
Chem 115 POGIL Worksheet - Week #9
Quantum Mechanical Model of Electronic Structure

Why?
Bohr’s model of the atom, which was so successful in explaining the line spectra of single-
electron atoms, was a total failure in all attempts to describe multielectron atoms.  By the 1930s
it was supplanted by an approach that recognized the wave-particle dual nature of subatomic
particles, the Schrödinger wave equation model.  This is the basis of the model all chemists use
today.  Not only does it describe the electronic structure of atoms, it also is the foundation of our
models of molecular structure and bonding in molecules.

Learning Objective
• Understand quantum numbers and their restrictions
• Understand the relationship between quantum numbers and orbitals
• Understand the description of electron behavior on the basis of orbitals
• Understand the extension of the one-electron wave mechanical model to multielectron atoms
• Understand the relationships between configurations of neutral atoms and those of their ions

Success Criteria
• Be able to determine allowable combinations of quantum numbers
• Be able to sketch the basic types of atomic orbitals and know what they represent
• Be able to apply the aufbau principle to write electronic configurations of multielectron

atoms
• Be able to distinguish and write complete configurations, core notation configurations, and

valence configurations of atoms and ions.
• Be able to write electronic configurations in shell order, rather than aufbau order

Prerequisite
• Have read sections 6.4-6.9

Information (Wave Equation & Quantum Numbers)

In 1926, Erwin Schrödinger extended de Broglie's ideas of the wave nature of matter to describe
the wave behavior of particles that are not freely moving, but rather are constrained to a certain
region, such as electrons about a nucleus in an atom.  Schrödinger's wave mechanics, as it
became known, was first applied to the one-electron atomic cases, as Bohr's model had been. 
But unlike Bohr's model, quantization was a result of the approach, rather than an add-on
assumption.  Furthermore, the Schrödinger model was consistent with the new physics of wave-
particle duality and the uncertainty principle, articulated by Heisenberg.

The Schrödinger wave mechanical approach expresses the energy of an electron in an atom in
terms of a mathematical expression that uses both wave and particle quantities, in keeping with
the idea of wave-particle duality.  The mathematical expression on which this description is
based is called the wave equation.  It has the following general form

,Ψ = EΨ



The symbol , represents a Hamiltonian operator, which mathematically operates on Ψ, the
wave function.1  There are many solutions to this equation, each of which is a mathematical
expression for Ψ.  The various wave function solutions describe the behavior of the electron
when it has a certain associated energy, E.  Much to his consternation, Schrödinger realized that
the wave functions have no physical meaning.  However, using an analogy to optics, the allowed
Ψs can be related to something that is physically meaningful.  For light the intensity is
proportional to the square of the amplitude of the wave; i.e., I % A2.  If we think of Ψ as an
"electron wave", then Ψ2 could be seen as the "intensity" of the electron.  If we calculate this
"intensity" for any small volume in space (virtually a point) it can be taken as a measure of the
probability of finding the electron at that point; i.e., P % Ψ2.  So, today we think of the wave
mechanical model of the atom in terms of varying probabilities of finding the electron about the
vicinity of the nucleus.

The individual wave function solutions to the one-electron wave equation are defined by three
quantum numbers, designated n, l, and ml.  Each quantum number is associated with a particular
aspect of the electron's behavior and the distribution of its probability in space around the
nucleus of the atom. 

Principal quantum number, n  Determines energy of the one-electron atom by the
equation,

Allowed values are
n = 1, 2, 3, ...  

The principal quantum number is related to the concept of shells.

Angular momentum (azimuthal) quantum number, l.  This determines the shape of the
probability distribution.  Allowed values are

l = 0, 1, 2, ..., n - 1

The angular momentum quantum number is related to the concept of subshells.  The
subshells are designated by letter labels that correspond to the value of l:

1The Ψs  cannot be factored out of the equation, because the Hamiltonian operator
operates on Ψ in the same sense that a square root sign or integral sign operates on the
mathematical symbols that follow.  Moreover, the Hamiltonian operator contains information
about the potential and kinetic energy of the atomic system.  The explicit Schrödinger equation
for any system containing electrons is an expression involving advanced calculus (differential
equations).  The only case that has been set up and solved exactly is the one-electron system,
such as H, He+, and Li2+.  



Value of l 0 1 2 3 4 ...

Label s p d f g ...

After l = 3 the labels proceed alphabetically (omitting j), but subshells with such high values
of l are not important for most chemistry.

Magnetic quantum number, ml.  This determines orientation of the probability distribution
in three-dimensional space.  Allowed values are

ml = -l, (-l + 1), ..., 0, ..., (l - 1), l

The magnetic quantum number is related to concept of orbitals.

