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Summary 

The building up of the periodic table of the elements, based on the aufbau principle, 
Pauli exclusion principle, and Hund’s rule is described and explained on the basis of a 
preliminary introduction to the electronic structure of atoms. 

The periodic trends of ionization energies, sizes of atoms, electron affinities, and of the 
electronegativity of the elements are discussed together with some periodical chemical 
properties, such as binding energies, electrochemical properties of metals, and the shift 
along the periodic table from metals to nonmetals. 

1. Introduction 

Chemistry is an experimental science that involves an enormous number of observations 
and requires the investigation of all the various aspects of the properties of matter. For 
such a reason, from the beginning of the development of chemistry as a science at the 
end of the eighteenth century it was essential to try to rationalize the complexity of the 
elements’ physical and chemical behavior, which at first sight were completely casual. 
Initially, the first elementary attempts at rationalization were based on the 
differentiation between metals and nonmetals. Only when the atomic weights of a good 
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number of elements were determined with a certain accuracy—between the years 1800 
and 1860—did the basic elements of a periodic description of such a complexity 
became apparent. Already in 1829 the German chemist Johann Döbereiner (1780–1849) 
pointed out the existence of some triads: elements such as chlorine, bromine, and iodine, 
or calcium, strontium, and barium not only showed similar properties, but in addition 
the atomic weight of bromine was roughly the mean value of the atomic weights of 
chlorine and iodine; also the atomic weight of strontium responded to a similar trend. 
Later, the English chemist John Newlands (1837–1898) showed that when the elements 
are organized according to their atomic weight, it is possible to observe that at every 
eighth element—at that time noble gases were not known—one can find an element 
with properties similar to those of the first element of the previous eight. Such 
observations were the basis for understanding the periodical organization of the 
chemical behavior and physical properties of the various elements. 

Thereafter—in the period 1860–1880—first, the German chemist Julius von Meyer 
(1830–1895) and then, finally, the Russian chemist Dmitri Mendeleev (1834–1907) 
were able to evidence and prove such a periodic hypothesis. Mendeleev, who proposed 
for the first time a well-defined periodic table of the elements, followed the hypothesis 
that the chemical behavior and physical properties of the elements are a periodic 
function of their atomic weights. Therefore, he organized all the elements in vertical 
rows—according to their similar chemical behavior and physical properties—and in 
horizontal rows—following the increase of their atomic weights. 

Mendeleev had to base this hypothesis on the 62 elements then known; therefore, in 
order to complete his periodical arrangement he was compelled to predict the existence 
and properties of several elements. Interestingly, later on his predictions were confirmed 
by the discovery of elements that showed the chemical behavior and physical properties 
suggested by him. 
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Figure 1. The original  periodic table of Mendeleev. The numbers indicate the atomic 
weight of the 62 known elements. The ? refers to the predicted elements that were still 

to be discovered; for example, ? = 68 is the element now known as gallium. 
 
The Mendeleev rationalization of the periodic properties of the elements, which is one 
of the major achievement of modern science, was based on a compact arrangement of 
eight vertical rows (groups) and of several horizontal rows (series and later periods) (see 
Figure 1). 

The elements of the same groups were characterized by a similar chemical behavior and 
by related physical properties, while both chemical behavior and physical properties 
changed in the same, repeated, periodic manner along each series. 

The periodical table of the elements, as first proposed by Mendeleev, was completed in 
the following years when the elements lacking were discovered, and their chemical and 
physical properties defined. Finally, when the electronic structures of atoms had been 
established, the long form of the periodic table was organized into seven periods (three 
small and four long) and 18 groups. The latter were first divided in seven groups A and 
seven groups B, one large group VIII and one group O. Two separate rows were added 
at the end of the table, starting with lanthanum and actinium, respectively, and called 
the series of lanthanides and actinides. Only recently the subdivision of groups into A 
and B, as originally proposed, has been suppressed. Groups are classified in the long 
form of the periodic table (see Figure 2) from 1 to 18. 
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Figure 2. The actual long form of the periodic table 

Therefore, while originally based only on an intuition, after the discovery of the 
electronic structure of the atoms the origin of such a periodical behavior was fully 
clarified. By successively adding electrons to the available energy levels of the gaseous 
atoms, one can build up the pattern of the electronic structure of the elements and, 
therefore, of their chemical and physical properties from the lightest to the heaviest one 
currently known. Interestingly, this approach follows perfectly the order of the atomic 
mass, which was the basis of the original intuition of Mendeleev. 

Each group is characterized by the same configuration of the external electrons, while in 
each period or series specific electron levels are completed step by step by adding 
electrons. 

