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Packet Overview
Date

Objective(s)

Page
Number

Monday, March 23

Identify an energy-based understanding of orbitals and begin to intuit

2

Tuesday, March 24

Begin to notice the distinction between “inner” and “outer”
electrons.

5

Wednesday, March 25

Identify different orbital shapes and begin to name the four different
“types” of orbital by shape.

9

Thursday, March 26

Identify how many electrons an atom has in each of the orbital level
types in the first 3 rows of the periodic table (levels 1, 2, and 3).

13

Friday, March 27

Identify how many electrons an atom has in each of the orbital level
types in all rows of the periodic table.

18

that electrons orbit atoms in energetic levels.

Additional Notes: To parents (and you wonderful older siblings): this packet is designed to be accessible
to any student of chemistry. An adult simply using the information contained in this packet should be able
to understand and work the problems contained herein. However, it is a progressive packet, and so if
your student asks for help on day 4, you may have to work through days 1-3 before day 4 makes
sense to you. Thank you for working with this under these non-ideal conditions. It is my belief that such a
packet can and will substitute for in-person teaching. The wording and presentation style is consistent with
what your students are used to in Chemistry this year. Any requisite information that was covered at an earlier
point in the year is referred to explicitly or simply re-stated, to minimize the amount of implicit background
information required by the student.
The textbook can be a good resource here. However, it involves more material which is not appropriate
for a general-level course, and so primarily using this packet as a didactic tool is recommended for timeefficient reasons. Helpful section summaries related to the material in this packet are found on page 250 of
our textbook, and they can be used to reference full sections in the book.
As far as online resources, Chemistry LibreTexts as a variety of presentation modes that are worth
exploring for the interested student looking for alternative ways to approach the material addressed in this
packet. I’d encourage simply searching “Chemistry LibreTexts [key-word]” to find relevant material, and can
provide links to supplemental information upon request. Khan Academy is also an excellent resource, though
again the approach that Khan Academy’s instructors take may be different from the one taken in this packet,
which has been designed specifically for students taking Chemistry at Northern Oaks in the year 2019-2020.
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Monday, March 23
Chemistry Unit: Electrons and orbitals
Lesson 1: “Ionization” Energy
Unit Overview
Ionization energy is defined as the minimum motive force required to remove a specific electron from an
atom (thereby making it an ion).
The closer an electron is to the (positive) nucleus, the higher its ionization energy.
All other things remaining equal, the more protons an atom has, the higher the ionization energy it has.
Lesson 1 Socratic Question: Keep these questions in mind as you study this lesson!
How do electrons orbit the (positive) nucleus?
What sort of patterns do they make? Would it just be a sort of clump? Since they are moving, can they all be
the same distance from the nucleus?
Objective: Be able to do this by the end of this lesson.
Be able to explain what ionization energy is to another adult and how distance from the nucleus affects an
electron’s ionization energy.
Introduction to Lesson 1
“Ionization Energy”
Ionization energy is defined as the minimum motive force required to remove a specific electron from an
atom (thereby making it an ion). This can be done in an almost-infinite variety of ways.
Question: How might you remove electrons from a substance? (Think of the ways you can “add”
energy to a substance, say in a lab or kitchen setting).
For instance, you can convert Cesium (Cs) into its common ion (Cs+), removing one of its electrons, by
shining a high-frequency UV light onto it.
Each electron has a specific ionization energy which changes based on a few factors. We’ll now consider the
question: what are those factors?

A picture of a sodium atom (Na) is shown below. Observe the electrons (dots) surrounding the (positive)
nucleus (ignore the lines right now—just use them to gauge distance from the nucleus).
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1st
2nd

Q: Remembering that positive objects attract negative objects, would you expect the outermost electron to
take more energy or less energy to remove than the electron closer to the center (2nd)?
Write your answer here:
_________________
The outermost electron’s ionization energy would be higher/lower (circle one).
The innermost electron’s ionization energy would be higher/lower (circle one).
The electrons closer to the center of the atom will require more energy to remove because, being closer, the
nucleus exerts a stronger pull on their negative charges.

