The Periodic Properties of Atoms
The Periodic Table: In the 1870's, the Russian chemist Mendeleev developed the periodic
table, based upon the relationship between the atomic weights of the elements and their
chemical properties. As one ascends from lightest to heaviest elements, there is a periodic
recurrence of chemical properties. For example, the elements with atomic numbers 2, 10,
18, 36, 54, and 86 all are chemically inert (the noble gases), while those with atomic numbers one greater 3, 11, 19, 37, 55, and 87 are all extremely reactive metals (the alkali metals).

The rows or periods of the periodic table contain the elements with the same principle
quantum number (n) for their outermost electrons. That is, until the fourth period, which
contains the first row of transition metals, where the electrons of highest energy exist in d
orbitals, which follow in the building-up order s orbitals of a higher shell, being grouped in
the same period with elements of higher principle quantum number (n).
The columns or groups in the periodic table contain elements with the same electron configuration in the outermost shell. For example, the outermost shell of a noble gas is completely filled, while the outermost shell of an alkali metal contains only one electron.
Examine the periodic table at right
showing which subshell contains the
highest energy electrons in the ground
state of each element. Compare to
the table above to understand how the
periodic nature of chemical properties
corresponds to the configuration of
outer-shell electrons. Notice that the
blocks into which the table above is
subdivided correspond to the type of
subshell, s, p, d, or f and therefore to
the momentum quantum number (l).
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Periodic Properties
As one reads across the periodic table from left to right in a given period, the pull exerted
upon the outer-shell electrons by the positively charged nucleus increases with atomic
number. There are more protons in the nucleus and therefore more positive charge. As
one reads down the periodic table from top to bottom in a given group, however, the pull of
the nucleus upon the outer-shell electrons decreases due to the shielding of the nuclear
charge by electrons in the lower energy shells, which are between the nucleus and the outermost electrons. In other words, the outer-most electrons on the right side of the table in
a given period are bound more tightly than those on the left, and the outer-most electrons
of atoms on the bottom of a given row are bound less tightly than those on the top. For the
most part, these two general trends account for the periodic properties.
Atomic Radius: The first periodic property we will discuss is atomic radius (AR), which is
the distance from the center of the nucleus to the outer edge of the electron cloud. We are
therefore discussing the relative sizes of atoms.
atomic radius decreases

atomic
radius
increases

Lithium

To illustrate the variation of atomic radius
across or down the periodic table, we
have three stylized illustrations of the elements, lithium, fluorine, and chlorine. In
the first group of the second period is the
alkali metal lithium. To the right in the
same period, in the seventh group, is the
halide fluorine. Because of the increased
nuclear charge in fluorine, which has nine
protons, the electrons in the L shell are
bound more closely than in lithium, which
has only three. A lithium atom is therefore
larger than a fluorine atom, even though it
contains less mass.

One below fluorine in the same group is another halide, chlorine.
An atom of chlorine is larger than an atom of fluorine because of
the addition of a new shell, M.

Fluorine

Chlorine

Ionization Energy: The energy required to remove an electron from a gaseous atom in its
ground state, ionization energy (IE) reflects how closely bound the electrons are by the
nuclear charge. The process may be represented by an equation such as:
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The relative ionization energy of atoms within a group or period closely parallels the trend
in atomic radius. Across a period, for example, the smaller the atom, the greater the ionization energy.
ionization energy increases

ionization
energy
decreases

Electron Affinity: Electron affinity is the energy released or absorbed when an electron is
added to a neutral, gaseous atom. The formula for this process is as follows:
–

F (g ) + e

→ F + EA
–

While the process of removing an electron from a neutral atom is always endothermic
(requiring the input of ionization energy), the addition of an electron is can be either
endothermic or exothermic, meaning that the electron affinity may be either positive or negative.
Like the ionization energy, the general tendency for electron affinity parallels the periodic
tendencies of atomic radius. In general, the reaction is more exothermic towards the right
side of the periodic table, where the new electron is bound more tightly (into a lower energy
state), and less exothermic as you move down the table within a group.
There are some exceptions to these general tendencies however. The reaction with the
nonmetals in the second period is less exothermic than with their congeners below. This is
probably due to crowding of electrons in the smaller 2p orbitals. This is especially pronounced with nitrogen, for which the reaction is actually endothermic. The three outer shell
electrons of nitrogen in their ground state occupy their p orbitals singly. Due to electronelectron repulsion, the addition of the new electron produces a state that is less stable (of
higher energy).
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Electronegativity: This is a dimensionless scale which reflects the relative attraction of
the nucleus of a particular atom for the electrons in a chemical bond. It depends upon the
values for ionization energy and electron affinity. The tighter an atom holds its electrons,
the more electronegative it is.
electronegativity increases

electronegativity
decreases

On the scale fluorine has the highest electronegativity with a value of 4. (The noble gases,
because they don't react to form bonds are not included) Oxygen has the value 3.5, nitrogen 3.0, and carbon 2.5. Below oxygen in the same group, sulfur has the value 2.5. On
the other end of the periodic table, lithium has the electronegativity 1.0 and sodium, below
it in group IA, has the value 0.9.
Metallic character: The properties that distinguish metals, which include their high conductivity of heat and electricity, depend upon the high mobility of electrons. Metallic elements, therefore, possess low ionization energy and low electron affinity. The elements
with the highest metallic character are in the lower left corner of the periodic table, those
with the least metallic character, the upper right.

© J.S. Wetzel, 1993

