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Periodic properties

Introduction

The periodic table, also known as the periodic table of the elements, is an ordered
arrangement of the chemical elements into rows ("periods") and columns
("groups"). It is anicon of chemistry and is widely used in physics and other
sciences. It is a depiction of the periodic law, which states that when the elements
are arranged in order of their atomic numbers an approximate recurrence of their
properties is evident. The table is divided into four roughly rectangular areas
called blocks. Elements in the same group tend to show similar chemical
characteristics.Vertical, horizontal and diagonal trends characterize the periodic
table. Metallic character increases going down a group and from right to left across
a period. Nonmetallic character increases going from the bottom left of the
periodic table to the top right. The first periodic table to become generally accepted
was that of the Russian chemist Dmitri Mendeleev in 1869; he formulated the
periodic law as a dependence of chemical properties on atomic mass. As not all
elements were then known, there were gaps in his periodic table, and Mendeleev
successfully used the periodic law to predict some properties of some of the
missing elements. The periodic law was recognized as a fundamental discovery in

the late 19th century. It was explained early in the 20th century, with the discovery



of atomic numbers and associated pioneering work in quantum mechanics, both
ideas serving to illuminate the internal structure of the atom. A recognizably
modern form of the table was reached in 1945 with Glenn T. Seaborg's discovery
that the actinides were in fact f-block rather than d-block elements. The periodic
table and law are now a central and indispensable part of modern chemistry. The
periodic table continues to evolve with the progress of science. In nature, only
elements up to atomic number 94 exist to go further, it was necessary
to synthesize new elements in the laboratory. By 2010, the first 118 elements were
known, thereby completing the first seven rows of the table however, chemical
characterization is still needed for the heaviest elements to confirm that their
properties match their positions. New discoveries will extend the table beyond
these seven rows, though it is not yet known how many more elements are
possible; moreover, theoretical calculations suggest that this unknown region will
not follow the patterns of the known part of the table. Some scientific discussion
also continues regarding whether some elements are correctly positioned in today's
table. Many alternative representations of the periodic law exist, and there is some

discussion as to whether there is an optimal form of the periodic table.
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Periodic Properties of the Elements

The elements in the periodic table are arranged in order of increasing atomic number. All of these elements display several other
trends and we can use the periodic law and table formation to predict their chemical, physical, and atomic properties.
Understanding these trends is done by analyzing the elements electron configuration; all elements prefer an octet formation and
will gain or lose electrons to form that stable configuration.

Atomic Radius

We can never determine the atomic radius of an atom because there is never a zero probability of finding an electron, and thus
never a distinct boundary to the atom. All that we can measure is the distance between two nuclei (internuclear distance). A
covalent radius is one-half the distance between the nuclei of two identical atoms. An ionic radius is one-half the distance between
the nuclei of two ions in an ionic bond. The distance must be apportioned for the smaller cation and larger anion. A metallic radius
is one-half the distance between the nuclei of two adjacent atoms in a crystalline structure. The noble gases are left out of the trends
in atomic radii because there is preat debate owver the experimental values of their atomic radii. The SI units for measuring atomic
radii are the nanometer (nm) and the picometer (pm). Inm =1 x 107" m and 1pm =1 = 1072 m.
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Figure 1: (left) Covalent Radii, (middle) Ionic Radii, (right) Metallic Radii. Provided courtesy of Jessica Thornton (UCD)



To explain this trend, the concept of screening and penetration must be understood. Penetration is commonly known as the distance
that an electron is from the nucleus. Screening is defined as the concept of the inner electrons blocking the outer electrons from the
nuclear charge. Within this concept we assume that there is no screening between the outer electrons and that the inner electrons
shield the outer electrons from the total positive charge of the nucleus. In order to comprehend the extent of screening and
penetration within an atom, scientists came up with the effective nuclear charge, £, ;. The equation for calculating the effective
nuclear charge is shown below.

Zoyt=2-8

In the equation S represents the number of inner electrons that screen the outer electrons. Students can easily find S by using the
atomic number of the noble gas that is one period above the element. For example, the 5 we would use for Chlorine would be 10
(the atomic number of Neon). Z is the total number of electrons in the atom. Since we know that a neutral atom has an identical
number of protons and electrons, we can use the atomic number to define Z. For example, Chlorine would have a Z value of 17 (the
atomic number of Chlorine). Continuing to use Chlorine as an example, the 10 inner electrons (5) would screen out the positive
charge of ten protons. Therefore there would be and effective nuclear charge of 17-10 or +7. The effective nuclear charge shows
that the nucleus is pulling the outer electrons with a +7 charge and therefore the outer electrons are pulled closer to the nucleus and
the atornic radii is smaller. In summary, the greater the nuclear charge, the greater pull the nucleus has on the outer electrons and
the smaller the atomic radii. In contrast, the smaller nuclear charge, the lesser pull the nucleus has on the outer electrons, and the
larger atomic radii. Additionally, as the atomic number increases, the effective nuclear charge also increases. Figure 3 depicts the
effect that the effective nuclear charge has on atomic radii.
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Figure 2: Courtesy of Jessica Thornton (UCD)

