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Chapter 8 - Modern Atomic Theory

This chapter is a continuation of our discussions from Chapter 2 during which we saw how
atoms, electrons, protons, and neutrons were discovered. | am going to assume that you
remember Dalton, J. J. Thomson, Lord Kelvin, Roentgen, Moseley, etc., and Rutherford
from that chapter.

This chapter will bring us from the early 1900's to current times in looking at the atom
and atomic structure.

REVIEW: Rutherford’s Atom

1) An atom contains a nucleus which has a very small volume compared to the volume of
the atom, but almost all of the mass of the atom is in the nucleus. The nucleus
contains the protons (+1 charge, mass = 1.0 amu) and neutrons (no charge, mass = 1.0
amu). Electrons have -1 charge, 0.00055 amu.

Atomic Number = # of protons Mass Number = # of protons + # of neutrons

2) The number of electrons in a neutral atom is the same as the number of protons.

3) Rutherford thought that the electrons might move around the nucleus somewhat like
the planets move around our sun, but he could not explain how this happened nor why
the electrons were not drawn into the nucleus.

Section 8-1: The Emission Spectra of the Elements and Bohr’s Model

The work that led to the development of the modern model of the atom grew out of the
study of light. Remember that the people who discovered the protons, neutrons and
electrons began by studying electricity and energy. Understanding nature of emitted
light was the clue to understanding the Periodic Table. Think back to the “ATOMS: Clash
of the Titans” video you saw earlier.

Sec 8-1.1 - Electromagnetic Radiation and Wavelength

Light is only a small part of the entire thing that is called electromagnetic radiation or
energy.

Electromagnetic Energy (Light waves) is the energy carried through space by means of
wavelike oscillations in packets called photons. The oscillations are systematic
fluctuations in the intensities of very tiny electrical and magnetic forces.

Electromagnetic radiation has a wavelength (lambda, A) and a velocity (c) which is
3.0 x 10 m/sec. The frequency (nu, v) refers to the number of waves that pass a
given point in a certain amount of time. The unit of frequency is the Hertz (Hz =
cycles/sec). We can relate these things in the following expression:

v =c = m/sec = 1 ; therefore Hertz=s"=Hz
A m S
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Further: E =

Sec 8-1.2 - The Continuous Spectrum

Visible light covers a small part of the total spectrum. For most people, light is
visible if it has a wavelength between 400 nm (violet) and 750 nm (red).
1A=1x10"m 1nm=1x10"m

The Electromagnetic Spectrum

10" meters 10° 10% 10° 10° 10°
1 nanome ter 1000 nanome ter 1 millimeter 1 meter 1 kilometer

X-rays Microwaves Radio Broadcast

band
Gamma Ultraviolet Infrared Radar
rays (UV) (IR)

N ~ — —

Short Wavelenghts Long Wavelengths

Visible Light

Ultraviolet Infrared
(uv) (IR)

400 nanometers 500 nanometers 600 nanometers 700 nanometers

Examples
1) What is the frequency in hertz of violet light?

2) What is the wavelength of radio waves that have a frequency of 1240 kHz?

Often we can look at the energy that is involved with all of these as packets of energy,
distinct units, which are often called photons.

What is the exact nature of light? Does it consist of waves or is it a stream of particles?
It seems to be both. This leads to what is called the wave-particle duality of the nature
of light.

Sec 8-1.3 - The Discrete Spectrum

When energy (heat, electrical, or light) is added to a substance, some or all of the energy
may be absorbed by the substance which then exists in an excited state. The substance
will later become unexcited by losing the energy as a photon of light, which can be
observed by a spectroscope.

Within the visible spectrum of white light are all colors as shown below.
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CONTINUOUS SPECTRUM

Atoms of different elements all show different spectra. The spectrum of each element
(called its atomic emission spectrum) is unique to that element and is the reason specific
elements are used in fireworks.

b F
527]518.3"‘51 7.2 |486.‘|

400
|434 |410.1

400

700 500
Hydrogen JH
|667.8 501,5| |4921 |471.3 |447.1 |402.6

:

700 600 500 400

Helium ZHe
6234 |6152 579|577 502, 435.8| 407.8| [404.7

700 -
Mercury “g0Hg

700 -
Uranium *33U

Atomic Spectra - We refer to this in terms of atomic spectra - literally, the light from
atoms.