The wave functions associated with a given set of n, l, and ml values are used to define orbitals. 
Orbitals that have the same value of n are said to be in the same shell.  Orbitals in the same shell
that also have the same value of l are said to be in the same subshell.  The shell and subshell are
designated with a spectroscopic notation that indicates the value of n and the letter label for the
value of l.  The relationships among the values of the three quantum numbers n, l, and ml, the
subshell spectroscopic notation, and the numbers of subshells and orbitals in a shell is shown
below for the first four shells.

n l
Subshell
Notation Allowed ml values

Orbitals in
Subshell

1 0 1s 0 1

2 0 2s 0 1

1 2p -1, 0, +1 3

3 0 3s 0 1

1 3p -1, 0, +1 3

2 3d -2, -1, 0, +1, +2 5

4 0 4s 0 1

1 4p -1, 0, +1 3

2 4d -2, -1, 0, +1, +2 5

3 4f -3, -2, -1, 0, +1, +2, +3 7

For the one-electron atom, the electron's energy depends solely on the value of n.  This means
that in any shell, all orbitals have the same energy.  This result is the same as the Bohr result,
because in both models the energy equation for one-electron atoms is the same.  Recall that the
Bohr equation correctly predicted the energies and emission spectra for all one-electron atoms. 



Therefore, if the wave equation approach has validity, it too should give the same energy
equation.  The important difference, however, is that the Schrödinger approach can be extended
to multielectron atoms, using the same fundamental considerations as the one-electron case.  The
Schrödinger equation for any multielectron case is much more complicated and in general cannot
be solved exactly.  However, it is possible to construct approximate solutions.  In any
multielectron atom, the energy of each electron no longer depends solely on the value of n, but
rather varies in a complicated way, depending on both n and l.  Nonetheless, in both one-electron
and multielectron atoms, all orbitals in the same subshell have the same energy.  Orbitals that
have the same energy are said to be degenerate.

Key Questions

1. The wave functions, which describe orbitals, are cast in terms of three quantum numbers. 
Fill in the table below with the name and allowed values for each quantum number.

Number Name Allowed values

n

l

ml

2. The table below shows various combinations of the three quantum numbers.  Indicate which
combinations are allowed and which are disallowed.  For those that are allowed, give the
subshell notation (e.g., 2p).

n l ml Allowed? Notation

3 2 –1

4 0 0

2 2 1

5 1 1

4 3 –2

4 –3 0



Information

Although an atomic orbital is only a mathematical function describing the behavior of a single
electron, chemists often think of orbitals as the region in space in which an electron can be
found.  This is often represented by a picture of a three-dimensional boundary surface, meant to
represent the space inside which the electron is found with 90% probability.  The following
pictures show these kinds of representations for the possible orbitals with principal quantum
number values n = 1, 2, 3.

Many of the orbitals have regions in which the electron has no probability of being found (Ψ2 =
0), called nodes.  In s orbitals, which have a spherical distribution, the nodes are likewise spheres
(i.e., radial nodes), as shown below.



s p cloverleaf-type
          d

dz2

Among s orbitals, 1s has no nodes, 2s has one node, 3s has two nodes, and so on.  The p orbitals
have nodal planes separating the two lobes.  As n increases the higher np orbitals still have a
single nodal plane, but they successively add spherical nodes that separate additional pairs of
lobes along the same axis (e.g., compare sketches of 2pz and 3pz, above).  The cloverleaf-type d
orbitals have perpendicular nodal planes, which separate adjacent lobes and intersect at the
nucleus.  The dz2 orbital, has two nodal cones, which surround the two lobes and separate them
from the doughnut around the middle.  As n increases, nd orbitals add spherical nodes and
additional lobes.

Although the shapes of orbitals of the same l value become more extensive, have more lobes,
and have more nodes as n increases, in routine sketches of orbitals it is common practice to
represent an orbital as the simplest example of its type.  Thus, if we need to sketch a 3p orbital
for a routine drawing, for simplicity we often show a sketch that is actually the shape of a 2p
orbital, the simplest example of a p-type orbital.  For routine hand drawings, the following
sketches of “balloon models” are generally used.

We can summarize the features of orbitals for the one-electron atom with the following points:

1. All orbitals with the same value of the principal quantum number n have the same
energy; e.g., 4s = 4p = 4d = 4f.  (This is not true for multielectron atoms.)