Memorize this definition of ionization energy: the minimum motive force required to remove a specific
electron from an atom.
Memorize this key fact about ionization energy: the closer an electron is to the (positive) nucleus, the more
energy it takes to remove.
Other Effects
Observe the Bohr models of the first two elements below.

Hydrogen

Helium
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The ionization energy of Hydrogen’s electron is 1312 kJ/mol. On the other hand, the ionization
energy(s) for Helium’s electrons are much higher (2372 kJ/mol for the first one, 5276 kJ/mol for
the second one).

Q: Why is the ionization energy of Helium’s electron(s) so much higher than Hydrogen’s ionization
energy, even though they are the same distance from the nucleus?
Write your answer here:
_____________________________________________________________________________________
_____________________________________________________________________________________

In addition to distance, the number of protons an atom has will affect the ionization energy of an electron.
Because Helium has twice as many protons, its ionization energy is significantly (though not exactly two
times) higher.
Memorize this key fact pertaining to electron pull: the more protons an atom has, the stronger the pull it
exerts on its electrons.

Closing: Check your understanding of the lesson by articulating an answer to the following questions.
1. It takes 495 kJ/mol of energy to remove one electron from Na, but it takes 4562 kJ/mol of energy to
remove the second electron. Why?
_____________________________________________________________________________________
_____________________________________________________________________________________

2. What are the two factors involved when thinking about how high an ionization energy will be?
__________________________
__________________________
3. Does ionization energy apply to atoms or to electrons (think carefully about this one)?

4. Determine how many protons Helium, Aluminum, Silicon, and Chlorine have (remember, use your
periodic table).
He: _____ protons
Al: _____ protons
Si: _____ protons
Cl: _____ protons
4

Chemistry 10: Electrons and “orbitals”
March 23-27
5. Observe Aluminum and Silicon’s Bohr models below.

You would expect aluminum and silicon’s first ionization energy (the energy it takes to remove
the outermost electron) to be:
a. Al: 780 kJ/mol; Si: 578 kJ/mol
b. Al: 578 kJ/mol; Si: 780 kJ/mol
c. Al: 578 kJ/mol; Si: 578 kJ/mol
There are two factors to consider.
For one, silicon has more electrons. Therefore, its outermost electron might be farther from
the nucleus. However, the picture tells us (and we’ll learn more about the picture soon) that
silicon’s extra electron is not any further from the nucleus than aluminum’s. Therefore,
distance is not going to have an effect on ionization energy.
Second: silicon has more protons. Therefore, its electrons are more strongly pulled towards
the center. It will probably be harder to remove its outermost electron. We expect Silicon to
have a higher first ionization energy.
The second answer is correct.

Tuesday, March 24
Chemistry Unit: Electrons and orbitals
Lesson 2: “Inner” & “Outer” Electrons
Unit Overview
As you move from left to right across a row of the periodic table, the first ionization energy tends to
increase.
As you move down a column of the periodic table, the first ionization energy tends to remain the same or
decrease.
These two observations are consistent with “octet rule” theory and help confirm that noble gases are very
“stable”.
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Lesson 2 Socratic Question: Keep these questions in mind as you study this lesson!
What are “valence” electrons and what do they have to do with bonding?
Objective: Be able to do this by the end of this lesson.
Be able to articulate to an adult the fact that as an element comes closer to having 8 valence electrons, the
harder it is to remove an electron.
Introduction to Lesson 2
A table of elements with the first ionization energies (in kJ/mol) listed under each element is below.

