NEUB CHE 101 Lecture 2: Electronic Structure of Atoms
Classical Physics to Quantum Theory
Early theory about atoms, assuming atoms and molecules as round balls, were able to predict and
explain some macroscopic phenomenon such as pressure exerted by gas. But their model did not
account for the stability of molecules; that is, it could not explain the forces that hold atoms together.
It took a long time to realize—and an even longer time to accept—that the properties of atoms and
molecules are not governed by the same laws that work so well for larger objects.
The working of atoms in microscopic level can be understand better by the knowledge of quantum
theory. While analyzing the data on the radiation emitted by solids heated to various temperatures,
Planck discovered that atoms and molecules emit energy only in certain discrete quantities, or quanta.
Physicists had always assumed that energy is continuous, which meant that any amount of energy
could be released in a radiation process, so Planck’s quantum theory turned physics upside down.
Indeed, the ﬂurry of research that ensued altered our concept of nature forever.
An important property of a wave traveling through space is its speed (v), which is given by the product
of its wavelength and its frequency:
𝑣 = 𝑓𝜆
Planck’s Quantum Theory
When solids are heated, they emit electromagnetic radiation over a wide range of wavelengths.
Planck’s quantum theory says that atoms and molecules could emit (or absorb) energy only in discrete
quantities, like small packages or bundles. Planck gave the name quantum to the smallest quantity of
energy that can be emitted (or absorbed) in the form of electromagnetic radiation. The energy E of a
single quantum of energy is given by
𝐸 = ℎ𝑓
𝑐
Here h is Planck’s constant and f is frequency of radiation. ℎ = 6.63 × 10−34. Since 𝑣 = 𝑓𝜆 or 𝑓 = 𝜆.
We can express the above equation as
ℎ𝑐
𝜆
According to quantum theory, energy is always emitted as integral multiple of ℎ𝑓, i.e. ℎ𝑓, 2ℎ𝑓, …, but
never, for example 1.67ℎ𝑓 𝑜𝑟 4.98ℎ𝑓. At the time Planck presented his theory, he could not explain
why energies should be fixed or quantized in this manner. Starting with this hypothesis, however, he
had no trouble correlating the experimental data for emission by solids over the entire range of
wavelengths; they all supported the quantum theory.
𝐸=
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In 1905, only 5 years after Planck presented his quantum theory, the German-American physicist
Albert Einstein used the theory to solve another mystery in physics, the photoelectric effect, a
phenomenon in which electrons are ejected from the surface of certain metals exposed to light of at
least a certain minimum frequency, called the threshold frequency (Figure 1) The number of electrons
ejected was proportional to the intensity (or brightness) of the light, but the energies of the ejected
electrons were not. Below the threshold frequency no electrons were ejected no matter how intense
the light.
The photoelectric effect could not be explained by the wave theory of light. Einstein, however, made
an extraordinary assumption. He suggested that a beam of light is really a stream of particles. These
particles of light are now called photons. Using Planck’s quantum theory of radiation as a starting
point, Einstein deduced that each photon must possess energy E, given by the equation
𝐸 = ℎ𝑓

