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Figure . In a lithium atom, the nuclear charge (Z) is +3. 1s electrons experience an effective nuclear charge (Z*) of +2.69, and 2s electrons
experience an Z* of +1.28. (CC-BY-NC-SA; Kathryn Haas)

1.3.2: Shielding

Introduction 

Coulomb's Law is from classical physics; it tells us that particles with opposite electrostatic charge are attracted to each other, and
the larger the charge on either particle or the closer the distance between them, the stronger the attraction. Coulomb's law explains
why atomic size decreases as the charge on the nucleus increases, but it can't explain the nuances and variations in size as we go
across the periodic table. Coulomb's Law also explains why electrons in different shells (n), at different distances from the nucleus,
have different energies. But on its own, Coulomb's law doesn't quite explain why electron subshells within a shell (like 2s vs. 2p)
would have different energies. To explain these things, we need to consider how both electron shielding and penetration result in
variations in effective nuclear charge (Z*) that depend on shell and subshell.
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energy of an electron in a hydrogen atom (because H has only one electron). It also works for hydrogen-like atoms: any nucleus
with exactly one electron (a He  ion, for example, has one electron). However, Coulomb's law is insufficient for predicting the
energies of electrons in multi-electron atoms and ions.

Electrons within a multi-electron atom interact with the nucleus and with all other electrons. Each electron in a multi-electron atom
experiences both attraction to the nucleus and repulsion from interactions with other electrons. The presence of multiple electrons
decreases the nuclear attraction to some extent. Each electron in a multi-electron atom experiences a different magnitude of (and
attraction to) the nuclear charge depending on what specific shell and subshell the electron occupies. The amount of positive
nuclear charge experienced by any individual electron is the effective nuclear charge (Z*).

For example, in lithium (Li), none of the three electrons "feel" the full +3 charge from the nucleus (see Figure ). Rather,
each electron "feels" a Z* that is less than the actual Z and that depends on the electron's orbital. The actual nuclear charge in Li is 

; the 1s electrons experience a , and the 2s electron experiences a . In general, core electrons (or
the electrons closest to the nucleus), "feel" a Z* that is close to, but less than, Z. On the other hand, outer valence electrons
experience a Z* that is much less than Z.

In summary:

Core electrons: 
Valence electrons: 

Shielding: 

Shielding is the reduction of true nuclear charge (Z) to the effective nuclear charge (Z*) by other electrons in a multi-electron atom
or ion. Shielding occurs in all atoms and ions that have more than one electron. H is the only atom in which shielding does not
occur.

Explanation of shielding: Electrons in a multi-electron atom interact with the nucleus and all other electrons in the atom. To
describe shielding, we can use a simplified model of the atom: we will choose an electron-of-interest in a multi-electron atom and
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treat all the "other" electrons as a group of spherically-distributed negative charge. Classical electrostatics allows us to treat
spherical distribution of charge as a point of charge at the center of the distribution. Thus, we consider all the "other" electrons in
our atom as a point of negative charge in the center of the atom. While the positive charge of the nucleus provides an attractive
force toward our electron, the negative charge distribution at the center of the atom would provide a repulsive force. The attractive
and repulsive forces would partially cancel each other; but since there are less "other" electrons than there are protons in our atom,
the nuclear charge is never completely canceled. The "other" electrons partially block, or shield, part of the nuclear charge so that
our electron-of-interest experiences a partially-reduced nuclear charge, the Z*.

In reality, there is not a one-for-one "canceling" of the nuclear charge by each electron. Partly due to penetration, no single electron
can completely shield a full unit of positive charge. Core electrons shield valence electrons, but valence electrons have little effect
on the Z* of core electrons. The ability to shield, and be shielded by, other electrons strongly depends the electron orbital's average
distance from the nucleus and its penetration; thus shielding depends on both shell ( ) and subshell ( ).

Shielding depends on electron penetration 

Coulomb's law shows us that distance of an electron from its nucleus is important in determining the electron's energy (its
attraction to the nucleus). The shell number ( ) determines approximately how far an electron is from the nucleus on average.
Thus, all orbitals in the same shell (s,p,d) have similar sizes and similar average distance of their electrons from the nucleus. But
there is another distance-related factor that plays a critical role in determining orbital energy levels: penetration. Penetration
describes the ability of an electron in a given subshell to penetrate into other shells and subshells to get close to the nucleus.
Penetration is the extent to which an electron can approach the nucleus. Penetration depends on both the shell ( ) and subshell (
).

The penetration of individual orbitals can be visualized using the radial probability functions. For example, Figure  below
shows plots of the radial probability function of the 1s, 2s, and 2p orbitals. From these plots, we can see that the 1s orbital is able to
approach the closest to the nucleus; thus it is the most penetrating. While the 2s and 2p have most of their probability at a farther
distance from the nucleus (compared to 1s), the 2s orbital and the 2p orbital have different extents of penetration. Notice that the 2s
orbital is able to penetrate the 1s orbital because of the central 2s lobe. The 2p orbital penetrates somewhat into the 1s, but it cannot
approach the nucleus as closely as the 2s orbital can. While the 2s orbital penetrates more than 2p (the 2s orbital can approach
closer to the nucleus), the 2p is slightly closer on average than 2s. The order of Z* in 2s and 2p subshells depends on which factor
(average distance or penetration) is more important. In the first two rows of the periodic table, penetration is the dominant factor
that results in 2s having a lower energy than 2p (see Figure  for values).