Take a look at this table of elements and look to notice trends. Answer each of these questions and use them
as a guide.
Look down each column—do you notice a significant change? Describe: ____________________________
Look across each row—do you notice any significant change or lack of change?
Describe: ______________________________________________________
Where are the highest first ionization energies located? __________________
Which elements have the lowest first ionization energies? _________________
In general, does it become harder to remove an electron the further across the periodic table you go, or does
it become easier? ________________________________________________
Read and Annotate
As we move across the periodic table, elements have more protons. This would tend to mean that
as you move from left to right (e.g. from K to Kr), the first ionization energy will go up (i.e. it is
much harder to remove an electron from Kr or Se when compared to K or Sc). We see that this is
true in most cases, with a few exceptions (Gallium has an unexpectedly low ionization energy,
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and Zn has an unexpectedly high ionization energy for its place in the 4th row of the periodic
table).
As we move down a column of the periodic table (e.g. for the first column), we notice that the
ionization energies don’t get higher—in fact, they tend to get lower. These numbers were
determined in a lab, by shining light of higher frequencies onto samples of these elements and
measuring the energy required to cause electrons to flow from a sample of the element. This is
(almost totally) unexpected. Remember that, in general, more protons in the nucleus means the
nucleus exerts a stronger pull on the electrons, and thus they’re harder to pull off. We see the
opposite effect in a column of the periodic table.
Why do you think we see ionization energies remain the same or slightly decrease as we move down a
column? To use an example, why does it take 490 kJ/mol of energy to remove Na’s first electron while it
takes a similar amount of energy (420 kJ/mol) to remove K’s first electron?
Write your answer here:
_____________________________________________________________________________________
_____________________________________________________________________________________
Read and Annotate:
We explain this phenomenon by first noting trends. We notice that, when elements get closer to
having the same number of electrons as a noble gas, the ionization energy goes up, and the noble
gases have the highest ionization energies of all the elements. This is consistent with what we’ve
intuited before—that the noble gases are very stable, and it’s hard to break down something that
is stable. On the other hand, on the other side of the periodic table, the alkali metals (Li, Na, K,
Rb, Cs) have the lowest ionization energies of all the elements. This is consistent with what
we’ve intuited before—that the alkali metals are almost very stable, and to become stable they
need to lose one electron in order to become like a noble gas (you’ll remember that they thus
take on a 1+ charge). The same rule applies for the alkali earth metals in the second column (Be,
Mg, Ca, Sr, Ba) to a lesser extent—they have the second-lowest ionization energies, and they
tend to lose 2 electrons in order to become like a noble gas. It’s a little harder to remove those
two electrons because their nuclei have more protons than the alkali metals to their left, so their
ionization energies are a little higher, but they still have very low ionization energies (see table).
So, one way of saying what we’ve said is that atoms have “outer”, or “valence”, electrons. These
electrons are much easier to remove than the “inner” or “core” electrons. An element will “want”
to have eight valence electrons.
This provides some backup for the “octet rule”, which states that an element will “want” to
have 8 valence electrons, which is how many electrons the nearest noble gas has. It will lose
or gain electrons in order to do this. Elements with only a few valence electrons will tend to
lose them and become like the nearest noble gas, while elements with close to 8 valence electrons
will tend to gain electrons to become like the nearest noble gas.
Memorize this key fact about ionization energy/the periodic table: As you move from left to right across a
row of the periodic table, the first ionization energy tends to increase.
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Memorize this key fact about ionization energy/the periodic table: As you move down a column of the
periodic table, the first ionization energy tends to remain the same or decrease.
Practice
Do some review. Write the number of valence electrons each element has below, then write how many
electrons it “wants” to lose or gain in order to become like the nearest noble gas. Then write the charge that
results.
Remember how to determine the number of valence electrons an element has by counting from left to right
and ignoring columns 3-12. So, counting from left to right, we see that Boron has 3 valence electrons, Carbon
and Silicon have 4 valence electrons, and so on. The nearest noble gas to Boron (atomic number 5) is Helium
(atomic number 2).
Na
# of valence electrons:
_______
# of electrons it wants to gain/lose (circle one): _______
Charge once it has gained/lost electrons:
_______
Ca
# of valence electrons:
# of electrons it wants to gain/lose (circle one):
Charge once it has gained/lost electrons:

_______
_______
_______

O
# of valence electrons:
# of electrons it wants to gain/lose (circle one):
Charge once it has gained/lost electrons:

_______
_______
_______

F
# of valence electrons:
# of electrons it wants to gain/lose (circle one):
Charge once it has gained/lost electrons:

