ATOMIC STRUCTURE
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ELECTROMAGNETIC RADIATION
James Maxwell developed an elegant mathematical theory in 1864 to describe all forms of radiation in terms of oscillating or wave-like electric and magnetic fields in space.  

· electromagnetic radiation--light, microwaves, television and radio signals, and x-rays

· wavelength (λ)--length between 2 successive crests.

· frequency (()--(nu), number of cycles per second that pass a certain point in space  (Hz-cycles per second)

· amplitude--maximum height of a wave as measured from the axis of propagation

· nodes--points of zero amplitude; always occur at λ/2 for sinusoidal waves

· velocity--speed of wave  






velocity = λ (
· c--the speed of light; 2.99792458 [just call it 3] x 108 m/s; ALL EM RADIATION TRAVELS AT THIS SPEED!  

· Notice that λ and ( are inversely proportional.  When one is large, the other is small. 
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Exercise 1


Frequency of Electromagnetic Radiation
The brilliant red colors seen in fireworks are due to the emission of light with wavelengths around 650 nm when strontium salts such as Sr(NO3)2 and SrCO3 are heated.  Calculate the frequency of red light of wavelength 6.50 X 102 nm.

v = 4.61 X 1014 Hz   
THE NATURE OF MATTER
At the end of the 19th century, physicists were feeling rather smug.  All of physics had been explained [or so they thought].  Students were being discouraged from pursuing physics as a career since all of the major problems had been solved!  Matter and Energy were distinct:  Matter was a collection of particles and Energy was a collection of waves.  Enter Max Planck stage left…..

THE QUANTIZATION OF ENERGY
"Ultraviolet catastrophe"--the fact that a glowing hot object did not emit UV light as predicted.

· 1900--Max Planck solved the problem.  He made an incredible assumption:  There is a minimum amount of energy that can be gained or lost by an atom, and all energy gained or lost must be some integer multiple, n, of that minimum.                                      





Energy = n(h()   

· Where h is a proportionality constant, Planck's constant, h = 6.6260755 x 10-34 joule ( seconds.  The ( is the lowest frequency that can be absorbed or emitted by the atom, and the minimum energy change, h(, is called a quantum of energy.  Think of it as a “packet” of E equal to h(.

· No such thing as a transfer of E in fractions of quanta, only in whole numbers of quanta.

· Planck was able to calculate a spectrum for a glowing body that reproduced the experimental spectrum.

· His hypothesis applies to all phenomena on the atomic and molecular scale.

Exercise 2

            
The Energy of a Photon

The blue color in fireworks is often achieved by heating copper (I) chloride to about 1200°C.  Then the compound emits blue light having a wavelength of 450 nm.  What is the increment of energy (the quantum) that is emitted at 4.50 X 102 nm by CuCl?

= 4.41 X 10-19 J

THE PHOTOELECTRIC EFFECT AND ALBERT EINSTEIN
In 1900 Albert Einstein was working in the patent office in Bern, Switzerland. This left him time to work on Physics.

He proposed that EM radiation itself was quantized; he was a great fan of Planck’s work!  He proposed that EM could be viewed as a stream of “particles” called photons.

· Photoelectric effect--light bombards the surface of a metal and electrons are ejected.

· Frequency--minimum must be met or alas, no action!  Once minimum is met, intensity increases rate of ejection.

· Photon--massless particles of light.

                                  

 Ephoton = h( = hc







   λ
You know Einstein for the famous E = mc2 from his second “work” as the special theory of relativity published in 1905.  Such blasphemy, energy has mass?!  That would mean:






m =  E 
                                                              c2
therefore,        

m =  E   =  hc/λ  =   h 
                                        c2         c2           λc

Does a photon have mass?  Yep!  In 1922 American physicist Arthur Compton performed experiments involving collisions of X-rays and electrons that showed photons do exhibit the apparent mass calculated above.

[image: image3.jpg]1 second

cycles/second = 4 hertz

v2 =8 cycles/second =8 hertz

vy = 16 cycles/second = 16 hertz



SUMMARY:

Energy is quantized.

It can occur only in discrete units called quanta [h(].

EM radiation [light, etc.] exhibits wave and particle properties.

This phenomenon is known as the dual nature of light.