2. The number of equivalent (degenerate) orbitals in each subshell is equal to 2l + 1.

3. For orbitals with the same l value, size and energy increase with n; e.g., 1s < 2s < 3s.



4. For orbitals of the same l value, the number of nodes increases with n. 

Orbital 1s 2s 3s 4s

Nodes 0 1 2 3

Orbital 2p 3p 4p

Nodes 1 2 3

Key Questions

3. Describe the characteristic shapes of s, p, and d orbitals that distinguish them from each
other?

4. Which quantum number identifies the shape of an orbital?

5. What happens to the size and number of nodes of a particular type of orbital (e.g., ns
orbitals) as the principal quantum number increases.

6. On the axes below, sketch a 3dxy orbital on the left and a 3dx2–y2 orbital on the right.

y

x

y

x

Information (Electron Spin and Subshell Energies)

An electron in an atom may have one of two possible magnetic orientations relative to an applied
magnetic field, indicated by the spin quantum number, ms = ±½.  By the Pauli Exclusion
Principle, no two electrons in the same atom can have the same complete set of quantum
numbers, n, l, ml, and ms.  Thus, if two electrons have the same n, l, and ml values (i.e., are
described by the same orbital), one must have ms = +½, and the other must have ms = –½.  The
two electrons are said to be paired in the same orbital. 



Key Questions

7. In light of the Pauli Exclusion Principle, indicate the electron capacities of the following
subshells:

3s 2p 5f 3d

8. In a one-electron atom the energy depends solely on n (e.g., 3s = 3p = 3d).  In multielectron
atoms, the energy depends on both n and l.   List the following orbitals in order of
increasing energy (i.e., most stable first): 4f, 3s, 4p, 2p, 3d.

Information (Multielectron Atoms and Aufbau Process)

The ground-state (lowest energy) configuration of an atom can be predicted by the aufbau
procedure, a bookkeeping system in which electrons are filled sequentially into available orbitals
by increasing energy, consistent with the Pauli Exclusion Principle.  The energies of the various
subshells vary in a complicated way with increasing nuclear charge, but the ordering of subshells
at the point in which electrons are added in the aufbau process follows the pattern of the chart
bellow, on which the order is indicate by following the arrows from right to left and top to
bottom.

1s

2s 2p

3s 3p 3d

4s 4d4p 4f

5s 5p 5d 5f

6s 6p 6d

7s 7p

8s

The complete electronic configuration is written in spectroscopic notation by showing the
numbers of electrons in each subshell, written as a right superscript.  For example, nitrogen (Z =
7) has the configuration 1s22s22p3.  



Key Questions

9. Write the complete electronic configuration for each of the following atoms in their ground
states.
6C
17Cl
23V
20Ca
53I
81Tl

Information (Exceptional Configurations)

Some transition metals, lanthanides, and actinides have irregular configurations.  In some cases
these can be understood on the basis of the extra stability afforded a half-filled or fully filled d or
f subshell.  You do not need to worry about all of these exceptions, but you should know the
configurations of chromium and copper.  Chromium and copper have half-filled and fully filled
3d subshells, respectively.  Thus the outermost subshells of 24Cr have the filling 3d 54s1, rather
than the expected configuration 3d 44s2.  Likewise, the outermost subshells of 29Cu have the
filling 3d 104s1, rather than the expected configuration 3d 94s2.  In these cases, a lower energy
results by having symmetrical distributions in the 3d subshell from either a half-filled or fully-
filled configuration, rather than the unsymmetrical distributions represented by four or nine
electrons.

Key Questions

10. Write the complete electronic configurations of these two elements.
24Cr
29Cu

Information (Valence Configurations)

When atoms form ionic and molecular compounds, it is the outermost electrons that are
responsible for the chemical reactivity and bond formation.  The configuration of these electrons
is called the valence configuration.  Inasmuch as these electrons are most responsible for the
chemistry of the atoms, we are often only concerned with an atom's valence configuration, and
not the configuration of lower lying electrons, which may be regarded as core electrons.
Elements in the same group have the same valence configuration pattern, which is the reason
behind their similar chemistries.  In fact, we can partition the periodic table into various blocks
according to the valence configuration pattern for elements in each region.  For example,
elements in the so-called s block, which fall in groups 1 and 2, have valence configurations that
are either ns1 (group 1) or ns2 (group 2), where n is the period number of the element.  The
following table shows the patterns for all of the blocks.



