fits well for the hydrogen atom or ions with only one electron, it fails to explain observed spectra for atoms or ions containing more than one electron.

In 1924, Louis de Broglie extended the dual wave-particle concept proposed by Einstein to matter by proposing that, a particle with mass m traveling with a speed v exhibits a wave property, such that its wavelength () is inversely proportional to its momentum p, according to the following expression:

 = h/p = h/(mv),  where h = 6.63 x 10-34 J.s is the Planck's constant.

In 1926, Schrödinger used de Broglie’s matter-wave relationship to propose the wave-mechanic model that provides the modern version of electronic structure of atoms. Schrödinger’s treatment of the wave-mechanic (mathematical) expression led to the concept of probability space called the orbital.  According to Schrödinger's model, 

· the precise path of electrons in atoms, as proposed by Bohr's orbits, cannot be determined. 

· The energy and probable location of an electron in atom can be defined using three terms: shells that specify the principal energy, subshells that specify the sublevels (of electronic energy), and orbitals. 

· The orbital represents a space in the atom where an electron with the specified energy value is most likely to be found. We cannot know with 100% certainty where an electron is at any moment; we can only say where an electron would most likely be at a particular moment based on its assigned energy value. 

· Each shell is assigned a quantum number, n, which takes an integer value: 1, 2, 3, …, and it describes the main energy of any one electron in that shell. 

· The subshells are assigned quantum number l, which takes values from 0 to (n – 1), but the letter notations: s, p, d, and f, are used instead of the numerical notations. The correlation between the numerical value of l and the letter symbols is as follows:


l-values:

0
1
2
3


letter symbols:
s
p
d
f 
· Subshells denoted by letter s are found in all shells;  p-subshells are found in all shells, except n = 1; the d-subshells occur in shells with n > 3, and f-subshells found in shells with n > 4.

· A combination of the quantum number n and the letter notation is used to specify a particular subshell, such as: 1s, 2s, 2p, 3s, 3p, 3d, etc. 

· The principal quantum number n also corresponds to the number of subshells in that principal energy level. For example, the energy level with n = 3 has three sublevels or subshells, namely, 3s, 3p, and 3d. Electrons in the same subshell have the same energy value.

· Each subshell contains atomic orbitals; the number of these orbitals is fixed, as specified by quantum number ml, where ml = -l, -( l – 1), …-2, -1, 0, 1, 2,…( l – 1), l. For example, when n = 1, l = 0, and ml = 0, which describes orbital 1s. When n = 2 and l = 0, ml = 0, which describes orbital 2s; the same is true when n = 3, l = 0, and ml = 0 that describes orbital 3s. Each s-subshell has one orbital. 

· When n = 2 and l = 1, ml may take any of the three possible values: ml = 0, ml = -1, or ml = +1, which implies that the 2p-subshell contains three orbitals. The same goes when n = 3, l = 1,  n = 4, l = 1, and so on. 

· When n = 3 and l = 2, which specifies the 3d-subshell, ml may take any of the five possible values, namely, -2, -1, 0, +1, or +2. This implies that each d-subshell has five orbitals. 

· Using the same process of assigning quantum numbers, it follows that each f-subshell would have seven orbitals. The number of orbitals in each subshell is equal to (2l +1).

All s-orbitals are spherical in shape, but the size changes (gets larger) as the principal quantum number n increases. Each p-orbital has two lobes that are 180o to each other, like a "dumb-bell" shape. Since there are three p-orbitals in a p-subshell, their lobes are oriented perpendicular to each other. (The shapes of d- and f-orbitals are more complex.) 

The shape and size of each orbital only imply the space where electrons may be found. It does not say about electron’s motion as the Bohr's model tries to explain.

The energy levels for electrons in atoms are specified principally by the quantum number n. Greater quantum number n implies higher energy level. For electrons located within the same shell, their energy increases in the order s < p < d < f-subshell. 

How many electrons may occupy each orbital?


We have noted that a set of three quantum numbers (n, l, and ml) describes a particular orbital. A fourth quantum number, called spin quantum number, ms, which is assigned the value +½ or –½, must also be specified to describe an electron in that orbital. However, Pauli exclusion principle states that no two electrons should have all the four quantum numbers the same. 

