Chapter 8

The Atom

The nuclear model of the atom (Rutherford’s model) describes the atom as a central nucleus surrounded by moving electrons, which are accelerating, because they are constantly changing direction.  (Circular motion is always described as acceleration.)
Maxwell’s theory of electromagnetism tells us that accelerating electrons emit energy in the form of electromagnetic radiation.  

If this applied to the electrons moving around atomic nuclei, the electrons would lose energy, and their orbits would deteriorate to the point where the atom would collapse.
Atoms don’t collapse, and the conflict between Maxwell’s description of EMR and Rutherford’s descriptions of the atom was a major paradox in physical theory.

The paradox was eventually resolved with new ideas about energy and new ideas about electrons.

Laws of nature were discovered at the turn of the 20th century that describe the behavior of objects in the atomic world.
Quantum theory

In 1900, Max Planck analyzed the energy emitted by hot objects.  

Hot objects emit light whose color changes as the object gets hotter.  

These glowing objects also emit other forms of EM radiation that we are not able to see, such as UV.
The exact amount of each type of radiation follows a very specific rule that cannot be explained if the radiation emitted is in the form of a wave.  

However, Planck discovered that the behavior of the radiation can be explained if the radiation is emitted in very tiny “bursts” of energy: discrete packets of energy instead of a continuous wave of energy.

This is not unlike our understanding of matter.  Matter is not continuous. It consists of discrete units called atoms.

Energy is not continuous either.  It consists of discrete units called quanta, which is plural for quantum.

Planck developed the quantum theory of energy.

Planck found that although there seems to be a frequency associated with each color of light, the difference in colors is a result of a difference in quanta for each color.

Each quantum is a certain amount of energy.

The amount of energy is directly proportional to the frequency associated with the light.

          Ep  f


Ep = hf                     h = 6.63 x 10-34 joule-sec  (Planck’s constant)
Planck showed that there is a minimum amount of energy, in the form of a quantum.  

If the energy of an electron in an atom is related to its distance from the nucleus, then there is a certain minimum distance for the first electron.

Each additional electron must be a certain distance farther away.  There are only certain quantum steps in the layers of the atom.  (More later)
In 1905 Albert Einstein used Planck’s quantum theory of energy to explain the photoelectric effect (the accomplishment for which he won the Nobel Prize). 
In the 19th century it was discovered that electrons are given off from some metals when light is shined on the surface of the metals.

Light somehow dislodges the loose electrons of metals.

This phenomenon is called the photoelectric effect.

Physicists tried to explain the photoelectric effect by using the rules of wave behavior as applied to light.

No matter how they tried, the wave model of light failed to account for the details of the photoelectric effect.

However, Einstein showed that the details of the photoelectric effect can be explained by the quantum theory and not by the wave theory.

Einstein suggested that the quanta of light energy should be called photons.  
The term “photon” today refers to the smallest unit of any kind of energy, not just light.

Einstein showed that when light interacts with matter it behaves as a particle of energy.

However, when light diffracts and shows interference it behaves as a wave.

In any particular event light exhibits either a wave nature or a particle nature, but not both at the same time.
Thus, light is said to exhibit a wave-particle duality.
When light is formed, it is formed photon by photon.

When light interacts with matter, it is absorbed photon by photon.

When light travels from place to place, it exhibits all the characteristics of a wave.

However, the categories of “wave” and “particle” are strictly manmade, and light doesn’t really fit either category.

To understand light we need both categories.

The wave theory of light and the quantum theory of light complement each other. (They are “complementary”.)
Matter waves
If, at the atomic level, it is difficult to distinguish between waves and particles, perhaps there are “wave-particle” dualities other than the wave-particle duality of light.

For example, it was originally thought that the electron is a particle.

But, in 1924 a French physicist named Louie de Broglie (pronounced 

“de Broy”) proposed that moving electrons have wave characteristics.
In fact, de Broglie was able to show that all moving matter exhibits wave characteristics.

The de Broglie wavelength describes the wavelength of a matter wave.


 = h/mv

With the small size of h (Planck’s constant), the wavelength of anything with macroscopic momentum (mv) will be very small.  

The wavelength will actually be too small to show any noticeable wave characteristics.

For a mass as small as an electron’s (9.11 x 10-31kg) the wavelength is large enough for the electron to exhibit wave characteristics.
In fact, experiments have shown that electrons can diffract and show interference.

Waves of what?

In a water wave, matter oscillates and the wavelength is the distance from one point of matter to the next corresponding point of matter on the wave.

In the matter wave corresponding to an electron, or some other object, the oscillation is in a mysterious quantity called the wave function, psi).
No one has ever been able to fully describe what wave function is.

However, if the wave function of an object is mathematically squared, ( the result is probability density.
An object’s existence cannot be confined to a particular point in space and time.
Instead, an object is described as having a varying probability density that allows us to describe probable locations for an object.

The electron’s probability density varies with its energy.  

An electron with the lowest quantum level of energy in an atom has its highest probability density within a sphere a certain distance from the nucleus (but the electron can theoretically be found anywhere within the sphere, whose radius is larger than the distance of highest probability density.)
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The uncertainty principle

It is not correct to think of an electron as a discrete particle orbiting the nucleus like a planet orbiting the Sun.

Its position is not exactly predictable.
Electrons and all objects are subject to the Heisenberg uncertainty principle: It is impossible to know both the exact position and the exact momentum of a particle at the same time.
Anything we do to know the position of an object makes its momentum more uncertain.

Anything we do to know the momentum of an object makes its position more uncertain.