1) Continuous Spectrum - A spectrum that contains all wavelengths of visible light.
When sunlight is passed through a prism, the light is separated into a spectrum.

2) Atomic Emission Spectra - The light emitted by elements consists of sharp lines in
the visible, near U.V. or near I.R. part of the spectrum. We will see how we make
these work for us a little later.

DEMONSTRATION - Observation of Atomic Emission Spectrum of Selected Elements.
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High-energy photons correspond to short-wavelength light and low-energy photons
correspond to long-wavelength light.

Sec 8-1.4 - Bohr’s Model (The Energy Levels of Hydrogen)

After Rutherford’s nuclear theory was generally accepted, Niels Bohr wanted to take this
theory further and explain the discrete spectrum of hydrogen.

The hydrogen atom is the simplest system we can look at because it only has one electron
to consider. When a hydrogen atom absorbs energy from some outside source, it uses this
energy to go to a higher or excited energy state. It can release this excess energy (go to
a lower energy state) by emitting a photon of light.

The important thing here is to recognize that the energy contained in the photon
corresponds to the change in energy that the atom experiences in going from the excited

to the lower energy state.

What we also see, however, is that only certain photons of visible light are emitted. We
might have assumed that all wavelengths of light would appear. We do not see all colors.

Il

400 nm 500 600

Hydrogen Spectrum

Atomic Emission Spectrum of Hydrogen - Consists of 4 lines in the visible region of the
spectrum (410 nm, 434 nm, 486 nm, 656 nm).

These results tell us that only certain photons are emitted which means that only
certain energy changes are occurring. This means that the hydrogen electron can only
have certain discrete energy levels. The same colors are always emitted with
hydrogen, so we must assume that all hydrogen atoms have the same set of discrete
energy levels. This was a change because people expected that atoms could have a
continuous set of energy levels rather than only certain values. This discovery greatly
changed how people looked at the atom.

Sec 8-1.5 - Quantized Energy Levels from The Bohr Model of the Atom

In 1913 Niels Bohr proposed that electrons are arranged in concentric circular paths, or
orbits, around the nucleus (sometimes referred to as the planetary model). He proposed
that electrons in a particular path have a fixed energy. To move from one energy level
(orbit) to another, an electron must gain or lose just the right amount of energy. The
energy levels in an atom are not equally spaced. They move closer together as we move
to higher energy levels. A quantum is the amount of energy required to move an electron
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from its present energy level to the next higher one. Thus, the energy of the electron is
said to be quantized.

Bohr’s model gave an excellent explanation of the spectrum of the hydrogen atom but did
not work at all with atoms containing more than one electron. However, the ideas of

quantum numbers and fixed energy levels were useful in later theories.

Bohr’s model described certain distinct allowed energy levels for the electron. Only
these levels are possible. [Remember the “Bohr Hotel” of the Atoms video.]

Sec 8-1.6 - The Ground State and Excited States

Under normal conditions the single electron in a hydrogen atom is in the ground state.
That is that it is in the lowest energy level available. When it absorbs an appropriate
amount of energy, it can move to an appropriate higher energy level. Now the electron is
said to be in an excited state.

%t Excited atom
Photon of
light
Energy emitted

O Lower energy state

As we have noted, it can give back the energy that we see as the atomic emission
spectrum.

Section 8-2: Modern Atomic Theory: A Closer Look at Energy Levels

7)

Sec 8-2.1 - The Wave (or Quantum) Mechanical Model

Earlier | mentioned the wave/particle duality of light. This holds for the electron as well.
The wave nature of the electron and the uncertainty of its location led to a complex
mathematical approach to the electron in the hydrogen atom, called wave mechanics.

Bohr calculated an exact distance that the hydrogen electron would be from the nucleus
in the ground state. In the wave mechanical model this value is a probability of finding
the electron. We no longer view the electron as in a specific orbit around the nucleus.

The modern description of the electrons in atoms derives from the solution to the
Schroedinger Equation. This model is primarily mathematical. It has few, if any,
analogies in the visible world. It takes into consideration the possibility that an electron
can behave like a wave and not just a particle.