_______
_______
_______

Cl
# of valence electrons:
# of electrons it wants to gain/lose (circle one):
Charge once it has gained/lost electrons:

_______
_______
_______

Kr
# of valence electrons:
# of electrons it wants to gain/lose (circle one):
Charge once it has gained/lost electrons:

_______
_______
_______

N
# of valence electrons:
# of electrons it wants to gain/lose (circle one):
Charge once it has gained/lost electrons:

_______
_______
_______
8

Chemistry 10: Electrons and “orbitals”
March 23-27

Closing: Check your understanding of the lesson by articulating an answer to the following questions.
Use a periodic table to answer these questions (don’t use the periodic table with the ionization energies on it).
Which has a higher ionization energy:
H or He?
Li or B?
K or Fe?
Pd or Rb?
Mg or Be?
Pb or C?

Chemistry LibreTexts has a decent page on this topic, which can be found at
• https://chem.libretexts.org/Courses/Oregon_Institute_of_Technology/OIT%3A_CHE_2
02__General_Chemistry_II/Unit_3%3A_Periodic_Patterns/3.3%3A_Trends_in_Ionization_E
nergy
• or by searching “Trends in Ionization Energy Chemistry LibreTexts” online.

Wednesday, March 25
Chemistry Unit: Electrons and orbitals
Lesson 3: Atomic radius and electron orbits
Unit Overview:
As you move down a column in the periodic table, the number of protons drastically increases, causing the
atomic radius to increase. Since distance has an inverse and exponential effect on electrostatic attraction, this
means the nucleus for these “bigger” atoms exert a very weak pull on their “outer” electrons. As such, in
general the ionization energy of elements decreases as you move down any given column.
There are seven distinct energy levels which correspond to electron orbit paths around the nucleus. Electrons
also are thought to take certain path shapes, including a spherical, “dumbbell”, four-leaf clover, and “doublepacifier” shape, among others. These are named “s, p, d, and f.”
Lesson 3 Socratic Question: Keep these questions in mind as you study this lesson!
How do electrons (valence and inner/core electrons) interact with the nucleus? Do they all clump around the
nucleus, or do they fall into structured orbits and patterns around the nucleus?
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Objective: Be able to do this by the end of this lesson.
Identify different orbital shapes and begin to name the four different “types” of orbital by shape.
Introduction to Lesson 3

You’ll remember from yesterday that, across a row, it becomes harder to remove an electron from
an element because as you move across a row the number of protons increases. However, move
down to the next row, and you’re dealing with a whole new set of lower numbers.
Take a look at the diagram from yesterday. Each element in the second highlighted row has a lower
ionization energy, across the board, than the one above it.

We’ll remember that this flies in the face of previous theory. Before, the theory was that as the
number of protons increases, the ionization energy increases. However (to take an easy
example), Rubidium (Rb) has more protons than Potassium (K). Yet Rubidium’s electrons are easier
to kick off. Why is that?
Write your answer here:

_____________________________________________________________________________________

Today, we explain by saying that: as the number of protons and electrons increases, the size of the
element’s atom gets larger. This means that Rb has not only more protons, but more electrons, and
those electrons are more spread-out than potassium’s. Another way of saying this (because we view
atoms as spherical) is by saying that bigger atoms have a bigger atomic radius. Rubidium is a
bigger atom.
Because the valence (outer) electrons of Rubidium are so much farther from its nucleus, the positive
charges of its protons exert a weaker pull on its outer electrons. Therefore, it’s easier to remove one
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of Rubidium’s outer electrons when compared to one of Potassium’s outer electrons, which are
much closer to its nucleus.
Let’s take that one step further. Not only do we think that electrons orbit at a distance from the
nucleus, but we also think that they fall into predetermined distances, or levels, from the nucleus.
Observe the Bohr diagrams below (named for Niels Bohr, a Danish physicist who first theorized
these levels):

Notice Rubidium in this diagram has 5 “levels”, or layers, that its electrons fall neatly into.
Potassium similarly has 4 “layers” or levels that contain its electrons.
How do we justify this diagram? Why can’t we just say that the electrons orbit the nucleus at
different distances, and that those distances can vary? Why do we have to say electrons will fall into
“level 1”, “level 2”, “level 3”, and so on?
In part because of the ionization energy data we’ve looked at earlier. Take a look at potassium, for
instance, in the table below.