1

The Photoelectric Eﬀect
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Electrons are held in a metal by attractive forces, and so removing them from the metal requires light
of a sufficiently high frequency (which corresponds to sufficiently high energy) to break them free.
Shining a beam of light onto a metal surface can be thought of as shooting a beam of particles—
photons—at the metal atoms. If the frequency of photons is such that hf is exactly equal to the energy
that binds the electrons in the metal, then the light will have just enough energy to knock the electrons
loose. If we use light of a higher frequency, then not only will the electrons be knocked loose, but they
will also acquire some kinetic energy. This situation is summarized by the equation
𝐸 = 𝑤𝑜𝑟𝑘 𝑓𝑢𝑛𝑐𝑡𝑖𝑜𝑛 + 𝐾𝐸𝑒𝑙𝑒𝑐𝑡𝑟𝑜𝑛
1
ℎ𝑓 = 𝜙 + 𝑚𝑣 2
2
We can rearrange the equation above as
1
𝑚𝑣 2 = ℎ𝑓 − 𝜙
2
shows that the more energetic the photon (that is, the higher the frequency), the greater the kinetic
energy of the ejected electron.
Now consider two beams of light having the same frequency (which is greater than the threshold
frequency) but different intensities. The more intense beam of light consists of a larger number of
photons; consequently, it ejects more electrons from the metal’s surface than the weaker beam of
light. Thus, the more intense the light, the greater the number of electrons emitted by the target
metal; the higher the frequency of the light, the greater the kinetic energy of the ejected electrons.
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Einstein’s work paved the way for the solution of yet another nineteenth-century “mystery” in physics:
the emission spectra of atoms.
Emission spectra
Since the 17th century, when Newton showed that sunlight is composed of various color components
that can be recombined to produce white light, chemists and physicists have studied the
characteristics of emission spectra, that is, either continuous or line spectra of radiation emitted by
substances. The emission spectrum of a substance can be seen by energizing a sample of material
either with thermal energy or with some other form of energy. A “red-hot” or “white-hot” iron bar
freshly removed from a high-temperature source produces a characteristic glow. This visible glow is
the portion of its emission spectrum that is sensed by eye. The warmth of the same iron bar represents
another portion of its emission spectrum—the infrared region. A feature common to the emission
spectra of the sun and of a heated solid is that both are continuous; that is, all wavelengths of visible
light are represented in the spectra.
The emission spectra of atoms in the gas phase, on the other hand, do not show a continuous spread
of wavelengths from red to violet; rather, the atoms produce bright lines in different parts of the
visible spectrum. These line spectra are the light emission only at specific wavelengths. Figure 7.5 is a
schematic diagram of a discharge tube that is used to study emission spectra, and Figure 7.6 shows
the color emitted by hydrogen atoms in a discharge tube.
Every element has a unique emission spectrum. The characteristic lines in atomic spectra can be used
in chemical analysis to identify unknown atoms, much as finger-prints are used to identify people.
When the lines of the emission spectrum of a known element exactly match the lines of the emission
spectrum of an unknown sample, the identity of the sample is established. Although the utility of this
procedure was recognized some time ago in chemical analysis, the origin of these lines was unknown
until early in the twentieth century.

2

Bohr’s Theory of the Hydrogen Atom
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Figure 1 (a) An experimental arrangement for studying the emission spectra of atoms and molecules (b) The line
emission spectrum of hydrogen atoms.
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Figure 2

3

Emission Spectrum of the Hydrogen Atom
According to the laws of classical physics, an electron moving in an orbit of a hydrogen atom would
experience an acceleration toward the nucleus by radiating away energy in the form of
electromagnetic waves. Thus, such an electron would quickly spiral into the nucleus and annihilate
itself with the proton. To explain why this does not happen, Bohr postulated that the electron is
allowed to occupy only certain orbits of specific energies. In other words, the energies of the electron
are quantized. An electron in any of the allowed orbits will not radiate energy and therefore will not
spiral into the nucleus. Bohr attributed the emission of radiation by an energized hydrogen atom to
the electron dropping from a higher-energy orbit to a lower one and giving up a quantum of energy (a
photon) in the form of light (Figure 2). Bohr showed that the energies that an electron in hydrogen
atom can occupy are given by
1
𝐸𝑛 = −𝑅𝐻 ( 2 )
𝑛
Where 𝑅𝐻 , the Rydberg constant for the hydrogen atom has value of 2.18 × 10−18 𝐽. The number n
is an integer called the principal quantum number; it has the values n = 1, 2, 3, . . . .
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The negative sign in Equation above is an arbitrary convention, signifying that the energy of the
electron in the atom is lower than the energy of a free electron, which is an electron that is infinitely
far from the nucleus. The energy of a free electron is arbitrarily assigned a value of zero.
Mathematically, this corresponds to setting n equal to infinity in Equation above, so that𝐸∞ = 0. As
the electron gets closer to the nucleus (as n decreases), En becomes larger in absolute value, but also
more negative. The most negative value, then, is reached when n = 1, which corresponds to the most
stable energy state. We call this the ground state, or the ground level, which refers to the lowest
energy state of a system. The stability of the electron diminishes for n = 2, 3, . . . . Each of these levels
is called an excited state, or excited level, which is higher in energy than the ground state.
A hydrogen electron for which n is greater than 1 is said to be in an excited state. The radius of each
circular orbit in Bohr’s model depends on n2. Thus, as n increases from 1 to 2 to 3, the orbit radius
increases very rapidly. The higher the excited state, the farther away the electron is from the nucleus.
Bohr’s theory enables us to explain the line spectrum of the hydrogen atom. Radiant energy absorbed
by the atom causes the electron to move from a lower energy state to a higher-energy state.
Conversely, radiant energy (in the form of a photon) is emitted when the electron moves from a
higher-energy state to a lower-energy state. The quantized movement of the electron from one energy
state to another is analogous to the movement of a tennis ball either up or down a set of stairs (Figure
3). The ball can be on any of several steps but never between steps. The journey from a lower step to
a higher one is an energy-requiring process, whereas movement from a higher step to a lower step is
an energy-releasing process. The quantity of energy involved in either type of change is determined
by the distance between the beginning and ending steps. Similarly, the amount of energy needed to
move an electron in the Bohr atom depends on the difference in energy levels between the initial and
final states.