The number of orbitals and the maximum number of electrons allowed in each shell and subshell are summarized in the following table:

Relationships between Shells, Subshells, and Number of Orbitals and Electrons

———————————————————————————————————————————



Number of
Maximum
Maximum 


Number of

Number of 
Number of 
Number of 

Shell
subshells
Subshell
Orbitals in    
Electrons  
Electrons

Number
in shell
Designation
Subshell
in Subshell 
in Shell

———————————————————————————————————————————
  1
1
1s
1
2
2

  2
2
2s
1
2



2p
3
6
6

  3
3
3s
1
2



3p
3
6



3d
5
10
18

  4
4
4s
1
2



4p
3
6



4d
5
10



4f
7
14
32

———————————————————————————————————————————
The following rules are used when assigning electrons into different orbitals in a given atom.  

#1.
The shell with the lowest energy value must be filled before the next one in order to obtain a minimum energy (maximum stability)

#2.
As a consequence of the Pauli exclusion principle, only two electrons with opposite spins may occupy the same orbital. 

#3.
When assigning electrons to subshells with more than one orbital, the Hund's rule states that electrons should be placed into each orbital singly with their spins parallel, until all orbitals are singly occupied. The next electron may be placed into any of the half-occupied orbitals with its spin opposite to the first one.

#4.
Subshells are filled sequentially in the following order:



1s, 2s, 2p, 3s, 3p, 4s, 3d, 4p, 5s, 4d, 5p, 6s, 4f, 5d, 7s, 5f, 6d.

___________________________________________________________________________

Electron Configurations - Orbital Notation (spdf..) 

———————————————————————————————————————————
H:
1s1
Na:
[Ne] 3s1
Sc:
[Ar] 4s2 3d1

He:
1s2
Mg:
[Ne] 3s2
Ti:
[Ar] 4s2 3d2
Li:
1s2 2s1 
Al:
[Ne] 3s2 3p1 
 V:
[Ar] 4s2 3d3
Be:
1s2 2s2
Si:
[Ne] 3s2 3p2 
Cr:
[Ar] 4s1 3d5
B:
1s2 2s2 2p1
P:
[Ne] 3s2 3p3 
Mn:
[Ar] 4s2 3d5
C:
1s2 2s2 2p2
S:
[Ne] 3s2 3p4 
Fe:
[Ar] 4s2 3d6
N:
1s2 2s2 2p3
Cl:
[Ne] 3s2 3p5 
Co:
[Ar] 4s2 3d7
O:
1s2 2s2 2p4
Ar:
[Ne] 3s2 3p6 
Ni:
[Ar] 4s2 3d8
F:
1s2 2s2 2p5
K:
[Ar] 4s1 
Cu:
[Ar] 4s1 3d10
Ne:
1s2 2s2 2p6
Ca:
[Ar] 4s2 
Zn:
[Ar] 4s2 3d10
———————————————————————————————————————————
· In the quantum notation (the spdf notation), only the total number of electrons in a subshell is indicated.

· In the orbital diagram, the number and spin of electrons in each orbital are indicated. For example:


Quantum notation:
C:  [He] 2s2 2p2 


Orbital diagram :
C:  [He]  _((_  _(_ _(_ ___    (2 unpaired electrons)






     2s
         2p


Quantum notation:
N:  [He] 2s2 2p3 


Orbital diagram :
N:  [He]  _((_  _(_ _(_ _(_    (3 unpaired electrons)






     2s
         2p


Quantum notation:
O:  [He] 2s2 2p4

Orbital diagram :
O : [He]  _((_  _((_ _(_ _(_    (2 unpaired electrons)






     2s
           2p

________________________________________________________________________

The Shell Model and Chemical Properties

The arrangement of electrons into orbital, subshell, and shell provides an explanation for the characteristic chemical properties of various elements. The number and electron configuration of the outermost occupied shell in the atoms determine the chemical properties of elements. You will note that all elements in a given group of the periodic table exhibit the same number of electrons in the outermost occupied shell. This outermost occupied shell is called the valence shell. Similarities in chemical properties result from identical number of electrons in the valence shell of the atoms.