Table 3.3.1: Successive Ionization Energies for Selected Elements (kJ/mol)

Element IE1 IE2
K
Ca
Sc
Ga
Ge
As

418.8
589.8
633.1
578.8
762.2
944.5

3051.8
1145.4
1235.0
1979.4
1537.5
1793.6

IE3

IE4

IE5

IE6

IE7

4419.6
4912.4
2388.7
2964.6
3302.1
2735.5

5876.9
6490.6
7090.6
6180
4410.6
4836.8

7975.5
8153.0
8842.9
8298.7
9021.4
6042.9

9590.6
10495.7
10679.0
10873.9
?
12311.5

11343
12272.9
13315.0
13594.8
?
?

source: https://chem.libretexts.org/Courses/Oregon_Institute_of_Technology/OIT%3A_CHE_202__General_Chemistry_II/Unit_3%3A_Periodic_Patterns/3.3%3A_Trends_in_Ionization_Energy
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One way of reading this table is to look at the ionization energies listed for each element. “IE1”
indicates the amount of energy required to remove the element’s first electron, “IE2” indicates the
energy required to remove the element’s second electron, and so on.
You’ll notice that, as expected, the more electrons you take from Potassium, the harder it gets to
remove the next one. However, these numbers are true for all potassium atoms. They aren’t just
taken from a single sample. These numbers are true for Potassium wherever in the world you find
it.
The same goes for the numbers applying to Calcium, Scandium, Gallium; if we could provide data
for the other elements, you’d see the same trend. Ionization energies for a particular electron on a
particular element are always the same, no matter where in the universe you find that element.
Because of this, we say that Potassium and all elements must have distinct (we’ll also say “discrete”
(which is not the same as “discreet”))—energy levels (as opposed to vague or relative). You can
measure the energy of each electron level—they aren’t just relative “this one comes first, this one
comes second, etc” levels. They have known energy requirements associated with them that you can
use to determine what it takes to “kick off” the electrons in that layer.
So, what are these layers?
Well, based on the ionization energy data, it seems that there are 7 “layers”. Additionally, electrons
don’t orbit the nucleus in neat ellipses or circles like planets around the sun. They seem to take nonelliptical orbit paths, like the one below:

In this orbital path, the electrons take a kind of 3-D-infinity sign, or dumbbell shape.
This orbit path type is called a “p orbital”.

Electrons in each layer can be found orbiting in “s”, “p”, “d”, or “f” shapes.1 The first layer can only
hold 2 electrons and only the “s” shape is found in it. The second layer, however, can hold 8
electrons, and has “s” and “p” shapes. The third layer can hold 18 electrons and has “s”, “p”, and
If you’re wondering why the shapes are called s, p, d, and f, the answer is a bit involved. The short answer is that
in determining these shapes, physical chemists (read: chemists who do physics or physicists who do chemistry)
would burn different elements and observe their line spectra (the types of visible light they released). This told them
information about the electrons’ orbit paths. They named the orbitals s, p, d, and f for “sharp”, “principal”, “diffuse”,
and “fundamental”. As I haven’t yet understood how they did these experiments, I also can’t right now why these
names were given to these shapes.
1
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“d” shapes. I’d like to iterate that this changes nothing about your previous knowledge of the
electron. Everything you’ve learned is still true and relevant. This is just a bit deeper.
Closing: Check your understanding of the lesson by articulating an answer to the following questions.