Figure 3 A mechanical analogy for the emission process. The ball can rest on any step but not between steps.

When an electron drops from an initial excited state with principle quantum number 𝑛𝑖 to a lower
energy level with principle quantum number 𝑛𝑓 (the subscripts i and f denote the initial and final
states, respectively). This lower energy state may be either a less excited state or the ground state.
The difference between the energies of the initial and final states is
Δ𝐸 = 𝐸𝑓 − 𝐸𝑖
𝑅𝐻 −𝑅𝐻
1
1
Δ𝐸 = − 2 − 2 = 𝑅𝐻 ( 2 − 2 )
𝑛𝑓
𝑛𝑖
𝑛𝑖 𝑛𝑓
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Δ𝐸 = ℎ𝑓 = 𝑅𝐻 (

4

Because this transition results in the emission of a photon of frequency f and energy hf, we can write
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When a photon is emitted,𝑛𝑖 > 𝑛𝑓 . Consequently, the term in parentheses is negative and ΔE is
negative (energy is lost to the surroundings). When energy is absorbed, 𝑛𝑖 < 𝑛𝑓 and the term in
parentheses is positive, so ΔE is positive. Each spectral line in the emission spectrum corresponds to a
particular transition in a hydrogen atom. When we study a large number of hydrogen atoms, we
observe all possible transitions and hence the corresponding spectral lines. The brightness of a
spectral line depends on how many photons of the same wavelength are emitted.
The emission spectrum of hydrogen includes a wide range of wavelengths from the infrared to the
ultraviolet. Table 1 lists the series of transitions in the hydrogen spectrum; they are named after their
discoverers. The Balmer series was particularly easy to study because a number of its lines fall in the
visible range.
Figure 2 shows a single transition. However, it is more informative to express transitions as shown in
Figure 4. Each horizontal line represents an allowed energy level for the electron in a hydrogen atom.
The energy levels are labeled with their principal quantum numbers.
Table 1 Various Series in atomic Hydrogen Emission Spectrum

Series
Lyman
Balmer
Paschen
Brackett

𝑛𝑓
1
2
3
4

𝑛𝑖
2, 3, 4, . . .
3, 4, 5, . . .
4, 5, 6, . . .
5, 6, 7, . . .

Spectrum Region
Ultraviolet
Visible and Ultraviolet
Infrared
Infrared

Figure 4 The energy levels in the hydrogen atom and the various emission series. Each energy level corresponds to the
energy associated with an allowed energy state for an orbit, as postulated by Bohr and shown in Figure 2. The emission
lines are labeled according to the scheme in Table 7.1.
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Physicists were both mystified and intrigued by Bohr’s theory. They questioned why the energies of
the hydrogen electron are quantized. Or, phrasing the question in a more concrete way, Why is the
electron in a Bohr atom restricted to orbiting the nucleus at certain f xed distances? For a decade no
one, not even Bohr himself, had a logical explanation. In 1924 the French physicist Louis de Broglie