Thus, we are limited in our ability to know the universe.
In our everyday world, the Heisenberg uncertainty principle is not very obvious, because its effect is larger in subatomic particles.
However, in theory, we cannot really know the future for sure because we cannot really know the present for sure!
The Bohr model

In 1913 a Danish physicist named Niels Bohr used the quantum theory of energy to explain the electron structure of the atom.  
Bohr’s model of the atom uses quantum theory to explain why atoms don’t collapse, as electrons orbit the nucleus.

(Technically he only explained the structure of the hydrogen atom, but his concepts apply to all other atoms as well.)
Bohr’s description says that electrons are found at different distances from the nucleus, based on the exact energy of the electrons.

Electrons may gain or lose energy, but the amount must be an amount equal to the energy of a photon of some size.

If an electron gains energy it must absorb the right size of photon to allow it to make a transition from one energy level to another.

An electron can lose energy, but only if it loses the exact amount of energy needed to make a transition to a lower energy level. 
To make the transition to a lower level, the atom must emit a photon whose energy is exactly equal to the difference in energy between the levels.

Atoms usually contain electrons in stable orbits.

The electrons do not continuously emit radiation, because there is a certain minimum energy (a photon) that must be released if any is emitted at all.

Electrons in stable orbits will not emit a photon, because they will not make a transition to a lower level, because in a stable atom all levels below a given electron are already filled.
(In the larger world, accelerating electrons, such as those in a radio antenna, seem to emit continuous EMR in any amount we want.  However, in an antenna we are dealing with large numbers of electrons emitting large numbers of different kinds of photons.  With large numbers of different sized photons, almost any amount of radiation can be formed, but there is a minimum amount of radiation (a photon) that we would never perceive, because it is so small.

In a similar way, it looks as though a digital camera forms a continuous image with millions of “pixels”, but at the microscopic level we would find the image is not continuous.)

If atoms absorb photons, electrons will make a temporary transition to a higher level, leaving space in the level it originally occupied.
These atoms are in an excited state, and the electrons can and will return to their previous energy level by emitting a photon.

These movements of electrons create emissions of EMR that show up as atomic spectra.

Different colors are dispersed by a spectroscope.

Demo

The array of colors is called the emission spectrum of the element.

Why are only certain colors emitted by each atom?

Each atom has a distinctive electron structure.
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Bohr not only described the structure of atoms, but also explained the patterns of light found in atomic spectra.
In turn, atomic spectra provide the evidence needed to describe the structure of atoms other than hydrogen.

Electron waves and orbits

Another way to explain the electron configuration is to use the wave nature of the electron.

If electrons can be thought of as waves, then the de Broglie wavelength determines the circumference of the electron’s orbit.  
An electron can circle a nucleus only in orbits that contain a whole number of de Broglie wavelengths.
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Quantum mechanics
In the 1920’s and 1930’s much progress was made in explaining the behavior of electrons using a new branch of physics called quantum mechanics.  

The names to remember are Niels Bohr, Werner Heisenberg and Erwin Schrödinger.

Mechanics is a branch of physics that deals with forces and movement.

Classical mechanics is based on Newton’s laws of motion.

Classical mechanics deals with objects that have only particle-like properties, whose momenta and positions are completely known.

Quantum mechanics deals with objects that have the properties of matter waves and whose momenta and positions are not completely knowable.

In other words, classical mechanics deals only with objects which do not show much of the effect of the Heisenberg uncertainty principle and whose de Broglie wavelengths are very short.
Quantum mechanics, on the other hand deals with all objects.  

However, for large objects the rules of quantum mechanics are so similar to Newton’s laws of motion that there is usually no need to use the more complicated concepts of quantum mechanics to describe the behavior of the objects.  

For objects as small as or smaller than atoms, the rules of quantum mechanics are so different from Newton’s laws that the behavior of these objects is best described by quantum mechanics.

Physicists have, in the past, tried to describe the physical world with descriptions that we can visualize by relation to objects we have seen.
Physicists who deal with quantum mechanics seem to have stopped trying to describe the behavior of atomic phenomena in terms of visual images.

Quantum mechanics tries only to provide mathematical rules to predict the behavior of objects such as electrons under given sets of circumstances.

The Schrödinger wave equation, for example, is the foundation of the quantum mechanical description of electrons.

The wave equation tells us about the probability density of electrons with various energies.  

Quantum mechanics gives each electron in an atom 4 quantum numbers which describe much of what the science of chemistry needs to know about electrons.
1.  The first quantum number is called the principal quantum number, n.

This number describes the electron’s energy and its average distance from the nucleus.

All electrons with the same n are said to be in the same shell.  There are at least 7 shells.
2.  The second quantum number is called the orbital quantum number, l.   This quantum number defines angular momentum of an electron, which in turn describes the shape of the probability cloud that an electron occupies.  
All electrons with the same l are said to be in the same subshell.  

The first 4 subshells are called s, p, d, and f, and each subshell is a distinctive shape of probability cloud.
Each subshell consists of smaller units called orbitals that contain a maximum of 2 electrons. 
3. The third quantum number is called the magnetic quantum number, ml. This quantum number defines the direction of the angular momentum of an electron.  

The 3rd quantum number defines the orientation of orbitals within a subshell, usually in relation to a set of perpendicular axes.

4. The fourth quantum number is called the spin magnetic quantum number, ms.  Within each orbital the electrons differ in their direction of spin on their axes, either clockwise or counterclockwise.

Within any atom, no 2 electrons can have the same value for all 4 quantum numbers. 

This statement is known as the Pauli exclusion principle.

Once an electron fills a slot in the atoms electron configuration, all other electrons are excluded.  Stay out of my space!
This is a very powerful principle!
In some stars the PEP is the only thing resisting collapse due to gravity.

