
Chapter 2.3
Electron configuration

Distribution of electrons in the 
atom



The distribution of electrons around the nucleus

The interactions among electrons in the atom result in orbitals with the same 
value of n, but different energies.
Hence, the 2s orbital has a lower energy than the 2p orbitals. Similarly, the 3p orbitals 
are lower in energy than the 3d orbitals, as shown in the figure

Electron Configurations 
and Periodic Trends
For the hydrogen atom (and other single-electron systems), all orbitals that
have the same value for n have the same energy. You can see this in the
energy level diagram shown in Figure 3.17. Hydrogen’s single electron is
in its lowest (most stable) energy state when it is in the 1s orbital. In other
words, the 1s orbital is the ground state for hydrogen. When a hydrogen
atom is in an excited state, its electron may be found in any of its other
orbitals, depending on the amount of energy absorbed.

For the hydrogen atom, orbital energy depends only on the value of n. For
example, all four n = 2 orbitals have the same energy. All nine n = 3 orbitals have the same
energy. What must the value of l be for each of these orbitals?

Atoms with two or more electrons have orbitals with shapes that are 
similar to those of hydrogen. However, the interactions among the 
additional electrons result in orbitals with the same value of n, but 
different energies. For example, Figure 3.18 shows an energy level 
diagram for the lithium atom, which has three electrons. You can see that
the 2s orbital has a lower energy than the 2p orbitals. Similarly, the 3p
orbitals are lower in energy than the 3d orbitals. Notice, however, that all
the orbitals within a sublevel have the same energy. For example, the
three p orbitals in the 3p sublevel have the same energy.

In the lithium atom, and for all other multi-electron atoms, orbitals in different
energy sublevels differ in energy.
Figure 3.18
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In this section, you will
! write electron configura-

tions and draw orbital 
diagrams for atoms of 
elements in the periodic
table

! explain the significance of
the exclusion principle 
and Hund’s rule in writing
electron configurations

! list characteristics of the s,
p, d, and f blocks of 
elements in the periodic
table

! explain the relationship
between electron 
configurations and the 
position and properties of
elements in the periodic
table

! communicate your 
understanding of the 
following terms: spin 
quantum number (ms), Pauli
exclusion principle, electron
configuration, aufbau 
principle, orbital diagram,
Hund’s rule, atomic radius,
ionization energy, electron
affinity

Sect ion  Prev iew/
Spec i f i c  Expectat ions  
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Since low energy means stability, most stable energy state (ground state) for 
any atom is one in which its electrons are in the lowest possible energy level.



The Fourth Quantum Number: 
A Property of the Electron

A fourth quantum number describes a property of the electron that results from its 
particle-like nature. 

Electrons spin about their axes as they move throughout the volume of their atoms. 
An electron can spin in one of two directions, generating a magnetic field. 
The spin quantum number (ms) specifies the direction in which the electron is 
spinning. This quantum number has only two possible values: +½ or -½
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Since low energy usually means stability, it is reasonable that the
most stable energy state (ground state) for any atom is one in which its
electrons are in the lowest possible energy level. As you know, this is the
1s orbital (n = 1). However, the electrons of most atoms are not “packed”
into this orbital. In fact, experimental evidence shows that only two atoms
have all their electrons in the 1s orbital: hydrogen and helium. To explain
how and why this is the case, you must consider another property of the
electron.

The Fourth Quantum Number: A Property of the Electron
As you learned from the previous section, three quantum numbers—n, l,
and ml —describe the energy, size, shape, and spatial orientation of an
orbital. A fourth quantum number describes a property of the electron that
results from its particle-like nature. Experimental evidence suggests that
electrons spin about their axes as they move throughout the volume of
their atoms. Like a tiny top, an electron can spin in one of two directions,
each direction generating a magnetic field. The spin quantum number
(ms) specifies the direction in which the electron is spinning. This 
quantum number has only two possible values: + 1

2 or ! 1
2 .

In 1925, an Austrian physicist, Wolfgang Pauli, proposed that only two
electrons of opposite spin could occupy an orbital. This proposal became
known as the Pauli exclusion principle. What the exclusion principle
does is place a limit on the total number of electrons that may occupy any
orbital. That is, an orbital may have a maximum of two electrons only,
each of which must have the opposite spin direction of the other. It may
also have only one electron of either spin direction. An orbital may also
have no electrons at all.