Like the Bohr model, the quantum mechanical model of the atom leads to fixed energy
levels for an atom.
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Unlike the Bohr model, the quantum mechanical model does not define the exact path an
electron takes around the nucleus. The electron does not orbit the nucleus in circles. It
does predict the most probable locations of an electron when it is in a certain energy
level. This region of a probable location for an electron is called an orbital, and it is
described in three dimensional space.

Sec 8-2.2 thru 8-2.4 - The Hydrogen Orbitals (Atomic Orbitals)

An atomic orbital is a region of space where there is a high probability of finding an
electron. Atomic orbitals are characterized by a set of three integer quantum numbers
(n, |, and m) that come from the mathematical solution to the Schrodinger equation.

a) The principal quantum number, n - determines to a large extent the energy of the
electron and is also related to how far from the nucleus we are likely to find the
electron. (n=1, 2, 3, etc.)

b) The secondary quantum number, | - describes the shape of the orbit (most probable
locations of the electron). It also has some effect on the energy of the electron
(sublevels). [l = 0(s), 1(p), 2(d), 3(f), etc. up to n-1 for each n value.]

c) The magnetic quantum number, m - is related to the spacial orientation of the
orbitals. It tells how many orbitals there are of a given type. (m = -,..-1, 0, +1,..+l
for each | value.)

d) Summary
n L Values of m Orbitals
1 0 0 1s
2 0 0 2s
1 -1, 0, +1 2p 2p 2p
3 0 0 3s
1 -1, 0, +1 3p3p3p
2 -2,-1,0, +1, +2 3d 3d 3d 3d 3d
4 0 0 4s
1 -1, 0, +1 4p 4p 4p
2 -2,-1,0, +1, +2 4d 4d 4d 4d 4d
3 -3,-2,-1,0, +1, +2, +3 Af Af Af Af 4f 4Af Af

The orbitals correspond to the appropriately named regions on the Periodic Table. The

shapes help us to : explain what we see as behaviors in
Orbitals

atoms (and molecules). :

y
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Your book (pages 246-248) has pictures showing the relative sizes and shapes of orbitals
for hydrogen. You also will have a handout that also shows these orbitals. Below is
another representation of these same orbitals.
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The energy involved in the orbitals is s < p < d < f. Further, each level has its set of
orbitals. These are often referred to as shells or levels and subshells or sublevels. In the
midst of this, each individual orbital can hold a maximum of 2 electrons.

So, each s orbital will hold 2 electrons, each p orbital will hold two electrons, each d
orbital two electrons, and each f orbital two electrons. But what this means is that the s
sublevel holds 1 x 2 = 2 electrons, the p sublevel can hold 3 x 2 = 6 electrons, the d
sublevel can hold 5 x 2 = 10 electrons, and the f sublevel can hold 7 x 2 = 14 electrons.

Some of you learned something about levels or shells and electrons before, but did
anyone explain where they really come from? Simply put, they are based on the energy
levels - or in quantum theory, the n values. The relationship is just that the number of
total electrons in any given level or shell is 2n?. So, the first level or shell (n = 1) holds 2
electrons, the second level (n = 2) holds 8 electrons, the third holds 18, etc.

This would all be simple except that, in addition to these things, the energy sublevels
overlap as we move farther and farther from the nucleus. This will come into play as we
move further into the story.
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9) More on the Model

The model also allows for one more quantum number, most often called the “s” or spin
quantum number. It takes into consideration that two electrons must have opposite spins
in order to occupy the same orbital. The s quantum number can have values of -1/2 and
+1/2. We will see what this means and how this works shortly.

Section 8-3: Electron Configurations of the Elements

The ways in which electrons are arranged around the nuclei of atoms are called electron
configurations. Three rules/principles govern the filling of atomic orbitals. We will look
at:

a) The Aufbau Principle - Electrons enter the orbitals of lowest energy first. (See
diagram in book on page 249 and the one above for how this happens.)

b) The Pauli Exclusion Principle - An atomic orbital may contain at most two electrons.
To occupy the same orbital, two electrons must have opposite spins (clockwise or
counterclockwise). 1s[11] (Arrows are used to indicate the spin of the electron.)

c) Hund’s Rule - When electrons occupy orbitals of equal energy, one electron enters
each orbital until all the orbitals contain one electron with spins parallel.