Figure . Orbital Penetration. A comparison of the radial probability distribution of the 2s and 2p orbitals for various states of
the hydrogen atom shows that the 2s orbital penetrates inside the 1s orbital more than the 2p orbital does. Consequently, when an
electron is in the small inner lobe of the 2s orbital, it experiences a relatively large value of Z*, which causes the energy of the 2s
orbital to be lower than the energy of the 2p orbital.

An electron orbital's penetration affects its ability to shield other electrons and affects the extent to which it is shielded by other
electrons. In general, electron orbitals that have greater penetration experience stronger attraction to the nucleus and less shielding
by other electrons; these electrons thus experience a larger Z*. Electrons in orbitals that have greater penetration also shield other
electrons to a greater extent.

Within the same shell value (n), the penetrating power of an electron follows this trend in subshells (m ):
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Exercises 

1. Compare the 2s and 2p orbitals: 
(a) Which is closer to the nucleus on average? 
(b) Which is more penetrating? 
(c) Which orbital experiences a stronger Z* and is thus lower in energy (consider your experience, but also inspect Figures
1.1.2.3 and 1.1.2.4 from the previous page)? Please explain.

2. Peruse the Hyperphysics page (click) that shows radial probability functions of several orbitals (click around on various
orbitals). Compare the 2p and 3s orbitals: 
(a) Which is farther from the nucleus on average? 
(b) Which is more penetrating? 
(c) Which orbital is lower in energy?

3. Which atom, Li, or N, has a stronger valence Z*? Explain why.
4. Explain why 2s and 2p subshells are completely degenerate in a hydrogen atom.
5. Which atom has a smaller radius: Be or F? Explain.
6. Which electrons shield others more effectively: 3p or 3d?
7. Use the clues given in the figures below to label the radial distribution functions shown.

8. Examine the plots on the right in the previous question, above. Note that this is a plot showing the probability density for the
3s, 3p, and 3d subshells. 
(a) For which of these three functions is the highest probability density at the smallest  value (which is closest to the nucleus
on average)? Is this the same subshell that penetrates most? 
(b) Use this example to describe how penetration and shielding result in a splitting of subshell energy level in multi-electron
atoms.

9. Explain why the ground state (most energetically favorable) electron configuration of Be is 1s 2s  rather than alternative
configurations like 1s 2s 2p  or 1s 2p .

Answer 1

(a) The 2s orbital is closer to the nucleus on average.

(b) The 2s orbital is more penetrating than 2p.

(c) You might "know" that the 2s orbital is lower in energy than 2p because 2s fills first. But a close inspection of Figures
1.1.2.3 and 1.1.2.4 from the previous page indicates that while the 2s and 2p elements are degenerate in Ne (element 10),
for elements with atomic number 11 and greater 2p has a higher Z* than 2s! This example illustrates that both average
distance and penetration are factors in determining Z*, and the factor that is more important may change as we increase in
atomic number.

Answer 2

(a) The 3s orbital reaches farther away from the nucleus and is on average farther from the nucleus than 2p.
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(b) The 3s orbital is more penetrating than 2p, even though 3s is farther on average!

(c) The 2p orbital is lower in energy than 3s; this is because 2p is still significantly closer to the nucleus on average and
experiences a stronger Z*. (Penetration is not the only consideration!)

Answer 3

A nitrogen atom has a stronger effective nuclear charge (Z*) than lithium due to its greater number of protons; even though
N also has more electrons that would shield the nuclear charge, each electron only partially shields each proton. This means
that atoms with greater atomic number always have greater Z* for any given electron.

Answer 4

The hydrogen atom has only one electron; thus there is no shielding to consider. When there are not other electrons to
shield the nucleus, penetration and shielding are irrelevant, and subshells within a shell are degenerate.

Answer 5

Fluorine has a smaller radius than beryllium because F has a greater valence Z* and therefore pulls the valence electrons
closer to the nucleus and provides a smaller atomic radius.

Answer 6

3p shields better than 3d because p orbitals penetrate more than d orbitals within the same shell.

Answer 7

Answer 8

3d is closest on average, but 3s penetrates most. The three subshells of  differ in their average distance and in their
ability to penetrate; these factors result in differences in the Z* experienced by electrons in each orbital. We would expect
3s to be lowest in energy followed by 3p and then 3d.

Answer 9

This question is asking why the 2s orbital fills in Be before 2p is occupied. This is a multi-electron atom, therefore core
electrons shield the 2s and 2p orbitals to different extents. In Be we expect the 2s orbital to fill before 2p because 2s
penetrates more and experiences a higher Z*.
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