Block Type Valence Configuration

s Groups 1 & 2 nsx (x = 1, 2)

p Nonmetals (Groups 13 - 18) ns2npx (x = 1 - 6)

d Transition metals (n-1)d xnsy (x = 1 - 10; y = 0 - 2)

f Lanthanides/Actinides (n-2)f xnsy (x = 1 - 14; y = 0 - 2)

In all of these, the value of n is the period in which the element can be found, and x is usually the
period position within the block, counting from the left.  (Exceptions for the value of x are
frequent among transition elements, lanthanides, and actinides.)  Knowing these patterns, you
should be able to point to any element in the periodic table and write down its aufbau-predicted
valence configuration.  For example, 34Se (Z = 34) is a p-block element in the fourth period, and
it is the fourth element from the left border of the p-block in that period.  Thus, its valence
configuration is 4s24p4.  

Note that for d and f block elements, it is preferable to write the valence configuration in shell
order; i.e., order of increasing principle quantum number (n).  This logically places the first
electrons lost in cation formation at the end.  For example, 25Mn is better written 3d54s2, rather
than in the aufbau order 4s23d5, because in forming Mn2+ it is the two 4s electrons that are lost,
not any of the 3d electrons.

Key Questions

11. Looking at a periodic table, write down the valence configuration for each of the following
elements.  (Practice this on your own so that you can do this without hesitation.)

33As 28Ni 55Cs 48Cd 38Sr

Information (Configurations in Shell Order)

There are two ways of writing either a valence or complete electronic configuration: aufbau
order or shell order.  Aufbau order arranges the individual subshells in the order in which they
are filled when following the aufbau process.  Shell order is the same configuration, but written
so that all the subshells are grouped by increasing n quantum number (grouped in shells), and
within each shell by increasing l quantum number (s < p < d < f ).  The valence configuration
patterns in the table above are written in shell order.  To see the difference, compare the two
ways of writing the complete configuration of 84Po, whose valence configuration is 6s26p4.  The
valence electrons in each case are indicated in bold.

Aufbau order: 1s22s22p63s23p64s23d104p65s24d105p66s24f145d106p4

Shell order: 1s22s22p63s23p63d104s24p64d104f145s25p65d106s26p4

Note that in aufbau order the two subshells of the valence configuration are separated by 4f145d10,
which is part of the core configuration.  But in shell order all the valence electrons are grouped



together at the end.  This will always be the case, and that is the principal advantage of writing
configurations this way.  In shell order, you will be less likely to make mistakes when forming
cations or anions (taking away or adding electrons, respectively), because it makes sense to do
these alterations on the last-listed subshells.

If you can write down the valence configuration from the element’s position, you can use the
periodic table as a kind of road map to write down the complete electronic configuration 
quickly.  With the valence configuration in hand, the question is “What subshells had to be filled
to get from hydrogen to here?”  To illustrate this, consider again 84Po, whose valence
configuration is 6s26p4.  To get to Z = 84, we follow the path in the periodic table from hydrogen
to polonium.  (Follow this on a periodic table.)  Clearly, in passing through the first two periods
we had to fill the first two shells; i.e., 1s22s22p6.  We then passed through the third period and the
first transition series in the fourth period, where 3d is filled, so we must have filled all the
possible subshells for n = 3; i.e., 3s23p63d10.  After that, we passed through the second transition
series, where 4d is filled, but we also had to pass through the lanthanides, where 4f is filled. 
Therefore, all the possible subshells for n = 4 are filled; i.e., 4s24p64d104f14.  We passed through
the third transition series, where 5d is filled, but we did not pass through the actinides. 
Therefore, for n = 5 we will fill all the subshells except 5f; i.e., 5s25p65d10.  The remainder is the
valence configuration 6s26p4.  Putting it all together gives the shell order configuration shown
above.  Doing it this way, you will discover that you can write down the complete configuration
in shell order more quickly and more accurately than you could by slavishly following the
aufbau order of writing.  And, the valence configuration will be at the end, where it belongs!

Key Questions

12. Consider gold, 79Au, whose valence configuration is irregular in the same way as 29Cu and
47Ag.
a. Write the valence configuration of 79Au in shell order.
b. Write the complete electronic configuration of 79Au in shell order.
c. Write the valence configuration of Au+ by removing one electron from the highest energy

occupied subshell in the configuration of neutral Au.
d. Write the valence configuration of Au3+ by removing two electrons from the highest

energy occupied subshell in the configuration of Au+.

Information (Noble-gas Core Notation)

Rather than writing out the complete electronic configuration, we often use a shorthand form,
sometimes called condensed or noble-gas core notation.  In this form, the electronic
configuration of the nearest noble-gas element of lower atomic number is represented by its
symbol in brackets, and then the remaining configuration is written after this.  This is often just
the valance configuration, but for elements following a transition series or lanthanide series this
includes filled d or f subshells, which are not valence electrons.  In this notation, 34Se is written
as [Ar]3d104s24p4. Here, 3d 10 is part of the core configuration (not the valence configuration); the
valence configuration is just 4s24p4.