10) Sec 8-3.1 - The Aufbau Principle and Electron Configuration

A description of where the electrons are in this way of looking at the atom is called the
atom’s electron configuration. Deciding where the electrons go in the electron
configuration is a lot like building a brick wall (or Lego ® model) in that you have to
start at the bottom and build up. In the case of electrons, we start at the level closest
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to the nucleus and build out.

This scheme works fine for the first 18 elements but then we find the conflict of
overlapping energy sublevels that | mentioned earlier. These overlaps complicate
matters a little, but not that much. There are charts like the one on page 249, the one
earlier in these Notes, and the one that is on the wall in N4 that help to remind us of
these overlaps.

Even a simpler one is to have a chart like the one below that you can have or make by
yourself, and all you need to do is to draw diagonal lines.

Examples - Give electron configurations of neutral atoms of the following:

H= uNa = wfe =
,He = 15P = 509N =
g0 = 10K = 83B1 =

You can also use the Periodic Table to do the same thing if you remember certain basic
things that you have to consider. (Again, remember that the model helps to explain the
Periodic Table. The Table does not depend on the model.) Our classroom Periodic
Table even has the regions identified for you but they are not hard to remember.

Examples - Repeat the examples above but use the Periodic Table as your guide.

Further, you can actually identify an element from its electron configuration. Under
“normal” circumstances all you have to do is follow the Periodic Table through the
electron configuration and stop when it does. An even simpler - and better if the
electrons do not happen to all be in the ground state - is to merely add up the
superscripts. If the atom is neutral then the electrons will equal the protons and they
give you the Atomic Number which tells you which element.
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11) Alternative Electron Configurations

For the early elements the electron configurations are easy to write but as you get
further and further along they get more cumbersome. A short-hand way of making this
task easier is to use the Noble Gas Configuration or Abbreviation.

This method relies on the chemists’ belief that the noble gases have stable electron
configurations and these come from the fact that the s and p sublevels are completely
filled. Thus, we assume that when we get to the end of a period every orbital possible is
filled to that point, and we “assume” the configuration of the prior noble gas and
continue from there. In using this method, though, we tell everyone that we are by
indicating the noble gas in brackets [ ].

Therefore the electron configuration for phosphorus can be written as either
1s? 25?2 2p® 3s? 3p® or [,Ne] 3s? 3p°

An important point, however, is that a noble gas cannot have its own configuration when
written as the abbreviation. Thus, Argon is NOT [,,Ar] but rather [,,Ne] 3s? 3p°.

Examples - Repeat the electron configuration examples using the noble gas abbreviation.
Examples - Name the element whose atoms have these electron configurations:

a) (4gAr) 4s* 3d° b) 1s? 2s? 2p® 3s? 3p°® 4s% 3d"° 4p°
Whether one starts at the beginning (1s, etc.) or with the Nobel gas abbreviation,
electron configurations can be determined by merely looking at the place of the element

on the Periodic Table

12) Electron Configurations and the Periodic Table

The standard system for determining electronic configurations works through the
elements up to atomic number 21. After that there are some special configurations that
occur which do not follow the general rules. It is most important to remember the
general rules and then learn the exceptions if and when needed.

For the higher numbered elements, the Nobel gas abbreviation is often used to make
writing the electron configurations easier.

Section 8-4: Orbital Diagrams of the Elements

Earlier we mentioned the Pauli Exclusion Principle and Hund’s Rule, we will now
examine in more detail how these play a role.

13) Sec 8-4.1 - The Pauli Exclusion Principle and Orbital Diagrams

Officially, the Pauli Exclusion Principle states that no two electrons in the same orbital
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can have the same spin. Since there are only two possible spins, this simply means that
each orbital can hold no more than two electrons.

We represent the electrons in orbitals with orbital diagrams. The orbital diagram of an
element represents the orbitals in a sublevel as boxes and its electrons as arrows. The
spin of an electron is indicated by the direction of the arrow, pointing either up or
down. Two electrons with opposite spins in the same orbital are said to be paired.

We can talk about the electron configurations in terms of orbital diagrams:

1s 2s 2p

H: 1 I 1
He: [t [ 1]
Li: [T1] [t ]
Be: [T1]  [14]
B: [T1] [11]

Sec 8-4.2 - Hund’s Rule

1~
—

— —

— —

— —_—

— —

e e e e b

Before going on, we need to consider the placement of the sixth electron in carbon.