Summarizing the Four Quantum Numbers for Electrons in Atoms

The Pauli Exclusion Principle and Quantum Numbers
Another way of stating the exclusion principle is that no two electrons 
in an atom have the same four quantum numbers. This important idea
means that each electron in an atom has its own unique set of four 
quantum numbers. For example, compare the quantum numbers 
that distinguish a ground state hydrogen atom from a helium atom. (Recall
that a helium atom has two electrons. Note also that ms quantum number
is given as + 1

2 . It could just as easily have a value of ! 1
2 . By convention,

chemists usually use the positive value first.)
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Pauli exclusion principle
In 1925, an Austrian physicist, Wolfgang Pauli, proposed that 

“an orbital may have a maximum of two electrons” 
each of which must have the opposite spin direction of the other. 

This proposal became known as the “Pauli exclusion principle”. 
What the exclusion principle does is place a limit on the total number of electrons that may 
occupy any orbital.

In other words the exclusion principle states that “no two electrons in an atom have the same four quantum 
numbers”. This means that each electron in an atom has its own unique set of four quantum numbers.
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Electron Configurations

Consider the lithium’s quantum numbers. 

The first two electrons occupy the 1s orbital and have the same sets of quantum numbers 
as helium’s two electrons. 
According to the Pauli exclusion principle, the 1s orbital (n=1) is full because it contains the 
maximum number of electrons (2). 

For the third electron, n cannot be 1. Therefore, the next principal energy level for the 
electron is n=2

Chapter 3  Atoms, Electrons, and Periodic Trends • MHR 141

Each of a lithium atom’s three electrons also has its own unique set of
quantum numbers, as you can see below. (Assume these quantum 
numbers represent a ground state lithium atom.)

Consider the significance of lithium’s quantum numbers. The first two
electrons occupy the 1s orbital, and have the same sets of quantum 
numbers as helium’s two electrons. According to the Pauli exclusion 
principle, the 1s orbital (n = 1) is now “full” because it contains the 
maximum number of electrons: two. For lithium’s third electron, n
cannot equal 1. Therefore, the next principal energy level for the electron
is n = 2. If n = 2, l may have a value of 0 or 1. Remember that an atom’s
ground state represents its lowest energy state. Because an orbital with
l = 0 (an s orbital) has a lower energy than an orbital with l = 1
(a p orbital), you would expect a high probability of finding lithium’s
third electron in the s orbital given by n = 2, l = 0. In fact, experimental 
evidence supports this expectation. You know that if l = 0, ml has only
one possible value: 0. Finally, by convention, ms is + 1

2 .

It is possible to distinguish atoms by writing sets of quantum numbers
for each of their electrons. However, writing quantum numbers for an
atom such as uranium, which has 92 electrons, would be mind-bogglingly
tedious. Fortunately, chemists have developed a “shortcut” to represent
the number and orbital arrangements of electrons in each atom. As you
will see shortly, these electron configurations, as they are called, are 
intimately connected to the structure and logic of the periodic table. 
In learning how to write electron configurations, you will discover this 
connection. You will also find out why orbital energies differ (for 
example, why a 2s orbital is lower in energy than a 2p orbital).

Note: Before proceeding, it is important to keep the following in mind.
According to quantum mechanics:

• Electrons do not “occupy” orbitals. Nor do orbitals “contain” electrons.

• Electrons do not “fill” orbitals one at a time. Nor do electrons have
properties that designate individual electrons as first, second, third,
fourth, etc.

• Orbitals do not really have substance or shapes. Orbitals, recall, 
are mathematical equations that can be used to calculate probability
densities for electrons. The shapes, and the impression of substance,
result from the contour lines used to set a limit on the extent of 
those probabilities.

Nevertheless, it takes time and experience for most people to think
about and talk about atoms in completely quantum mechanical terms. It is
much simpler to think about orbitals as if they have substance. Therefore,
in the text that follows, you will read about electrons “occupying” and
“filling” orbitals. Strictly speaking, this terminology is not scientifically
correct. However, it will help you understand some challenging concepts
more easily.

Lithium

Atom Electron

first

second

third

Quantum numbers

n = 1, l = 0, ml = 0, ms = + 1
2—

n = 1, l = 0, ml = 0, ms = ! 1
2—

n = 2, l = 0, ml = 0, ms = + 1
2—

Write a set of quantum num-
bers for each electron of the
following atoms: beryllium
(Be), boron (B), and carbon (C).
Look closely for evidence of 
a pattern. Write a short 
paragraph describing this 
pattern and explaining why
you would have expected it.