Key Questions

13. Write the condensed electronic configurations for the elements whose valence
configurations you wrote in Key Question 11, above.

Information (Configurations of Ions)

When atoms form ions, electrons are added to the lowest energy subshell with vacant orbitals
(anion formation) or are taken from the highest occupied subshell (cation formation).  For
cations of transition elements, this always means taking the ns electrons before taking any (n–1)d
electrons.   Thus, in condensed notation the configuration for 27Co2+ is [Ar]3d 7, not [Ar]3d 54s2.

Key Questions

14. Write the condensed electronic configurations for the following ions.
34Se2–

38Sr2+

48Cd2+
26Fe2+

26Fe3+
81Tl+

Information (Box-and-Arrow Diagrams)

By Hund’s Rule of Maximum Multiplicity, when applying the aufbau procedure to determine the
ground-state configuration, electrons are added to a subshell with parallel spins (i.e., not paired)
so long as the Pauli Exclusion Principle allows.  Electron pairing begins only after a subshell is
half filled.  We can visualize the paired and unpaired electrons in the valence configuration by an
orbital diagram, sometimes called a line-and-arrow diagram or a box-and-arrow diagram.  As
an example, the valence configuration of 8O is represented by the following box-and-arrow
diagram:

¼¿ ¼¿ ¼ ¼
    2s 2p

Key Questions

15. Draw box-and-arrow diagrams for the valence configurations of Fe, Fe2+, and Fe3+.



Periodic Table of the Elements

1A
1

8A
18

1
H

1.008

2A
2

3A
13

4A
14

5A
15

6A
16

7A
17

2
He

4.003

3
Li

6.941

4
Be

9.012

5
B

10.81

6
C

12.01

7
N

14.01

8
O

16.00

9
F

19.00

10
Ne

20.18

11
Na

22.99

12
Mg

24.31

3B
3

4B
4

5B
5

6B
6

7B
7

+))Q
8

8B
9

))),
10

1B
11

2B
12

13
Al

26.98

14
Si

28.09

15
P

30.97

16
S

32.07

17
Cl

35.45

18
Ar

39.95

19
K

39.10

20
Ca

40.08

21
Sc

44.96

22
Ti

47.88

23
V

50.94

24
Cr

52.00

25
Mn

54.94

26
Fe

55.85

27
Co

58.93

28
Ni

58.69

29
Cu

63.55

30
Zn

65.39

31
Ga

69.72

32
Ge

72.61

33
As

74.92

34
Se

78.96

35
Br

79.90

36
Kr

83.80

37
Rb

85.47

38
Sr

87.62

39
Y

88.91

40
Zr

91.22

41
Nb

92.91

42
Mo

95.94

43
Tc
[98]

44
Ru

101.1

45
Rh

102.9

46
Pd

106.4

47
Ag

107.9

48
Cd

112.4

49
In

114.8

50
Sn

118.7

51
Sb

121.8

52
Te

127.6

53
I

126.9

54
Xe

131.3

55
Cs

132.9

56
Ba

137.3

57
La

138.9

72
Hf

178.5

73
Ta

180.9

74

W
183.9

75
Re

186.2

76
Os

190.2

77
Ir

192.2

78
Pt

195.1

79
Au

197.0

80
Hg

200.6

81
Tl

204.4

82
Pb

207.2

83
Bi

209.0

84
Po

[209]

85
At

[210]

86
Rn

[222]

87
Fr

[223]

88
Ra

[226]

89
Ac

[227]

104
Rf

[261]

105
Db

[262]

106
Sg

[266]

107
Bh

[264]

108
Hs

[269]

109
Mt

[268]

110
Ds

[281]

111
Rg

[272]

112
Cn

[285]

58
Ce

140.1

59
Pr

140.9

60
Nd

144.2

61
Pm
[145]

62
Sm

150.4

63
Eu

152.0

64
Gd

157.3

65
Tb

158.9

66
Dy

162.5

67
Ho

164.9

68
Er

167.3

69
Tm

168.9

70
Yb

173.0

71
Lu

175.0

90
Th

232.0

91
Pa

231.0

92
U

238.0

93
Np

[237]

94
Pu

[244]

95
Am
[243]

96
Cm
[247]

97
Bk

[247]

98
Cf

[251]

99
Es

[252]

100
Fm
[257]

101
Md
[258]

102
No

[259]

103
Lr

[262]