Now we are ready to describe the atomic radius frend in the periodic table. The atomic number increases moving left to right across
a peried and subsequently so does the effective nuclear charge. Therefore, moving left to right across a period the nucleus has a
greater pull on the outer electrons and the atomic radii decreases. Moving down a group in the periodic table, the number of filled
electron shells increases. In a group, the valence electrons keep the same effective nuclear charge, but now the orbitals are farther
from the nucleus. Therefore, the nucleus has less of a pull on the outer electrons and the atomic radii are larger.

Atomic radius decreases

,_l

The Periodic Table

Figure 3: Courtesy of Jessica Thornton (UCD)



We can now use these concept to explain the atomic radius differences of cations and anions. A cation is an atormn that has lost one
of its outer electrons. Cations have a smaller radius than the atom that they were formed from. With the loss of an electron, the
positive nuclear charge out powers the negative charge that the electrons exert. Therefore, the positive nucleus pulls the electrons
tighter and the radius is smaller. An anion is an atom that has gained an outer electron. Anions have a greater radius than the atom
that they were formed from. The gain of an electron does not alter the nuclear charge, but the addition of an electron causes a
decrease in the effective nuclear charge. Therefore, the electrons are held more loosely and the atomic radius is increased.
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Figure 4: Courtesy of Jessica Thomton (UCD)

lonization Energy (ionization potential)

Expelling an electron from an atom requires enough energy to overcome the magnetic pull of the positive charge of the nucleus.
Therefore, ionization energy (LE. or I) is the energy required to completely remove an electron from a gaseous atom or ion. The
Ionization Energy is always positive.
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Figure 5: Courtesy of Jessica Thornton (UCD)
The energy required to remove one valence electron is the first ionization energy, the second icnization energy is the energy

required to remove a second valence electron, and so on.
« st ionization energy

Na(g) —» Na"(g) +¢ (g)
+ 2ndionization energy

Na*(g) —+ Na® *(g) +e"

Ionization energies increase relative to high effective charge. The highest ionization energies are the noble gases because they all
hawve high effective charge due to their octet formation and require a high amount of energy to destroy that stable configuration. The
highest amount of energy required occurs with the elements in the upper right hand comer. Additionally, elements in the left corner
have a low ionization energy because losing an electron allows them to have the noble gas configuration. Therefore, it requires less
energy to remove one of their valence electrons

Table 1: Ionization Energies of certain elements (1st IE, 2nd IE, etc)



Element Ist 2nd 3rd 4th 5th 6th 7th

Na 496 4562
Mg 738 1451 7733

Al 577 1817 2745 11580

Si 786 1577 3232 4356 16090

P 1060 1503 2912 4957 6274 21270

5 999.6 2251 3361 4564 7013 8496 27110
Cl 1256 2297 3622 5158 6342 9362 11020
Ar 1520 2666 3931 3771 7238 5781 12000

These are the ionization energies for the period three elements. Notice how Na after in the second LE, Mg in the third LE., Al in the
fourth LE., and so on, all have a huge increase in energy compared to the proceeding one. This occurs because the proceeding
configuration was in a stable octet formation; therefore it requires a much larger amount of energy to ionize.

Ionization Energies increase going left to right across a period and increase going up a group. As you go up a group, the ionization
energy increases, because there are less electron shielding the outer electrons from the pull of the nucleus. Therefore, it requires
more energy to out power the nucleus and remove an electron. As we move across the periodic table from left to right, the
ionization energy increases , due to the effective nuclear charge increasing, This is because the larger the effective nuclear charge,
the stronger the nucleus is holding onto the electron and the more energy it takes to release an electron.

lonization Energy Increases

The Periodic Table

Figure 6: Courtesy of Jessica Thomton {UCD)

The ionization energy is only a general rule. There are some instances when this trend does not prove to be comect. These can
typically be explained by their electron configuration. For example, Magnesium has a higher ionization energy than Aluminum.
Magnesium has an electron configuration of [Ne]3s2. Magnesium has a high lonization energy because it has a filled 35 orbital and
it requires a higher amount of energy to take an electron from the filled crbital.



Factors affecting Ionisation Energy

The size of the ionisation energy is determined by the strength of the attraction between the outer
shell electrons and the central nucleus. The stronger the attraction, the harder it is to remove the
electron and the higher the ionisation energy. The following factors determine the strength of the

attraction between the nucleus and outer electrons:

Atomic Radius:
The higher the atomic radius, the lower the ionisation energy. This is because a higher atomic
radius means that the outer electrons are further from the nucleus, and hence the attractive pull

from the nucleus is lower.