In conclusion, the periodicity is an order related to the sequence of the electronic energy 
levels, so the chemical behavior and also many physical properties are dictated by the 
energy of the most external electronic levels. In this way one can explain easily why the 
elements of the same group show a similar chemical behavior and many comparable 
physical properties, while along a period the chemical behavior and the physical 
properties change abruptly from one element to the other, although they become the 
same after completion of the period itself. 

2. Introduction to the Electronic Structure of Atoms 

Although the subject of the electronic structures of atoms, molecules, and solids will be 
discussed in detail elsewhere, it will be worthwhile here to give the basic concepts of 
the electronic structure of atoms in order to introduce a basic understanding of the 
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energy of the electronic levels, which is necessary in order to describe the building up of 
the periodic table. 

Quantum mechanics has shown that an electron may be described either as a particle or 
as a wave through a mathematical function called wavefunction, ψ, which is related to 
the energy, E, of the system via the Schrödinger equation: 

H EΨ = Ψ                                                               (1) 
where H is a mathematical operator called the Hamiltonian operator, which represents 
the general mathematical form of the kinetic and potential energies, and E is the 
numerical value of the energy associated with a given wavefunction, ψ (see Schrödinger 
Equation and Quantum Chemistry). In the case of the hydrogen atom with one electron 
only attracted by a nucleus carrying the single charge of a proton the Schrödinger 
equation can be solved for certain wavefunctions—called eigenfunctions—and the 
associated energies are not given by a continuum but by a series of separated energy 
levels (called eigenvalues), which can be occupied by the electron. Each eigenfunction 
is characterized by a set of numbers n, m, and l, called quantum numbers, defined as 
follows: 
n = 1,2,3,4,5,6,7… 
l = all the integer values up to (n–1) 
m = all the integer values between (–l) and (+l) 
 
• n is the principal quantum number, which mainly defines the energy and the main 

distance of the electron from the nucleus. 
• l is the secondary or azimutal quantum number, which defines the angular 

momentum of the motion of the electron. Therefore, it defines the so-called shape of 
the eigenfunction. 

• m is the magnetic quantum number associated with the magnetic moment generated 
by the motion of the electron around the nucleus. It defines the component of this 
magnetic moment along an external magnetic field. 

The wavefunctions of the hydrogen atom, written in terms of polar coordinates r, θ, and 
φ are split up to a radial component R n, l (r) and an angular component Φ l, m (θ, φ), 
where ⏐R n, l (r)⏐2 gives the probability of finding the electron at a distance r from the 
nucleus. The energy for a certain set n, l, m of quantum numbers is given by: 

2 2

2 22 o

Z eE
a h n

= −                                                        (2) 

where the nuclear charge Z is +1 for hydrogen, or +2, or +3 for hydrogen-like systems, 
such as the ions He+ and Li2+, e is the charge of the electron and the quantity ao is given 
by: 

2

44
o

ha
meπ

=                                                            (3) 
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where m is the mass of the electron and h the Planck constant. 

Clearly only the principal quantum number n, which characterizes the main distance of 
the electron from the nucleus, defines the various energy levels available to the single 
electron of the hydrogen atom. The wavefunctions, ψ n, l, m, of the hydrogen atom are 
known as orbitals, broadly classified by their shape, therefore, according to the value of 
l. When l = 0 we have an s orbital that is spherically symmetrical, when l = 1 we have a 
p orbital with a nodal point in the nucleus, when l = 2 we have a d orbital with two 
nodal points in the nucleus, and, finally, when l = 3 we have an f orbital with three 
nodal points in the nucleus. A nodal point means that the probability of finding an 
electron on the nucleus is nil. In addition, p orbitals have three orthogonal orientations 
in space depending on the value of m, which can be 1, 0, or –1. Similarly, there are five 
possible orientations of d orbitals (m = 2, 1, 0, –1, or –2), and finally, seven possible 
orientations of f orbitals (m = 3, 2, 1, 0, –1, –2, or –3) (see Molecular Energetics: 
Valence Bond and Molecular Orbital Methods and Density Functional Theory of Atoms 
and Molecules). 

Orbitals are usually represented by drawing the region of space in which there is a high 
probability of finding the electron (see Figure 3). 
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Figure 3. The drawing of the orbitals s, p, d, and f 

 
These drawings represent only the directional character and are not intended to 
represent the actual shapes of the orbitals. 
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However, the single electron is not only characterized by the three quantum numbers of 
the wavefunction in which it is located, but in addition it may regarded as spinning 
about its own axis, generating an angular momentum and, therefore, a magnetic moment 
that is quantized and may assume only two directions. This means that the component 
of the magnetic moment in the direction of an external magnetic field is given by the 

quantity 
2
hs
π

, where s is the spin quantum number, which can only have the values of 

+½ or –½. 