Since light which was thought to be wavelike now has certain characteristics of particulate matter, is the converse also true?  Enter Louis de Broglie [French physicist, 1923] stage right…

IF…    m =   h       

                                                      λc

substitute v [velocity] for c for any object NOT traveling at the speed of light, then rearrange and solve for lambda.  This is called the de Broglie equation:





λ =   h  





       mv

Exercise 3

                 Calculations of Wavelength

Compare the wavelength for an electron (mass = 9.11 X 10-31 kg) traveling at a speed of 1.0 X 107 m/s with that for a ball (mass = 0.10 kg) traveling at 35 m/s.

λe = 7.27 X 10-11 m

λ b = 1.9 X 10-34 m
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The more massive the object, the smaller its associated wavelength and vice versa!
· Davisson and Germer @ Bell labs found that a beam of electrons was diffracted like light waves by the atoms of a thin sheet of metal foil and that de Broglie's relation was followed quantitatively.

· ANY moving particle has an associated wavelength.

· Silly physicists!  We now know that E is really a form of matter, and ALL matter shows the same types of properties.  That is, all matter exhibits both particulate and wave properties.

HYDROGEN’S ATOMIC LINE SPECTRA AND NIELS BOHR
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· emission spectrum--the collection of frequencies of light given off by an "excited" electron

· line spectrum--isolate a thin beam by passing through a slit then a prism or a diffraction grating which sorts into discrete frequencies or lines

· Johann Balmer--worked out a mathematical relationship that accounted for the 3 lines of longest wavelength in the visible emission spectrum of  H. (red, green and blue lines)

· Niels Bohr connected spectra, and the quantum ideas of Einstein and Planck:  the single electron of the hydrogen atom could occupy only certain energy states, stationary states
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"Big Mamma Assumption"
An electron in an atom would remain in its lowest E state unless otherwise disturbed.

· Energy is absorbed or emitted by a change from this state

· An electron with n = 1 has the most negative energy and is thus the most strongly attracted to the nucleus.  [Higher states have less negative values and are not as strongly attracted.]

· ground state--n = 1 for hydrogen

· To move from ground to n = 2 the electron/atom must absorb no more or no less than 0.75 Rhc. [that’s a collection of constants]

· So a move of n = 2 to n = 1 emits 985 kJ of energy.
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What goes up must come down.  Energy absorbed must eventually be emitted.

· The origin or atomic line spectra is the movement of electrons between quantized energy states.
· IF an electron moves from higher to lower E states, a photon is emitted and an emission line is observed.
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Bohr’s equation for calculating the energy of the E levels available to the electron in the hydrogen atom:

· where n is an integer [larger n means larger orbit radius, farther from nucleus], Z is the nuclear charge

· The NEGATIVE sign simply means that the E of the electron bound to the nucleus is lower than it would be if the electron were at an infinite distance [n = ∞] from the nucleus where there is NO interaction and the energy is zero.

· E is simply the subtraction of calculating the energy of two different levels, say n=6 and n=1.  If the difference is negative, E was lost.  If the difference is positive, E was gained.  

· Major defect in Bohr's theory:  Only works for elements with ONE electron.  Secondly, the electron DOES NOT orbit the nucleus in a fixed path!!

HE WAVE PROPERTIES OF THE ELECTRON
SCHRODINGER, HEISENBERG, AND QUANTUM NUMBERS

· After World War I--Niels Bohr assembled a group of physicists in Copenhagen hoping to derive a comprehensive theory for the behavior of electrons in atoms from the viewpoint of the electron as a particle

· Erwin Schrodinger--independently; tried to accomplish the same thing but focused on de Broglie's equation and the electron as a wave.  Schrodinger's approach was better; explained more than Bohr's and met with more success.  Quantum mechanics was born!

· de Broglie opened a can of worms among physicists by suggesting the electron had wave properties

· the electron has dual properties
· Werner Heisenberg and Max Born provided the uncertainty principle
· if you want to define the momentum then you have to forego knowledge of its exact position at the time of the measurement

· [image: image9.jpg]


Max Born on the basis of Heisenberg's work suggested: if we choose to know the energy of an electron in an atom with only a small uncertainty, then we must accept a correspondingly large uncertainty about its position in the space about the atom's nucleus.  So What?  We can only calculate the probability of finding an electron within a given space.
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THE WAVE MECHANICAL VIEW OF THE ATOM
· Schrodinger equation:  solutions are called wave functions(ψ) --chemically important.  The electron is characterized as a matter-wave

· sort of standing waves--only certain allowed wave functions
· Each ψ for the electron in the H atom corresponds to an allowed energy (-Rhc/n2).  For each integer n there is an atomic stat characterized by its own ψ and energy En.