Group IA
Group IIA
Group VIA
Group VIIA

Li: 
[He] 2s1
Be: 
[He] 2s2
O :
[He] 2s2 2p4
F : [He] 2s2 2p5
Na: 
[Ne] 3s1
Mg: 
[Ne] 3s2
S :
[Ne] 3s2 3p4
Cl: [Ne] 3s2 3p5
K : 
[Ar] 4s1
Ca: 
[Ar] 4s2
Se:
[Ar] 3d10 4s2 4p4
Br: [Ar] 3d10 4s2 4p5
Rb: 
[Kr] 5s1
Sr: 
[Kr] 5s2
Te:
[Kr] 4d10 5s2 5p4
I : [Kr] 4d10 5s2 5p5
Cs: 
[Xe] 6s1
Ba: 
[Xe] 6s2


———————————————————————————————————————————
Note: The general valence shell electron configuration for each group is as follows:


Group 1A = ns1;

Group IVA = ns2 np2;

Group VIIA = ns2 np5;


Group IIA = ns2;

Group VA = ns2 np3;

Group VIIIA = ns2 np6;


Group IIIA = ns2 np1;
Group VIA = ns2 np4;

Most Stable Electron Configuration.


In Group VIIIA (the noble gases), the ns and np subshells of the valence shells are completely filled with 8 electrons (except for He, which can have only two electrons).  This is referred to as the octet state, which represents the most stable electronic state.  Thus, the electron configuration of the noble gases represents the most stable configuration, which explains why these elements are very unreactive.  Other elements tend to acquire this stable state by losing, gaining, or through sharing electrons during chemical reactions.

Atomic Properties and The Periodic Table

Using the valence-shell electron configuration, the periodic table can be divided into four blocks: 

· the s-block, which consists of Groups 1A(1) and IIA(2); 

· the p-block  consists of Groups IIIA(13), IVA(14), VA(15), VIA(16), VIIA(17), and VIIIA(18); 

· the d-block consists of Groups IIIB(3), IVB(4), VB(5), VIB(6), VIIB(7) VIIIB(8), VIIIB(9), VIIIB(10), IB(11), and IIB(12); 

· the f-block contains elements in the lanthanide and actinide series. 

· Elements in the s-block and p-block are called the main group (or representative) elements; those occupying the d-block are the transition elements , and the f-block elements are called the inner transition elements.

· Based on their physical and chemical properties, elements are classified into metals, semimetals, and nonmetals

· Metals are characterized by fewer number of valence electrons - most contain not more than three electrons in their valence shells.  

· Nonmetals contain higher number of valence electrons - most contain at least 5 electrons in their valence shells. 

· semimetals (Si, Ge, As, Sb, Te) possess intermediate properties between metal and nonmetals.  Chemically, they behave more like nonmetals, but their appearance and physical properties are more like those of metals.

· Metal atoms, which contain very few valence electrons, tend to lose all of their valence electrons in order to acquire a noble gas configuration. Metals generally have low ionization energy

· nonmetals, which have nearly filled valence shells, tend to gain electrons in order to acquire a noble gas electron configuration. Nonmetals generally have high ionization energy and electron affinity.

· Ionization energy of an atom is the energy required to remove a valence electron from an individual atom in the gas phase. For example,



Na(g) + Ip  (  Na+(g) + e-;  


(Ip is the ionization energy or ionization potential)

· Ionization energy decreases from top to bottom down a group, but increases from left to right across a period.  For example, the ionization energy of the alkali metals decreases down the group as follows: Li > Na > K > Rb > Cs. 

· The reactivity of alkali metals increases as follows:  Li < Na < K < Rb < Cs.

· Ionization energy of elements in the third period increases as follows:



Na < Mg < Al < Si < P < S < Cl < Ar

· For nonmetals, chemical reactivity is determined by their electron affinity rather than by their ionization potential.  Their reactivity is related to the ability of the atom to gain an electron

· As a general rule, the most chemically reactive metals are located in the lower left-hand region of the periodic table, while the most reactive nonmetals are located in the upper right-hand region. [Note: exclude the noble gases]

· The atomic size also varies as one goes across a period or down a group in the periodic table.  For example, Li < Na < K < Rb < Cs. 

· In general, atomic size decreases from left to right across a given period, but increases down a group. For example, the atomic size of second period elements varies as follows: Li > Be > B > C > N > O > F.

· As one goes down a group, atomic size increases and ionization energy decreases. This is because effective nuclear attraction on valence electrons decreases as their distance increases.

IONIC COMPOUNDS - Formation of Ions

· A neutral atom contains equal numbers of protons and electrons.  In a chemical reaction, atoms may gain or lose electrons to become ions, but the number of protons remains the same. 

· Positive ions (or cations) are formed when atoms loses electrons, and negative ions (or anions) are formed when atoms gains electrons. The magnitude of the charge on each ion is equal to the number of electrons gained or lost. 