It is possible to distinguish atoms by writing sets of quantum numbers for 
each of their electrons. This electron configuration, as it is called, is 
connected to the structure and logic of the periodic table.



An Introduction to Electron Configurations
Before proceeding with the electron configurations, it is important to keep the following in 
mind. 
“According to quantum mechanics orbitals do not really have substance or 
shapes. Orbitals are mathematical equations that can be used to calculate 
probability densities for electrons”.

The maximum number of orbitals in which 
electrons are likely to be found, for all naturally 
occurring atoms and most synthetic atoms, is n=7 
(7th period of the Periodic Table Elements).



Writing Electron Configurations

The atom’s electron configuration is a shorthand notation that shows the 
number and arrangement of electrons in its orbitals. It provides information about 
the first two quantum numbers, n and l

The electron configuration below represents a 
boron (5B) atom in its ground state.

1s2 2s2 2p1

number of electrons
in each energy sublevel

principal quantum 
numbers (n)

second quantum 
number (l)



An Introduction to Electron Configurations
The figure below shows the total number of orbitals in which electrons can be found for all 
known atoms. The orbitals, represented by boxes, are listed in order of increasing energy

An Introduction to Electron Configurations

Atomic orbitals and their relative energies

Figure 3.19 shows the total number of orbitals in which electrons are 
likely to be found for all naturally occurring atoms and most synthetic
atoms. The orbitals, represented by boxes, are listed in order of increasing
energy. You will refer to this diagram often as you learn to write electron
configurations.

An atom’s electron configuration is a shorthand notation that shows
the number and arrangement of electrons in its orbitals. Because the 
value of n ranges to infinity, there are an infinite number of electron 
configurations that are possible for each atom. For each atom, all but 
one of these represent the atom in an excited state. However, an atom’s
chemical properties are mainly associated with its ground state electron
configuration. Therefore, unless stated otherwise, you can assume that
any given electron configuration in this book represents an atom in its
ground state. For example, the ground state electron configuration for a
hydrogen atom is 1s1 (pronounced “one ess one”). The superscript 1 indi-
cates that only one electron is in the s orbital. The ground state electron
configuration for a helium atom is 1s2 (pronounced “one ess two”), where
the superscript 2 indicates that there are two electrons in the s orbital. For
a lithium atom, it is 1s22s1. Again, the superscript numbers indicate the
number of electrons in each of the orbitals.

When you are learning to write electron configurations, it is helpful to
start with the first element in the periodic table (hydrogen), and “build
up” the electronic structure of its atom by adding an electron to its lowest
available energy level. Then you move on to the next element (helium) by
adding a proton (and several neutrons) to the nucleus, and by adding an
electron to the appropriate orbital. This imaginary process of building up
the ground state electronic structure for each atom, in order of atomic
number, is called the aufbau principle. (Aufbau comes from a German
word that means “to build up.”)

Figure 3.19
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Refer to the sets of quantum
numbers for hydrogen and
helium that you saw earlier.
Then use the quantum 
numbers for lithium to infer
why a lithium atom has 
the ground state electron 
configuration that it does.



Orbital diagrams
An orbital diagram uses a box for each orbital in any given principal 
energy level.An Introduction to Electron Configurations

Atomic orbitals and their relative energies
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Refer to the sets of quantum
numbers for hydrogen and
helium that you saw earlier.
Then use the quantum 
numbers for lithium to infer
why a lithium atom has 
the ground state electron 
configuration that it does.

An empty box represents an orbital in which there are no 
electrons (an “unoccupied” orbital). 

A box that has an upward-pointing arrow  represents an orbital 
with an electron that spins in one direction. 

A box with a downward-pointing arrow represents an orbital 
with an electron that spins in the opposite direction.

↑

↑↓

↑↓5B ↑

1s2    2s2      2p1

↑↓



Orbital diagrams

Guidelines for “Filling” Orbitals

•Place electrons into the orbitals in order of increasing energy level

•Each set of orbitals of the same energy level must be 
completely filled before proceeding to the next orbital or series 
of orbitals. 