· Points 1 & 2 above say energy of electron is quantized.  Notice in the figure to the right that only whole numbers of standing waves can “fit” in the proposed orbits.

The hydrogen electron visualized as a standing wave around the nucleus [above right].  The circumference of a particular circular orbit would have to correspond to a whole number of wavelengths, as shown in (a) and (b) above, OR else destructive interference occurs, as shown in (c).  This is consistent with the fact that only certain electron energies are allowed; the atom is quantized. (Although this idea encouraged scientists to use a wave theory, it does not mean that the electron really travels in circular orbits.)

· the square of ψ gives the intensity of the electron wave [image: image11.jpg](b)
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or the probability of finding the electron at the point P in space about the nucleus—the intensity of color in (a) above represents the probability of finding the electron in that space

· electron density map, electron density and electron probability ALL mean the same thing!  When we say “orbital” this image at right is what we picture in our minds.

· matter-waves for allowed energy states are also called (drum roll please…) orbitals.

· To solve Schrodinger's equation in a 3-dimensional world we need the quantum numbers n, l, and mℓ
· The amplitude of the electron wave at a point depends on the distance of the point from the nucleus.
· [image: image12.jpg](b)
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Imagine that the space around a H nucleus is made up of a series of thin “shells” like the layers of an onion

· Plot the total probability of finding the electron in each shell versus the distance from the nucleus

· The maximum in the curve occurs because of two opposing effects.  1) the probability of finding and electron is greatest near the nucleus [just can’t resist the attraction of a proton!], BUT 2) the volume of the spherical shell increases with distance from the nucleus, SO we are summing more positions of possibility, so the TOTAL probability increases to a certain radius and then decreases as the electron probability at EACH position becomes very small.

· Try not to stress over this!  It’s my moral obligation to TRY to explain it to you.  Stress over quantum numbers and electron configurations and periodicity if you must—that’s the important stuff in this chapter!

QUANTUM NUMBERS & ATOMIC ORBITALS
The value of n limits the possible values of ℓ, which in turn limit the values of mℓ.

· n--principal--1 to infinity.  Determines the total energy of the electron.  Most probable [within 90%] distance of the electron from the nucleus.  A measure of the orbital size or diameter.  2n2 electron may be assigned to a shell.  It’s simply the Energy level that electron is in.  If it’s a 3s electron, n = 3, if it’s a 4d electron, n = 4, etc.
· ℓ--angular momentum--0, 1, 2, .... (n-1) electrons w/in shell may be grouped into subshells [or sublevels, same thing!], each characterized by its certain wave shape.      n possibilities.  Each ℓ is a different orbital shape or orbital type. 

· n limits ℓ  to no larger than n-1.  Thus, the number of possibilities for ℓ is equal to n.  (English translation:  3 sublevels for 3rd E level, 4 for 4th E level, etc.)

· [image: image13.jpg](b)
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spdf ( 0123  (sharp, principle, diffuse, fundamental--early days of atomic spectroscopy)

· mℓ--magnetic—assign the “blanks” in orbital notation with zero on the middle blank and then -ℓ through zero to +ℓ.  The following is Sulfur!
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 1s     2s               2p                   3s                       3p

· that means that the range is from + to - ℓ
· it describes the orientation of an orbital in a given subshell

· The down arrow in the 3p, -1 slot is the last electron placed [valence electron], so far it’s set of quantum numbers is 3, 1, -1


Exercise 6

                     Electron Subshells

For principal quantum level n = 5, determine the number of allowed subshells (different values of ℓ), and give the designation of each.

ℓ = 0; 5s

ℓ = 1; 5p

ℓ = 2; 5d

ℓ = 3; 5f

ℓ = 4; 5g                                                                                                                                   

THE SHAPES OF ATOMIC ORBITALS
There is no sharp boundary beyond which the electrons never found!!
· s--spherical; the size increases with n.  The nodes you see at left represent ZERO probability of finding the electron in that region of space.  The number of nodes equals n-1 for s orbitals.