Nuclear Charge:

The higher the nuclear charge, the higher the ionisation energy. This is because the greater the

positive charge of the nucleus, the stronger the attraction for the outer electrons.

Number of Inner Shells:

The more inner shells present, the lower the ionisation energy. Inner shells refers the shells
between the outer shell and the nucleus. For example, if the outer electron is in shell 4, then there
are 3 inner shells to inner shells repel the outer electrons, lessening the pull towards the nucleus.

This effect is called shielding.



Electron Affinity

Electron affinity (E.A.) is the energy change that occurs when an electron is added to a gaseous atom. Electron affinity can further
be defined as the enthalpy change that results from the addition of an electron to a gaseous atom. It can be either positive or
negative value. The greater the negative value, the more stable the anion is.

+ (Exothermic) The electron affinity is positive

X(g)+e —+ X 4+ Encrgy
+ (Endothermic) The electron affinity is negative

X(g) +¢ +Energy — X~

It is more difficult to come up with wends that describe the electron affinity. Generally, the elements on the right side of the
periodic table will have large negative electron affinity. The electron affinities will become less negative as you go from the top to
the bottom of the periodic table. However, Nitrogen, Oxygen, and Fluorine do not follow this trend. The noble gas electron
configuration will be close to zero because they will not easily gain electrons.

Factors Affecting Electron Affinity

Electron Affinity is affected by three main factors. These factors are generally related to the
structure and configuration of the molecule in question. The three factors affecting the electron

affinity of a molecule are Nuclear Charge, Atomic Size, and Electronic Configuration.

Nuclear Charge: The greater the nuclear charge, the greater will be the attraction of the
incoming electron. This will result in a larger value of electron affinity. To explain it in simpler
terms, the nuclear charge can be understood as the pull that is exerted by the nucleus on the
electrons. Therefore, the greater the pull of the nucleus, the greater the chance of electrons

attaching to the atom.

Atomic Size: The larger the size of an atom, the larger will be the distance between the nucleus
and electron. This will result in a smaller force of attraction by electrons. Therefore, the value of
electron affinity will be small. In general, too, the electronic affinity increases by going down the

group and decreases from left to right across the periods.

Electronic Configuration:



Stable the configuration of an atom, its tendency will be less to accept the electron. Therefore, it
will face a lower value of its electron affinity. Electron affinity is almost zero or low in elements
having a stable electronic configuration. This is due to the small tendency to accept another
electron. Electron affinities of inert gases are zero. This is due to their atoms having stable ns*np®
configuration in their shell. Electron affinity of Beryllium, and calcium is practically zero. If the

atom has fully or half-filled orbits, its electron affinity will be less.

Electron Affinity decreases
(becomes more negative)

The Periodic Table

Figure 7: Courtesy of Jessica Thomton (UCD)

Electronegativity

Electronegativity is the measurement of an atom to compete for electrons in a bond. The higher the electronegativity, the greater its
ability to gain electrons in a bond. Electronegativity will be important when we later determine polar and nonpolar molecules.
Electronegativity is related with ionization energy and electron affinity. Electrons with low ionization energies have low
electronegativities because their nuclei do not exert a strong attractive force on electrons. Elements with high ionization energies
have high electronegativities due to the strong pull exerted by the positive nucleus on the negative electrons. Therefore the
electronegativity increases from bottom to top and from left to right.



Electronegativity Increases
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Figure 8: Courtesy of Jesscia Thornton (UCD)
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Inert pair effect

The inert pair effect refers to the tendency of the outermost s electrons in heavier
p-block elements to remain non-bonding or inert due to poor shielding by the inner
d and f orbitals. This results in a reluctance of these s electrons to participate in
bonding.This effect is primarily observed in the heavier elements of the p-block of
the periodic table, particularly in groups 13 and 14. As we move down these
groups, the inert pair effect becomes more pronounced. Consider the group 13
elements: boron (B), aluminum (Al), gallium (Ga), indium (In), and thallium (TT1).
The general electronic configuration for these elements is ns* np', where n
represents the principal quantum number. The group 13 elements can exhibit two
oxidation states: +1 and +3. For example, if an element loses one p electron, it can
exist in the +1 oxidation state. If it loses both s electrons and one p electron, it can
exist in the +3 oxidation state. As we move down the group from aluminum to
thallium: The +3 oxidation state becomes less stable, while the +1 oxidation state
becomes more stable. For thallium (T1), it predominantly exists in the +1 state due
to the inert pair effect, where the 6s electrons are reluctant to participate in bonding
because they are pulled closer to the nucleus due to poor shielding from the inner d
orbitals. Thus, the inert pair effect leads to the stabilization of lower oxidation
states (+1 for thallium) in heavier p-block elements, while the higher oxidation

states (+3) become less favored.
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