5

The Dual Nature of the Electron
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provided a solution to this puzzle. De Broglie reasoned that if light waves can behave like a stream of
particles (photons), then perhaps particles such as electrons can possess wave properties.
According to de Broglie, an electron bound to the nucleus behaves like a standing wave. Standing
waves can be generated by plucking, say, a guitar string (Figure 5). The waves are described as
standing, or stationary, because they do not travel along the string. Some points on the string, called
nodes, do not move at all; that is, the amplitude of the wave at these points is zero. There is a node at
each end, and there may be nodes between the ends. The greater the frequency of vibration, the
shorter the wavelength of the standing wave and the greater the number of nodes. As Figure 5 shows,
there can be only certain wavelengths in any of the allowed motions of the string.

Figure 5 The standing waves generated by plucking a guitar string.

De Broglie argued that if an electron does behave like a standing wave in the hydrogen atom, the
length of the wave must ft the circumference of the orbit exactly (Figure 6). Otherwise the wave would
partially cancel itself on each successive orbit. Eventually the amplitude of the wave would be reduced
to zero, and the wave would not exist.
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The relation between the circumference of an allowed orbit (2πr) and the wavelength (l) of the
electron is given by
2𝜋𝑟 = 𝑛𝜆
where r is the radius of the orbit, l is the wavelength of the electron wave, and n = 1, 2, 3, . . . . Because
n is an integer, it follows that r can have only certain values as n increases from 1 to 2 to 3 and so on.
And because the energy of the electron depends on the size of the orbit (or the value of r), its value
must be quantized.
De Broglie’s reasoning led to the conclusion that waves can behave like particles and particles can
exhibit wavelike properties. De Broglie deduced that the particle and wave properties are related by
the expression
ℎ
ℎ
𝜆= =
𝑝 𝑚𝑣
Where λ, m, and v are the wavelength, mass and velocity associated with a moving particle
respectively. Equation above implies that a particle in motion can be treated as a wave, and a wave
can exhibit the properties of a particle. Note that the left side of Equation involves the wavelike
property of wavelength, whereas the right side makes references to mass, a distinctly particle-like
property.

6

Figure 6 (a) The circumference of the orbit is equal to an integral number of wavelengths. This is an allowed orbit.
(b) The circumference of the orbit is not equal to an integral number of wavelengths. As a result, the electron wave does
not close in on itself. This is a nonallowed orbit.
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Quantum Numbers
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Thus, if ℓ= 0, we have an s orbital; if ℓ= 1, we have a p orbital; and so on.
A collection of orbitals with the same value of n is frequently called a shell. One or more orbitals with
the same n and ℓ values are referred to as a subshell. For example, the shell with n = 2 is composed of
two subshells, ℓ= 0 and 1 (the allowed values for n = 2). These subshells are called the 2s and 2p
subshells where 2 denotes the value of n, and s and p denote the values of ℓ.
The Magnetic Quantum Number (mℓ )
The magnetic quantum number (mℓ) describes the orientation of the orbital in space. Within a
subshell, the value of mℓ depends on the value of the angular momentum quantum number, ℓ. For a
certain value of ℓ, there are (2ℓ-1) integral values of mℓ as follows:
- ℓ, (-ℓ + 1), . . . 0, . . . (+ℓ - 1), + ℓ
If ℓ= 0, then mℓ = 0. If ℓ=1, then there are [(2 × 1) + 1], or three values of mℓ, namely, -1, 0, and 1. If
ℓ=2, there are [(2 × 2) + 1], or five values of mℓ, namely, -2, -1, 0, 1, and 2. The number of mℓ values
indicates the number of orbitals in a subshell with a particular ℓ value.
The Electron Spin Quantum Number (mℓ )
Experiments on the emission spectra of hydrogen and sodium atoms indicated that lines in the
emission spectra could be split by the application of an external magnetic field. The only way physicists
could explain these results was to assume that electrons act like tiny magnets. If electrons are thought
of as spinning on their own axes, as Earth does, their magnetic properties can be accounted for.
According to electromagnetic theory, a spinning charge generates a magnetic field, and it is this
motion that causes an electron to behave like a magnet. Figure 7 below shows the two possible
spinning motions of an electron, one clockwise and the other counterclockwise. To take the electron