•Whenever electrons are added to orbitals of the same energy sub- level, 
each orbital receives one electron before any pairing 
occurs. 

•When electrons are added singly to separate orbitals of the same 
energy, the electrons must all have the same spin. 

•Electrons of the same sub-level must show opposite spin



Electron Configurations for Periods 1 and 2
The energy of each orbital increases from left to right. When drawing orbital diagrams, it is 
customary to place the electron in the first available box, from left to right.

With oxygen, as with (He and Be), the last-added (8th) 
electron is paired with a 2p electron of opposite spin (Pauli 
exclusion principle).

↑↓ ↑↑↓5B 1s22s22p1

↑↓ ↑ ↑↑↓6C 1s22s22p2

↑↓ ↑ ↑ ↑↑↓7N 1s22s22p3

↑↓ ↑↓ ↑ ↑↑↓8O 1s22s22p4

↑↓ ↑↓ ↑↓ ↑↑↓9F 1s22s22p5

↑↓ ↑↓ ↑↓ ↑↓↑↓10Ne1s22s22p6

↑↓ ↑↓4Be 1s22s2

↑↓ ↑3Li 1s22s1

↑↓2He 1s2

↑1H 1s1

Carbon’s sixth electron must go into the next unoccupied 2p 
orbital. 



Electron Configurations for Periods 1 and 2

How orbitals are filled for atoms of the first 10 
elements of the periodic table.
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How orbitals are filled for atoms of the first 10 elements of the periodic table

Electron Configurations and Orbital Diagrams for Period 3
To write the electron configurations and draw the orbital diagrams for
atoms of Period 3 elements, you follow the same process as for Period 2.
The practice problems below give you the chance to write and draw these
representations. In doing so, you will observe a pattern that enables you to
take a “shortcut” in writing electron configurations. As the atomic number
increases, electron configurations become longer and longer. You know
that chemical reactivity depends mainly on an atom’s valence electrons:
the electrons in the outermost-occupied principle energy level. To 
highlight these electrons, you can use a simplified notation called a 
condensed electron configuration. This notation places the electron 
configuration of the noble gas of the previous period in square brackets,
using its atomic symbol only. Then you continue with the configuration of
the next energy level that is being filled.

The condensed electron configuration for a nitrogen atom, for 
example, is [He]2s22p3. The notation [He] is used to represent 1s2. For a
sodium atom (Z = 11), the condensed electron configuration is [Ne]3s1.
Here, [Ne] represents, 1s22s22p6. Be aware that condensed electron 
configurations are simply convenient short forms. Thus, [Ne]3s1 does not
mean that a sodium atom is the same as a neon atom plus one electron.
Sodium and neon are different elements because the nuclei of their atoms
are completely different.

Figure 3.20
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6. Use the aufbau principle to write complete electron configurations
and complete orbital diagrams for atoms of the following elements:
sodium, magnesium, aluminum, silicon, phosphorus, sulfur, chlorine,
and argon (atomic numbers 11 through 18).

7. Write condensed electron configurations for atoms of these 
same elements.

Practice Problems

Continued ...



Electron Configurations for Periods 3
To write the electron configurations and draw the orbital diagrams for 
atoms of Period 3 elements, the same process as for Period 2 is followed.

As the atomic number increases, electron configurations become 
longer and longer. 

↑↓11Na 1s22s22p63s1 ↑↑↓ ↑↓ ↑↓ ↑↓

↑↓12Mg 1s22s22p63s2 ↑↓↑↓ ↑↓ ↑↓ ↑↓

↑↓ ↑↓13Al 1s22s22p63s23p1 ↑↑↓ ↑↓ ↑↓ ↑↓

↑↓ ↑↓14Si 1s22s22p63s23p2 ↑ ↑↑↓ ↑↓ ↑↓ ↑↓

↑↓ ↑↓15P 1s22s22p63s23p3 ↑ ↑ ↑↑↓ ↑↓ ↑↓ ↑↓

↑↓ ↑↓16S 1s22s22p63s23p4 ↑↓ ↑ ↑↑↓ ↑↓ ↑↓ ↑↓

↑↓ ↑↓17Cl 1s22s22p63s23p5 ↑↓ ↑↓ ↑↑↓ ↑↓ ↑↓ ↑↓

↑↓ ↑↓18Ar 1s22s22p63s23p6 ↑↓ ↑↓ ↑↓↑↓ ↑↓ ↑↓ ↑↓



Electron Configurations for Periods 3

The chemical reactivity depends mainly on an atom’s valence electrons (see the 
group on the PTE)

To highlight these electrons, chemists use a simplified notation, the 
condensed electron configuration which places the electron 
configuration of the noble gas of the previous period in square brackets 
(using its atomic symbol only). Then the configuration continues with the next 
energy level.