There are three possibilities: a. Does it pair with the first 2 p electron in the same
orbital or b. have an opposite spin in a different orbital, or c. does it go into a different
orbital with the same spin? We have one more rule to guide us.

Hund's Rule states that electrons occupy separate orbitals in the same sublevel with
parallel (i. e., identical) spins. At least part of this rule is understandable. Since
electrons have the same charge, they will repel each other to different regions of space.
Electrons "want their space,” so they prefer separate orbitals rather than pairing in the
same orbital. Pairing occurs when separate empty orbitals in the same sublevel are not
available.

(il [ri] (v 100 10 ]
(il [ri] (v 100 107 ]
(il [ri] [0 101 ]
(il [ri] [0 ]
e: [Ti] [14] R IRRRINRY

ZTmoZO0O

This orbital diagram construction can continue throughout all of the elements. With the
higher number elements one can apply the Noble Gas Abbreviation like was done with
the electron configurations.
4s 3d 4p
As:  [Ar] 4s2 3d10 4p3 [Ar]  [t4] [UCI00Cq0eddmeeaeel [0 1t 1 ]

The Quantum Concept - Max Planck proposed that electromagnetic radiation is carried
by tiny packets of energy called photons. These are the same “photons” mentioned
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earlier. Planck proposed and Einstein confirmed that the energy of the radiation was
proportional to its frequency and not to its intensity or brightness. The energy of one
photon is called one quantum.

E=h*v
E = h*c h = 6.62 x 10* Joules-sec c=3.0x 108 m/sec
A

Example: Calculate the energy of a photon of violet light (A = 400 nm) in joules.

16) An Explanation of Atomic Spectra

Bohr’s application of the quantum theory to the energy levels of the electrons in atoms
resulted in an explanation of the hydrogen spectrum. Each of the lines in the hydrogen
spectrum is a result of movements of electrons from higher to lower energy levels. Bohr
was able to derive an equation from which the energy and wavelengths of the lines in
the hydrogen spectrum could be obtained.

- -B B=2.18x 10" J
n2

Elight emitted = En. - ELL

Thus, the energy of light can be calculated:

Eiight emitted = _- B+ B

And, further, the wavelength of that light from:
Elignt emittea = E = _h"C or A= h*c
A

Elig,ht emitted

Example - Calculate the energy of the light and the wavelength in nm of the light emitted
when a hydrogen electron drops from level 3 to level 2.
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17) Emission Spectrum of the Hydrogen Atom

The emission spectrum of hydrogen covers a wide range of wavelengths from the
infrared to the ultraviolet. The table below lists the series of transitions in the hydrogen
spectrum; they are named after their discoverers. The Balmer series was particularly
easy to study because a number of the lines fall within the visible range.

F NV - PT

Energy
[\S]

Lyman

series
Series N 0w N high Spectrum region
Lyman 1 2,3,4,... Ultraviolet
Balmer 2 3,4,5, ... Visible and ultraviolet
Paschen 3 4,56, ... Infrared
Brackett 4 5,6,7, ... Infrared

18) The Wave Motion of Matter and Quantum Mechanics

a) Very small particles show properties that we identify with waves. Louis de Broglie
suggested that small bits of matter, such as electrons, behave like waves. In 1927
Davisson and Germer conducted experiments which involved the “shooting” of
electrons at a sample of nickel. To their amazement, they obtained diffraction
patterns similar to those obtained when x-rays (a form of light) are diffracted by a
crystal. Furthermore, the experimentally determined wavelength agreed with the
value calculated by using the deBroglie equation.

A=_h where m = mass of particle and v = its velocity



Basic Concepts of Chemistry Notes for Students [Chapter 8, page 14]

D J Weinkauff - Nerinx Hall High School

b) Practical use of the wave character of the electron is shown in the operation of the
electron microscope. This instrument uses a beam of electrons rather than light
waves to produce the image of an object being viewed. The wavelength of
“electron-waves” is much smaller than that of visible light waves. Therefore, the
electron microscope has a much greater resolving power than an ordinary
microscope.

c) Current theories of electronic structure (the Schrodinger Equation) are based on the
wave properties of the electron. This theory is called wave mechanics or quantum
mechanics.

d) Another feature of quantum mechanics that is not found in classical mechanics (study
of normal size objects) is the Uncertainty Principle. The Heisenberg Uncertainty
Principle states that it is impossible to know exactly BOTH the velocity and the
position of a particle at the same time. The principle is extremely important when
dealing with a small particle like the electron. This is the reason we can only predict
the most probable locations of an electron and not its path.