7

In quantum mechanics, three quantum numbers are required to describe the distribution of electrons
in hydrogen and other atoms. These numbers are derived from the mathematical solution of the
Schrödinger equation for the hydrogen atom. They are called the principal quantum number, the
angular momentum quantum number, and the magnetic quantum number. These quantum numbers
will be used to describe atomic orbitals and to label electrons that reside in them. A fourth quantum
number—the spin quantum number—describes the behavior of a specific electron and completes the
description of electrons in atoms.
The Principal Quantum Number (n)
The principal quantum number (n) can have integral values 1, 2, 3, and so forth; it corresponds to the
quantum number in Equation
1
𝐸𝑛 = −𝑅𝐻 ( 2 )
𝑛
In a hydrogen atom, the value of n determines the energy of an orbital. As we will see shortly, this is
not the case for a many-electron atom. The principal quantum number also relates to the average
distance of the electron from the nucleus in a particular orbital. The larger n is, the greater the average
distance of an electron in the orbital from the nucleus and therefore the larger the orbital.
In simple term n represents the shell number in an atom.
The Angular Momentum Quantum Number (ℓ)
Also known as Subsidiary quantum number or azimuthal quantum number, the angular momentum
quantum number (ℓ ) tells us the “shape” of the orbitals. The values of ℓ depend on the value of the
principal quantum number, n. For a given value of n, ℓ has possible integral values from 0 to (n - 1). If
n = 1, there is only one possible value of ℓ; that is, ℓ= n - 1 = 1 - 1 = 0. If n = 2, there are two values of
ℓ, given by 0 and 1. If n = 3, there are three values of ℓ, given by 0, 1, and 2. The value of ℓ is generally
designated by the letters s, p, d, . . .as follows:
ℓ
0
1
2
3
4
5
Name of orbital
s
p
d
f
g
h
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spin into account, it is necessary to introduce a fourth quantum number, called the electron spin
1
1
quantum number (ms), which has a value of + or − .
2

2

Figure 7 The (a) clockwise and (b) counterclockwise spins of an electron. The magnetic fields generated by these two
spinning motions are analogous to those from the two magnets. The upward and downward arrows are used to denote
the direction of spin.

Atomic Orbitals
The table below shows the relationships between quantum number and atomic orbitals. We see that
when ℓ= 0, (2ℓ+ 1) = 1 and there is only one value of mℓ, thus, we have an s orbital. When ℓ= 1, (2ℓ+
1) = 3, so there are three values of mℓ or three p orbitals, labeled px, py, and pz. When ℓ= 2, (2ℓ+1) = 5
and there are five values of mℓ, and the corresponding five d orbitals are labeled with more elaborate
subscripts.
Table 2 Relation Between Quantum Numbers and Atomic Orbitals

Shapes of Orbitals
S Orbitals

Figure 8 Shape of S orbitals

Figure 9 Shape of P orbitals
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P Orbitals

NEUB CHE 101 Lecture 2: Electronic Structure of Atoms
D Orbitals

Figure 10 Shape of d Orbitals

The Energies of Orbitals
Now that we have some understanding of the shapes and sizes of atomic orbitals, we are ready to
inquire into their relative energies and look at how energy levels affect the actual arrangement of
electrons in atoms.
The energy of an electron in a hydrogen atom is determined solely by its principal quantum number.
Thus, the energies of hydrogen orbitals increase as follows (Figure 11).