E.g.
The condensed electron configuration for a Phosphorus (15P) atom is 

[Ne] 3s23p3

The notation [Ne] is used to represent 1s22s22p6. 

For a Sodium atom (11Na), the condensed electron configuration is 
[Ne]3s1. 



An Introduction to Electron Configurations

Atomic orbitals and their relative energies

Figure 3.19 shows the total number of orbitals in which electrons are 
likely to be found for all naturally occurring atoms and most synthetic
atoms. The orbitals, represented by boxes, are listed in order of increasing
energy. You will refer to this diagram often as you learn to write electron
configurations.

An atom’s electron configuration is a shorthand notation that shows
the number and arrangement of electrons in its orbitals. Because the 
value of n ranges to infinity, there are an infinite number of electron 
configurations that are possible for each atom. For each atom, all but 
one of these represent the atom in an excited state. However, an atom’s
chemical properties are mainly associated with its ground state electron
configuration. Therefore, unless stated otherwise, you can assume that
any given electron configuration in this book represents an atom in its
ground state. For example, the ground state electron configuration for a
hydrogen atom is 1s1 (pronounced “one ess one”). The superscript 1 indi-
cates that only one electron is in the s orbital. The ground state electron
configuration for a helium atom is 1s2 (pronounced “one ess two”), where
the superscript 2 indicates that there are two electrons in the s orbital. For
a lithium atom, it is 1s22s1. Again, the superscript numbers indicate the
number of electrons in each of the orbitals.

When you are learning to write electron configurations, it is helpful to
start with the first element in the periodic table (hydrogen), and “build
up” the electronic structure of its atom by adding an electron to its lowest
available energy level. Then you move on to the next element (helium) by
adding a proton (and several neutrons) to the nucleus, and by adding an
electron to the appropriate orbital. This imaginary process of building up
the ground state electronic structure for each atom, in order of atomic
number, is called the aufbau principle. (Aufbau comes from a German
word that means “to build up.”)

Figure 3.19
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Refer to the sets of quantum
numbers for hydrogen and
helium that you saw earlier.
Then use the quantum 
numbers for lithium to infer
why a lithium atom has 
the ground state electron 
configuration that it does.

Electron Configurations for Periods 4
Period 3 ended with electrons filling the 3p energy sub-level. 
However, when n=3, l may equal 0 (s), 1 (p), and 2 (d). 

What happened to the 3d orbitals (l=2)?

Electrons do not start occupying 3d orbitals until the 4s orbital is filled. 
Therefore, the 3d orbitals are filled starting in period 4. 
The reason for this change in the expected orbital filling order is that 
the 4s orbital has a lower energy than the 3d orbitals. 

Remember: Orbitals are filled in order of increasing energy



Electron Configurations for Periods 4
The chart shows electron configurations and partial orbital diagrams for the 18 elements of period 4.

Electron Configurations and Orbital Diagrams for Period 4
You may have noticed that period 3 ended with electrons filling the 3p
energy sublevel. However, when n = 3, l may equal 0, 1, and 2. Perhaps
you wondered what happened to the 3d orbitals (l = 2).

Electrons do not start occupying 3d orbitals until the 4s orbital is
filled. Therefore, the 3d orbitals are filled starting in period 4. The reason
for this change in the expected orbital filling order is that the 4s orbital
has a lower energy than the 3d orbitals. Remember that usually you fill
orbitals in order of increasing energy. (If necessary, refer to the Guidelines
for “Filling” Orbitals and Figure 3.19 to refresh your memory.) 

The chart below shows electron configurations and partial orbital 
diagrams for the 18 elements of period 4. You would expect the filling 
pattern shown for potassium (Z = 19) through vanadium (Z = 23).
However, an unexpected deviation from the pattern occurs with chromi-
um (Z = 24). The same thing happens with copper (Z = 29). All other 
configurations for period 4 conform to the aufbau principle.