1. How many distinct energy levels (“layers”) do electrons fall into? _____
2. What are the four known orbit shapes that electrons can take within these layers? (simply
name them) ___________________________
3. Using the term “atomic radius”, explain why ionization energy decreases as you move down
a column in the periodic table.
______________________________________________________________________________
______________________________________________________________________________

Thursday, March 25
Chemistry Unit: Electrons and orbitals
Lesson 4: Writing “electron configurations”
Unit Overview
Electrons orbit the nucleus at specific distances which correspond to energy “levels” and move in a variety of
orbital shapes, named “s”, “p”, “d”, and “f”.
• The biggest elements have electrons on all 7 energy levels, and the smallest elements only
have enough electrons to have the first energy level.
• The “s” shape can hold 2, the “p” can hold 6, the “d” can hold 10, and the “f” can hold 14
electrons.
The first energy “level” can only hold 2 electrons, which take the shape of an “s” orbital.
The second energy “level” can only hold 8 electrons, which take two shapes: the “s” orbital (2 electrons) and
the “p” orbital (6 electrons)
The third energy “level” can also only hold 8 electrons, which take two shapes: the “s” orbital (2 electrons)
and the “p” orbital (6 electrons)
Lesson 4 Socratic Question: Keep these questions in mind as you study this lesson!
(same as yesterday)
How do electrons (valence and inner/core electrons) interact with the nucleus? Do they all clump around the
nucleus, or do they fall into structured orbits and patterns around the nucleus?
Objective: Be able to do this by the end of this lesson.
Be able to identify, based on the number of electrons possessed, the specific energy level(s) and orbital(s)
filled by an element in the first 3 rows of the periodic table.
Introduction to Lesson 3

We’ll just be looking at the first three rows of the periodic table today.
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Recall the four types of orbital “shape” from yesterday.
The “s” orbital shape can sustain 2 electrons.
The “p” orbital shape can sustain 6 electrons.
The “d” orbital shape can hold 10 electrons.
The “f” orbital shape can hold 14 electrons.
Therefore, if an element has 8 electrons (in this case that would be Oxygen), it should have one “s”
orbital and one “p” orbital. Two of its electrons are orbiting in a “s” and the remaining six of its
electrons are orbiting in a “p” shape.
What does that look like? Let’s draw a picture.

2 e-s
(s)

2 e-s
(px)

2 e-s
(py)

2 e-s
(pz)

Notice that 3 “p” shapes are drawn. They all look the same, but they can be oriented 3 ways (along
the x-axis horizontally, along a y-axis vertically, or along a z-axis coming out of the page). This is due
entirely to their shape. The “s” orbital by a similar rule cannot be oriented any other way, because
14
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it’s a sphere, and this is actually why the “s” orbital can only hold 2 electrons, while the “p” orbital
can hold 6 (2 in each orientation).
Memorize the important fact that electrons orbit the nucleus at specific distances which correspond
to energy “levels” and move in a variety of orbital shapes, named “s”, “p”, “d”, and “f”.
• The biggest elements have electrons on all 7 energy levels, and the smallest elements
only have enough electrons to have the first energy level.
• The “s” shape can hold 2, the “p” can hold 6, the “d” can hold 10, and the “f” can
hold 14 electrons.
Electron Configurations
Let’s now practice writing electron configurations. This is a helpful way of visualizing this in a textbased way that will relate directly to the pictures you’ve seen above.
The electron configuration for Hydrogen is
# of electrons in the orbital
Energy level

1s

1

orbital shape/type

There are 7 energy levels. Take a look at the diagram below:

The elements in the first row are in the 1st “level”. The elements in the second row are in the second
electron orbit “level”. The elements in the third row are in the 3rd orbit “level”.
Try writing the electron configuration for Helium:
Helium: ___________________________
electron configuration
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Check your answer: The electron configuration for Helium is 1s2. Check the labeled diagram on the
previous page if you’re confused.
Practice Problems
Now try writing the electron configurations for these different elements in the first three rows of the
periodic table.
Lithium: ___________________________
electron configuration
Carbon: ___________________________
electron configuration
Fluorine: ___________________________
electron configuration
Neon: ___________________________
electron configuration
Magnesium: ___________________________
electron configuration
Argon: ___________________________
electron configuration
Answers are written below.
Lithium: 1s22s1
Carbon: 1s22s22p2
Fluorine: 1s22s22p5
Neon: 1s22s22p6
I think you’re probably noticing that this becomes onerous, especially for big elements. There’s a
shortcut we’ll look at tomorrow you can (and probably should) use when writing electron
configurations for elements in the 2nd row or further down. I’ll write both possible answers for the
last two.
Magnesium: 1s22s22p63s2 or [Ne]3s2
Argon: 1s22s22p63s23p6 or [Ne] 3s23p6
Closing: Check your understanding of the lesson by articulating an answer to the following questions.
Write the electron configuration of the following elements.