Figure 11 The order in which atomic subshells are filled in a many-electron atom. Start with the 1s orbital and move
downward, following the direction of the arrows. Thus, the order goes as follows: 1s < 2s < 2p < 3s < 3p < 4s < 3d < . . . .
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The electron configuration can also be represented by an orbital diagram that shows the spin of the
electron (see Figure 7):

9

Electron Configuration
An electron configuration of an atom is a particular distribution of electrons among available
subshells. The notation for a configuration lists the subshell symbols, one after the other, with a
superscript giving the number of electrons in that subshell. For example, a configuration of the lithium
atom (atomic number 3) with two electrons in the 1s subshell and one electron in the 2s subshell is
written 1s22s1.
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The upward arrow denotes one of the two possible spinning motions of the electron. (Alternatively,
we could have represented the electron with a downward arrow.) The box represents an atomic
orbital.
To determine the electron configuration of atoms we have to follow some rules. These rules are
derived form some important principles as described below.
Aufbau Principle
Aufbau principle states that, Electrons are given to the lowest energetic orbitals first.
Pauli Exclusion principle
Pauli Exclusion principle states that, An orbital can hold no more that two electron. And if the orbitals
is fulfilled the electrons have opposite spins.
Consider the helium atom, which has two electrons. The three possible ways of placing two electrons
in the 1s orbital are as follows:

Diagrams (a) and (b) are ruled out by the Pauli exclusion principle. In (a), both electrons have the same
upward spin and would have the quantum numbers (1, 0, 0, +1/2); in (b), both electrons have
downward spins and would have the quantum numbers (1, 0, 0, -1/2). Only the configuration in (c) is
physically acceptable, because one electron has the quantum numbers (1, 0, 0, +1/2) and the other
has (1, 0, 0, -1/2). Thus, the helium atom has the following configuration:

Measurements of magnetic properties provide the most direct evidence for specific electron
configurations of elements. Advances in instrument design during the last 30 years or so enable us to
determine the number of unpaired electrons in an atom (Figure 13). By experiment we find that the
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Figure 12 The (a) parallel and (b) antiparallel spins of two electrons. In (a), the two magnetic fields reinforce each other.
In (b), the two magnetic fields cancel each other.

10

Note that 1s2 is read “one s two,” not “one s squared.”
Hund’s rule
Hund’s rule states that, Degenerate orbitals are half-filled first with same spin.
Degenerate orbital are orbitals of equal energy. i.e. 2px, 2py and 2pz are degenerate orbitals.
Diamagnetism and Paramagnetism
The Pauli exclusion principle is one of the fundamental principles of quantum mechanics. It can be
tested by a simple observation. If the two electrons in the 1s orbital of a helium atom had the same,
or parallel, spins (↑↑ 𝑜𝑟 ↓↓), their net magnetic fields would reinforce each other [Figure 12(a)]. Such
an arrangement would make the helium gas paramagnetic. Paramagnetic substances are those that
contain net unpaired spins and are attracted by a magnet. On the other hand, if the electron spins are
paired, or antiparallel to each other ( ↑↓ 𝑜𝑟 ↓↑ ), the magnetic effects cancel out [Figure 12(b)].
Diamagnetic substances do not contain net unpaired spins and are slightly repelled by a magnet.

NEUB CHE 101 Lecture 2: Electronic Structure of Atoms
helium atom in its ground state has no net magnetic field. Therefore, the two electrons in the 1s orbital
must be paired in accord with the Pauli exclusion principle, and the helium gas is diamagnetic. A useful
rule to keep in mind is that any atom with an odd number of electrons will always contain one or more
unpaired spins because we need an even number of electrons for complete pairing. On the other hand,
atoms containing an even number of electrons may or may not contain unpaired spins. We will see
the reason for this behavior shortly.
As another example, consider the lithium atom (Z = 3), which has three electrons. The third electron
cannot go into the 1s orbital because it would inevitably have the same set of four quantum numbers
as one of the first two electrons. Therefore, this electron “enters” the next (energetically) higher
orbital, which is the 2s orbital (see Figure 11). The electron configuration of lithium is 1s22s1, and
its orbital diagram is

The lithium atom contains one unpaired electron and the lithium metal is therefore paramagnetic.

Figure 13

Some electronic configuration
The electron configuration of carbon (Z=6) is 1s22s22p2. The following are different ways of distributing
two electrons among three p orbitals:
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Qualitatively, we can understand why (c) is preferred to (a). In (a), the two electrons are in the same
2px orbital, and their proximity results in a greater mutual repulsion than when they occupy two
separate orbitals, say 2px and 2py. The choice of (c) over (b) is more subtle but can be justified on
theoretical grounds. The fact that carbon atoms contain two unpaired electrons is in accord with
Hund’s rule.