For example, when sodium reacts with chlorine, each sodium atom loses an electron to become a cation Na+, and each chlorine atom gains an electron to become a anion Cl-. In fact, each alkali metal atom: Li, Na, K, Rb, and Cs, loses an electron to become cation: Li+, Na+, K+, Rb+, and Cs+, respectively.  While each atom of the halogens (F, Cl, Br, and I) gains an electron to form anion: F-, Cl-, Br-, and I-.  

Each atom of the alkaline Earth metals (Group IIA elements: Be, Mg, Ca, Sr, Ba, and Ra) loses two electrons to form cations with a 2+ charge, such as Mg2+, Ca2+, Sr2+, Ba2+, and Ra2+. While each atom of Group VIA elements (O, S, Se, and Te) may gain two electrons during chemical reactions to form anions, such as O2-, S2-, and Se2-.

In Group IIIA(13), boron is a metalloid and does not form ion. Aluminum and gallium always lose 3 electrons per atom and form the cations Al3+ and Ga3+. 

Most transition metals form more than one type of cations.  For example,


Cr ( Cr2+ + 2 e-;
or   Cr (  Cr3+ + 3 e-;


Mn ( Mn2+ + 2 e-;
or   Mn (  Mn3+ + 3 e-;


Fe ( Fe2+ + 2 e-;
or   Fe (  Fe3+ + 3 e-;


Cu ( Cu+ +  e-;
or   Cu ( Cu2+ + 2 e-;

Summary:

1.
In chemical reactions, metal atoms tend to lose electrons to form cations, whereas nonmetal atoms gain electrons to form anions.

2.
Each Group 1A element loses one electron per atom to form M+ ion; each Group 2A element loses two electrons per atom to form M2+ ion; Al and Ga each loses 3 electrons per atom to form M3+ cation (Al3+ and Ga3+). 

3.
In reactions  with metals, each element of the halogen family (Group 7A(17)) gains an electron to form anion  F-, Cl-, Br-, & I-. While each element of Group 6A(16) gains 2 electrons to form anion O2-, S2-, Se2-, and Te2-. Nitrogen and phosphorus may gain three electrons when they react with very reactive metals, such as the alkali or alkali earth metals.

4.
Elements of the transition metals lose variable number of electrons and form more than one type of cations.

___________________________________________________________________________

Formula of Ionic Compounds

Isolated atoms cannot lose or gain electrons.  Electrons are actually transferred from metal atoms to the nonmetal atoms during chemical reactions.  Reactions between metals and nonmetals always form ionic compounds - compounds composed of cations and anions).  

Examples:
(1) 2Na + Cl2 ( 2 NaCl (sodium chloride)


(2) 2Mg + O2 (  2 MgO (magnesium oxide)


(3) Ca +  F2  (     CaF2 (calcium oxide)


(4) 2Al + 3Br2  ( 2 AlBr3 (aluminum oxide)

The total number of electrons lost by a metal must equal that gained by nonmetal.  Compounds must have a net zero charge - the formula unit of an ionic compound must represent a species that is electrically neutral. For example, magnesium chloride contains Mg2+ and Cl- ions in a ratio of two Cl- to one Mg2+ and its formula is MgCl2. The formula of aluminum oxide, which contains Al3+ and O2-, is Al2O3.

Ionic compounds occur as crystalline solids and have very high melting points, because ions are bound together very strongly by electrostatic forces, called ionic bonds. The strength of ionic bonds increases as ion charges increase and the ionic sizes decrease.    

In the solid state, ionic compounds do not conduct electricity because ions do not move freely. When melted or when dissolved in aqueous solutions, ions dissociate and become mobile, hence able to conduct electric current.  Compounds that conduct electricity, either in the molten state or in aqueous solutions, are called electrolytes.  Aqueous solution of soluble ionic compounds is strong electrolytes. 

Exercise: Write formulas for ionic compounds containing the following pairs of ions:


a) K+ and Br- :
b)  Mg2+ and N3- :
c) Al3+ and O2- :



d)  Ca2+ and F- :
e) Na+ and S2- :
f)  Cu2+ and Cl- :


g) Ca2+ and P3- :
h)  Ba2+ and Se2- :
I) Pb2+ and I- :



j)  Sn4+ and Cl- :
k) Al3+ and Cl- :
l)  Sr2+ and Br- :


m) Ti4+ and O2- :
n)  Cu+ and S2- :