· p--have one plane that slices through the nucleus and divides the region of electron density into 2 halves.  Nodal plane--the electron can never be found there!!

· 3 orientations: px, py, and pz.


· d--2 nodal planes slicing through the nucleus to create four sections; 5 orbitals.  

· The dz2 orbital is really strange!


· f--3 nodal planes slicing through the nucleus; eight sections; 7 orbitals 


ELECTRON CONFIGURATIONS 

Chemical properties depend on the number and arrangement of electron in an atom.  Usually only the valence electrons play the reaction game.

ELECTRON SPIN
· 1920--chemists realized that since electrons interact with a magnetic field, there must be one more concept to explain the behavior of electrons in atoms.

· ms--the 4th quantum number; accounts for the reaction of electrons in a magnetic field 

MAGNETISM
· magnetite--Fe3O4, natural magnetic oxide of iron

· 1600--William Gilbert concluded the earth is also a large spherical magnet with magnetic south at the North Pole (Santa's habitat).

· NEVER FORGET:  opposites attract & likes repel

PARAMAGNETISM AND UNPAIRED ELECTRONS
· diamagnetic--not magnetic [magnetism dies]; in fact they are slightly repelled.  All electrons are PAIRED.

· paramagnetic--attracted to a magnetic field; lose their magnetism when removed from the magnetic field; HAS ONE OR MORE UNPAIRED ELECTRONS

· ferromagnetic--retain magnetism upon introduction to, then removal from a magnetic field

· All of these are explained by electron spins
· Each electron has a magnetic field with N & S poles

· electron spin is quantized such that, in an external magnetic field, only two orientations of the electron magnet and its spin are possible
· +/- 1/2

· H is paramagnetic; He is diamagnetic, WHY?

· H has one unpaired electron

· He has NO unpaired electrons; all spins offset and cancel each other out

· What about ferromagnetic?

· Clusters of atoms have their unpaired electrons aligned within a cluster, clusters are more or less aligned and substance acts as a magnet.  Don't drop it!!
· When all of the domains, represented by these arrows are aligned, it behaves as a magnet. This is what happens if you drop it!  The domains go indifferent directions and it no longer operates as a magnet.

THE PAULI EXCLUSION PRINCIPLE
In 1925 Wolfgang Pauli stated:  no two electrons in an atom can have the same set of four quantum numbers.  This means no atomic orbital can contain more than 2 electrons & they must be of opposite spin!!

ATOM ORBITAL ENERGIES AND ELECTRON ASSIGNMENTS
· Order of orbital energies--the value of n (E = -Rhc/n2) determines the energy of an electron

· many-electron atoms depend on both n & ℓ
· Use the Aufbau series

· Orbital radius changes slightly with ℓ as well as with n

· subshell orbitals contract toward the nucleus as the value of ℓ increases

· contraction is partially into the volume of space occupied by the core electrons

· the energy of these subshells electrons is raised by repulsion between the subshell electrons and the core electrons.

· a subshell's energy rises as its ℓ quantum number increases when inner electrons are present
· Order of Orbital Assignments

· each electron is lazy and occupies the lowest energy space available

· based on the assumption inner electrons have no effect on which orbitals are assigned to outer or valence electrons

· not exactly true (use diagonal rule)

· electron configurations (spectroscopic notation)

· clump the 1's, 2's, etc. TOGETHER 

HUNDS RULE

The most stable arrangement of electrons is that with the maximum number of unpaired electrons; minimizes electron-electron repulsions (everyone gets their own room)

· all single electrons also have parallel spins to reduce e-/e- repulsions (aligns micromagnets)

· When 2 electron occupy the same orbital they must have opposite spins (Pauli exclusion principle); this helps to minimize e-/e- repulsions

Personally, I think this whole quantum number thing is easiest when we start with the electron configurations THEN write the quantum numbers.  

Allow me to recap:  Don’t try to make this hard!  It just isn’t.

	Energy Level 
	1
	2
	3
	4
	5
	6
	7….

	# of sublevels
	1
	2
	3
	4
	5
	6
	7….

	Names of sublevels
	s
	s, p
	s,p,d
	s,p,d,f
	s,p,d,f,g
	s,p,d,f,g,h
	s,p,d,f,g,h,i

	n, principal quantum number
	1
	2
	3
	4
	5
	6
	7….