11

None of the three arrangements violates the Pauli exclusion principle, so we must determine which
one will give the greatest stability. The answer is provided by Hund’s rule, which states that the most
stable arrangement of electrons in subshells is the one with the greatest number of parallel spins. The
arrangement shown in (c) satisfies this condition. In both (a) and (b) the two spins cancel each other.
Thus, the orbital diagram for carbon is
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The electron configuration of nitrogen (Z=7) is 1s22s22p3:

Again, Hund’s rule dictates that all three 2p electrons have spins parallel to one another; the nitrogen
atom contains three unpaired electrons.
The electron configuration of oxygen (Z=8) is 1s22s22p4. An oxygen atom has two unpaired electrons:

The electron configuration of ﬂuorine (Z=9) is 1s22s22p5. The nine electrons are arranged as follows:

The ﬂuorine atom has one unpaired electron.
In neon (Z=10), the 2p subshell is completely filled. The electron configuration of neon is 1s 22s22p6,
and all the electrons are paired, as follows:

The neon gas should be diamagnetic, and experimental observation bears out this prediction.
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1. Each shell or principal level of quantum number n contains n subshells. For example, if n=2,
then there are two subshells (two values of ℓ) of angular momentum quantum numbers 0 and
1.
2. Each subshell of quantum number ℓ contains (2ℓ+1) orbitals. For example, if ℓ=1, then there
are three p orbitals.
3. No more than two electrons can be placed in each orbital. Therefore, the maximum number
of electrons is simply twice the number of orbitals that are employed.
4. A quick way to determine the maximum number of electrons that an atom can have in a
principal level n is to use the formula 2n2.
The general rules for assigning electrons, along with Aufbau principle, Pauli exclusion principle and
Hund’s rule can be used to write the electronic configuration of all the atoms.
For larger atoms it is convenient to represent the electronic configuration with a noble gas core, which
shows in brackets the noble gas element that most nearly precedes the element being considered,
followed by the symbol for the highest filled subshells in the outermost shells.
For example, we can write the electron configuration of calcium (Z=20) as [Ar]4s2.
The elements from scandium (Z=21) to copper (Z=29) are transition metals. Transition metals either
have incompletely filled d subshells or readily give rise to cations that have incompletely filled d
subshells. Consider the first transition metal series, from scandium through copper. In this series
additional electrons are placed in the 3d orbitals, according to Hund’s rule. However, there are two
irregularities. The electron configuration of chromium (Z=24) is [Ar]4s13d5 and not [Ar]4s23d4, as we
might expect. A similar break in the pattern is observed for copper, whose electron configuration is
[Ar]4s13d10 rather than [Ar]4s23d9. The reason for these irregularities is that a slightly greater stability
is associated with the half-filled (3d5) and completely filled (3d10) subshells. Electrons in the same
subshell (in this case, the d orbitals) have equal energy but different spatial distributions.
Consequently, their shielding of one another is relatively small, and the electrons are more strongly
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General Rules for Assigning Electrons to Atomic Orbitals
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attracted by the nucleus when they have the 3d5 configuration. According to Hund’s rule, the orbital
diagram for Cr is

Thus, Cr has a total of six unpaired electrons. The orbital diagram for copper is

Again, extra stability is gained in this case by having the 3d subshell completely filled. In general, halffilled and completely filled subshells have extra stability
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1. Draw the orbital diagram for atoms with atomic number 1 to 30.
2. Chang chapter 7 questions: 7.48, 7.50, 7.55, 7.56, 7.62, 7.71, 7.72, 7.73, 7.75,
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The following Books are main textbooks that will be followed throughout the course
1. General Chemistry – The Essential Concepts, Raymond Chang and Jason Overby, 6th edition.
2. General Chemistry, Darrell D. Ebbing and Stephen D. Gammon, 9th edition.
If you find the above books difficult, your HSC chemistry books may be handy at times.
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