In conclusion, the motion, localization, and magnetic properties of the electron in the 
hydrogen atom are defined by four quantum numbers, but its energy is dependent only 
on the principal quantum number n, which defines the energy of the so-called electron 
shells. However, in atoms with more than one electron the energy of electrons is not 
anymore dependent only on the principal quantum number n, but also, for example, as 
in the semi-empirical approach of Slater, on the effective nuclear charge Z*. In this 
semi-empirical approach the effective nuclear charge Z*, which is felt by an electron, in 
a many electrons atom, is not the actual charge Z of the nucleus, but it depends on the 
ability of the other electrons, in particular those in orbitals penetrating towards the 
nucleus, to screen the electron in question from the nuclear charge Z. An empirical 

constant 
n

i
i
σ∑  represents the cumulative extent to which the other n single i electrons 

screen the particular electron; therefore, Z* is given by: 

*
n

i
i

Z Z σ= −∑                                                       (4) 

The screening depends first on the type of orbital in which the electron in question is 
housed, and also on the screening constant σi of the other i electrons, calculated using a 
set of empirical rules, which are related to the penetration toward the nucleus of the 
orbitals in which the i electrons are located and of the orbital in which the electron in 
question is located. 

By this semi-empirical approach, the single electron is considered to be an hydrogen-
like system characterized by a nuclear charge Z*, therefore, the energy of this electron is 
given by: 

* 2 2

2 2
( )
2 o

Z eE
a h n

= −                                                       (5) 

where the effective nuclear charge Z* is dependent not only on n but also on the 
quantum numbers l of the orbital in which the electron is housed. 

It follows that in the hydrogen atom or hydrogen-like ions (such as Li2+, He+, and so on) 
the 1s orbital is more stable than the 2s orbital because the former is closer to the 
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nucleus than the latter, but 2s and 2p orbitals have identical energies. This is not true, 
however, in the case in polyelectronic atoms. 

Let us look at the lithium atom carrying three electrons. The two electrons in the first 1s 
orbital are firmly held by the nuclear charge, which cannot be 3+ because the single 
electron is partially shielded by the other electron that stays in the 1s orbital. The 
electron in the outer orbitals with n = 2 has its greater density outside the 1s orbital; so it 
is strongly shielded from the nuclear charge by the two electrons in the 1s orbital that 
are penetrating with respect to the nucleus, being located quite close. The external 
electron with n = 2, therefore, “feels” an effective nuclear charge only of a little more 
than 1+, because it can penetrate only to a limited extent within the boundary of the 1s 
orbital. Now, if the outside electron is located in the 2s orbital it penetrates the 1s shield 
to a greater extent that it does if located in the 2p orbital. This can be easily inferred 
from the representation of orbitals of type s or p; electrons in orbitals of type s have a 
certain probability to be on the nucleus, while electrons in orbitals of type p have zero 
probability because they have a nodal point in the nucleus. It follows that the 2s orbital 
must be energetically more stable than the 2p orbital because its effective nuclear 
charge is higher due its higher penetration and, therefore, its energy of attraction is 
higher. Differing from hydrogen-like systems, the electron configuration 1s22s1 of the 
lithium atom is more stable than the electron configuration 1s22p1. 

In general, according to the Slater rules, if the secondary quantum number l is constant 
the orbital with the lower principal quantum n number is more stable, which means that 
the stability decreases as follows: 1s>2s>3s>4s, and so on. Similarly, if n is constant the 
orbital with lower l number is more stable, which means that the stability decreases as 
follows: 4s>4p>4d>4f, and so on. 

In conclusion, in an atom with many electrons the energy of the different orbitals are 
dependent on the number of electrons, that is, on the nuclear charge and how the 
electron is shielded with reference to the single orbital under consideration. In the 
periodic table each new element adds one more nuclear charge than the preceding 
element; this charge is only partially neutralized by the addition of an electron that has 
fed into the lowest energy orbital available, therefore, the energy of all the electrons is 
more stabilized. 

Orbitals with different n and with different l quantum numbers are characterized by 
different energies, according to Eq.(5), because they are influenced by a significantly 
different principal quantum number and effective nuclear charge. The levels of orbitals, 
characterized by different n and l quantum numbers, decrease their energy, which means 
they become more stable, by increasing the number of electrons as expected from the 
increase of the real and effective nuclear charge (Figure 4). 
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Figure 4. The trends of the energy levels of orbitals with different n e l quantum 
numbers in relation to the increasing atomic numbers 
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