Beryllium: ___________________________
electron configuration
16
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Aluminum: ___________________________
electron configuration
Silicon: ___________________________
electron configuration
Carbon: ___________________________
electron configuration
Challenge:
N3- (nitrogen with three extra electrons!): ___________________________
electron configuration
+
Na : ___________________________
electron configuration
Cl-: ___________________________
electron configuration
Ar: ___________________________
electron configuration

Friday, March 27
Chemistry Unit: Electrons and orbitals
Lesson 2: Writing electron configurations (cont’d)
Unit Overview
Orbital Shapes
• The s orbital takes a spherical shape, while the p orbital takes a sort of “dumbbell” shape. The p
orbital can be arranged in space 3 different ways. Since each arrangement can hold 2 electrons, the p
orbital can hold 6 total electrons.
• The d orbital can take 2 different shapes which can be arranged in space in a total of 5 different ways.
The first shape generally resembles a four-leaf clover, while the second shape has been said to
resemble a “double-sided pacifier”2 Since any spatial orbital arrangement can hold 2 electrons, this
helps explain why the d orbital is said to hold 10 electrons.
• The f orbital can take 2 different shapes which can be arranged in space in a total of 7 different ways.
The first shape is hard to describe, but the second shape can be described as “two pacifiers, back to
back”. Since any spatial orbital arrangement can hold 2 electrons, this helps explain why the f orbital
is said to hold 14 electrons.
Electron Configurations
• When writing electron configurations, they can be shortened by substituting a noble gas in brackets [
] to replace the part that corresponds to that noble gas’ configuration

2

J. Castillo, 2019.
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•

When writing an electron configuration for an ion, you must first consider the electron configuration
of the uncharged species, then add or subtract electrons from the electron configuration to write
the ion’s electron configuration.

Lesson 5 Socratic Question: Keep these questions in mind as you study this lesson!
(same as yesterday)
How do electrons (valence and inner/core electrons) interact with the nucleus? Do they all clump around the
nucleus, or do they fall into structured orbits and patterns around the nucleus?
Objective: Be able to do this by the end of this lesson.
Identify different orbital shapes and begin to name the four different “types” of orbital by shape.
Be able to write an electron configuration for any element or ion, using noble-gas notation to abbreviate the
configurations of big elements.
Introduction to Lesson 5
Today’s lesson will be a bit simpler.
Here, take a look at all the orbital shapes:

Take some time to describe each type of orbital shape. Notice that the d and f orbital shapes include one very
unusual-looking variation. Make sure to describe that as well as the other, “typical” d and f orbital shapes.
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s shape description: __________________________________________________________
p shape description: __________________________________________________________
d shape description: __________________________________________________________
f shape description: ___________________________________________________________

If you’re interested to know how these shapes were hypothesized, check out pages 225-231 in your textbook.
It’s a complicated discussion, and involves complex-looking equations, but you’re certainly up to the task,
even though you won’t be familiar with every variable the textbook writer refers to.

Today we’ll just be practicing writing electron configurations for different elements. This means you’ll have to
know the order in which electron “orbitals” fill up. The energy levels were determined experimentally, so it’s
not exactly intuitive. Take a look at this periodic table, in which the orbital levels and shape-types have been
labeled:

Read and Annotate:
Notice that if you go by increasing atomic number (increasing number of protons and electrons),
moving left to right and top to bottom: first the 1s orbital fills up, then the 2s, then the 2p (B thru
Ne), then the 3s, 3p; then 4s, 3d, 4p; then 5s, 4d, 5p; then the 6s, 4f, 5d, and 6p; then the 7s, 5f,
and 6d. Notice how the row does not correspond to the energy level for the d and the f orbital
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shapes. The first “d” shape level is on the same energy level as 3s, but it is in the same row as 4s.
You’ll see a similar trend with the “f” orbitals. The first “f” shape level is on the same level as 4s
and 4p, but it’s in the same row as 6s. This is confusing. We know that the “d” orbitals are on the
3rd, 4th, 5th, and 6th energy levels because of experimental data. They exist at the same distance
from the nucleus as electrons in the 3rd, 4th, 5th, and 6th energy levels; however, when an element
gets more electrons, the 3d orbital fills after the 4s orbital. There is an element of “this is simply
how this works” at play here, but while this is a bit confusing, we have faith that the universe is
ordered and knowable. Though we don’t understand why the 3d level fills up after the 4s and not
after the 3s, we will be constantly looking for reasons, trusting that they exist.
After that long prelude, try your hand at these practice problems. Today will be a more leisurely day.

Practice
We’ll add in two caveats. The first is that of noble-gas configurations. Using noble-gas configurations to
abbreviate is a really practical way of writing electron configurations. So, for example, from yesterday’s
conclusion:
If you write the electron configuration of He, it would be 1s2. When writing the electron configuration for Li,
you could write it as 1s22s1, because Lithium has three total electrons (two in the 1s orbital, one in the 2s
orbital), but you could also write it as: [He]2s1. Since Helium’s electron configuration is 1s2, we substitute [He]
for “1s2”. This saves a lot of space for the larger elements. For instance:
When writing the electron configuration for neon, you’d write it as: 1s22s22p6 (or [He]2s22p6). When writing
the electron configuration for Magnesium, you’d write it as [Ne]3s2.
This saves space. Otherwise you’d have written 1s22s22p63s2. Obviously this is even more helpful in

the 4th, 5th, 6th, etc rows of the periodic table.

Practice problems:
Write the electron configuration (using noble-gas names in brackets to abbreviate) for each element.
Fe:
Rubidium:
Pd:
Osmium:
Bismuth:
Calcium:

___________________________
electron configuration
___________________________
electron configuration
___________________________
electron configuration
___________________________
electron configuration
___________________________
electron configuration
___________________________
electron configuration
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K:
Cs:
Californium:
Ge:
I:
Uranium:

___________________________
electron configuration
___________________________
electron configuration
___________________________
electron configuration
___________________________
electron configuration
___________________________
electron configuration
___________________________
electron configuration

The second caveat is this: When writing an electron configuration for an ion, you must first consider the
electron configuration of the uncharged species, then add or subtract electrons from the electron
configuration to write the ion’s electron configuration.
For example:
Sodium (Na)’s electron configuration is [Ne]3s1. Sodium likes to become Na+. Therefore, the electron
configuration of Na+ is simply [Ne].
In other words:
Na: 1s22s22p63s1
(11 total electrons)
Na+: 1s22s22p6 (10 total electrons)
It works the opposite way for anions. From yesterday’s challenge:
Cl: 1s22s22p63s23p5
Cl-: 1s22s22p63s23p6

(17 total electrons)
(18 total electrons)

(I could also have written these as [Ne]3s23p5 and [Ne]3s23p6, respectively)
Okay, now try some electron configurations for ions.

Li+:
Ca2+:
N3-:
Fe2+:
Ag+:
Au+:

___________________________
electron configuration
___________________________
electron configuration
___________________________
electron configuration
___________________________
electron configuration
___________________________
electron configuration
___________________________
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O2-:
H+:

electron configuration
___________________________
electron configuration
___________________________
electron configuration

Okay, that last one was mean. Try this one:
H-:

___________________________
electron configuration
Moving Forward

As you review your work before returning this packet, here are a couple of resources you might find handy:
1. A diagram of all the orbital types.

2. A handy way of remembering the order in which orbitals fill up (without using a periodic
table!). I have attempted to describe this diagram in text, but have failed. Take a close look at
it and see how it works. If you like it, use it. Commit it to memory.
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