	Name of sublevel
	s
	p
	d
	f
	g
	h
	i…

	ℓ, angular momentum quantum number 

[= n-1]
	0
	1
	2
	3
	4
	5
	6

	# of orbitals

[= -ℓ to +ℓ]
	1
	3
	5
	7
	9
	11
	13

	mℓ for each orbital within a sublevel
	
0
	
-1  0  +1
	
-2   -1  0  +1  +2
	And so

in 

make a

in 
	on, just 

second 

number

the
	pretend 

grade 

line with

middle!!
	you are

and

ZERO




The first electron placed in an orbital gets the +1/2 and the second one gets the -1/2.

Let’s practice:  Give the electron configurations for the elements within this figure.  I’ll get you started!

S    1s2 2s2 2p6 3s2 3p4

Cd

La

Hf

Ra

Ac


And their Orbital Notation:

Sulfur

1 2    3  4      5 8    6 9   7 10     11 12          13 16  14  15





 1s     2s               2p                   3s                       3p

Cd

La

Hf

Ra

Ac 

What are the quantum numbers for the outermost [valence] electron?

Sulfur--since the last electron put in is #16 and it is in the 3p sublevel, n = 3 and ℓ = 1.  It’s in the -1 slot, the mℓ = -1 and since it’s the second arrow placed [down arrow] its ms = -1/2.  So the set of quantum numbers for the 16th electron in sulfur is: 3, 1,-1, -1/2
Cd

La

Hf

Ra

Ac

· You accepted that the sublevels had differences in energies long ago.  

· You even know the increasing order of energies:

                                   s < p < d < f < g…

· Now you have to be able to EXPLAIN it on the AP test.  Throughout this discussion keep some fundamental scientific principles close at hand

· electrons repel each other

· electrons are attracted by the positive nucleus

· forces dissipate with increasing distance.


· We need to examine the graph at the right, radial probabilities again.  

· See the small hump near the origin?  That’s the distance from the nucleus that a 2s electron occupies a small but significant amount of the time—we say the electron “penetrates to the nucleus” more than for the 2p orbital.  This causes a 2s electron to be ATTRACTED to the nucleus more than a 2p electron making the 2s orbital LOWER in E than the 2p orbital.  

· Think of the nucleus as “zapping” the energy of the electrons that penetrate closer to it.  [Just don’t write that!]  Imagine a hyper child—it’s on its best behavior, sitting still, being quiet, etc. when it’s close to Mom.  The closer to the Mother Nucleus the hyper electron is located, the less hyper or energetic it is.  Don’t EVER write this as an answer to an essay question!  It’s just a model to help you get your teeth in to this concept!

· Same song second verse—the last hump represents the greatest probability for predicting the distance of an electron from the nucleus, BUT the first humps determine the order of the energy.  

· The top graph to the right is for 3s—note it has 2 humps close to the nucleus

· The bottom graph to the right is for 3s, 3p and note that 3d only has one hump.

· 3s penetrates most [has least energy], then 3p [higher than 3s, lower than 3d] then 3d penetrates least [so it has the highest energy].

· MORAL:  The greater the penetration, the less energy that orbital has.  Since you already knew the order with respect to energy, s < p < d < f , the degree of penetration is s’s penetrate most and f’s penetrate least.

ION ORBITAL ENERGIES AND ELECTRON CONFIGURATIONS
The dfs overlay [that thing that happens when the configurations don’t fit the pattern in transition metals and rare earth metals] does not occur in ion configurations since the valence (outermost n) electrons are the first to go!  THE SHELL ENERGY RANGES SEPARATE MORE WIDELY AS ELECTRONS ARE REMOVED.

· Atoms and ions with unpaired electrons are paramagnetic (attracted to a magnetic field)

· Transition metals with +2 or higher have no ns electrons

· Fe+2 is paramagnetic to the extent of 4 unpaired electrons and Fe+3 is paramagnetic to the extent of 5 unpaired electrons

� EMBED Equation.3  ���
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You can keep going from g…





As electrons enter these sublevels their wave functions interfere with each other causing the energy of these to change and separate.  Do not be misled by this diagram, there ARE INDEED energy differences between all of these sublevels. See below.
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