Section 8-5: Periodic Trends

19)

With all these special calculations and theories trying to make models that match
reality, we must not forget that chemistry still depends upon observed properties of
substances. The modern atomic theory is really just an attempt to help us to explain
WHY things happen and to help us possibly predict what might happen in a new
situation.

Sec 8-5.1 - Atomic Radius

As one moves down a group on the Periodic Table, atoms get bigger. As one moves left
to right across a period, the atoms get smaller. We can understand the increase in size
as one moves down the group if we remember that with each period, the principle
energy level increases and that means that the average distance of the outer electrons
from the nucleus also increases.

atomic size decreases

2 3 L] =] 6 7

pu
Zol|w

@@ D0 0090
@ ®PDDP@Poc
DPP@@090

DPPPP909
PDDIIPP90

The decrease in size requires a little more thought. If the outer electrons are all in the
same principle energy level as one moves left to right across a period, then you might

50

5

atomic size increases
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think that the size should remain the same. But also remember that the nucleus is also
increasing in protons as one moves from left to right. Therefore, the pull on the
electrons from the nucleus is increasing and has a tendency to draw the electrons closer
to the nucleus.

20) Sec 8-5.2 - lonization Energy

As size increases, the tendency for an atom to lose an electron increases. That is, as
you move down a group, the atoms are more likely to lose electrons. This tendency to
lose electrons is called ionization energy. As you move from left to right across a
period, atoms are less likely to lose electrons, because the atoms are getting smaller.

lonization energy is the energy it takes to remove an electron from a neutral atom. If a
second electron is removed that has its own energy. Likewise, a third. When these are
described they are called first, second, and third ionization energies.

lonization energy decreases as you go down a group and increases as you go left to right
across a period. [As you move from metals to non-metals across a period, the ionization
energy increases so much that not only do the electrons not leave, the atoms actually
attract other electrons.

lonization energy is the opposite trend from the atomic radius.

\ lonization Energy Increases

)
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21) Sec 8-5.3 - Electron Affinity or Electronegativity

Atoms can also gain electrons as well as lose them. The tendency of a gaseous atom to
gain an electron is termed electron affinity (E.A.) (affinity means "an attraction for
something”) or electronegativity.

Whereas ionization energy is always an endothermic process, electron affinity can also
be exothermic, meaning a favorable process. In this case, energy is released as an
electron is added to an orbital of an atom. The added electron will enter into an empty
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orbital according to Hund's Rule in the same manner as the other electrons in the
sublevel.

There is a general trend to increase electron affinity from left to right, corresponding to
the greater number of protons pulling on the electron and the smaller size of the atom.
Electron affinity also decreases going down in the periodic table.

In short, electron affinity follows the same trend as does ionization energy, that is that
it is inversely related to size.

| Eiectron Affinizy mcreases

Ly VI Tk
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g fill .4 = O34 7 1425 |331.4 &
& Ma | Mg A S|P | S |cl| A
ut_: 532 - 45 (1350 | Fi4 | 202.5| 352.4 :
= K | Ca Ga | Ge | &2 | S | B | Kr
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22) Sec 8-5.4 - lonic Radii

When an electron is removed from an atom, the resulting ion is smaller than the parent
atom. Removing more than one electron makes the cation even smaller.

When an electron is added to an atom, the resulting ion is larger than the parent atom.
Adding more than one electron makes the anion even larger.

Group 1A Group 2A Group 3A Group 6A Group 5A
(1 2 (13) (16) 17)
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EXTRA PROBLEMS

1)

Calculate the energy and wavelength (in nm) of the light emitted when a hydrogen
electron drops from the higher to the lower energy level given below. What region of
the spectrum is the light emitted in (visible, U.V., or I.R.)?

a) 5to2 b) 5to1 c) 5to3

The spectral lines of hydrogen in the visible range represent electron transitions from a
higher energy level back to the 2" energy level. In what energy level was the electron if
the spectral line of 410 nm is emitted? (You must show your calculations to support your
answer.)