Why do Cr and Cu have electron configurations that are different from
what you would predict? The guidelines that you have been using state
that you fill orbitals according to increasing energy. In most cases, this
results in the most stable ground state configuration for the atom.
Experimental evidence indicates, however, that some atoms achieve
greater stability with electron configurations that do not conform to 
predicted patterns. For chromium, the greatest ground state stability
results from a configuration in which its 4s and 3d orbitals are half-filled.
For copper, a half-filled 4s orbital and a completely filled set of 3d orbitals
gives the most stable configuration. Similar situations arise for a number
of atoms in the remaining periods.

K Z = 19 [1s22s22p63s23p6]4s1 [Ar]4s1

[Ar]4s2

[Ar]4s23d1

Orbital Diagram (4s, 3d, and 4p Orbitals Only)Element
Atomic
Number

Complete
Electron Configuration

Condensed 
Electron Configuration

4s 3d 4p

Ca Z = 20 [1s22s22p63s23p6]4s2

[1s22s22p63s23p6]4s23d1Sc Z = 21

Electron Configurations and Partial Orbital Diagrams for Atoms of Period 4 Elements

[Ar]4s23d2Ti Z = 22 [1s22s22p63s23p6]4s23d2
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8. Make a rough sketch of the periodic table for elements 1 through 18,
including the following information: group number, period number,
atomic number, atomic symbol, and condensed electron configuration.

9. A general electron configuration for atoms belonging to any element of
group 1 (IA) is ns1, where n is the quantum number for the 
outermost occupied energy level. Based on the patterns you can
observe so far for elements 1 to 18, predict the general electron 
configuration for the outermost occupied energy levels of groups 
2 (IIA), 13 (IIIA), 14 (IVA), 15 (VA), 16 (VIA), 17 (VIIA), and 18 (VIIIA).

Continued ...

Electron Configurations and the Periodic Table
So far, you have “built up” atoms of the first 36 elements of the periodic
table. There are more than 80 elements still remaining. You do not, 
however, have to build up atoms of these elements to write their electron
configurations. You can do it simply by consulting the periodic table! 
All you need is to recognize the significance of several patterns. You have
already observed many of these.

In the process of examining the patterns outlined below, you will
learn the filling order for atoms of elements in periods 5, 6, and 7. You
will also see why the shape and organization of the periodic table is a
direct consequence of the electronic structure of the atoms.

Arranging Elements by Electron Configurations
Figure 3.21 on the next page shows the entire periodic table, with certain
segments colour-coded and labelled according to the type of orbital that 
is being filled. If you built up an atom of every element, filling orbitals in
order of increasing energy, you would construct a chart with precisely this
shape and organization. Figure 3.22 highlights the filling order, and there-
fore the energy order, of the orbitals when you read the periodic table
from left to right.

Elements that appear in the s block and the p block are called either
the main group elements or the representative elements. Chemists give
them these names because, collectively, these elements are representative
of a wide range of physical and chemical properties. Among the main
group elements, for example, you will find metals, non-metals, metalloids, 

[Ar]4s23d3[1s22s22p63s23p6]4s23d3V Z = 23

[Ar]4s13d5[1s22s22p63s23p6]4s13d5Cr Z = 24

[Ar]4s23d5[1s22s22p63s23p6]4s23d5Mn Z = 25

[Ar]4s23d6[1s22s22p63s23p6]4s23d6Fe Z = 26

[Ar]4s23d7[1s22s22p63s23p6]4s23d7Co Z = 27

[Ar]4s23d8[1s22s22p63s23p6]4s23d8Ni Z = 28

[Ar]4s13d10[1s22s22p63s23p6]4s13d10Cu Z = 29

[Ar]4s23d10[1s22s22p63s23p6]4s23d10Zn Z = 30

[Ar]4s23d104p1[1s22s22p63s23p6]4s23d104p1Ga Z = 31

[Ar]4s23d104p2[1s22s22p63s23p6]4s23d104p2Ge Z = 32

[Ar]4s23d104p3[1s22s22p63s23p6]4s23d104p3As Z = 33

[Ar]4s23d104p4[1s22s22p63s23p6]4s23d104p4Se Z = 34

[Ar]4s23d104p5[1s22s22p63s23p6]4s23d104p5Br Z = 35

[Ar]4s23d104p6[1s22s22p63s23p6]4s23d104p6Kr Z = 36

4s 3d 4p
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